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Heinemann Chemistry 2
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i oof understanding. :
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ChemfFile
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Chemistry
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Chapter review
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How can chemical

processes be designed
to optimise efficiency?

UNIT

AREA OF STUDY 1

What are the options for energy production?

Outcome 1: On completion of this unit the student should be able to compare fuels
quantitatively with reference to combustion products and energy outputs, apply
knowledge of the electrochemical series to design, construct and test galvanic cells,
and evaluate energy resources based on energy efficiency, renewability and
environmental impact.

AREA OF STUDY 2

How can the yield of a chemical product be optimised?

Outcome 2: On completion of this unit the student should be able to apply rate and
equilibrium principles to predict how the rate and extent of reactions can be optimised,
and explain how electrolysis is involved in the production of chemicals and in the
recharging of batteries.

VCE Biology Study Design extracts © VCAA (2015); reproduced by permission.







CHAPTER

1 Fuels

In this chapter, you will learn how fuels are used to meet global energy needs

and you will gain an appreciation of the chemistry that underpins decisions about
the use of fuels. Combustion reactions are used to release useful heat energy
from the chemical energy stored in fuels. You will explore how fuels vary in terms
of the energy that they produce when they are burnt.

You will consider the environmental impact of using different types of fuels,
including their carbon emissions as well as the other pollutants they release
into the atmosphere. Current research being conducted into the production of
renewable fuels and the potential for reducing the harmful impact of fossil fuels
will also be discussed.

Key knowledge

» The definition of a fuel, including the distinction between fossil fuels and
biofuels with reference to origin and renewability (ability of a resource to
be replaced by natural processes within a relatively short period of time)
Combustion of fuels as exothermic reactions with reference to the use of the
joule as the Sl unit of energy, energy transformations and their efficiencies
The comparison of fossil fuels (coal, crude oil, petroleum gas, coal seam gas)
and biofuels (biogas, bioethanol, biodiesel) with reference to energy content,
renewability and environmental impacts related to sourcing and combustion

The comparison of the suitability of petrodiesel and biodiesel as transport
fuels with reference to sources, chemical structures, combustion products, flow
along fuel lines (implications of hygroscopic properties and impact of outside
temperature on viscosity) and the environmental impacts associated with their
extraction and production

VCE Chemistry Study Design extracts © VCAA (2015); reproduced by permission.
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FIGURE 1.1.1 Sugars, such as sucrose, are fuels
for your body.

FIGURE 1.1.2 Petrol is just one type of fuel that
is used each day to meet our energy needs.

transportation
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heating
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other—including
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FIGURE 1.1.3 This pie chart shows where

energy is used in Australia.

1.1 Types of fuels

Fuels provide you with energy. They are substances that have chemical energy
stored within them. All chemicals contain stored energy. What makes a fuel special
is that this stored chemical energy can be released relatively easily.

Sugar is an example of a common fuel (Figure 1.1.1). A cube of table sugar
(sucrose) can provide your body with 82 kilojoules of energy. This is about 1%
of your daily energy needs. If sucrose is burnt, this energy is released as heat. The
combustion of 1 kilogram of sucrose releases sufficient energy to melt more than
5 kilograms of ice and then boil all the liquid water produced.

Although sugars provide energy for your body, you do not heat your home,
power cars or produce electricity by burning sugar. A range of other fuels such as
wood, coal, oil, natural gas, LPG, ethanol and petrol (Figure 1.1.2) are used for
these energy needs.

In this section, you will explore the range of fuels available and how they
are sourced.

THE NEED FOR FUELS

A fuel is a substance with stored energy that can be released relatively easily for
use as heat or power. Although this chapter will focus on fuels with stored chemical
energy, the term ‘fuel’ is also applied to sources of nuclear energy, such as uranium.
The use of fuels by society can be considered from a number of points of view,
including at a:
* local level (e.g. the type of petrol used in your car)
* national level (e.g. whether Australia’s use of energy resources is sustainable)
» global level (e.g. whether the use of fossil fuels (coal, oil and natural gas) is
contributing to the enhanced greenhouse effect).
These are not separate issues. Choices made locally have regional and global
effects. The decisions of global and national governments affect how and which
fuels are used.

Units of energy

The international system of units (SI units) is a widely used system of measurement
that specifies units for a range of quantities. The SI unit for energy is the joule,
symbol J. As 1 J of energy is a relatively small amount, it is common to see the
following units in use:

e kilojoules, 1 k] = 103]

* megajoules, 1 MJ = 10°]

e gigajoules, 1 G] = 10°]

e terajoules, 1 T] = 10'2].

Use of energy in Australia and the world

World energy consumption is around 4 x 10%° joules per year. The United States
consumes a quarter of the world’s energy. Australia consumes about one-hundredth
of the world’s energy. But energy consumption per person in Australia is only just
below that of the United States. Figure 1.1.3 shows the ways in which Australians
use energy. As you can see, heating and transportation account for 87% of Australia’s
total energy consumption.

In Australia and around the world, most of the energy used for heating,
electricity generation and powering vehicles comes from fossil fuels. About 86% of
Australian electricity is generated from these fuels, with 73% from coal and 13% from
natural gas.

2 AREA OF STUDY 1 | WHAT ARE THE OPTIONS FOR ENERGY PRODUCTION?



Coal-fired power stations are the dominant source of the world’s electricity
because they are often the cheapest form of generation. Electricity from coal-fired
power stations is reliable and coal is very abundant.

About 14% of Australia’s electricity comes from renewable energy sources.
Hydroelectricity contributes 7% of total electricity and wind, biofuels and solar
energy make up the other 7%.

Future energy needs

Burning wood was the dominant method of obtaining energy up to the middle of
the 19th century. Wood supplies once seemed unlimited and, like fossil fuels today,
satisfied most of the demands of the time.

Fossil fuels now provide nearly 90% of the world’s energy needs. As members of
a society that is heavily dependent on fossil fuels as a source of energy, we can find
it hard to imagine obtaining energy from elsewhere.

The world first became aware that fossil fuels are a finite energy reserve during
the ‘oil crisis’ of the early 1970s. Several Middle Eastern oil exporters restricted
production for political reasons. This dramatically increased the cost of crude oil
and caused huge increases in the price of petrol around the world.

Given the limited reserves and concerns about the link between fossil fuels
and climate change, there is considerable interest in identifying and developing
new energy sources. Many countries are already considering alternative sources of
energy. The development of alternative sources for large-scale energy production is
not a simple task. Replacement energy sources need to meet a range of requirements,
such as being reliable, sustainable and cost-effective. Figure 1.1.4 shows the increase
in world energy production from different sources.

600— — new technologies

nuclear

__ 500 — hydroelectricity

wv

% 400 natural gas

S 300 oil

&

5 200

C

i 100 coal
biofuels

0
1820 1840 1860 1880 1900 1920 1940 1960 1980 2000 2020

Year

FIGURE 1.1.4 This graph shows the increase in world energy production.

FOSSIL FUELS

Non-renewable resources are those that are used faster than they can be replaced.
Coal, oil and natural gas are non-renewable fuels. Reserves of fossil fuels are limited
and they could eventually be exhausted.

Formation of fossil fuels

Coal, o0il and natural gas were formed from ancient plants, animals and
microorganisms. Buried under tonnes of mud, sand and rock, this once biological
material has undergone complex changes to become the fossil fuels used by
societies today. The organic matter still retains some of the chemical energy the
plants originally accumulated by carrying out photosynthesis. Chemical energy
in fossil fuels can be considered to be trapped solar energy.

Fossil fuel formation occurs over millions of years. This is why these fuels are
considered non-renewable. Once reserves of the fossil fuels have been used, they
will not be replaced in the foreseeable future.

CHAPTER 1 | FUELS
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FIGURE 1.1.5 Steps in the formation of coal.
Values of the carbon content and heat released
upon combustion are for dried coal.

CHEMFILE

Forming crude oil

Coal

As wood and other plant material turn into coal, gradual chemical changes occur.
Wood is about 50% carbon. As wood is converted into coal, the carbon content
increases and the proportion of hydrogen and oxygen decreases. The wood
progressively becomes peat, brown coal and then black coal (see Figure 1.1.5).
Coal is a mixture of large molecules made from carbon, hydrogen, nitrogen, sulfur
and other elements.

The amount of water in coal decreases as these changes occur. When coal is
burnt, the energy released causes the water to vaporise, reducing the net amount of
heat released. Black coal, which contains the least water and therefore the highest
percentage of carbon, is a better fuel than brown coal or peat.

Although black coal is usually buried further underground than brown coal,
its higher heat value often makes it economical to mine. Black coal is mined in
Queensland and New South Wales. It is used for domestic power generation or
exported overseas.

Large brown coal deposits are located in the Latrobe Valley in Victoria (see
Figure 1.1.6). The power stations located next to these open-cut mines burn brown
coal to generate electricity. Australia is the fifth largest producer of coal and the
second largest exporter of coal in the world.

FIGURE 1.1.6 In Australia, brown coal is mined in the Latrobe Valley in Victoria.

crude oil, drilling into the impermeable rock has to take place (see
Figure 1.1.7). In most cases, the oil flows up by itself under high
pressure that has gradually built up from when the oil was formed.

The main deposits of crude oil were formed from small As the extraction continues, the overall pressure drops and pumps
marine animals (zooplankton) and plants (phytoplankton) are needed to extract the remaining deposit.

that lived up to 1 billion years ago. Some crude oil deposits
are estimated to be even older, as much as 3—4 billion years
old. If a deposit of crude oil was trapped beneath a layer of
impermeable rock, then a layer of natural gas would also form.

The first deposits of crude oil were discovered at the end of the
19th century in the United States. Today, the largest crude oil
deposits are in Russia, Iran, lragq and Saudi Arabia. New crude oil
deposits are still being found throughout the world. The oldest
deposits found so far are in Venezuela, where the oil is estimated
to be almost 4 billion years old. However, only about 10% of the

oil discovered is profitable to extract.

Permeable rocks contain tiny spaces through which liquid
substances can move. Crude oil has a lower density than water,
so oil migrates upwards through permeable rocks over time.
Large deposits of oil are formed when portions of this migrating
oil become trapped under impermeable rocks. To extract the

FIGURE 1.1.7 Operating drill during oil and gas exploration.

4 AREA OF STUDY 1 | WHAT ARE THE OPTIONS FOR ENERGY PRODUCTION?



Fuels from crude oil

Crude oil (petroleum) is a mixture of hydrocarbon molecules that are mostly
members of the homologous series of alkanes. Crude oil itself is of no use as a
fuel, but it contains many useful compounds.
Crude oil is separated into a range of fractions by fractional distillation.
Fractional distillation does not produce pure substances. Each fraction is still a
mixture of hydrocarbon compounds. These fractions can be used as fuels, or treated O Alkanes are hydrocarbons with
further to produce more specific products through chemical processes.
The relative amounts of different alkanes in crude oil vary with the deposit. For ’;\P;It:aizr;e;?; gm::zn?ﬂéﬁﬁd
example, oil from Bass Strait and the Carnarvon Basin, Western Australia, contains in crude oil.
relatively few of the larger molecules needed to form lubricants and bitumen.

| CHEMISTRY IN ACTION |
Fractional distillation of crude oil o o
in o fOLOdUCt Refinery gas: LPG, feedstock
(C,-C) for chemical
} industry
bubble cap 100°C — e Naphtha: chemical industry
ooy | 2src el motr fu
d20C ] etrol: motor fue
— LT (CG—Cpy)
Toor | 325°C .
= — L ] 7 | Kerosene: jet fuel
: _"_||_"_|I_| (€, O_C 1 s)
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FIGURE 1.1.8 Fractional distillation of oil, and the bubble caps that stop the upward movement of gases.

Fractional distillation uses heat to separate a mixture into a The boiling point of a molecular compound depends
number of different parts or fractions. A number of different on the strength of its intermolecular forces. Attractions
temperatures are produced because of the nature of the between non-polar alkane molecules arise from weak
column in which the crude oil is placed. The temperature dispersion forces, which are stronger with increasing
of the tower decreases gradually with increasing height. molecular mass. As a result, each fraction consists of
Within the tower are horizontal trays, each containing alkanes within a specific mass range. Lighter alkanes
hundreds of bubble caps. Bubble caps impede (stop) condense near the top of the tower, whereas heavier
the upwards movement of gases (see Figure 1.1.8). As alkanes condense near the bottom. The composition
the vapour rises, it forces the caps up and it bubbles and boiling range of each fraction are summarised in
through condensed liquid in the trays. Those substances Figure 1.1.8. For example, the petrol fraction that boils
in the vapour that have boiling points almost equal to the (and condenses) between 100°C and 250°C consists
temperature of the liquid in the trays condense and are of alkanes containing 8-12 carbon atoms; that is, C;H, o
collected. Consequently, fractions collected from trays to C,,H,.

higher in the tower will have lower boiling points.

Oil reserves

Australia’s relatively small oil reserves are likely to be exhausted later this century.
Figure 1.1.9 (page 6) shows the current locations of Australian oil, gas and coal
fields. These reserves are associated with giant offshore gas fields near the northern
Western Australian coast, and in reserves in outback South Australia and Bass
Strait. Australia already imports over 90% of the crude oil it uses. Importation of
large amounts of oil has a significant impact on Australia’s economy.

CHAPTER 1 | FUELS
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FIGURE 1.1.9 Australian oil, gas and coal fields.

Natural gas

Natural gas is another fossil fuel found in deposits in the Earth’s crust. It is mainly
composed of methane (CH,) together with small amounts of other hydrocarbons
such as ethane (C,H,) and propane (C,H). Water, sulfur, carbon dioxide and
nitrogen may also be present in natural gas.
Natural gas can be found:
* in gas reservoirs trapped between layers of rocks
¢ as a component of petroleum deposits
¢ in coal deposits where it is bonded to the surface of the coal. Coal seams usually
contain water and the pressure of the water can keep the gas adsorbed to the
coal surface. Natural gas found this way is known as coal seam gas or CSG.
It is a major component of the energy supplies of Queensland
e trapped in shale rock, where it is referred to as shale gas. Shale gas is mined in
many parts of the United States.
Natural gas is accessed by drilling as with crude oil; drilling causes the natural
gas to flow to the surface (see Figure 1.1.10).
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Fracking

The extraction of natural gas from coal or shale deposits usually involves a process
called fracking. Under pressure, the natural gas is adsorbed on the surface of the
coal or shale. Fracking is used to fracture the rock or coal to release the natural gas.

Fracking begins with drilling a well into the deposit to access the trapped gas.
The well is encased in steel and concrete to prevent leakage into local water supplies.
Fracking fluid is then pumped down the well at extremely high pressures. This
high-pressure fluid fractures the surrounding rock or coal, creating fissures through
which gas can flow. This process is shown in Figure 1.1.11.

Materials used for fracking include sand, water and other chemicals. There are
concerns about the potential impact of this process on the local environment and

underground water supplies.
”g;‘
ifiAa mn A1l

fissure

(g

Water, sand
and chemical
agents are

~ injected

~ athigh

water table

FIGURE 1.1.11 The fracking process: sand, water and other chemicals are injected into the deposit at
high pressure to free the gas from the coal or shale.

| CHEMISTRY IN ACTION |

Debate surrounding coal seam gas

Coal seam gas (CSG) is a natural gas that is extracted from underground coal
seams, where it is trapped in pores in the coal. Aimost 30% of Australia’s natural
gas reserves come from coal seam gas. Reserves of CSG are found in New South
Wales and Queensland. It is predicted that the reserves of CSG could supply the
eastern states of Australia for over 25 years.

Various chemicals have been used as fracking fluids. Fracking fluids increase
the permeability of the rock and therefore flow of gas to the surface. Fluids such
as benzene, toluene, xylene and ethylbenzene were once commonly used. The
use of these fluids has been banned in both New South Wales and Queensland
because of concern over their effect on the environment. For example, these
potentially carcinogenic compounds may escape and contaminate groundwater.

Water is now commonly used as a fracking fluid. Generally, large amounts of
water are not available at the fracking site, so water needs to be transported in,
which can have significant economic and environmental costs.

In 2015, there was a moratorium (ban) on coal seam gas exploration and
fracking in Victoria. In September 2015, protestors rallied in the streets of
Melbourne to express their concerns about the process (see Figure 1.1.12).

The Victorian Government agreed to examine the science and impact of the
CSG industry and methods while they extended their ban on the process.

-
We Declare
- Victoria

FIGURE 1.1.12 Hundreds of protestors
against fracking marching towards
Parliament House in Melbourne in 2015.

CHAPTER 1 | FUELS

7



Liquefied petroleum gas

Propane and butane gases can be separated from natural gas by fractional
distillation. Propane and butane become liquids under pressure and are sold as
liquefied petroleum gas (LPG). LPG is used as a fuel in cars and in home gas
bottles. The natural gas remaining after the removal of propane and butane is used
widely as a fuel for home heating and cooking.

BIOFUELS

Governments and industry are exploring alternatives to fossil fuels in order to meet
our future energy needs and limit the impact of fossil fuels on the environment.
Ideally, new sources of energy will be renewable. Renewable energy is energy that
can be obtained from natural resources that can be constantly replenished.

Biochemical fuels (or biofuels) are fuels derived from plant materials such as
grains (maize, wheat, barley or sorghum), sugar cane (Figure 1.1.13) and vegetable
waste, and vegetable oils. The three main biofuels are biogas, bioethanol and
biodiesel. They can be used alone or blended with fossil fuels such as petrol
and diesel.

FIGURE 1.1.13 Harvesting sugar cane in Queensland. Sugar cane can be a source of the raw
materials for the production of bioethanol.

As well as being renewable, biofuels are predicted to have less impact on
the environment than fossil fuels. The plant materials used in the generation of
biofuels are produced by photosynthesis, which removes carbon dioxide from the
atmosphere and produces glucose (C.H,,0,) in the following reaction:

6CO,(g) + 6H,0() — CH ,0.(aq) + 60,(g)

The plants convert the glucose into cellulose and starch. Although carbon
dioxide is released back into the atmosphere when the biofuel is burnt, the net
impact should be less than for fossil fuels. You will compare fossil fuels and biofuels
in more detail in later sections of this chapter.

Bioethanol

For thousands of years, humans have employed biological catalysts (enzymes)
from yeasts to convert starches and sugars to ethanol. Enzymes catalyse the
breakdown of the starch in grain crops (such as barley and wheat) to glucose. Other
enzymes in yeasts then convert glucose and other small sugar molecules to ethanol
(CH,CH,OH) and carbon dioxide in the fermentation reaction:

CH,,0,(aq) —» 2CH,CH,0OH(aq) + 2CO,(g)
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Bioethanol is used extensively in Australia. This includes E10 petrol, which
contains 10% ethanol. This mix can be used by most modern car engines and its
use reduces the consumption of petrol derived from crude oil.

Biogas

Biogas is gas that is released in the breakdown of organic waste by anaerobic
bacteria. These bacteria decompose the complex molecules contained in substances
such as carbohydrates and proteins into the simple molecular compounds carbon
dioxide and methane. A digester (Figure 1.1.14) is a large tank filled with the
anaerobic bacteria that digest (consume) the complex molecules to form biogas.

manure and valve valve
farm waste S=> S=>
> [] ]

rotting manure
and waste

vegetable methane gas
matter

methane
storage tank

FIGURE 1.1.14 A digester is used in the production of biogas.

A range of materials, including rotting rubbish (such as that seen in Figure 1.1.15)
and decomposing plant material, can be used to produce biogas.

The composition of biogas depends on the original material from which it is
obtained and the method of decomposition. The typical composition of a sample of
biogas is shown in Table 1.1.1.

TABLE 1.1.1 Typical percentage composition of different molecules found in biogas

Percentage composition
(by volume)

Methane CH, 60
Carbon dioxide Co, 32
Nitrogen N, 4.5
Hydrogen sulfide H,S 2
Oxygen 0, 1
Hydrogen H, 0.5

As you can see from Table 1.1.1, biogas consists mainly of methane and carbon
dioxide. Biogas can be used for heating and to power homes and farms. There are
more than 7 million biogas generators in China. Biogas generators are particularly
suited to farms, as the waste from a biogas generator makes a rich fertiliser.

In the future, it is likely more energy will be obtained from biogas generated
at sewage works, chicken farms, piggeries and food-processing plants. Your local
rubbish tip also has the potential to supply biogas. The gas can be used directly for
small-scale heating or to generate electricity.

.

gas
outlet

FIGURE 1.1.15 Pipes buried in this rubbish tip
collect biogas.
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Biodiesel

Biodiesel is a mixture of organic compounds called esters. These esters are produced
by a chemical reaction between vegetable oils or animal fats and an alcohol (most

commonly methanol (CH,OH)).

The usual raw material for the production of biodiesel is vegetable oil from
sources such as soyabean, canola or palm oil. Recycled vegetable oil or animal
fats can also be used. The structure of a typical biodiesel molecule is shown in
Figure 1.1.16. (The production of biodiesel is discussed in section 1.3 on page 24.)

H H H H H H H H H H H H H H H 0
H—}FC—C—C—C—C—C—C—(C¢—CC—¢Cc—¢CC—C—Cc—Cc—Cc—¢c¢C |
H H H H H H H H H H H H H H H 0—C
FIGURE 1.1.16 Structural formula of a typical biodiesel molecule. I|{
1.1 Review
SUMMARY
» A fuel is a substance with stored energy that can be » Bioethanol can be produced by fermentation of
released relatively easily for use as heat or power. starches and sugars.
» Afuel is considered to be non-renewable if it cannot » Biodiesel is produced in a reaction between a
be replenished at the rate at which it is consumed. vegetable oil or an animal fat and a small alcohol
Fossil fuels such as coal, oil and natural gas are molecule such as methanol.
non-renewable. « Some of the non-renewable and renewable fuels
+ Fossil fuels are produced over millions of years by in use in Australia are listed in Table 1.1.2.
the breakdown of biomass at high temperatures and
pressures underground. Austra“a has |arge reserves TABLE 1.1.2 Types of renewable and non-renewable fuels in use
in Australia

of coal and natural gas.

A fuel is considered to be renewable if it can be Non-renewable fuels

replenished at the rate at which it is consumed.

Coal

Biofuels such as biogas, bioethanol and biodiesel oil

are renewable. Liquefied petroleum gas (LPG)
Natural gas

Biogas is formed by the anaerobic breakdown of

[ Coal CSG
organic waste. oal seam gas (CSG)

KEY QUESTIONS

1
2

What is the difference between a renewable and non-renewable fuel?

Give an example of a renewable fuel source and a non-renewable fuel source

used in Australia.

In Australia, which resource is likely to last longer before it is depleted: coal, oil

or natural gas? Explain your answer.

Wood from forests is a renewable resource that supplied global energy needs

for thousands of years.

a Why is wood no longer sustainable as the major energy source for today’s
society?

b Is it possible to have a non-renewable and sustainable energy source?
Explain.

Why is it necessary to treat crude oil by fractional distillation?
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1.2 Fossil fuels and biofuels

Fuels contain stored chemical energy that can be harnessed to perform useful
functions. The heat energy released when fuels are burnt provides heat for warmth
and cooking, as well as acting as the source of electrical energy and mechanical
energy for transport.

In this section, you will look at the different fuels used to produce electricity or
power vehicles and compare the environmental impact of these fuels.

ENERGY TRANSFORMATIONS

All substances contain chemical energy. The chemical energy of a substance is
referred to as its energy content. Fuels are examples of substances with high
energy contents.

When fuels are used, their chemical energy is converted to a different form
of energy. For example, a competitive cyclist may eat energy bars. Much of the
chemical energy of the food is converted in the cyclist’s body to mechanical and
kinetic energy.

The conversion of chemical energy to kinetic energy in the cyclist is an example
of an energy transformation—energy is converted from one form to a different
form. The use of fuels involves energy transformations. The chemical energy in a
log on a fire can be converted to thermal energy to heat a room of a house.

FIGURE 1.2.1 Commercial solar cells convert solar energy to electrical energy with an efficiency of
12-18%.

When energy transformations occur, the total amount of energy is unchanged
because energy cannot be created or destroyed. However, not all of the energy is
converted to one specific form. In the case of the solar power cells shown in Figure
1.2.1, not all of the energy of the sunlight is converted to electrical energy.

The term energy efficiency is used to describe the percentage of energy from
a source that is converted to useful energy. For example, if the efficiency of a solar
panel on a roof is listed as 17%, it means that 17% of the energy arriving on the panel
from the Sun is transformed to electrical energy. The other 83% is converted to
other forms of energy. The largest proportion of the Sun’s energy reaching the solar
cells is converted into heat energy that simply increases the temperature of the cells.
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ELECTRICITY PRODUCTION

Chemical energy from most fuels is harnessed through combustion of the fuel.
In combustion reactions, the reactant combines with oxygen to produce carbon
dioxide and water. Thermal energy released from the combustion of fuels can be
converted into electrical energy. In Australia, electrical energy is produced from
several different fuels.

Electricity from coal

The combustion of coal generates over three-quarters of Australia’s electricity.

Rather than transport coal to every factory, office and household, the chemical

energy is converted to electrical energy at a power station. Electricity is transmitted

easily from the power station by metal cables and wires to other regions. The
reaction occurring when coal burns can be written as:
C(s) + O,(g) > CO,(g)
The energy released from the combustion of coal is about 32 kJ g1
A number of energy transformations occur in a coal-fired power station.

e Coal is burnt—chemical energy in coal is converted to thermal energy.

e Heat from the burning coal is used to boil water—thermal energy from the
burning coal becomes thermal energy in steam.

e Steam is passed through a turbine—thermal energy in the steam becomes
mechanical energy as the turbine spins. (This is the least efficient energy
transformation in the sequence.)

* Electricity is produced from a generator that is driven by the turbine—
mechanical energy is converted to electrical energy.

Figure 1.2.2 illustrates how the thermal energy released by the coal is converted
to electrical energy.
flue gas

I 10% of the coal's chemical
energy is lost as heat in the
( -\ chimney gases.

35% of the coal's
chemical energy
is converted
to electricity.

50% of the coal's
steam chemical energy is
= lost as heat in steam.

chimney

electricity /
generator

turbine

5% of the coal's chemical
1 energy is lost in various
ways in the power plant.

T —
- j condenser /
pump

cooling tower

pump

coal

chemical energy
in coal

thermal energy
of burning coal

thermal energy
of steam

mechanical energy
of turbine

electrical energy
from generator
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FIGURE 1.2.2 A representation of the process of burning coal to produce electricity. The chemical
energy in the coal undergoes several transformations before electricity is produced.




The overall efficiency of a coal-fired power station is 30-40%. The combustion
of brown coal is usually at the lower end of this efficiency range. Energy is lost
during each step of the process, mainly as heat.

Electricity from natural gas

Natural gas is also used in Victoria to generate electricity for the power grid. In a gas-
fired power plant, methane and other small alkanes are burnt to release energy. As
shown in Figure 1.2.3, the hot gases produced by combustion cause air to expand
in a combustion turbine to generate electrical energy. This is a simpler process than
in a coal-fired plant where the thermal energy is used to produce steam.

air exhaust
l common shaft for l
turbine/generator

Hot compressed

gas spins turbine
and generator.

pressurised air

|

fuel

FIGURE 1.2.3 In a gas-fired power plant, the hot gases produced expand air in a combustion turbine
to generate electricity.

The composition of natural gas varies but the main combustion reaction involves
methane. The equation is:

CH,(g) +20,(g) — CO,(g) + 2H,0()

The combustion of 1 mole of methane releases 890 K] of energy, equivalent to
55.6 kJ g!. This is a significantly higher value than that of coal.

A gas-fired plant is more efficient than a coal-fired power station, reaching
efficiencies just over 40%. Gas-fired plants also emit less carbon dioxide and
particulate matter (small solid particles of solid combustion products) per unit of
energy released. An added advantage of gas-fired plants is that the output can be
varied at short notice. This allows the operators to adjust to the fluctuating power
usage of consumers.

The largest gas-fired power station in Victoria, shown in Figure 1.2.4 (page 14),
is operated by Origin Energy at Mortlake in south-west Victoria. The plant uses
natural gas collected from off the nearby coast to generate electricity. Most Australian
states have gas-fired plants but many of the plants are small-scale ones. Coal seam gas
is the source of methane used in some states.

generator
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FIGURE 1.2.4 The Mortlake gas-fired power station, 200 km west of Melbourne, was opened in 2012.
Natural gas from the Otway Basin is piped to this facility where it is burnt to produce electricity.

Electricity from biogas

Biogas is a renewable fuel that can be used to generate electricity, usually in small-
scale electricity generators rather than large power plants. These smaller generators
are often located at the site where the biogas is produced. For example, sewage
works commonly burn biogas produced in a generator to supply some of their
power needs.

The main reaction occurring in the combustion of biogas is the same reaction
of methane burning in a gas-fired power station. The energy released per gram
of biogas is less than that of natural gas because the methane content in biogas is
significantly lower.

Berrybank Farm near Ballarat is an example of the innovative use of biogas.
Over $2 million has been spent on building infrastructure to collect the manure
from 20000 pigs. The manure is fed into a digester that produces two useful
products: biogas and fertiliser. The biogas is used to fire generators, like the one
shown in Figure 1.2.5, that produce an estimated $180 000 of electricity annually.

FIGURE 1.2.5 (a) Some of the pigs on the Berrybank Farm near Ballarat; (b) one of the generators
that uses the biogas fuel.

FUEL FOR TRANSPORT

Crude oil is the source of most of the fuel we use for transport. Crude oil is a mix
of alkanes. The alkanes in crude oil are separated into a series of fractions (parts)
by fractional distillation. Some of these fractions are important fuels, such as liquid
petroleum gas (LPQG), petrol, kerosene and petrodiesel. LPG can also be separated
from natural gas.
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Petrol

Perhaps the most important of all hydrocarbon combustion reactions are those spark ignition
that occur when petrol is burnt. Petrol is a mixture of hydrocarbons, including 1
octane, and the combustion reactions of these chemicals power most of Australia’s
17.6 million motor vehicles. The equation for the combustion of octane is:

2C,H () + 250,(g) = 16CO,(g) + 18H,00)

The combustion of 1 mole of octane releases 5450 k] of energy, equivalent
to 47.8 k] g”'. Combustion occurs in the cylinder of a car engine. The hot gases
formed push the piston in the engine, enabling the car to move. A typical piston is
shown in Figure 1.2.6.

piston

The efficiency of a petrol engine in a new car can be as high as 25%. The
operation of a piston in a car engine can be seen in Figure 1.2.7.

FIGURE 1.2.6 The combustion of octane (C,H )

and the other hydrocarbons in petrol pushes the
pistons in internal combustion engines.

uel

bustion ch

FIGURE 1.2.7 In a standard engine, fuel and air are mixed in cylinders and then compressed, and the
mixture is ignited. The explosion drives the piston down, which turns the crankshaft and powers the
car. The flow of fuel and exhaust gases is controlled by spring-mounted valves shown in the centre.

Liquid petroleum gas
Liquid petroleum gas (LPG) can also be used in cars. Most of the vehicles that
use LPG as a fuel have a standard petrol engine with a fuel tank and fuel injection
system modified to suit a gaseous fuel. The equation for the combustion of propane,
a major component of LPG, is:
C,Hg(g) + 50,(g) — 3CO,(g) + 4H,0(0)

The combustion of 1 mole of propane releases 2220 KkJ of energy, equivalent to
50.5kJ g

In Australia, LPG is a significantly cheaper fuel than petrol, yet its popularity is
still limited. Some of the reasons for this are:
¢ most new vehicles are designed to run on petrol; therefore, the owner has to pay

around $2000 for a conversion
¢ the LPG fuel tank takes up boot space
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* there are fears that LPG cylinders might explode if the vehicle crashes

* the prices of fuels fluctuate, so often it is difficult to do meaningful price
comparisons.

Bioethanol

Australia imports over 90% of its fuel requirements. This reliance on other
countries, combined with concerns over the greenhouse emissions of fossil fuels,
has sparked interest in the production of the renewable biofuels, bioethanol and
biodiesel. Biodiesel is discussed in detail in the next section of this chapter.

Bioethanol can be produced from crops such as sugar cane. However, sugar
cane is also needed for sugar production so there are limits to the amounts of
bioethanol that can be produced in this way. Instead, researchers are trialling less
valuable sources of sugar and starch for bioethanol production.

The Manildra plant at Nowra in New South Wales, shown in Figure 1.2.8,
is one of Australia’s largest ethanol refineries. At this plant, flour and starch are
produced from wheat and sold for use in food manufacture. The waste that remains
still contains high levels of starch, which is converted to ethanol.

FIGURE 1.2.8 Ethanol refinery in Manildra at Nowra, New South Wales.

Ethanol can be blended with petrol for use in motor vehicles. Australian
government regulations limit the proportion of ethanol in petrol to 10%. This petrol
blend is labelled E10 and sold at most Australian service stations. The presence of
ethanol reduces the emissions of particulates and gases such as oxides of nitrogen,
but higher levels of ethanol can damage engines, especially in older vehicles.

The equation for the combustion of ethanol is:

C,H,OH() + 30,(g) — 2CO,(g) + 3H,0()

The combustion of 1 mole of ethanol releases 1367 k] of energy, equivalent
to 29.7 kJ g7!. As Table 1.2.1 shows, the energy content of ethanol is about 62%
that of petrol, so a larger mass (and volume) of ethanol is required to provide
the same amount of energy. At a simple level, the lower energy content of ethanol
can be regarded as the result of the carbon atoms in an ethanol molecule being
partly oxidised (‘partly burnt’). This is due to the presence of oxygen in the ethanol
molecule.
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TABLE 1.2.1 Energy content and energy density of vehicle fuels

_ Energy content (kJ g1) Energy density (kJ L)

Methane 55.6 23500 (liquefied)

Propane (LPG component) 50.5 29400 (liquefied)

Butane (LPG component) 49.6 29800 (liquefied)

Octane (petrol fraction) 47.8 33400

Ethanol 29.7 23400
ENVIRONMENTAL IMPACT

A discussion of the environmental impact of fuels needs to consider both the impact
of emissions from the combustion of the fuel, and the impact on the environment of
obtaining the fuel in the first place.

Emissions from fuel combustion
Carbon dioxide

Because large quantities of fuel are burnt every day to meet society’s energy needs,
the level of carbon dioxide production is high. This is a concern because carbon
dioxide is a greenhouse gas.

Energy from the Sun heats the surface of the Earth. The Earth in turn radiates
energy back towards space but greenhouse gases in the atmosphere absorb and
re-radiate the energy in a process known as the greenhouse effect. The higher the
concentration of greenhouse gas, the more energy is trapped.

The greenhouse effect occurs naturally due to the gases present in the
atmosphere. However, scientists are concerned that increasing levels of greenhouse
gases produced by our use of fossil fuels are causing global warming and triggering
consequential shifts in weather patterns and climate. This is referred to as the
enhanced greenhouse effect.

Methane, water vapour, nitrogen oxides and ozone are also greenhouse gases.
Methane is 21 times more effective at trapping heat than carbon dioxide. The way
in which greenhouse gases restrict heat radiation leaving the Earth is shown in
Figure 1.2.9.
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FIGURE 1.2.9 The greenhouse effect. Greenhouse gases help to maintain the temperature at
the Earth’s surface. Increased quantities of these gases as a result of human activities create
an enhanced greenhouse effect.

0 The greenhouse effect is

caused by heat being trapped

in the Earth’s atmosphere by
greenhouse gases, which causes
an increase in temperatures at the
Earth’s surface. As the amount of
greenhouse gases in the Earth’s
atmosphere increases due to
human activities, more heat is
trapped, which is predicted to
cause global changes in climate.
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The graph shown in Figure 1.2.10 supports concerns that the Earth is warming.
Many countries are choosing alternatives to fossil fuels to address these fears.
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FIGURE 1.2.10 Change in the average surface temperature of the Earth from the year 1000 projected
t0 2100. Estimates of future temperature increases vary, depending on what assumptions are made.

Each fuel discussed in this section produces carbon dioxide when it burns. Table
1.2.2 compares the theoretical mass of carbon dioxide produced from the complete
combustion of 1 gram of each fuel and per unit of energy produced.

TABLE 1.2.2 Mass of CO, produced from the combustion of 1 gram of fuel

Mass of CO, (g) emitted Mass of CO, (g) per

per gram of fuel megajoule of energy

produced (approx.)
Coal 3.7 93
Natural gas 2.8 56
LPG 3.0 65
Petrol 3.1 73
Ethanol 1.9 72

Bioethanol is a renewable fuel derived from plants. Although carbon dioxide is
produced when bioethanol burns, carbon dioxide is also absorbed by the plants as
they grow. For this reason, the widespread use of bioethanol should lead to a net
reduction in the levels of carbon dioxide emitted.

However, bioethanol is not carbon neutral. This is because energy is required,
and emissions are produced, in the growing, transport and refining of the fuel. Note
also that although a relatively low mass of carbon dioxide is emitted per gram of
fuel burnt, because bioethanol produces much less energy than the same mass or
volume of petrol, a similar mass of carbon dioxide is emitted to produce the same
quantity of energy.
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CHEMFILE

Cleaner coal

Research is being conducted into ways of reducing carbon dioxide emissions from

coal-fired power stations. These include:

e storing carbon dioxide deep underground (geosequestration)
e removing water from brown coal by heating; the volatile hydrocarbons that are

driven off are also burnt to produce electricity

e absorbing carbon dioxide into solvents (chemical capture).

There are several methods for converting coal to liquid and gaseous fuels. Flash
pyrolysis has been developed by CSIRO for converting coal to oil. In this process,
crushed coal is heated to 600°C. The tar that forms is reacted with hydrogen to give

a type of crude oil.

Other emissions

Carbon dioxide and water vapour are not the only products formed when fuels
are burnt. Fuels may contain elements such as sulfur, which burns to form sulfur
dioxide, or the high temperatures of combustion can lead to reactions with nitrogen
in air. Table 1.2.3 lists the more common pollutants formed.

TABLE 1.2.3 Pollutants formed from fuel combustion

N I

Sulfur dioxide (SO,) Sulfur in fuel reacts with
oxygen:

S(s) + 0,(8) = SO,(8)

Nitrogen oxides
(NO and NO,)

Nitrogen in fuel reacts
with oxygen, or nitrogen
in air reacts due to high
temperatures:

N,(g) + 0,(g) — 2NO(g)
2NO(g) + 0,(g) — 2NOL(g)

Ozone (0,) Nitrogen oxides react with

oxygen at high temperatures

Particulates, such as ash Combustion of impurities

in fuel

Carbon monoxide Incomplete combustion of

fuel

Organic chemicals such as
methanal and ethanal

Reactions of other organic
chemicals in fuel

Causes respiratory
problems. Leads to the
formation of acid rain

Causes respiratory
problems. Leads to

the formation of other
pollutants and acid rain

Causes respiratory
problems

Irritant. Adheres to houses
and plants

Poisonous gas

Toxic and carcinogenic
compounds

The levels of each pollutant mentioned in Table 1.2.3 vary with the composition

of the fuel and the efficiency of the particular combustion process. However, it is
possible to generalise.

Ash is usually more of a problem with coal than other fuels. Ash is produced
when coal is burnt without any purification or removal of impurities.

Sulfur levels are lower in natural gas and LLPG than in liquid or solid fossil fuels.
The molecules in petrol are larger than the molecules in natural gas, LPG and
ethanol. As a consequence, the combustion of petrol tends to be less complete.
This produces more carbon monoxide and particulates.

Although biofuels are renewable, they can still produce the same pollutants as
fossil fuels when burnt.
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Environmental impact of sourcing the fuel

All fuels have to be mined or produced and the environmental impact of sourcing
a fuel needs to be considered. Table 1.2.4 shows some of the sources of the fuels
described in this chapter.

TABLE 1.2.4 Sources of fuels

Biogas is often collected from sewage farms

and rubbish tips. The gas collection minimises
emissions associated with these sites. Because
methane is much more effective as a greenhouse
gas than carbon dioxide, it is better to collect the
methane in biogas and combust it to produce
carbon dioxide than to release it directly to the
atmosphere.

Biogas collected under domes from a sewage plant

Qil rigs, once in place, can operate with low impact
on the environment but the issues created when
a spill or explosion occurs can be significant.

Coal mines can be open cut or underground.
Open-cut mines, such as in the Latrobe Valley in
Victoria, are damaging to the local environment.

Bioethanol is produced from crops. Growing
crops requires energy expenditure and the use of
resources such as water and fertiliser. Intensive
farming can lead to land degradation and erosion.
These are larger issues if crops are grown solely to
produce ethanol, but of less concern if waste from
food crops is used as a raw material. Diverting
crops from fuel production could also drive up the
cost of food produced from those crops.

i

Harvesting a wheat crop for bioethanol production
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CHEMFILE

The Hazelwood coal mine fire

On a very hot day, on 9 February 2014, the Hazelwood open-
cut coal mine in Victoria caught fire (see Figure 1.2.11). Normal
bushfires are difficult to manage, but it soon became apparent
that a fire in a coal mine presented unprecedented problems.
Coal is a good fuel and a very large surface of coal was exposed
at the mine. The smoke from the burning coal was toxic and it
was difficult for firefighters to work near the front of the fire.

The adverse health effects of the Hazelwood mine fire were
significant. In the short term, residents experienced headaches,

sore throats and respiratory difficulties. Residents and workers
will be monitored over the next 20 years for signs of more
permanent damage to the lungs and circulatory systems.

The fire burnt for 45 days. During that time:

e vulnerable residents were evacuated from nearby Morwell

e school children were transported to schools further from
the mine
many firefighters were treated for smoke inhalation
residents were advised to stay indoors.

FIGURE 1.2.11 Smoke from the Hazelwood coal mine fire blowing over the nearby town of Morwell.

RENEWABILITY

Fossil fuels are a non-renewable source of energy. It took millions of years for their
formation in the Earth’s crust, so the likelihood of new deposits forming cannot be
considered. The reserves of each fossil fuel are summarised below.

e Coal—reserves are extensive but low efficiency and concerns about emissions

are making coal increasingly less popular as a fuel.

¢ Crude oil—reserves are more limited than those of coal and availability is likely

to decline in coming decades.

¢ Natural gas—deposits are likely to be exhausted over the coming decades but
reserves of coal seam gas and shale gas could potentially provide natural gas into
the next century. Concerns over fracking need to be resolved if natural gas is to

be sourced from these reserves.

Biofuels are renewable and current production levels are sustainable. However,
biofuels produce only a small percentage of Australia’s fuel needs.

If biofuel production were to increase significantly, we could need to grow crops
specifically for this purpose. This would present a number of issues, including
land degradation, clearing of forest and bushland, and ensuring food supplies

are maintained.
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1.2 Review

Fuels such as petrol, natural gas, biogas and
bioethanol undergo combustion reactions in excess
oxygen to form carbon dioxide and water.

The combustion reactions of fuels are used to
produce electricity and to power vehicles.

In a coal-fired power station, thermal energy from
coal creates steam that is used to turn a turbine and
generate electricity. The efficiency of this process is
between 30 and 40%.

Electricity can also be produced from the
combustion of natural gas or biogas.

Petrol engines can use petrol or petrol blended
with ethanol. Engines can also be modified to run
on LPG.

The combustion of fuels produces a range of other
pollutants such as carbon monoxide, sulfur dioxide,
nitrogen oxides and particulates.

Petrol produces more energy per gram than LPG or
bioethanol. However, bioethanol and LPG produce
less carbon dioxide and particulates in emissions.
Biofuels offer several environmental advantages:
CO, is absorbed during the growth of crops used in
their production, they can be replenished and they
can be produced from material that would have
otherwise been waste.

A shift to large-scale production of biofuels could
place a strain on resources and available farmland.
Table 1.2.5 compares the advantages and
disadvantages of some fuels.

TABLE 1.2.5 Advantages and disadvantages of fuels described in this section

Advantages Disadvantages

22

Coal » Large reserves

» Less easily transported than liquid or gaseous fuels

» Relatively high energy content

Natural gas
» Easy to transport through pipes
» Relatively high energy content

Biogas * Renewable
* Made from waste
* Reduces waste disposal
* Low running costs
» CO, absorbed during photosynthesis

Petrol » High energy content
» Ease of transport

LPG * Low cost
» Easily separated from natural gas

» Relatively high energy content; fewer particulates

produced than petrol

Bioethanol * Renewable
« Can be made from waste
+ CO, absorbed during photosynthesis
* Burns smoothly
» Fewer particulates produced than petrol

More efficient than coal for electricity production

» Non-renewable
» High level of emissions

* Non-renewable
» Limited reserves
» Polluting but less than coal and petrol

* Low energy content
» Supply of waste raw materials limited

» Non-renewable
» Polluting but less than coal
» Limited reserves

» Non-renewable
+ Polluting but less than petrol

» Limited supply of raw materials from which to
produce it

» Lower energy content than petrol

» May require use of farmland otherwise used for
food production
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KEY QUESTIONS

1

T

he following processes are all part of the production of electrical energy

from coal. Arrange these processes in order of occurrence.

Energy released from coal is transferred to water.
Steam spins a turbine.

Coal is added to a furnace.

Coal is excavated, crushed and dried.

Steam is produced.

Electricity is generated.

Classify each of the following as an advantage or a disadvantage of the use
of bioethanol compared to petrol as an energy source.

a
b
c
d
e

Less CO, impact overall

Lower energy content (kJ g1)

Can be produced from waste products

Renewable resource

Greater amount of CO, emitted to travel a set distance

Methane can be sourced from crude oil, coal seam gas, sewage and
gas wells.

Complete the following table that describes the sources of methane and the

p

rocess used to extract or separate the methane.

Composition of Extraction process
source

Crude oil
Coal seam gas
Sewage

Gas well

The water content of brown coal is 60-70%. What implications does this
high water content have for the energy released from burning the coal?
What pre-treatment could raise the energy content per gram of brown
coal consumed in a power station?

If some electricity produced from burning coal was used to reduce its
water content, then how could this energy cost be minimised?

What impact do impurities such as sulfur have on generating electricity
from brown coal?

CHAPTER 1 | FUELS

23



1.3 Petrodiesel and biodiesel

The high energy content of diesel makes it an excellent fuel for transportation
and equipment designed to do heavy work. For many years, petrodiesel, which
is produced from crude oil, has been the primary source of fuel for diesel engines.
Some of the uses of diesel in transport are in ocean liners, farming machinery and
the engines that provide the energy for the large hauling capacity of mining trucks
(Figure 1.3.1).

In the last 20 years, biodiesel has emerged as an alternative to petrodiesel. In this
section, you will compare the sourcing, performance and environmental impact of
these two fuels.

s T T T R

FIGURE 1.3.1 (a) The largest ocean liners resemble floating cities. They are powered by enormous diesel engines like this one. (b) Diesel engines
provide the power necessary for heavy-duty tractors. (c) Diesel engines provide the energy for the large hauling capacity of mining trucks.

.
FIGURE 1.3.2 Rudolf Diesel invented the
diesel engine.

CHEMFILE

Rudolf Diesel

Rudolf Diesel (1858-1913) (Figure 1.3.2) was a German engineer who invented the

‘oil engine’ that was named after him. His prototype engine first operated in 1893 and
was powered by peanut oil. Diesel was well aware of the potential value of an engine that
could run on renewable fuel. He demonstrated his engine at the World Exhibition in Paris
in 1900 and was awarded the Grand Prix—the highest prize.

Just before his death in 1913, Diesel stated: ‘The diesel engine can be fed with vegetable
oils and would help considerably in the development of agriculture of the countries which
use it.

Diesel also predicted that: ‘The use of vegetable oils for engine fuels may seem
insignificant today. But such oils may become, in course of time, as important as
petroleum and the coal tar products of the present time.

DIESEL PRODUCTION AND STRUCTURE

A diesel engine is a form of internal combustion engine that does not require a spark
to ignite the fuel in the engine cylinder. Diesel engines are favoured in situations
requiring high fuel efficiencies and for heavy haulage vehicles.
Diesel engines have a 20—40% better fuel economy than petrol engines because:
» diesel engines are typically more energy efficient than petrol engines
o diesel fuel has a higher density than petrol, so although the energy content of
diesel and petrol, measured in kJ g~!, is similar, diesel fuel yields more energy
per litre.
The most common form of diesel fuel is petrodiesel, which is produced from
crude oil. However, biodiesel is increasingly being manufactured as an alternative.
The two pathways for producing diesel are shown in Figure 1.3.3.
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fat or oil converted to biodiesel crude oil—petrodiesel obtained by
fractional distillation

: l

R A rrrrrr T TRy
AT e
H HHHHMHHHUHMHH O—C—H H HHHHHHUHMHMHMHH
I
biodiesel H petrodiesel

diesel engine

FIGURE 1.3.3 Two methods of producing diesel fuel. Biodiesel can be produced from the oil of crops
such as sunflowers. Petrodiesel is produced through fractional distillation of crude oil. Pure forms of
biodiesel and petrodiesel can be used in a diesel engine or they can be blended together.

Petrodiesel

Petrodiesel is one of the products of the fractional distillation of oil. It is not a
pure substance. Different manufacturers produce petrodiesel of different
compositions, but petrodiesel is generally around 75% alkanes and 25% aromatic
hydrocarbons. The alkanes range from C, ,H,, to C,.H,,. Aromatic hydrocarbons
contain molecules made up of six-membered carbon rings with alternating single
and double bonds. You can see the structures of both alkanes and aromatic
hydrocarbons found in petrodiesel in Figure 1.3.4.

T T T LT

H—C—C—C—"FC—"C—/"F(C—C—C—C—C—C—C—H |

ST vy
dodecane

naphthalene

FIGURE 1.3.4 Components of petrodiesel include alkanes, such as dodecane, and aromatic
compounds, such as naphthalene.
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FIGURE 1.3.5 The structure of a triglyceride
molecule. There are three ester functional
groups in the molecule. The ester groups
are shaded.

Biodiesel

Fats and oils are triglycerides with a molecular structure consisting of three
hydrocarbon chains attached by ester functional groups to a backbone of three
carbon atoms, as shown in Figure 1.3.5.

The triglyceride is converted into biodiesel by warming it with an alcohol,
usually methanol, in a process known as transesterification. Potassium hydroxide
solution acts as a catalyst in this reaction. A catalyst is a substance that increases
the rate of a reaction without being consumed itself.

In the transesterification reaction, the triglyceride is converted into a small
molecule called glycerol and three ester molecules with long carbon chains. The
ester molecules are the biodiesel product. The reaction is shown in Figure 1.3.6.

H (0]
] |
H—C—O_C_(CHZ)MCHS H—C—OH

‘ 0
||

H—C—O0—C—(CH,) CH, +3CH,0H— H—C—OH + 3CH,(CH,) ,COOCH,

(0]
H—C—OH
H—C—0—C— (CH,), CH, |
| H
H
triglyceride methanol glycerol fatty acid methyl esters
(palm oil) (biodiesel)

FIGURE 1.3.6 The reaction of a triglyceride with alcohol to form fatty acid esters (biodiesel)
and glycerol.

The structure of a typical biodiesel molecule is shown in Figure 1.3.7. Molecules
of this type are sometimes referred to as fatty acid esters, because carboxylic
acids with relatively long hydrocarbon chains are referred to as fatty acids.

H H H H H H H H H H H H H H H 0
H—}FC—4~YCC—/C—C—C—C—(C—(C¢C—(CC—(C¢Cc—C—C—C¢c—Cc—Cc—=¢c¢ |
H H H H H H H H H H H H H H H O—T—H
FIGURE 1.3.7 Structural formula of a typical biodiesel molecule. H
Biodiesel molecules are often longer than petrodiesel molecules.
Like petrodiesel, biodiesel is not a pure substance. The structure of the
triglyceride varies depending on the particular plant or animal used as the source.
Triglycerides produced by animals, such as tallow, usually form saturated esters,
which have only carbon—carbon single bonds in the hydrocarbon chain. However,
triglycerides produced by plants often form unsaturated esters like the one
shown in Figure 1.3.8.
H H H H H H H H H H H H H H (0]
H—C—C—C—C—C—C H c—CC—C—(6——¢c—Cc—Cc—Cc—~c¢C T
H H H H H c—Cc—=cC H H H H H H H O—T—H
H H H H
FIGURE 1.3.8 Biodiesel molecules derived from plants often contain carbon—carbon double bonds.
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O The term ‘saturated’ refers to hydrocarbons that contain only single bonds
between the carbon atoms. They are said to be saturated because each
carbon atom is bonded to as many hydrogen atoms as possible. ‘Unsaturated’
means that there is at least one carbon—carbon double or triple bond within
the hydrocarbon chain.

The presence of double bonds in the hydrocarbon chain changes the shape of
the molecules, making it more difficult for them to pack together. This weakens
the dispersion forces between neighbouring molecules of unsaturated esters. As
a result, biodiesel produced from plant oil usually has a lower melting point than
biodiesel produced from animal fats.

At present, far more petrodiesel is consumed than biodiesel, both locally and biodiesel (7%)
internationally (Figure 1.3.9). Australia’s total diesel consumption is over 23 000
megalitres of diesel per year. Biodiesel comprises only 400 megalitres of this total.
This gap is likely to close in the future as the biodiesel industry is the subject of
extensive scientific research.

COMPARISON OF PETRODIESEL AND BIODIESEL

Properties and performance
Some of the properties of petrodiesel and biodiesel are compared in Table 1.3.1.

TABLE 1.3.1 Properties of petrodiesel and biodiesel compared

Property Explanation of property Petrodiesel

FIGURE 1.3.9 This pie chart shows world diesel

] 1 M £ fuel i ] 34 87 cpnsumption. Petrodiesel dominates world
Density (kg L) VOTZ:; ST 08 08 diesel consumption (2015 data).
Viscosity (cSt) Measure of a fluid’s 2.5 49
resistance to flow at 40°C
Cloud point (°C) Lowest temperature at -15to 5 -3to 12
which crystals start to form
Energy content (kJ g1)  Energy released per gram 48 41
of fuel
Energy density (kJ L) Energy released per litre 40 36
of fuel

The energy contents of petrodiesel and biodiesel are comparable and also
similar to that of petrol (47 kJ g™!). However, because both forms of diesel have
higher densities than petrol, the energy released per litre of diesel fuel is higher than
for petrol (34 k] L71).

Examination of the data in Table 1.3.1 assists in understanding the following
key points.

e Petrodiesel produces up to 10% more energy than biodiesel (this is offset by the
fact that biodiesel burns more smoothly and efficiently).

¢ Biodiesel has a higher viscosity than petrodiesel. Biodiesel does not flow as
easily along fuel lines and through filters.

e In very cold climates, biodiesel can lose its ability to flow, or worse still, it can
solidify. The cloud point is a measure of performance at low temperature.
Cloud point refers to the temperature at which small crystals start to form.
Obviously, an engine will not run if the fuel will not flow on a cold day.

The differences in viscosity and flow under cold conditions are related to
the chemical structures of the two forms of diesel. Petrodiesel consists of smaller,
non-polar molecules (see Figure 1.3.10, page 28).The only forces present between
neighbouring petrodiesel molecules are weak dispersion forces.

However, the hydrocarbon chain in biodiesel is often longer and each molecule
also contains two highly electronegative oxygen atoms (see Figure 1.3.10).
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FIGURE 1.3.10 Petrodiesel and biodiesel molecules. Petrodiesel molecules are shorter
than biodiesel molecules and are non-polar. Biodiesel molecules are longer and
contain polar C—0 bonds. As a result, biodiesel is more viscous than petrodiesel.

The oxygen atoms create dipoles at one end of the molecule, with the result that
dipole—dipole bonds form between neighbouring molecules. These stronger
intermolecular bonds cause the viscosity and melting point of biodiesel to be greater
than for petrodiesel.

The presence of polar bonds in biodiesel molecules also explains why biodiesel
has a greater tendency than petrodiesel to absorb water. Water is a polar molecule
and is more attracted to the slightly polar biodiesel molecules than to non-polar
petrodiesel molecules. A substance that absorbs water easily is said to be more
hygroscopic than one that does not. The water content of biodiesel needs to be
low for efficient combustion to occur.

For the motorist, the differences in the properties of the two fuels imply that:

» diesel blends containing up to 20% biodiesel have a similar performance to
petrodiesel and the engines do not need to be modified

* in cold climates, additives need to be added to motor fuel containing high levels
of biodiesel. Service stations also need to ensure the pump is kept warmer than
the surroundings. Biodiesel sourced from plants has fewer cold-flow issues than
biodiesel produced from animal fats.

Biodiesel also has the potential to keep fuel systems cleaner, but higher
quality seals and fuel hoses may be required. Biodiesel cannot be stored for as
long as petrodiesel because it is more likely to react with atmospheric oxygen and
biodegrade. Biodegradation is the breakdown of a substance by the action of
living organisms, such as bacteria and fungi.

Environmental impact

When comparing the two forms of diesel, you need to consider the emissions
produced when the fuels are burnt, as well as the impact on the environment of
producing the fuel in the first place.

Combustion and emissions

The main combustion products of both forms of diesel are carbon dioxide and
water. The combustion reactions of typical components of the fuels are represented
by the equations:

Petrodiesel: 2C,,H, (1) + 370,(g) — 24CO,(g) + 26H,0(g)

Biodiesel: 2C |, H,,0,(1) + 490,(g) — 34CO,(g) + 34H,0(g)

The carbon dioxide emissions from both petrodiesel and biodiesel are about
73 g MJ1, which is almost the same as for petrol. However, diesel vehicles produce
10-20% less carbon dioxide emissions than petrol vehicles because of their higher
fuel efficiency. In the case of biodiesel, carbon dioxide is absorbed in the growth
of the plant or animal the biodiesel is derived from, reducing the net impact on
greenhouse gas levels.
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As with petrol engines, use of either form of diesel leads to emissions of pollutants
such as nitrogen oxides, carbon monoxide and unburnt hydrocarbons.

Petrodiesel also produces some sulfur dioxide (SO,) emissions. Whether
biodiesel produces SO, depends upon the origins of the triglycerides that it is
produced from. For example, soyabean oil does not contain sulfur but canola
oil does.

Biodiesel exhaust contains up to 20% less particulate matter than diesel.

There is considerable debate about which fuel, diesel or petrol, is the cleanest in
terms of emissions. The answer is not clear-cut. Diesel engines produce less carbon
dioxide, carbon monoxide and unburnt hydrocarbons. But petrol engines produce
virtually no particulates and emit less nitrogen oxides.

Fuel production and the environment

Both types of diesel impact on the environment from where they are sourced and
the environment around the industrial plants where they are refined. Some of these
impacts are illustrated in Table 1.3.2.

TABLE 1.3.2 A comparison of the impacts of sourcing and producing petrodiesel and biodiesel

Impacts of
sourcing
* Crude oil can be mined on land or at sea. » Increased biodiesel production requires intensive farming.
« Crude oil is non-renewable. « Crops such as canola are renewable because they can be
» Oil deposits are often located in environmentally sensitive harvested each year.
locations and mining approval is often contested. » Growing crops requires resources such as water and
« Spills or leaks could significantly damage local ecology. fertiliser. The quality of the soil deteriorates if the same
+ QOil is a flammable liquid with associated fire risks. crops are grown each year.
+ Farm machinery produces CO, and other pollutants that
reduce the net benefits of renewable fuels.
« High-quality farmland is used for growing fuels instead
of food.
Impacts of
production

» Oil refineries can produce significant emissions due to the  « Biodiesel plants should produce less emissions than oil
burning of excess hydrocarbons. refineries do.
» Energy is required to operate the refinery. » Energy is required to operate the plant.
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In the immediate future, the growth of biodiesel production may depend upon
economics. If biodiesel manufacturers cannot produce biodiesel from canola for
a price lower than the market price of petrodiesel, then the industry is unlikely to
expand. A complicating factor is the fluctuations that occur in the price of diesel as
shown in Figure 1.3.11.
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FIGURE 1.3.11 Fluctuations in the Australian diesel price make the feasibility of manufacturing
biodiesel challenging.

EXTENSION

Biodiesel production using alternative
feedstocks

Several innovative Australian companies are successfully trialling new processes

to avoid using food-grade crops as the source of triglycerides for biodiesel.

» Biomax in Laverton, Victoria, produces biodiesel from poppy seed oil.
Tasmania has a licence to grow opium poppies for the production of morphine.
The company was not allowed to sell the oil on the open market due to fears
it might contain illegal substances. However, they were permitted to make
biodiesel from oil that would otherwise have been a waste product.

+ Biomax is also involved in a trial in Victoria’s Latrobe Valley at a cooling
pond for a power station. Carbon dioxide produced in the coal-fired power
station nearby is used to promote the growth of algae with a high oil content
(Figure 1.3.12a).

 Australian Renewable Fuels Limited manufactures 150 million litres of biofuel
each year at a northeastern Victorian plant in Barnawartha. The raw materials

FIGURE 1.3.12 (a) A pilot plant investigating are tallow from local abattoirs and used cooking oil, which would otherwise be
the feasibility of producing biodiesel from difficult to dispose of

algae. Farmland is not required and algae

can be harvested many times per year. + Juncea (a close relative to canola) and agave crops are being trialled on
(b) The agave plant shows promise as a marginal farmland in several locations (Figure 1.3.12b). These crops have
source of biofuels. It is best known as the a high oil yield but don’t have to grow on farmland that could be used for
raw material for making tequila in Mexico. food crops
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1.3 Review

Diesel engines are used in many forms of transport and in heavy-duty equipment.
Diesel engines have a better fuel economy than petrol engines because diesel has a
higher energy efficiency and higher energy per litre.

Diesel engines typically produce 10-20% less carbon dioxide emissions than petrol
engines.

Diesel fuel can be separated from crude oil by fractional distillation (petrodiesel)

or synthesised from the triglycerides in plants or animals (biodiesel).

Petrodiesel is a non-renewable fuel, whereas biodiesel is a renewable fuel.

Petrodiesel is composed of about 75% alkanes containing 10-15 carbon atoms
(see Figure 1.3.13) and 25% aromatic compounds.

H H H H H H H H

B
H—C—"(C—"(C—~ _C—C36—"C36BR—C—C—C—C—C—C—H
g

H H H H H H H H H
FIGURE 1.3.13 Structure of dodecane—a typical alkane in petrodiesel.

Biodiesel is produced from triglycerides in animal fats or plant oils. The triglycerides
react with methanol in a transesterification reaction to form biodiesel (see Figure 1.3.14).

H 0
| | H
H—C—0—C—(CH,) CH,
H—C—OH

‘ 0

H—C—0—C—(CH,),,CH, +3CHOH —= H—C—OH + 3CH,(CH,) COOCH,

i |
H—C—OH
H—C—O0—C—(CH,), CH, |
| H
H
triglyceride methanol glycerol fatty acid methyl esters
(palm oil) (biodiesel)

FIGURE 1.3.14 Production of biodiesel.

Biodiesel molecules can be described as fatty acid esters.

__________________________________________________________________________________________
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« Table 1.3.3 compares petrodiesel with biodiesel.

TABLE 1.3.3 A comparison of petrodiesel and biodiesel

Renewability Non-renewable Renewable

Energy content Marginally higher Marginally lower

Viscosity Lower Higher

Cold flow Can be used without additives at lower More likely to need antifreeze additives
temperatures than biodiesel. when used in cold climates.

Emissions Produces CO,, particulates and other Produces CO, but CO, is consumed in
pollutants. production of the triglycerides used to

make the fuel. Produces fewer particulates.
Produces other pollutants.

Environmental impact of QOil fields are prone to spills and Biodiesel produced from farm crops can

production damage to local habitats. Oil refineries add to land degradation and might lead to
produce emissions that have a negative  higher food prices. Biodiesel made from
impact on local regions. waste products such as used cooking oil has

a positive impact on the environment.

KEY QUESTIONS

1 Select the correct statement about petrodiesel.
A Petrodiesel is a renewable fuel as it is formed from plants.
B Petrodiesel is purified to ensure all molecules include the same number
of carbon atoms.
C Petrodiesel is a mixture of substances including LPG and petrol.
D Petrodiesel contains 75% alkanes with 10-15 carbon atoms.
2 What is the name of the reaction in which a triglyceride is broken down
to form biodiesel molecules?
3 Determine if the following statements about biodiesel are true or false.
a Biodiesel can contain several different compounds.
b Biodiesel molecules contain ester groups.
¢ Biodiesel is an alkane.
d Three molecules of biodiesel can be obtained from each molecule
of a triglyceride.
e All hydrocarbon chains in biodiesel molecules are saturated.
f Biodiesel is formed in a transesterification reaction.
4 Why are the CO, emissions from the use of biodiesel not considered
as problematic as those produced from the use of petrodiesel?
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Chapter review

KEY TERMS

acid rain combustion

alkane dipole—dipole bond
anaerobic dispersion force
aromatic hydrocarbon electronegative
biodegradation energy content
biodiesel energy efficiency
bioethanol energy transformation
biofuel enhanced greenhouse
biogas effect

carbon neutral enzyme

catalyst fatty acid

cloud point fatty acid ester

coal seam gas fermentation

Types of fuels

1 The world has become very dependent on the
products of the petrochemical industry, but the raw

materials of crude oil and natural gas are likely to be

virtually exhausted by 2100. Assuming that current
production remains unchanged and no alternative
sources are available, suggest the impact of the lack
of raw materials on our lifestyle.

2 Refer to Figure 1.1.4 on page 3 to answer the following

questions.

a In the year 2000, what type of fuel provided the
most energy on a global scale?

b Rank the different fuels in order from most to
least amount of energy expected to be produced
in 2020.

3 Why are fossil fuels considered to be non-renewable?
4 Refer to Figure 1.1.5 on page 4 to answer the following

questions.

a What type of coal takes the longest amount of time

to form?

b Of peat, brown coal and black coal, which releases

the least amount of heat energy?
¢ Which type of coal is a better quality fuel?

5 Refer to Table 1.1.1 on page 9, which lists the typical

composition of biogas.
a What two gases form the largest percentage of a
typical biogas sample?

b Why are there variations in the percentage of gases

making up different samples of biogas?
6 What types of vegetable oils is biodiesel commonly
sourced from?
7 When coal contains a greater amount of water (as
it does in peat and brown coal), why is less heat
released when the coal is burnt?

fossil fuel

fracking

fractional distillation

fuel photosynthesis
greenhouse effect renewable
greenhouse gas saturated ester
homologous series shale gas
hydrocarbon sustainable
hygroscopic transesterification
liquefied petroleum gas triglyceride
natural gas unsaturated ester
non-renewable viscosity

petrodiesel

Fossil fuels and biofuels

8

10

11

12

13

The following energy sources are used across
the world: coal, bioethanol, biodiesel, natural gas.
Which one is likely to run out the fastest?

Explain the term ‘energy efficiency’.

What are some of the ways in which energy is lost,
leading to a reduced efficiency in a coal-fired power
station?

Biogas, petrol and bioethanol are used to power

vehicles.

a List the fuels in order of their energy content per
gram (from highest to lowest). You may need to
refer to Table 1.2.1 on page 17.

b The emissions of carbon dioxide per gram from the
combustion of bioethanol are less than that from
octane (petrol). However, a car using bioethanol
produces more carbon dioxide when driving the
same distance as a car using octane. Which one
of the follow could be the best explanation for this
difference?

A Bioethanol is more efficient than octane.

B The energy content of bioethanol is less than
that of octane.

C The temperature of the engine favours the
combustion of octane.

D More energy transformations are required in
the combustion of bioethanol.

Explain why bioethanol is sometimes described as
a ‘carbon neutral’ fuel. Use chemical equations for
photosynthesis, fermentation and combustion to
support your answer.

Use the terms ‘methane’, ‘oxygen’, ‘bacteria’ and
‘carbon dioxide’ to explain the formation and
composition of biogas.

CHAPTER 1 | FUELS 33



14

15

a Explain what ‘E10 petrol’ means.

b How does the introduction of E10 help with the
potential shortage of crude oil?

The fact that global warming is taking place is now

generally accepted. Conduct some research using

the internet to discover some of the consequences

of global warming. Give one example each of the

effect on:

a the polar ice caps

b changing weather patterns

¢ crop production

d extinction of plant or animal species.

Petrodiesel and biodiesel

16

17

34

Which one of the following is the most likely

component of petrodiesel?

A Propene

B C,H,

C CllH24

D CI6H2402

Trials are being conducted to source biodiesel from

algae grown in the warm water of a power station

cooling pond. The water is warm and carbon dioxide

emitted from the power station can be trapped and

bubbled through the water to enhance the growth

of the algae. Classify the following as advantages or

disadvantages of large-scale production of biodiesel

from algae.

Fewer particulate emissions than petrodiesel

Renewable

Less reliance on fossil fuels

Distribution outlets required

Fewer net CO, emissions than petrodiesel

Oil can be ‘harvested’ many times per year

Reduction of CO, emissions from coal-fired power

stations

h More additives need to be added to the fuel in cold
climates

m =~ 0® Q. 0 T 9

18 For each of the following scenarios, decide if it is more

likely to refer to petrodiesel or biodiesel.

a A sample of diesel has gone cloudy after being
stored a long time.

b The exhaust from this engine contains significant
particulates.

¢ The car will not start on a cold morning.

d The water content of the fuel has reached a
high level.

Connecting the main ideas
19 Ethanol is produced industrially by reacting ethene
with water using a phosphoric acid catalyst at 300°C:
C,H,(g) + H,0(g) - CH,CH,OH(g)
a Explain whether ethanol produced by this method
is a biochemical fuel.
b Describe how ethanol, which is classified as a
biochemical fuel, could be produced.

20 Conduct some research on the internet to find out
which nations are the top ten consumers of energy.

21 The 2015 Paris Agreement was an international

response to global warming in which all nations

were asked to commit to keeping the global average

temperature rise to below 2°C, through reductions in

greenhouse gas emissions.

a What impact would adoption of the Paris
Agreement have on Australia?

b Discuss the role that biofuels could play in helping
Australia meet its target for reducing greenhouse
gas emissions.
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CHAPTER

2 Energy from fuels

Before the invention of agriculture, a person in an early hunter-gatherer society
used approximately 10 MJ of energy per day. Despite being less active than
hunter-gatherers, a person in our modern industrial society uses, on average,
nearly 1000 MJ per day. This figure is 100 times greater than the body’s basic
requirement. The bulk of our energy use comes from the combustion of fuels,
which we use directly or indirectly. Some of our activities use small amounts of
energy. Others, such as the launching of a space shuttle, use enormous amounts
of energy.

In Chapter 1 you learned about the different fuels available to meet current
transport, heating and cooking requirements across the globe. By the end of this
chapter, you will have a greater understanding of the way in which energy changes
that occur as a result of combustion of fuels can be represented when writing
chemical equations and by drawing energy profile diagrams. You will also learn
how the energy released by the combustion of different fuels can be measured.

Key knowledge

» The comparison of exothermic and endothermic reactions including their
enthalpy changes and representations in energy profile diagrams
Combustion of fuels as exothermic reactions with reference to the use of the
joule as the Sl unit of energy and measurement of enthalpy change including
symbol (AH) and common units (kJ mol, kJ g1, MJ/tonne)
The writing of balanced thermochemical equations, including states, for the
complete and incomplete combustion of hydrocarbons, methanol and ethanol,
using experimental data and data tables

The use of the specific heat capacity of water to determine the approximate
amount of heat energy released in the combustion of fuel

VCE Chemistry Study Design extracts © VCAA (2015); reproduced by permission.




FIGURE 2.1.1 The energy released by the
combustion of wood in a fire is easily seen
and felt.

+10°

J kJ
x 10° x 10°
x 10°

FIGURE 2.1.3 Converting between different
energy units.

2.1 Exothermic and endothermic
reactions

Chemical reactions occur when particles (atoms, molecules or ions) collide and are
rearranged to form new particles. Chemical reactions involve energy changes. As
the reactant particles are rearranged, the chemical energy of the reactants is also
‘rearranged’, although not in quite the same way.

In some chemical reactions, including the combustion of fuels, the
rearrangement of atoms causes energy to be released to the surroundings. For
example, the amount of energy released in the combustion of wood is large enough
to be easily seen or felt (Figure 2.1.1).

In other chemical reactions, energy is absorbed from the surroundings as the
chemical reaction takes place. The energy change in some reactions is very small
and can only be determined with specialised equipment.

In this section, you will learn about the energy changes that occur during
chemical reactions. You will also learn how to classify chemical reactions based on
their energy changes.

CHEMICAL ENERGY

There are many different forms of energy. You will be more familiar with some than
others. For example, you are in contact with forms of heat (thermal energy), light
(radiant energy), sound energy and electrical energy every day. You can probably
see, hear or feel some of them as you are reading these pages.

All substances have a form of energy called chemical energy. It is stored in the
bonds between atoms and molecules. This energy results from:
» attractions between electrons and protons in atoms
e repulsions between nuclei
e repulsions between electrons
e movement of electrons
+ vibrations and rotations around bonds.

When you eat a meal, the bonds between the food molecules have stored energy
that you can access to provide energy for other chemical and physical activities that
take place in your body (Figure 2.1.2).

Z
7

FIGURE 2.1.2 When you eat food, you access the chemical energy stored in the food. This energy
powers all of the chemical reactions and physical activities that take place in your body.

As you learned in Chapter 1, the SI unit for energy is the joule, J. Other units
also used for quantifying energy are kilojoules, kJ, and megajoules, M].

The relationship between joules and megajoules is:
1J=102Kk] = 10° M]
This can also be expressed as:
1 MJ = 1000 kJ = 1000000 ]
Figure 2.1.3 shows how you can convert between different units of energy.
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ENERGY CONSERVATION

According to the law of conservation of energy, energy cannot be created or
destroyed. However, it can change forms. When energy is transformed from one
form to another, the total amount of energy remains the same.

Systems and surroundings

When we talk about energy changes in chemical reactions, we often refer to a
system and its surroundings.

In chemistry, the system is usually the chemical reaction. When we say that
energy is released or absorbed by a system, we are referring to energy changes that
occur as bonds are broken and formed between the atoms of the elements involved
in the reaction.

The surroundings are usually regarded as everything else. For example, the
walls of a container in which a reaction takes place in the gas phase, or the water
in a solution in which a reaction takes place in the aqueous phase, can be regarded
as the surroundings for the reaction. Energy leaves the system (the reaction) and
enters the surroundings, or leaves the surroundings and enters the system.

Energy changes during chemical reactions

The reactants in a chemical reaction have a certain amount of chemical energy
stored in their bonds. The products that form as a result of the rearrangement of
particles during the chemical reaction have different bonds and so have a different
amount of chemical energy. Energy will be released or absorbed during the reaction
depending on the relative energies of the bonds within the reactants and products.
When fuels undergo combustion, they are able to release energy that can be used.
This is what makes them fuels.

Often the energy released to or absorbed from the surroundings is in the form of
heat (thermal energy). However, heat can be converted into other types of energy,
including light, electricity and movement (kinetic energy).

| CHEMISTRY IN ACTION |

Glow-in-the-dark light sticks

You might have seen glow-in-the-dark hoops, necklaces and bracelets similar to
those shown in Figure 2.1.4 at festivals or concerts, especially those held at night.

Glow-in-the-dark bracelets contain chemicals held in separate containers.
When these bracelets are bent, the containers break and the chemicals combine.
Light is produced through a process called chemiluminescence.

The chemistry of a glow stick is fairly straightforward. When the aqueous
reactants (hydrogen peroxide in one area and diphenyl oxalate in another area)
mix, energy is released from the reaction that occurs. This reaction is shown in

Figure 2.1.5.
Il
@o—c—c—o@ + H,0, 2@— OH + 2CO, + energy
diphenyl oxalate hydrogen hydroxybenzene

peroxide (phenol)
FIGURE 2.1.5 This reaction occurs in a glow stick.

Instead of the energy from this reaction being released to the surroundings
solely as heat, a carrier molecule transfers the energy to a chemiluminescent dye
in the glow stick. The electrons in the dye are excited to higher energy levels. Light
is emitted as these electrons return to their original lower energy levels. The light
from the glow stick is simply the emission spectrum of the dye molecule.

FIGURE 2.1.4 Glow-in-the-dark bracelets
give off light that is the result of chemi-
luminescence.
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Glow-worms

Glow-worms (Figure 2.1.6) apply similar chemical principles to chemiluminescence
for their glow-in-the-dark bioluminescence. Three chemicals within the worm
combine. However, they require oxygen to produce light. When the worm breathes,
oxygen acts as the oxidising agent in the chemical reaction between the three
reactants producing the bioluminescence. Worms are able to control the amount of
‘glow’ by breathing in more or less oxygen.

0 If the total chemical energy of

38

the products is less than the total
energy of the reactants, energy
will be released from the system
into the surroundings. This is
called an exothermic reaction.

If the total chemical energy of
the products is greater than the
total energy of the reactants,
energy will be absorbed from the
surroundings. This is called an
endothermic reaction.

FIGURE 2.1.6 A female glow-worm. The
luminescent abdominal organs are visible.

EXOTHERMIC AND ENDOTHERMIC SYSTEMS

When the total chemical energy of the products of a chemical reaction is less than
the total chemical energy of the reactants, the excess energy is released to the
surroundings. Energy ‘exits’ the reaction system and the chemical reaction is called
an exothermic reaction.

The released energy can be shown in a chemical equation by writing ‘energy’ on
the product side of the arrow.

For example, the production of water from the reaction between hydrogen and
oxygen gas is an exothermic reaction. This can be represented by the equation:

2H,(g) + O,(g) — 2H,0() + energy

Another example of an exothermic reaction is the combustion of methane gas:

CH,(g) + 20,(g) —» CO,(g) + 2H,0O(g) + energy

Heat is given off to the surroundings. All combustion reactions give off heat
(energy) to the surroundings and are therefore exothermic reactions.

When the total chemical energy of the products of a chemical reaction is
greater than the total chemical energy of the reactants, energy is absorbed from the
surrounding environment. Energy ‘enters’ the reaction system and the chemical
reaction is called an endothermic reaction.

If an endothermic reaction takes place in a container, the container may feel
cold to the touch. This is because the reaction system is absorbing heat from the
surroundings, leaving the environment cooler.

In a chemical equation of an endothermic reaction, the energy that is required
can be written on the reactant side of the equation arrow.

For example, the decomposition of calcium carbonate is an endothermic
process. This can be represented by the equation:

CaCOj,(s) + energy — CaO(s) + CO,(g)

Endothermic reactions require the constant input of energy.

Changes of state

Changes of state, such as a solid melting to form a liquid, are a type of physical
change, rather than a chemical change. These changes also involve energy being
absorbed or released.

For example, the melting of ice into water requires the absorption of energy,
making it an endothermic process. The boiling of water to produce water vapour is
also endothermic.

Conversely, condensing a gas to a liquid and freezing a liquid to form a solid
both release heat to the surroundings and so are exothermic processes.
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Instant cold packs

Instant cold packs are often carried in first aid kits at sporting events (Figure 2.1.7).

One type of cold pack contains a sealed bag of water surrounded by solid ammonium
nitrate. When the cold pack is squeezed, the water bag is broken and ammonium nitrate
dissolves in the water. The process is endothermic, absorbing heat from the surroundings
and quickly lowering the pack’s temperature.

FIGURE 2.1.7 An endothermic reaction
produces an instant cold pack.

2.1 Review

+ Energy is measured in J, kJ or MJ: + A chemical reaction that releases energy to the
1J=103kJ=10°MJ surroundings is called an exothermic reaction.

« Chemical energy is stored in the bonds between * A chemical reaction in which energy is absorbed
atoms and molecules. from the surroundings is called an endothermic

+ Energy is conserved during a chemical reaction; reaction.
energy cannot be created or destroyed. » All combustion reactions are exothermic reactions.

» Chemical reactions and changes of state involve
energy changes.

KEY QUESTIONS

.1  Which of the following statements about combustion reactions is correct?
: A Combustion reactions are usually exothermic, meaning energy is

: absorbed during the reaction.

: B Combustion reactions are always exothermic, meaning energy is

: absorbed during the reaction.

: C Combustion reactions are usually endothermic, meaning energy is

E absorbed by the system.

! D Combustion reactions are always exothermic, meaning energy is released
! during the reaction.

. 2 Convert the following energy values to kJ.

: a 0.180 MJ

: b 1.5x 106

¢ 100J

! d 20x103J

. 3 Explain the difference between the terms ‘system’ and ‘surroundings’ in

X relation to a chemical reaction.

.4 Explain the term ‘endothermic’ in relation to the total amount of chemical
E energy of the reactants and products.
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0 Enthalpy change is a measure of
the amount of energy absorbed or
released during chemical reactions.
It is given the symbol AH and is
determined by subtracting the
enthalpy of the reactants (H ) from
the enthalpy of the products (Hp).

energy
released

e}
\‘ < (AH negative)
----------- -pro ucts-t-

Reaction progress
- B
B — B —

FIGURE 2.2.1 In the combustion of a fuel,

the enthalpy of the reactants is greater than the
enthalpy of the products, so energy is released
to the surroundings during the reaction.

Energy

2.2 Thermochemical equations and
energy profile diagrams

When fuels undergo combustion, energy is released in the form of heat. As you saw
in the previous section, the word ‘energy’ can be included in a combustion equation
to show that energy is released. However, it is generally more useful for a chemist to
be precise about the magnitude (size) of the energy change that takes place.

Thermochemical equations achieve this by including a sign and numerical
value for the energy change that occurs in the reaction.

It is also useful for chemists to be able to show the energy changes that occur as a
reaction proceeds. All reactions absorb some energy before they can proceed, even
if energy is released overall. An energy profile diagram represents the energy
changes that occur during the course of a reaction.

In this section, you will learn how to write and interpret thermochemical
equations and draw energy profile diagrams. Although the focus for this section
is on the combustion of fuels (which are exothermic reactions), you will also learn
about writing and representing other equations, including endothermic reactions.
These reactions are important for your understanding of some of the concepts that
will be covered in later chapters.

REPRESENTING ENERGY CHANGE IN A CHEMICAL
EQUATION
Enthalpy change

The chemical energy of a substance is sometimes called its heat content or
enthalpy. It is given the symbol H. The enthalpy of the reactants in a chemical
reaction is given the symbol H_ and the enthalpy of the products is given the
symbol Hp.

Most chemical processes take place in open systems under a constant pressure
(usually atmospheric). The exchange of heat energy between the system and its
surroundings under constant pressure is referred to as the enthalpy change,
or heat of reaction, and is given the symbol AH. The capital delta symbol (A)
is commonly used in chemistry to represent ‘change in’. For example, AT is the
symbol for change in temperature.

Fuels provide you with energy by undergoing exothermic combustion reactions.
Knowing the precise enthalpy change per mole or gram that occurs during
combustion of different fuels helps you to decide which fuel might be most suitable
for a particular purpose.

For the general reaction:

reactants — products
the enthalpy change (AH) is calculated by:
AH=H - H,

Enthalpy change in exothermic reactions

When H_ is less than H , energy is released from the system into the surroundings,
so the reaction is exothermic. The system has lost energy, so AH has a negative
value.

Therefore, for combustion reactions (which are exothermic reactions), AH < 0
(see Figure 2.2.1).
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Enthalpy change in endothermic reactions
When H,, is greater than H,, energy must be absorbed from the surroundings, so

the reaction is endothermic. The system has gained energy, so AH has a positive  g[ Y
value, i.e. AH > 0 (see Figure 2.2.2). é’ gg?é’%ed
. . (AH positive)
Thermochemical equations - -[reactants} - - - - - - - -- :
The enthalpy change can be shown by writing the AH value to the right of the Reaction progress
chemical equation. Such an equation is called a thermochemical equation. The AH
value in a thermochemical equation usually has the units k] mol™!. This means that
the amount of energy (in kJ) signified by the AH value corresponds to the mole )
amounts specified by the coefficients in the equation. ’ I
For example, respiration in most living things can be considered as a type of
combustion reaction of glucose. Therefore, respiration is an exothermic reaction: T x

C.H,,0.(aq) + 60,(g) = 6CO,(g) + 6H,0(1) AH =-2803 k] mol™ , )
. . . . FIGURE 2.2.2 For an endothermic reaction,
This thermochemical equation tells you that when 1 mole of glucose reacts with enthalpy of the reactants is less than the
6 moles of oxygen to produce 6 moles of carbon dioxide and 6 moles of water,  enthalpy of the products so energy is absorbed
2803 kJ of energy is released. during the reaction.
Enthalpy changes also occur during physical changes, so thermochemical
equations can be written for physical changes. Melting ice is an example of a
physical change. It is an endothermic process, because heat must be applied to
solid ice in order to convert it into liquid water. The thermochemical equation for
this reaction is:

H,O0(s) > H,0() AH = +6 k] mol™!
The AH value is positive because this is an endothermic reaction.

| CHEMISTRY IN ACTION |

Explosives—a blast of chemical energy

Humans have been using chemicals to make explosions
since 919 Bce. Chinese people first mixed saltpetre
(potassium nitrate), sulfur and charcoal with explosive
results. They quickly realised that there were many
uses for this mixture, which later became known as
gunpowder. It was put to military use and eventually led
to the development of bombs, cannons and guns.

Today, explosives are an essential tool for mining and
other engineering works, such as road construction,
tunnelling, building and demolition (see Figure 2.2.3).

Explosives transform chemical energy into large
quantities of thermal energy very quickly. Although thermal
energy is also released when fuels such as petrol and
natural gas burn, the rate of combustion in these reactions
is limited by the availability of oxygen gas to the fuel. In
contrast, the compounds making up an explosive contain
sufficient oxygen for a complete (or almost complete)
reaction to occur very quickly.

FIGURE 2.2.3 An old bridge is demolished with the help of explosives.
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| CHEMISTRY IN ACTION |

The chemistry behind an explosion

When chemical explosives, such as ammonium nitrate, Notice that 29 moles of gas (the total number of moles of

trinitrotoluene (TNT) and nitroglycerine decompose, they all products) are produced from 4 moles of nitroglycerine.

release large amounts of energy and gaseous products very  The negative AH value indicates that this is an exothermic

quickly. reaction. At atmospheric pressure, the reactant products

This is the thermochemical equation for the decomposition ~ would expand to fill a volume more than 10000 times

of nitroglycerine: larger than the volume of the nitroglycerine! During a blast,

4C,HN,04(l) — 12C0,(g) + 10H,0(g) + 6N,(g) + 0,(g) this gas |s'usually produced within a' small hole into which
AH = ~1456 kJ mol-1 the explosive has been placed, creating huge pressures that

shatter the surrounding rock or structure.

THERMOCHEMICAL EQUATIONS AND MOLE RATIOS

The AH value in a thermochemical equation corresponds to the mole amounts
specified by the equation. If the coefficients in the equation are changed, the AH
value will also change.

For example, the thermochemical equation for the combustion of methanol can
be written as:
CH,OHQ) + %Oz(g) — CO,(g) + 2H,0() AH = -726 k] mol!

This means that 726 k] of energy is released when 1 mole of methanol reacts
with 1.5 moles of oxygen gas, to produce 1 mole of carbon dioxide and 2 moles
of water.

If twice as much methanol were to react, then twice as much energy would be
released. So, if the coefficients of the equation are doubled, the AH value is also
doubled:

2CH,OH() + 30,(g) — 2CO,(g) + 4H, 00 AH = —1452 k] mol™!
If the mole amounts are tripled, the AH value is also tripled:

1
3CH,0H() +450,(g) - 3CO,(g) + 6H,0()  AH=-2178 K mol!

The importance of states

It is very important to always include state symbols in thermochemical equations.
Physical changes involve an enthalpy change, so the state of the species in a chemical
reaction affects the enthalpy change of the reaction.

For example, both of the following equations represent physical changes
involving water. They have different AH values because the states are different.

H,0(s) > H,0() AH = +6.00 k] mol!
H,0() - H,0(g) AH=+40.7 k] mol™!
You can see that it requires more energy to boil water than it does to melt ice.

Effect on AH of reversing a chemical reaction

Reversing a chemical equation changes the sign but not the magnitude of AH.

For example, methane (CH,) reacts with oxygen gas to produce carbon dioxide
gas and water in an exothermic reaction:

CH,(g) + 20,(g) = CO,(g) + 2H,00) AH = -890 k] mol!

If this reaction is reversed, the magnitude of AH remains the same because the
enthalpies of the individual chemicals have not changed, but the sign changes to
indicate that energy must be absorbed for this reaction to proceed.

CO,(g) + 2H,0(1) —» CH,(g) + 20,(g) AH = +890 k] mol™!
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Worked example 2.2.1

CALCULATING AH FOR ANOTHER EQUATION

3Fe(s) + 20,(g) — Fe;0,(s)

Iron reacts with oxygen according to the equation:

AH =-1121 kJ mol!

Calculate AH for the reaction represented by the equation:
2Fe;0,(s) — 6Fe(s) + 40,(g)

Thinking

Working

The reaction has been reversed in the
second equation, so the sign for AH is
changed to the opposite sign.

AH for the second equation is positive.

Identify how the mole amounts in the
equation have changed.

The mole amount of Fe;0, has
changed from 1 to 2, O, has changed
from 2 to 4 and Fe has changed from
3 to 6. They have all doubled.

Identify how the magnitude of AH will

have changed for the second equation.

The mole amounts of the chemicals
have all doubled, so AH will also have
doubled.

Calculate the new magnitude of AH.
(You will write the sign of AH in the
next step.)

2x1121
=2242

Write AH for the second equation,

AH = +2242 kJ mol!

including the sign.

Worked example: Try yourself 2.2.1
CALCULATING AH FOR ANOTHER EQUATION

Carbon reacts with hydrogen according to the equation:

6C(s) + 3H,(g) = C,H (8 AH = +49 kJ mol-!

Calculate AH for the reaction represented by the equation:
3C H(g) — 18C(s) + 9H,(8)

Activation energy

The energy required to break the bonds of reactants so that a reaction can proceed
is called the activation energy. The activation energy is an energy barrier that
must be overcome before a reaction can get started. (The concept of activation
energy is discussed in more detail in Chapter 7.)

o A reaction cannot proceed unless the bonds in the reactants are broken.

An activation energy barrier exists for both exothermic and endothermic
reactions. If the activation energy for a reaction is very low, the chemical reaction
can be initiated as soon as the reactants come into contact because the reactants
already have sufficient energy for a reaction to take place. Special conditions are
not always required for reactions to occur. An example of this can be seen in the
reaction between zinc and hydrochloric acid on page 44.
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The reaction between zinc and hydrochloric acid produces hydrogen gas:
Zn(s) + 2HCl(aq) — ZnCl,(aq) + H,(g)
As you can see in Figure 2.2.4, bubbles of hydrogen gas are vigorously produced
as soon as zinc is added to the acid.

FIGURE 2.2.4 When zinc comes into contact with hydrochloric acid, it reacts almost immediately.
The reactants have sufficient energy to ‘overcome’ the activation energy barrier.

ENERGY PROFILE DIAGRAMS

The energy changes that occur during the course of a chemical reaction can be
shown on an energy profile diagram.

The energy profile diagram for an exothermic combustion reaction like the one
shown in Figure 2.2.5 indicates that the enthalpy of the products is always less
than the enthalpy of the reactants. Overall, energy is released and so the AH value
is negative. The energy profile also shows that, even in exothermic reactions, the
activation energy must first be absorbed to start the reaction.

The energy profile diagram for an endothermic reaction (Figure 2.2.6) shows
that the enthalpy of the products is greater than the enthalpy of the reactants.
Overall, energy is absorbed and so the AH value is positive. The energy profile also
shows the absorption of the activation energy before the release of energy as bonds
form in the products.

Energy absorbed
as bonds in
reactants break
activation
energy
83| reactants N~
(]
h / % q activation
Energy released AH g products energy- ..
as bonds form in ] f
products roducts l AH
T reactants/ ¥y * 3
Reaction progress Reaction progress
FIGURE 2.2.5 The characteristic shape of FIGURE 2.2.6 The characteristic shape of an
an energy profile diagram for an exothermic energy profile diagram for an endothermic
reaction. reaction.
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2.2 Review

Thermochemical equations include a AH value for
a chemical reaction. The unit of AH is usually

kJ mol-.

The value of AH indicates the magnitude of the
energy change and whether the energy is absorbed
(a positive value) or released (a negative value).
Reversing an equation causes the sign of AH to
change, as the reaction changes from exothermic
to endothermic, or vice versa.

Doubling the coefficients in a chemical reaction
causes the AH value to also double, as twice as
many reactants react to produce or absorb twice
as much energy.

KEY QUESTIONS

1 Explain what a negative AH value indicates about a chemical reaction,
in terms of the relative enthalpies of the reactants and products.

2

States of matter must be included in thermochemical
equations because changes of state involve enthalpy
changes.

Activation energy is the energy that must be
absorbed to break the bonds in the reactants so that
a chemical reaction can proceed. Both endothermic
and exothermic reactions require activation energy.
Energy profile diagrams show energy changes over
the course of a reaction. They show the relative
enthalpies of reactants and products and the
activation energy.

Combustion reactions are always exothermic and

so always have a negative AH value.

When 1 mole of methane gas undergoes combustion in oxygen to produce
carbon dioxide and water, 890 kJ of energy is released. Write a balanced

thermochemical equation for this reaction.

The combustion of octane to form carbon dioxide and liquid water can be

written as:

CgH 5(@) + 12%02(g) — 8CO,(g) + 9H,0(l) AH =-5450 kJ mol-!
The combustion of octane to form carbon dioxide and steam can be

written as:

1
CgH(8) + 1250,(g) — 8C0O,(g) + IH,0(8)

How would the energy released by the combustion of 1 mole of octane to
form steam compare with the energy released by 1 mole of octane to form

liguid water?

The energy profile diagram in Figure 2.2.7 shows the energy changes during
the reaction of hydrogen and iodine to form hydrogen iodide:

H,(g) + 1,(8) — 2HI(g)
a Is the reaction exothermic or endothermic?

b Describe the relative enthalpies of the reactants and products.
¢ Comment on the size of the activation energy compared with AH.

The reaction for photosynthesis is the opposite to the reaction for respiration
shown on page 41. Write a thermochemical equation for photosynthesis.

Energy

FIGURE 2.2.7 Energy profile of the
reaction between hydrogen and iodine
to form hydrogen iodide.

Reaction progress
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Review
The mole

The mole is a unit used by chemists for counting particles.
One mole of any type of particle is a standard amount of
substance, which contains the same number of specified
particles as there are atoms in exactly 12 g of carbon-12.

The symbol for the amount of substance is n. The unit is
mole, which is abbreviated to mol.
Because atoms are very small, chemists have defined
the mole so that it represents a very large number. There
are 6.02 x 1023 particles in 1 mole. This number is called
Avogadro’s number and has the symbol N,.
A useful relationship links the amount of a substance (n),
in mol, Avogadro’s number (N,) and the number of
particles in a substance (N):

n= NA
Where needed, this relationship can be rearranged to:

N=nxN,

Mass

Chemists often use mass, measured in grams, to measure
an exact number of mole of an element or compound.

The molar mass of an element or compound is the mass
of 1 mole of the element or compound. Molar mass is
derived from the relative atomic mass, relative molecular
mass or relative formula mass. A useful relationship links
the amount of a substance (n), in mol, its molar mass (M),

in g mol-1, and the given mass of the substance (m), in g:
-m
"
Where needed, this relationship can be rearranged to:

m
m=nxM or M=;

FIGURE 2.3.1 According to the Ancient Greeks,
the classical four elements were fire, earth, air
and water.

Fire heats our homes, powers our cars and entertains us with firework displays.
Bushfires can destroy homes and lives, devastating huge areas of bush and damaging
the habitat of many animals. However, a bushfire can also be an agent of regrowth
and renewal in land management.

Figure 2.3.1).

three things:
* fuel to burn

* oxygen for the fuel to burn in

* energy to get the process started.
Fire can be understood and controlled by applying your knowledge of chemistry.

In this section, you will look at combustion reactions and their importance to

the world in more detail.

COMBUSTION AS A CHEMICAL PROCESS

Combustion reactions are exothermic reactions in which the reactant combines
with oxygen to produce oxides. This type of reaction is often referred to as an
oxidation reaction. The combustion of a hydrocarbon produces carbon dioxide
and water, provided there is enough oxygen present. An example is the combustion

Ancient cultures, such as the Ancient Greeks and Ancient Japanese, described
fire as one of the fundamental elements, along with air, earth and water (see

Fire results from the combustion of substances. Combustion reactions need

of propane (C;H,), a major component of LPG (liquefied petroleum gas), shown
in the following equation:

C,H,(g) + 50,(g) — 3CO,(g) + 4H,0()

AH = -2220 k] mol™!

Note the following important features of this thermochemical equation.

e No atoms are created or destroyed in the reaction, so the numbers of atoms of
each element are balanced on the two sides of the equation.
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e The balanced equation tells you the number of molecules of oxygen that are
required for the combustion of each molecule of propane.

e The enthalpy change for the reaction is negative, indicating that this is an
exothermic reaction.

e The enthalpy change is given in k] mol™. It tells you the energy released, in kJ,
according to the coefficients given in the equation.

e State symbols show the state of each reactant and product. (Although in a
combustion reaction, water is released as water vapour, the enthalpy change
of this thermochemical equation shows the energy change if liquid water is
formed.)

O In redox reactions that involve oxygen as a reactant, oxidation can be defined as
the addition of oxygen to form oxides, such as in a combustion reaction.

Complete and incomplete combustion
Combustion reactions can be described as complete or incomplete. The difference
between the two is due to the amount of oxygen available to react with the fuel.

Complete combustion occurs when oxygen is plentiful. The only products
are carbon dioxide and water.

An example is the complete combustion of methane: |

CH,(g) + 20,(g) = CO,(g) + 2H,00) The vellow f 2B
When the oxygen supply is limited, incomplete combustion occurs. As less EIGURE-Z'(?'Z t e e OW| tame oba t.unsend
urner is due to incomplete combustion an

oxygen is available, not all of the carbon can be converted into carbon dioxide.  produces carbon as a product. The blue flame is
Carbon monoxide and/or carbon are produced instead. The hydrocarbon burns  a hotter flame that occurs when the collar hole
with a yellow, smoky or sooty flame, due to the presence of glowing carbon particles. 1S 0pen and more oxygen is allowed into the
Figure 2.3.2 shows the appearance of the different flames of a Bunsen burner due reaction. Complete combustion can then occur.
to incomplete and complete combustion.

The equation for the incomplete combustion of methane to form carbon
monoxide is:

2CH,(g) + 30,(g) — 2CO(g) + 4H, 01

CHEMFILE

Carbon monoxide poisoning

Carbon monoxide is a highly poisonous gas. It combines readily with haemoglobin,

the oxygen carrier in blood. When attached to carbon monoxide, haemoglobin cannot
transport oxygen around the body, which leads to oxygen starvation of tissues. (You can
read more about the chemistry of carbon monoxide poisoning in Chapter 8, page 219.)

Even at concentrations as low as 10 parts per million (ppm), carbon monoxide can
cause drowsiness, dizziness and headaches. At about 200 ppm, carbon monoxide can
lead to death. The average carbon monoxide concentration in large cities, mostly due
to incomplete combustion of fuels in cars (Figure 2.3.3), is now 7 ppm, but it can be as
high as 120 ppm at busy intersections in heavy traffic.

FIGURE 2.3.3 Car exhaust gases can contain
high levels of carbon monoxide as a result of
incomplete combustion of fuels.

0 The complete combustion of hydrocarbons occurs when there is sufficient
oxygen for the fuel to burn. The products of complete combustion are carbon
dioxide and water. When oxygen is not plentiful, incomplete combustion occurs.
The products of incomplete combustion are carbon monoxide and/or carbon
and water.
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WRITING EQUATIONS FOR COMPLETE COMBUSTION
OF FUELS

It is important to write chemical equations correctly because they tell you a lot
about chemical reactions. Writing equations for the complete combustion reactions
of fuels containing carbon and hydrogen is relatively straightforward, because the
products are always carbon dioxide and water.

Perhaps the most important of all combustion reactions involving fuels are those
that occur when petrol is burnt. Petrol is a mixture of hydrocarbons, including
octane.

The combustion reactions of octane (CgH,,) and the other hydrocarbons in
petrol power the internal combustion engines in most of Australia’s 17.6 million
motor vehicles.

Worked example 2.3.1
WRITING EQUATIONS FOR COMPLETE COMBUSTION OF HYDROCARBON FUELS

Write the equation, including state symbols, for the complete combustion of
butane (C,H,).

Thinking Working

Add oxygen as a reactant and CH,p+ 0, = CO, +H,0
carbon dioxide and water as
the products.

Balance carbon and hydrogen C,H,p+ 0, = 4C0O, + 5H,0
atoms, based on the formula of
the hydrocarbon.

Find the total number of oxygen | Total O

atoms on the product side. =(4x2)+5
=13
If this is an odd number, 2C,H,,+ 0, = 8C0O, + 10H,0

multiply all of the coefficients in
the equation by two, except for
the coefficient of oxygen.

Balance oxygen by adding the 2C,H,,+ 130, —» 8CO, + 10H,0
appropriate coefficient to the
reactant side of the equation.

Add state symbols. 2C,H, (@) + 130,(g) — 8CO,(g) + 10H,0(1)

Worked example: Try yourself 2.3.1
WRITING EQUATIONS FOR COMPLETE COMBUSTION OF HYDROCARBON FUELS

Write the equation, including state symbols, for the complete combustion of
hexane (C.H, ).

A similar series of steps can also be used to write the combustion equations for
other carbon-based fuels that contain oxygen; for example, alcohols.
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Worked example 2.3.2
WRITING EQUATIONS FOR COMBUSTION REACTIONS OF ALCOHOLS

Write the equation, including state symbols, for the complete combustion of
liquid ethanol (C,H;OH).

Thinking Working

Add oxygen as a reactant and C,H,0H+ 0, - CO, + H,0
carbon dioxide and water as
the products.

Balance carbon and hydrogen | C,H,0H+ O, — 2CO, + 3H,0
atoms, based on the formula of

the alcohol.

Find the total number of Total O on product side
oxygen atoms on the product =2x2)+3

side.

=7
Then _subtract the one oxygen Total O on product side — 1 in alcohol
atom in the alcohol molecule

from the total number =7-1=6
of oxygen atoms on the

product side.

If this is an odd number, C,H,OH+ 0, —» 2CO, + 3H,0
multiply all the coefficients

in the equation by two, except
for the coefficient of oxygen.

Balance oxygen by adding the | C,H,0H+ 30, — 2CO, + 3H,0
appropriate coefficient to the
reactant side of the equation.

Add state symbols. C,HOH() + 30,(g) — 2C0(g) + 3H,0(g)

Worked example: Try yourself 2.3.2
WRITING EQUATIONS FOR COMBUSTION REACTIONS OF ALCOHOLS

Write the equation, including state symbols, for the complete combustion
of liquid methanol (CH;0H).

WRITING EQUATIONS FOR INCOMPLETE COMBUSTION
OF FUELS

When the supply of oxygen is insufficient, incomplete combustion of fuels occurs.
Equations can also be written to represent this. In general, for the incomplete
combustion of hydrocarbons, as well as carbon-based fuels that contain oxygen,
the products are carbon monoxide and/or carbon and water.
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Worked example 2.3.3

WRITING EQUATIONS FOR INCOMPLETE COMBUSTION OF FUELS

Write an equation, including state symbols, for the incomplete combustion
of ethane gas (C,H,) to form carbon monoxide and water vapour.

Thinking

Working

Add oxygen as a reactant and carbon
monoxide and water as the products.

C,H, + 0, > CO + H,0

Balance the carbon and hydrogen
atoms, based on the formula of
the hydrocarbon.

C,H, + 0, - 2CO + 3H,0

Balance oxygen by adding the
appropriate coefficient to the reactant
side of the equation.

5

CoHe + 2

0, - 2CO + 3H,0

If oxygen gas has a coefficient that is
half of a whole number, multiply all of

the coefficients in the equation by two.

2C,H, + 50, — 4CO + 6H,0

Add state symbols.

2C,H,(g) + 50,(2) — 4CO(g) + 6H,0(g)

Worked example: Try yourself 2.3.3

WRITING EQUATIONS FOR INCOMPLETE COMBUSTION OF FUELS

Write an equation, including state symbols, for the incomplete combustion
of liquid methanol (CH,0H) to form carbon monoxide and water vapour.

HEAT OF COMBUSTION

The heat of combustion of a fuel is defined as the enthalpy change that occurs
when a specified amount (e.g. 1 g, 1 L, 1 mol) of the fuel burns completely in
oxygen. It is usually measured at conditions of 298 K and 100 kPa, which means
that the water produced should be shown in the liquid state. The heat of combustion

can be given the symbol AH..

0 The heat of combustion is usually measured at conditions of 298 K and 100 kPa.
This means that the water produced should be shown in the liquid state.

Many fuels, including wood, coal and kerosene, are mixtures of chemicals and
do not have a specific chemical formula or molar mass. This means their heat of
combustion cannot be expressed in k] mol!. Therefore, it is measured only as

k] g1, k] L' or MJ/tonne.

0 Only fuels that exist as pure substances can have their heat of combustion

measured in kJ mol™L.
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The heats of combustion for some common elements and compounds present
in fuels are listed in'Table 2.3.1. Heat energy is released during combustion, so AH
always has a negative value.

TABLE 2.3.1 Heats of combustion for some common elements and compounds

m Heat of combustion, AH_ (kJ mol1)

Methane -890
Ethane -1560
Propane -2220
Butane -2886
Octane -5450
Methanol -725
Ethanol -1367
Hydrogen -286
Carbon (graphite) -394

As you learned in Chapter 1, when these fuels are burnt, not all the energy is
released as heat energy, and not all of the heat energy liberated can be harnessed
for a particular purpose, such as powering a vehicle or producing electricity.
However, even if the energy transformation process is not 100% efficient, you can
still use these values to compare the energy released from combustion of different
compounds.

AsWorked Example 2.3.4 shows, you can use the data inTable 2.3.1 to calculate
the energy released on combustion of a specified mass of one of the fuels. The
energy released when # mol of a fuel burns is given by the equation:

Energy = n X AH,

Worked example 2.3.4
CALCULATING ENERGY RELEASED BY A SPECIFIED MASS OF A PURE FUEL

Calculate the amount of energy released when 3.60 kg of butane (C,H,,) is
burnt in an unlimited supply of oxygen.

Thinking Working

Calculate the number of

-m
moles of the compound n(CyHy0) = M

using: _3.60 x 103
_ m (in grams) - 580
p = Mn grams)
M =62.1 mol

Multiply the number of moles
by the heat of combustion.

Energy = n x AH,
=62.1 x 2886

=179 x 10° kJ

Worked example: Try yourself 2.3.4
CALCULATING ENERGY RELEASED BY A SPECIFIED MASS OF A PURE FUEL

Calculate the amount of energy released when 5.40 kg of propane (C;Hy) is
burnt in an unlimited supply of oxygen.
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FIGURE 2.3.4 Ethanol burning in a spirit burner.
Combustion of 1 gram of ethanol releases
almost 30 kJ of energy.

Energy content per gram
The energy content of a a fuel is often expressed in units of kilojoules per gram.
For a pure substance, the heat of combustion per gram can be calculated by
simply dividing the heat of combustion per mole (k] mol™") by the molar mass of
the substance.
For example, for ethanol (which is being burnt in a spirit burner in Figure 2.3.4):
Heat of combustion per mole = —1367 k] mol™!

Molar mass = 46.0 g mol™
Heat of combustion per gram = % =-29.7k] g!
For fuels that are mixtures, approximate values for the heat of combustion per

gram are shown in Table 2.3.2.

TABLE 2.3.2 Approximate heat of combustion values for some fuel mixtures

Wood, dried -18
Peat, dried =215
Brown coal, dried -30
Black coal, dried -35

Energy content per tonne

The quantities of fuel consumed and the amount of energy produced are often
so large that the unit megajoules per tonnes, MJ/tonne, is a more useful way of
expressing the heat of combustion. For example, the Hazelwood power station
consumes about 13 million tonnes of coal in 1 year. It is more useful to consider the
energy released per tonne, rather than per gram of coal.
1k =103MJ
1 g=10"°tonne
Therefore, 1 k] g! = 102 MJ/107% t.
This can be simplified to 1 k] g! = 10 MJ/tonne.

Energy density

Liquid fuels, such as petrol, are normally sold by volume rather than by mass.
For these fuels, it is often convenient to refer to the heat of combustion per
litre. Table 2.3.3 shows some heats of combustion per litre for common liquid
fuels. The energy released per litre of fuel is often called the fuel’s energy
density.

TABLE 2.3.3 Energy densities for some common liquid fuels

Substance Energy density (kJ L)

Petrol (unleaded 91) -34200
Kerosene -36500
Diesel fuel -38000
Heating oil -38500
Ethanol -23400
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2.3 Review

Combustion reactions are exothermic reactions that
can be represented by balanced thermochemical
equations.

The products of the complete combustion of
hydrocarbons and carbon-based fuels containing
oxygen are carbon dioxide and water.

Incomplete combustion, resulting in the production
of carbon monoxide and/or carbon, occurs when
hydrocarbons and carbon-based fuels containing
oxygen undergo combustion in a limited supply

of oxygen.

KEY QUESTIONS

1 Write a balanced equation for the complete combustion of liquid benzene

2

(CgHp).

Heats of combustion, AH, indicate the maximum
amount of energy that can be released when a
specified amount of fuel undergoes complete
combustion. Common units are kJ mol!, kJ g1 and
MJ/tonne.

The amount of energy released by different fuels can
be compared by referring to heats of combustion.
For a pure fuel with a heat of combustion, AH,,
measured in kJ mol-!, the energy released when

n mol of the fuel burns is given by the equation:
Energy = n x AH,

Information about two hydrocarbon fuels, propane and octane, is given in

Table 2.3.4.

TABLE 2.3.4

Characteristic Propane (C;H,) Octane (CgH,;)

Heat of combustion (kJ mol1) —2220

Molar mass (g mol1) 44.0

-5450
114.0

Calculate the heat of combustion of each fuel in kJ gt and use your answer

to state which fuel produces more energy per kilogram.

Write a balanced equation for the incomplete combustion of ethanol

(C,H;0H) when carbon monoxide is formed.

Using the information in Tables 2.3.1 and 2.3.2, calculate the amount of
energy released when the following amounts of each fuel undergo complete

combustion.

a 250 g of methane

b 9.64 kg of propane

¢ 403 kg of ethanol

d 573t of dried brown coal
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2.4 Determining the heat of
combustion of fuels

Knowing the energy released by similar quantities of different fuels helps you to
compare fuels and determine their suitability for specific purposes. For example,
the fuel used to power an aeroplane (Figure 2.4.1) is different from the fuel used
to power a car or bus.

FIGURE 2.4.1 F15 jets being refuelled by a Boeing 707. The type of fuel suitable for use in aircraft is
different from the type of fuel suitable for use in cars or buses.

In previous sections, you learned two ways of representing the energy change
for fuels involved in combustion reactions.

* The heat of combustion of a fuel gives the amount of energy released when a
specified amount of the fuel burns in oxygen.

e A thermochemical equation includes a AH value, which shows the amount of
heat released when a fuel undergoes combustion. The value of AH is based on
the stoichiometric ratios in the equation.

In this section, you will learn how knowledge of the specific heat capacity of
water can be used to obtain an experimental estimate of the energy released in the
combustion of a fuel.

SPECIFIC HEAT CAPACITY OF WATER

The specific heat capacity of a substance is a measure of the amount of energy
(usually in joules) needed to increase the temperature of a specific quantity of that
substance (usually 1 gram) by 1°C.

Specific heat capacity is given the symbol C and is usually expressed in joules
per gram per degrees Celsius, i.e. ] g7! °CL. It can also be expressed in joules per
grams per kelvin, i.e.] g' K1 (an increase of 1°C is the same as an increase of 1 K).
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The specific heat capacities of some common substances are listed in Table
2.4.1.You can see that the value for water is relatively high.

TABLE 2.4.1 Specific heat capacities of common substances

Specific heat capacity
Jeg'ch

Water 4.18
Glycerine 243
Ethanol 246
Sand 0.48
Copper 0.39
Lead 0.16

The specific heat capacity of a substance is a reflection of the types of bonds
holding the molecules, ions or atoms together in the substance.

Water has a specific heat capacity of 4.18 J g7! °C-l. This means that
4.18 joules of heat energy are needed to increase the temperature of 1 gram of
water by 1°C. This relatively high value is due to the hydrogen bonds between
the water molecules. The higher the specific heat capacity, the more effectively a
material stores heat energy.

When a substance is being heated, its temperature rises. The temperature of
1 g of water increases by 1°C when it is supplied with 4.18 J of heat energy. In
comparison, 2.43 J of heat energy is required to increase the temperature of 1 g of
glycerine by 1°C. The effect of the different specific heat capacities of water and
glycerine on their temperatures when heated can be seen in Figure 2.4.2.

0 Water is distinguished by its very high heat capacity, which is a consequence of
the hydrogen bonding between its molecules. The special properties of water are
described in Heinemann Chemistry 1.

Calculations using specific heat capacity

The specific heat capacity of water can be used to calculate the heat energy in joules
needed to increase the temperature of a given mass of water by a particular amount.
Heat energy is given the symbol g.

A useful equation can be written:
Heat energy = specific heat capacity x mass x temperature change
Using symbols, the equation can be written as:
g=CxmxAT
where ¢ is the amount of heat energy (in J), C is the specific heat capacity
(inJ g™' °C™), m is the mass (in g) and AT is the temperature change (in °C).

o The heat energy required to increase the temperature of a given mass of water
by a particular amount can be calculated using the equation:

g=CxmxAT

where q is the amount of heat energy (in J), C is the specific heat capacity
(inJ gt °Cl), misthe mass (in g) and AT is the temperature change (in °C).

0 The specific heat capacity of
a substance is the amount of
energy required to increase
the temperature of 1 g of the
substance by 1°C . Specific heat
capacity is frequently written
using the units J g1 °CL.

80 1
70

10 20 30 40 50 60 70 80 90 100
q (kI)

FIGURE 2.4.2 A comparison of the effect of the
different specific heat capacities of water and
glycerine on the increase in temperature (7).
Water has a very high heat capacity so it
requires more heat energy (g) to increase its
temperature by 1°C.
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Worked example 2.4.1

CALCULATING THE AMOUNT OF ENERGY REQUIRED TO HEAT A SPECIFIED
MASS OF WATER USING SPECIFIC HEAT CAPACITY

of water by 15°C.

Calculate the heat energy, in kJ, needed to increase the temperature of 500 mL

Thinking

Working

Change the volume of water, in mL,
to mass of water, in g. Remember that
1 mL of water has a mass of 1 g.

1 mL of water has a mass of 1 g, so
500 mL of water has a mass of 500 g.

Find the specific heat capacity of
water from the data in Table 2.4.1.

The specific heat capacity of water is
418 Jgl°Cl

To calculate the quantity of heat
energy in joules, use the formula:

g=CWg!°CTh)xm(g) x AT (°C)

qg=4.18x500 % 15
=3.14 x 104 J

Express the quantity of energy in kJ.
Remember that to convert from J to

g=314x%x10*x 1073
=314 kJ

kJ, you multiply by 1073,

Worked example: Try yourself 2.4.1

CALCULATING THE AMOUNT OF ENERGY REQUIRED TO HEAT A SPECIFIED
MASS OF WATER USING SPECIFIC HEAT CAPACITY

Calculate the heat energy, in kJ, needed to increase the temperature of 375 mL
of water by 45°C.

EXPERIMENTAL DETERMINATION OF HEAT OF COMBUSTION

When a combustion reaction takes place, chemical energy is converted to thermal
energy. You can use the thermal energy released by a specific quantity of fuel as
it undergoes combustion to heat a measured volume of water. If you measure the
temperature change of the water, it can be used to determine the approximate
amount of energy released by the fuel.

An experimental arrangement for estimating the heat of combustion of a liquid fuel,
such as ethanol, is shown in Figure 2.4.3.
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FIGURE 2.4.3 Apparatus for measuring heat of combustion of a fuel (for example, ethanol).
A metal can containing a measured volume of water is held above the wick of a spirit burner.

Figure 2.4.4 summarises the steps followed in this experiment.

Measure a volume After some time,

of water, e.g.
100 mL, and place it
in the metal can.
Measure the initial
temperature of the

>

Measure the mass
of the spirit burner
and fuel.

Light the burner and
heat the water,
stirring
continuously.

extinguish the
burner and record
the highest
temperature reached
by the water.

water.

Measure the mass of
the burner and
remaining fuel. Hence
deduce the mass of
fuel consumed.

FIGURE 2.4.4 Flowchart of the steps followed when using the specific heat capacity of water to
determine the heat of combustion of a fuel.

Three key pieces of information collected from this procedure are the:

« mass of water (because the density of water is 1.00 g mL"!, the volume of water,
measured in mL, is equal to its mass, in g)

¢ change in temperature of the water, AT
¢ mass of fuel consumed, .

This data can be used to determine the heat of combustion of the fuel, as shown
in Worked Example 2.4.2.

Note that when performing these calculations, it is assumed that all of the energy
released by the combustion of the fuel is used to heat the water. In reality, some of
the energy heats the metal can as well as being lost to the surroundings.

For this reason, measurements of heats of combustion from these experiments
only give approximate values. More accurate measurements are obtained using
bomb calorimetry, which is discussed in Chapter 17.

Worked example 2.4.2
CALCULATING THE HEAT OF COMBUSTION OF A FUEL FROM EXPERIMENTAL DATA

0.355 g of methanol (CH,0H) undergoes complete combustion in a

spirit burner. The heat energy released is used to heat 100 mL of water.
The temperature of the water rose from 20.24°C to 37.65°C. Calculate the
heat of combustion of methanol in kJ mol-.
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heat energy released by sample

amount of sample (in mol)

Thinking Working
Calculate the temperature change of AT =37.65-20.24
the water. =17.41°C
Use the specific heat capacity of water qg=418x%x100x17.41
to determine the energy used to heat =7277J
the water. Use the formula:
g=CxmxAT
(m in this formula is the mass of water.)
Express the quantity of energy in kJ. q=7277 x 1073
Remember that to convert from J to kJ, =7277 kJ
you multiply by 1073,
Calculate the amount, in moles, of n= 0.355
methanol using the formula: 32.0
n="1 =0.0111 mol
M
Determine the heat of combustion of Heat of combustion = -7.277
methanol, in kJ mol-!. eat ot combuston =5 o111
Heat of combustion = = -656 kJ mol!

(Note: The negative sign indicates the
reaction released energy, causing the
temperature to rise.)

Worked example: Try yourself 2.4.2

CALCULATING THE HEAT OF COMBUSTION OF A FUEL FROM

EXPERIMENTAL DATA

ethanol in kJ mol-1.

0.295 g of ethanol (C,H,OH) undergoes complete combustion in a spirit burner.
The heat energy released is used to heat 100 mL of water. The temperature of
the water rose from 19.56°C to 38.85°C. Calculate the heat of combustion of

DETERMINING THE AH VALUE FOR THERMOCHEMICAL

EQUATIONS

Experimentally determined heats of combustion for different elements and
compounds used as fuels can be listed in a data table, such as that shown in

Table 2.4.2.

TABLE 2.4.2 Experimentally determined heats of combustion of various fuels

Octane

Butane

Propane

Ethane

Ethanol

Methane
Methanol

Carbon (graphite)
Hydrogen
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-5450
-2886
-2220
-1560
-1367
-890
-725
-394
-286




This data can be used to write thermochemical equations for the combustion of
these fuels. For example, the equation for the complete combustion of propane is:

C;Hg(g) + 50,(g) — 3CO,(g) + 4H,0() AH = -2220 k] mol!

In this equation, the coefficient of propane is 1 so the AH value is the same as
the heat of combustion.

If the coefficient of the fuel in the combustion equation is 2 or more, the heat
of combustion must be multiplied by this number to determine AH. For example,
the thermochemical equation for the complete combustion of butane is written as:

2C,H,,(g) + 130,(g) — 8CO,(g) + 10H,0M) AH = —5772 k] mol™!
AH in this case is twice the heat of combustion, 2 x —2886 = —5772 k] mol™!.

Note that heats of combustion measured in k] g~! should be converted to units
of k] mol™! for use in thermochemical equations. Combustion reactions are always
exothermic, so the enthalpy change always has a negative sign.

Worked example 2.4.3
WRITING A THERMOCHEMICAL EQUATION USING HEAT OF COMBUSTION DATA

Write a thermochemical equation for the complete combustion of octane (CgH, o).

Thinking

Add oxygen as a reactant and
carbon dioxide and water as the
products in the equation.

Working
CgH,g + 0, - CO, + H,0

Balance the carbon, hydrogen
then oxygen atoms.
Add states.

Obtain the heat of combustion,
in kJ mol-!, from Table 2.4.2.

Determine AH for the
thermochemical equation

by multiplying the heat of
combustion by the coefficient
of the fuel in the balanced
equation.

2C4H,4(g) + 250,(g) > 16C0,(g) + 18H,0()

The heat of combustion of octane is
-5450 kJ mol.

AH =2 x -5450 = -10900 kJ mol™

Write the thermochemical
equation.

2C4H,4(8) + 250,(g) — 16CO(g) + 18H,0())
AH = -10900 kJ mol-!

Worked example: Try yourself 2.4.3
WRITING A THERMOCHEMICAL EQUATION USING HEAT OF COMBUSTION DATA

Write a thermochemical equation for the complete combustion of ethane (C,Hy).
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2.4 Review

» The specific heat capacity of a substance measures » Heat of combustion is the energy released when a
the quantity of energy (usually in joules) needed to specified quantity of a substance (usually 1 mole,
increase the temperature of a specified quantity of 1 gram or 1 litre) is burnt.
that substance (usually 1 gram) by 1°C. + The specific heat capacity of water can be used in

+ The specific heat capacity of water is 4.18 J g1 °C-L. the experimental determination of the approximate

« The heat energy required to increase the amount of heat energy released in the combustion
temperature of a given mass of water by a particular of a fuel.
amount can be calculated using the equation: » Heat of combustion data can be used to determine
g=CxmxAT the enthalpy change, AH, in a thermochemical
where g is heat energy (in J), C is the specific heat equation.

capacity (in J gt °C™1), m is mass (in g) and AT is
the temperature change (in °C).

1 Calculate the heat energy, in kJ, needed to increase the temperature of
1.00 kg of water by 25.0°C.

2 What assumptions are made when making calculations relating to the heat
of combustion of fuels using experimental data obtained from the apparatus
shown in Figure 2.4.3 (on page 57)?

3 Atemperature rise of 1.78°C was observed when 1.00 x 10-3 mol of
propane gas was burnt and used to heat 300 mL of water. Calculate the
heat of combustion for propane in kJ mol-!, assuming all the heat released

was used to heat the water.

4 A temperature rise of 11.5°C was observed when 0.500 g of butane gas
(C,H,,) was burnt and used to heat 500 mL of water. Calculate the heat of
combustion, in kJ g1, for butane, assuming all the heat released is used to
heat the water.

5 The heat of combustion of methane is =890 kJ mol-1,

a Write a thermochemical equation for the complete combustion
of methane.

b Determine the mass of methane, in g, which has to be burnt in order
to heat 500 mL of water from 20.0°C to boiling. Assume all the heat
released was used to heat the water.

Bl KEY QUESTIONS :

__________________________________________________________________________________________
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Chapter review

KEY TERMS

activation energy
bioluminescence
chemical energy

endothermic
energy density
energy profile diagram

chemiluminescence enthalpy
chemiluminescent enthalpy change
complete combustion exothermic

decomposition

heat content

Exothermic and endothermic reactions

1

Convert the following units of energy to the unit given
(to 3 significant figures).

a 2205 Jto kJ

b 0.152 kJtoJ

¢ 1890000 J to MJ

d 0.0125 MJ to kJ

Decide whether the following processes are
exothermic or endothermic. Give reasons for your
answers.

a burning of wood

b melting of ice

¢ recharging of a car battery

d decomposition of plants in a compost heap
What is the difference between ‘bioluminescence’
and ‘chemiluminescence’? Give an example in your
answer.

Thermochemical equations and energy profile
diagrams
4 Which one of the following is correct about the energy

profile diagrams of both endothermic and exothermic

reactions?

A There is always less energy absorbed than released.

B The enthalpy of the products is always less than the
energy of the reactants.

C Some energy is always absorbed to break bonds in
the reactants.

D The AH value is the difference between the enthalpy
of the reactants and the highest energy point
reached on the energy profile.

Identify whether each of the following statements

related to activation energy is true or false.

a Activation energy is the energy required to break
bonds in the reactants.

b Reactions that start immediately do not have an
activation energy.

heat of combustion
incomplete combustion
law of conservation

of energy surroundings
oxidation system
Sl units thermochemical equation
specific heat capacity volume

¢ Reactions that release energy overall do not need
to absorb activation energy.

d The match used to light a fire is providing activation
energy.

The combustion reaction of ethyne gas that occurs
in a welding machine can be represented by the
thermochemical equation:
2C,H,(g) + 50,(g) — 4C0,(g) + 2H,0(I)
AH = -2619 kJ mol!
a s this reaction endothermic or exothermic?
b What would be the new value of AH if the equation
was now written as follows?
4C,H,(g) + 100,(g) — 8C0,(g) + 4H,0(l)
Explain why reversing a chemical reaction reverses
the sign of AH.

The combustion of butane gas in portable stoves can
be represented by the thermochemical equation:
2C,H,(g) + 130,(g) — 8CO,(g) + 10H,0())

AH = -5772 kJ mol-!

a How does the overall energy of the bonds in the
reactants compare with the overall energy of the
bonds in the products?

b Draw an energy profile diagram for the reaction,
labelling AH and activation energy.

Energy from combustion

9

10

11

Write a balanced equation for the complete
combustion of butanol (C,HsOH), a commonly
used biofuel.

Write a balanced equation for the incomplete
combustion of butane (C,H, ;) where carbon monoxide
is formed.

Calculate the energy released when 5.00 kg of
methane (CH,) is burnt in an unlimited supply

of oxygen. The heat of combustion of methane is
-890 kJ mol-L. (Give your answer in megajoules, MJ.)
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12

a Use the data from Table 2.3.1 on page 51 to
calculate the energy available from 1 kg of each of
the following fuels.

i Octane
ii Butane
iii Hydrogen

b Use the results of your calculations in part a to
list octane, butane and hydrogen in order of most
energy produced per kilogram to least energy
produced per kilogram.

Determining the heat of combustion of fuels

13

14

15

16

62

Calculate the energy needed to heat:

a 100 mL of water from 20.0°C to 80.0°C

b 250 mL of water from 25.0°C to 100.0°C

1.5 kg of water from 20.0°C to 30.0°C

2300 g of water from 18.0°C to 100.0°C

300 g of cooking oil from 18.0°C to 100.0°C
(C(cooking oil) = 2.2 J g1 °C™1).

A 200 mL beaker of water at a temperature of
21.0°C is heated with 10.0 kJ of energy. Calculate the
temperature reached by the beaker of water.

0.254 g of black coal was burnt and used to heat
300 mL of water. The temperature of the water
rose from 18.25°C to 24.92°C. Calculate the heat of
combustion, in kJ g1, of the coal. Assume all of the
heat released during combustion was used to heat
the water.

® o O

The heat of combustion of hydrogen is —286 kJ mol-1.

Write a thermochemical equation for the complete
combustion of hydrogen.

Connecting the main ideas

17

18

19

In a steelworks, carbon monoxide present in the
exhaust gases of the blast furnace can be used as
a fuel elsewhere in the plant. It reacts according to
the equation:

CO(g) + 50,(8) - COLg) AH =283 kJ mol

a Which has the greater total enthalpy: 1 mol of
CO(g) and 0.5 mol of O,(g) or 1 mol of CO,(g)?
b Write the value of AH for the following equations:
i 2C0(g) + 0,(g) = 2C0.(g)
ii 2C0,(g) —» 2CO(g) + O,(g)
A temperature rise of 5.52°C was observed when
0.0450 g of ethane (C,H,) was burnt and used to heat
100.0 mL of water. Use this information to write a
balanced thermochemical equation for the complete
combustion of ethane.

A 500 mL volume of water in a beaker was heated
using the energy released by the combustion of a
3.00 g piece of wood. The observed temperature rise
was 22.9°C.

a Calculate the heat of combustion of wood in kJ g!
and in MJ/tonne.

b Would the heat of combustion you calculated in
part a be higher or lower than the actual heat of
combustion of the wood. Give reasons for your
answer.
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CHAPTER

Stoichiometry and the
combustion of fuels

When fuels undergo combustion, they produce gases, such as carbon dioxide and
water vapour, and release energy. The energy released by the combustion of fuels
is used every day for electricity, heating, cooking and transport.

While humans depend on the energy released by combustion, the gases that are
also released can have significant environmental impacts. Both carbon dioxide and
water vapour are greenhouses gases, capable of absorbing radiation from the Sun
and re-emitting radiation in the infrared region of the electromagnetic spectrum.

In order to be able to explain the chemical process of combustion, it is important
that you understand the nature of gases. In this chapter, you will explore the
properties of gases and relate these to the kinetic molecular theory. You will learn
how the pressure and volume of a gas sample are measured and how the volume
of a gas can be calculated from its amount, measured in moles. You will also
learn how to perform stoichiometric calculations relating to gases and the energy
produced during the combustion of fuels.

Key knowledge

» The definition of gas pressure including units, the universal gas equation and
standard laboratory conditions (SLC) at 25°C and 100 kPa
Calculations related to the combustion of fuels including use of mass-mass,
mass-volume and volume-volume stoichiometry in calculations of enthalpy
change (excluding solution stoichiometry) to determine heat energy released,
reactant and product amounts and net volume of greenhouse gases at a given
temperature and pressure (or net mass) released per MJ of energy obtained
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3.1 Introducing gases

Whenever fuels undergo combustion, one or more gases are produced. Therefore,
it is essential that you understand the nature of gases and their properties to gain a
full appreciation of the process of combustion.

Every day you observe the behaviour of gases. Examples are shown in Figure
3.1.1. Such examples tell you a great deal about the physical properties of gases—
those properties that can be observed and measured without changing the nature
of the gas itself.

In this section, you will learn about the properties and behaviour of gases.

FIGURE 3.1.1 (a) Air is used to inflate vehicle tyres. Air is a mixture of gases and is easily
compressed. When the car goes over a bump in the road, the air compresses slightly and absorbs
the impact of the bump. (b) The gases that cause the smell of a freshly brewed cup of coffee rapidly
fill an entire room. Gases mix readily and, unlike solids and liquids, occupy all available space.

(c) This weather balloon is only partially inflated when released. Its volume increases because of
pressure changes as it ascends into the atmosphere where it will collect data.
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PROPERTIES OF GASES

Each of the examples shown in Figure 3.1.1 can be explained in terms of the
properties of gases. Table 3.1.1 summarises some of the properties of gases and
compares them with the properties of solids and liquids. These observations can be
used to develop a particle model of gas behaviour.

TABLE 3.1.1 Some properties of the three states of matter

I S I S S

Density Low High High

Volume and Fill the space Fixed volume, adopt Fixed volume and

shape available, because shape of container, shape, because
particles move because particles are particles are affected
independently of affected by attractive by attractive forces
one another forces

Compressibility ~Compress easily Almost Almost

incompressible incompressible

Ability to mix Gases mix together Liquids mix together Solids do not mix

rapidly slowly unless stirred unless finely divided

The low density of gases, relative to that of liquids and solids, suggests that
the particles in a gas are much more widely spaced apart. The mass of any gas in
a given volume is less than the mass of a liquid or solid in the same volume. The
observation that gases are easily compressed can also be explained if gas particles
are widely spaced.

The fact that gases spread to fill the space available, as shown in Figure 3.1.2,
suggests that the particles of a gas move independently of each other.

The wide spacing and independent movement of particles explains why different
gases mix rapidly.

a e B -

DA PAL AN

A gas takes up the shape and volume

Water takes the shape of a container, c
of a container.

but its volume remains constant.

FIGURE 3.1.2 Both liquids and gases take the shape of the container they are in. However, a liquid
has a fixed volume, whereas the volume of a gas expands to fill all available space in a container.
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KINETIC MOLECULAR THEORY

Scientists have developed a model to explain gas behaviour based on the behaviour

of the particles of a gas. This model is known as the kinetic molecular theory of

gases. According to this theory:

» gases are composed of small particles, either atoms or molecules

* the volume of the particles in a gas is very small compared with the volume they
occupy. Consequently, most of the volume occupied by a gas is empty space

* gas particles move rapidly in random, straight-line motion

» particles collide with each other and with the walls of the container

* the forces between particles are extremely weak

* kinetic energy (KE) is the energy of motion. The kinetic energy of a particle is
calculated from the formula:

KE = % mo?

where KE is in joules, mass () is in grams, and velocity (v) is in metres
per second.
In a gas, when particles collide, the kinetic energy of the gas particles can be
transferred from one particle to another, but the total kinetic energy remains
constant. Therefore, collisions between gas particles are described as elastic
collisions—Xkinetic energy is conserved.

* The average kinetic energy of the particles increases as the temperature of the
gas increases.

THE NATURE OF PRESSURE AND VOLUME

When you blow up a balloon, the balloon expands because you put more air into
it and the rubber of the balloon stretches. If you then plunge that balloon into
liquid nitrogen, as shown in Figure 3.1.3, the balloon shrinks dramatically. The
temperature of the gas decreases, causing the volume to decrease. Pumping more
air into a tyre, as shown in Figure 3.1.4, increases the pressure inside the tyre.
In section 3.2, you will examine the mathematical relationship between amount
(number of moles), volume, pressure and temperature of a gas. This requires an
understanding of the nature of volume and pressure.

FIGURE 3.1.3 A balloon filled with air at room temperature is dipped into liquid nitrogen at —196°C.
The volume of the air inside the balloon decreases dramatically.
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FIGURE 3.1.4 Pumping more air into a tyre increases the pressure in the tyre because more particles
are being pumped into a nearly fixed volume.

Volume

Volume is the quantity used to describe the space that a substance occupies. Because
a gas occupies the whole container that it is in, the volume of a gas is equal to the
volume of its container.

a=10cm a=1cm

1T B L
|| [
mmEE 0
|| [ a

‘. B | /

|| [
L i j o
|| [ a

Yy N [
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| 1000 cm® = 1 L | | lem?=1mL |

FIGURE 3.1.5 Cubic centimetres, millilitres and litres are the most commonly used units of volume.

There are several different units used for volume, some of which are represented
in Figure 3.1.5. The common units are litre (L), millilitre (mL), cubic metre
(m?) and cubic centimetre (cm?). Small volumes of gas are usually measured in
millilitres (mL) or litres (I.). Very large samples are measured in cubic metres (m?).

e ImL=1cmxlcmxlcm=1cm?

e 1L=1x10>mL or 1000 mL

e ImMP=Imx1mx1m=100cm x 100cm x 100 cm =1 x 10° cm?
e ImP=1x10°cm?®=1x10°mL = 1000 L

Worked example 3.1.1
CONVERTING VOLUME UNITS

A gas has a volume of 255 mL.

What is its volume in:

a cubic centimetres (cm3)?
b litres (L)?

¢ cubic metres (m3)?
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Thinking Working

Recall the conversion a The units of mL and cm3 are equivalent.

factors for each of the 1mL=1cm3

units of volume. Apply 255 mlL = 255 cmd

the correct conversion to

each situation. b 1000 mL=11L

Divide volume in mL by 1000 to convert to L.
_ 255

255 mL 1000

=0.2551L
c 1x10°mL=1m3
Divide volume in mL by 1 x 10° to convert to m3.

_ 255
255 mL = 52

=255 x 104 m3

Worked example: Try yourself 3.1.1
CONVERTING VOLUME UNITS

A gas has a volume of 700 mL.

What is its volume in:

a cubic centimetres (cm?3)?
b litres (L)?

¢ cubic metres (m3)?

Pressure

People often talk about exerting pressure on something as if it is some kind of force.
In terms of the kinetic theory of gases, pressure is defined as the force exerted on a
unit area of a surface by the particles of a gas as they collide with the surface.

The more a gas is compressed, the more frequently the gas particles collide with
each other and the walls of their container. The increased frequency of collisions
with the walls of the container increases the force on the walls of the container, such
as the inside of a tyre. The force per unit area is described as pressure.

Air is a mixture of gases including nitrogen, oxygen, carbon dioxide and argon.
In air, the nitrogen molecules collide with the walls of a container, exerting a
pressure. In a similar way, the oxygen molecules exert a pressure, as do molecules
of each gas present in the mixture. In the gaseous mixture of nitrogen and oxygen
shown in Figure 3.1.6, the measured pressure is the sum of the partial pressure
of oxygen and the partial pressure of nitrogen.

3 r
Oxygen (O,) Nitrogen (N,) Mixture of nitrogen and oxygen
Pressure =20 kPa Pressure = 80 kPa Pressure = (80 + 20) kPa
Temperature =20°C Temperature =20°C =100 kPa

Temperature =20°C

FIGURE 3.1.6 The total pressure of a mixture of gases is the sum of the partial pressures (individual
pressures) of each of the gases in the mixture.
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Units of pressure

Because pressure is the force exerted on a unit area of a surface, the relationship
can be written as:

_ force
Pressure =
area
F
P==
A

The units of pressure depend on the units used to measure force and area. Over
the years, scientists in different countries have used different units to measure force
and area, so there are a number of different units of pressure.

The ST unit for force is the newton (IN) and the ST unit for area is the square metre
(m?). Therefore, the SI units of pressure are newtons per square metre (N m™2).
One newton per square metre is equivalent to a pressure of one pascal (Pa).

In 1982, the International Union of Pure and Applied Chemistry (IUPAC), the
organisation responsible for naming chemicals and setting standards, adopted a
standard for pressure equivalent to 100000 Pa or 100 kPa. This gave rise to a new
pressure unit, the bar, where 1 bar equals 100 kPa.

The use of mercury barometers resulted in pressure often being measured in
millimetres of mercury, or mmHg.

Another unit for pressure is the standard atmosphere (atm). One standard
atmosphere (1 atm) is the pressure required to support 760 millimetres of mercury
(760 mmHg) in a mercury barometer at 25°C. This is the average atmospheric
pressure at sea level. One atmosphere equals 101.3 kPa.

Summary of pressure units

There are four common units of gas pressure: pascal, bar, millimetres of mercury
and atmosphere (Table 3.1.2).

TABLE 3.1.2 Common units of gas pressure

m Symbol for unit | Conversion to N m2

newtons per square metre N m=2

pascal Pa 1Pa=1Nm=2

kilopascal kPa 1kPa=1x103Pa=1x 103N m=2
atmosphere atm 1 atm =101.3 kPa=1.013 x 105 N m=2
bar bar 1 bar =100 kPa = 1.00 x 105 N m

millimetres of mercury mmHg 760 mmHg = 1 atm = 1.013 x 105 N m2

€) 1 bar=100kPa=1.00 x 10° N m2
1 atm = 101.3 kPa = 1.013 x 105 N m™

These relationships can be used to convert pressure from one unit to another.

CHEMFILE

Torricelli’s barometer

In the 17th century, the ltalian physicist
Evangelista Torricelli invented the
earliest barometer, an instrument used
to measure atmospheric pressure.

It was a straight glass tube, closed at
one end, containing mercury. The tube
was inverted so that the open end was
below the surface of mercury in a bowl
as seen in Figure 3.1.7.

The column of mercury in Torricelli's
barometer was supported by the
pressure of the gas particles in the
atmosphere colliding with the surface
of the mercury in the open bowl.

At sea level, the top of the column of
mercury was about 760 mm above
the surface of the mercury in the bowl.
Torricelli found that the height of the
mercury column decreased when he
took his barometer to higher altitudes
in the mountains.

At higher altitudes, there are fewer

air particles and therefore less
frequent collisions on the surface area
of mercury. The reduced pressure
supports a shorter column of mercury.

M

|_-vacuum
h =760 mm
for standard
atmosphere |_mercury
atmospheric
pressure

FIGURE 3.1.7 A simple Torricelli barometer.
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Worked example 3.1.2
CONVERTING PRESSURE UNITS

Mount Everest is the highest mountain on Earth.

What is the pressure in kilopascals (kPa)?
What is the pressure in atmospheres (atm)?
What is the pressure in kilopascals (kPa)?

What is the pressure in bars?

a The atmospheric pressure at the top of Mount Everest is 0.337 bar.
b The atmospheric pressure at the top of Mount Everest is 253 mmHg.
¢ The atmospheric pressure at the top of Mount Everest is 0.333 atm.

d The atmospheric pressure at the top of Mount Everest is 253 mmHg.

Thinking

Working

a To convert bars to kilopascals, use the
conversion relationship:

1 bar = 100 kPa

To change bar to kPa, multiply the value
by 100.

0.337 bar = 0.337 x 100
= 33.7 kPa

b To convert millimetres of mercury to
atmospheres, use the relationship:

1 atm = 760 mmHg

To change mmHg to atm, divide the value
by 760.

253 mmHg = %

= 0.333 atm

¢ To convert atmospheres to kilopascals, use the

0.333 atm = 0.333 x 101.3

To change mmHg to atm, divide the value by
760. Keep the answer in your calculator and
proceed to the next step.

Next, convert atmospheres to bar. Use the
conversion relationship:

1 atm = 1.013 bar

To change atm to bar, multiply the quotient
from the previous step by 1.013.

conversion relationship: = 33.7 kPa
1 atm = 101.3 kPa
To change atm to kPa, multiply the value by
101.3.
d This can be done in two steps. First, convert _253
millimetres of mercury to atmospheres. Use 253 mmHg 760
the conversion relationship: 253 mmHg = 253 x 1013
760 mmHg = 1 atm 760
= 0.337 bar

Worked example: Try yourself 3.1.2
CONVERTING PRESSURE UNITS

Cyclone Yasi was one of the biggest cyclones in Australian history.

if it is known to be 677 mmHg?
what was the pressure in kilopascals (kPa)?

What was the pressure in bars?

a The atmospheric pressure in the eye of Cyclone Yasi was measured as
0.902 bar. What was the pressure in kilopascals (kPa)?
b What was the pressure in the eye of Cyclone Yasi in atmospheres (atm)

¢ If the atmospheric pressure in the eye of Cyclone Yasi was 0.891 atm,

d The atmospheric pressure in the eye of Cyclone Yasi was 677 mmHg.
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3.1 Review

One or more gases are produced whenever a fuel

u

ndergoes combustion.

Gas properties can be explained by the kinetic
molecular theory.

According to the kinetic molecular theory:

the volume of the particles in a gas is very small
compared with the distance between the particles
the average kinetic energy of the particles in a gas
is proportional to its temperature

gas particles are in rapid random motion,
colliding with each other and the container wall
the forces between particles in a sample of gas
are negligible.

To convert between different volume units, use
these relationships:

1L=1000 mL=1000cm3
I1m3=1x108cm3=1x10®mL=1000 L
Pressure is defined as the force per unit area.
The pressure exerted by a gas depends on the
collisions of gas particles against the wall of
the container.

To convert between different pressure units, use
these relationships:

1 bar = 100 kPa = 1.00 x 10° Pa

1 atm = 760 mmHg = 1.013 x 10° Pa
=101.3 kPa = 1.013 bar

KEY QUESTIONS

1

Use the kinetic molecular theory to explain the following observed properties

of gases.

a Gases occupy all the available space in a container.

b Gases can be easily compressed compared with their corresponding
liquid forms.

¢ A given volume of a gaseous substance weighs less than the same
volume of the substance in the liquid state.

d Gases readily mix together.

e The total pressure of a mixture of gases is equal to the sum of the
pressures exerted by each of the gases in the mixture.

Use the ideas of the kinetic molecular theory of gases to explain the

following observations.

a Tyre manufacturers recommend a maximum pressure for tyres.

b The pressure in a car’s tyres will increase if a long distance is travelled
on a hot day.

¢ You can smell dinner cooking as you enter your house.

d A balloon will burst if you blow it up too much.

In the kinetic molecular theory, pressure is described as the force per

unit area of surface. Explain what happens to the pressure in each of

the following situations.

a The temperature of a filled aerosol can is increased.

b A gas in a syringe is compressed.

Convert each of the following pressures to the units specified.

a 140 kPa to Pa b 92000 Pa to kPa

¢ 4.24 atm to mmHg and Pa d 120 kPa to mmHg, atm and bar

e 1400 mmHg to atm, Pa and bar f 80000 Pa to atm, mmHg and bar

Convert the following volumes to the unit specified.

a 2LtomL b 45Ltom?3
c 2250 mLto L d 120mLto L
e 56mLtoL f 3.7m3toL
g 285 mLtom3 h 470x 103 m3to L and cm3

__________________________________________________________________________________________
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3.2 Universal gas equation

Combustion reactions produce gases. Because the gaseous products may be
harmful to people or to the environment, it is very useful for scientists to be able to
quantify the amount of gas produced by different fuels.

The behaviour of gases has been described qualitatively in section 3.1. In this
section, you will learn about the mathematical relationships that link volume,
pressure, temperature and the number of particles of a gas, and in particular how
to use these relationships to calculate the volumes of gases.

These mathematical relationships were developed over a period of several
hundred years by different scientists who performed experiments on gases. Robert
Boyle, pictured in Figure 3.2.1, experimentally determined the relationship between
the pressure and volume of a gas. Figure 3.2.2 shows Jacques Charles, who identified
the relationship between the volume and temperature of a gas. In 1787, Charles
determined that the volume of a fixed amount of gas is directly proportional to
the absolute temperature, provided the pressure remains constant. The relationship
between gas volume and temperature is known as Charles’ law.

FIGURE 3.2.1 Robert Boyle (1627-91). In 1662, ) )
Boyle showed by experiment that for a given These relationships have become known as the gas laws. The gas laws are used
amount of gas at constant temperature, the to describe the behaviour of all gases, regardless of their chemical composition.
volume of a gas is inversely proportional to its

pressure. The relationship between gas volume VOLUME AND PRESSURE

and pressure is known as Boyle's law.

Changing the volume of a fixed amount of gas at constant temperature causes a
change in the pressure of the gas. The pressure of the gas in the syringe shown in
Figure 3.2.3 increases as the plunger is pushed in and decreases as the plunger is
pulled out.

Volume is decreased. ® 0o 200%%°
Particles are less o0 00® 0. 0. 0.0.
widely spaced. ° 0.0 0. o0
Pressure increases. ®e0 % 00 0
' ) isi ® o, ® °
FIGURE 3.2.2 (2) Jacques Charles (1746-1823)  porame s increased. e % e
was a French chemist, physicist and aeronaut. widely spaced. © 0ottt e W
(b) Charles was famous for making the first flight  pressure decreases. 0% 0% 070 o o 4%

in a hydrogen balloon on 1 December 1783.

FIGURE 3.2.3 The pressure of the gas in the syringe is affected by a change in volume.

For a given amount of gas at constant temperature, the volume of the gas is
inversely proportional to its pressure. This relationship is seen in the changing
volume of a weather balloon as it rises to altitudes with much lower pressure than
at ground level. A weather balloon filled with helium gas to a volume of 40 LL at a
pressure of 1 atm increases in volume to 200 L by the time it reaches an altitude
with a pressure of 0.2 atm.

0 The mathematical relationship between the pressure, P, exerted by a gas and
the volume, V, it occupies can be written as:

1
P o< v
This relationship can also be expressed as PV = k, where k is a constant at a
given temperature.
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VOLUME AND TEMPERATURE

The kinetic molecular theory states that increasing the temperature of a gas

increases the average kinetic energy of the molecules. The molecules move more

rapidly and collide with the walls of the container more frequently and with greater

force. This can cause the:

¢ volume of gas to increase, if the pressure on the gas remains the same, such as a
gas in a syringe or balloon

e pressure to increase, if the volume of the gas container is fixed, such as in a
sealed flask or a gas cylinder.

Table 3.2.1 shows the results of an experiment that investigates the relationship
between temperature and the volume of a given amount of gas. In this experiment,
the gas in a syringe is heated slowly in an oven. The pressure on the plunger of the
syringe is held constant.

TABLE 3.2.1 Variation of volume with temperature

Temperature (°C) 20 40 60 80 100 120 140
Volume (mL) 60.0 64.1 68.2 723 76.4 80.5 84.6

The graph of these results is linear, as shown in Figure 3.2.4. When the graph
is extrapolated to a volume of O L, it crosses the temperature axis at —273°C. If
the origin is reset at —273°C, this graph passes through the origin. This has led
scientists to develop a new temperature scale, known as the kelvin scale or
absolute temperature scale. On the kelvin scale, each temperature increment is
equal to one temperature increment on the Celsius scale, and 0°C is equal to 273 K.

Volume (mL)

100

80

T T T T T T T T T 1 T T T T T T T T
-160 -80 0 80 160

Temperature (°C)

T
-273 -240

FIGURE 3.2.4 The variation of volume with temperature for fixed amount of gas at constant pressure.

The relationship between temperature on the Celsius scale and temperature on

the kelvin scale is given by the equation:
T(inK) =T (in°C) + 273

The temperature 0 K (-273°C) is the lowest temperature theoretically possible.
For this reason, 0 K is known as absolute zero. At this temperature, all molecules
and atoms have minimum kinetic energy. Therefore, a temperature in degrees
Celsius is converted to absolute temperature in kelvin by adding 273. For example,
the boiling point of water at sea level is converted to absolute temperature by adding
273, s0 100°C is equivalent to 373 K (Figure 3.2.5).

0 To convert degrees Celsius to kelvin:
T(inK)=T (in °C) + 273

M
100°C [+| 373 K - - - boiling point of water
at sea level

0°C |4| 273 K - - - melting point of water
—90°C |1| 183 K--- coldest temperature

(approximate) on
Earth (Antarctica)

-273°C [+| 0K ---absolute zero

[

FIGURE 3.2.5 The Celsius and kelvin
temperature scales.
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FIGURE 3.2.6 Lord Kelvin (1824-1907)
proposed the absolute temperature scale.

FIGURE 3.2.7 Hot-air balloonists take advantage
of the relationship between the volume of a gas
and temperature.

Extremely low temperatures, within 1 x 1071° K of absolute zero, have been
reached in the laboratory. Note that the kelvin scale has no degrees sign—it is
written as just K.

CHEMFILE

William Thomson

The kelvin scale is named after Irish mathematical physicist and engineer William
Thomson (1824-1907), also known as Lord Kelvin (shown in Figure 3.2.6).

Born in Belfast, Thomson attended Glasgow University from the age of ten and Cambridge
University from 1841 to 1845. In 1846, he returned to Glasgow to become Professor

of Natural Philosophy, remaining in this position for 53 years. He is most famous for
formulating the second law of thermodynamics, working to install telegraph cables

under the Atlantic Ocean and proposing the absolute temperature scale. He correctly
determined the value of absolute zero to be —273°C.

A marine engineering enthusiast, Thomson invented several marine instruments to
improve navigation and safety, including a mariner’s compass and a deep-sea sounding
apparatus. In 1892, Thomson became the first scientist to join the House of Lords in
England. By the time of his death in 1907, he was an international celebrity, having been
the head of an international commission deciding upon the design of the Niagara Falls
power station and lecturing at John Hopkins University in Baltimore, USA. On his death,
he was buried beside Sir Isaac Newton in Westminster Abbey.

The ascending hot-air balloon in Figure 3.2.7 demonstrates the relationship
between volume and temperature. Heating the air causes the balloon to expand,
which reduces the density of the air inside, and allows the balloon to rise.

0 As the temperature, T, of a gas increases, the volume, V, of the gas increases.
Therefore, V and T are directly proportional:

VeT
This relationship can also be expressed as ¥= k, where k is a constant at a given

pressure. Note that the value of T must be expressed in kelvin, not degrees
Celsius.

Worked example 3.2.1
CONVERTING TEMPERATURES FROM CELSIUS TO KELVIN

What is 300°C on the kelvin temperature scale?

Thinking Working

T(@nK)=T(in°C) + 273 T(inK)=T(in°C) + 273
=300 + 273
=573 K

Worked example: Try yourself 3.2.1
CONVERTING TEMPERATURES FROM CELSIUS TO KELVIN

What is 100°C on the kelvin temperature scale?
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VOLUME AND AMOUNT OF GAS

The volume, V, occupied by a gas also depends directly on the amount of gas, #,
in moles.

"This relationship is shown in Figure 3.2.8. Both syringes show a gas at a constant
temperature and pressure. The volume doubles with twice the number of molecules
of gas in the syringe.

) o e oo
Air pressure 0’e® © o
is constant. o o o° 0: °
o [} ..

e® 0 00 ,%°%°%e, o

Air pressure e 3 .0% 0°_. 0% o
isconstant. — ®e ® o ® 00"
02 00°0 070 0 o040

FIGURE 3.2.8 When the amount of gas in the syringe is doubled, the volume doubles, provided the
pressure on the plunger and the temperature of the gas remain constant.

MOLAR VOLUME OF A GAS

If the amount of gas is fixed at 1 mole as shown in Figure 3.2.9, the volume it
occupies depends almost entirely on its temperature and pressure. We define this
volume as the molar volume, V/_, of a gas. Molar volume is the amount of space,
or volume, occupied by 1 mole of any gas at a particular pressure and temperature.

I I

1 mole of neon, Ne 1 mole of nitrogen, N,

1 mole of ozone, O,

0 The mathematical relationship
between the volume, V, occupied
by a gas and the amount of gas,
n, at constant temperature and
pressure can be written as:

Ven
This relationship can also be
expressed as %= k, where k is a

constant at a given temperature
and pressure.

P =100 kPa P =100 kPa P =100 kPa

T=0°C T=0°C T=0°C

V=227L V=227L V=227L

number of molecules = 6.02 x 10% number of molecules = 6.02 x 102 number of molecules = 6.02 x 102
mass=20.2g mass =28.0g mass=48.0g

FIGURE 3.2.9 One mole of any gas occupies the same volume given the same temperature and
pressure. In this example, 1 mole of each gas occupies 22.7 L at 100 kPa and 0°C (273 K).
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The volume of 1 mole of gas, V_, is equal to its total volume, V, divided by the
number of moles, 7, of gas present. This can be represented by the relationship:

Vo
V. = p (at a given temperature and pressure)

Or, by rearranging this expression:

0 n= Vl (at a given temperature and pressure)

m

The molar volume of a gas varies with temperature and pressure. However,
molar volume does not vary with the identity of the gas. For example, 1 mole
of hydrogen gas occupies the same volume as 1 mole of oxygen gas at the same
temperature and pressure.

Standard conditions

A temperature of 25°C (298 K) and a pressure of 100 kPa is typical of the conditions
you will encounter when you are working in a laboratory. These conditions are
known as standard laboratory conditions (SLC).

Table 3.2.2 shows the molar volume of an ideal gas and of helium at SLC.
An ideal gas is a theoretical gas composed of particles that do not interact except
during elastic collisions. At SLLC, most gases behave very like an ideal gas and,
therefore, have a molar volume very close to that of an ideal gas.

TABLE 3.2.2 Molar volume at SLC

mm Molar volume at SLC (L mol-)

Ideal gas - 24.79
Helium He 24.83

It is usual to assume that the molar volume of a gas is 24.8 L mol™ at SLC.
From this value, you can calculate the amount, in moles, of a gas given its volume
at SLC.

Another set of commonly used standard conditions is standard temperature
and pressure (STP). STP refers to a temperature of 0°C (273 K) and a pressure
of 100 kPa. The molar volume of an ideal gas at STP is 22.7 L. mol™!.

€ v =248 L mol" at SLC (25°C or 298 K and 100 kPa)
V_ =22.7 L mol™ at STP (0°C or 273 K and 100 kPa)

In section 3.4, you will see that when comparing the combustion of different
fuels, the concept of molar volume is often used to determine the volume of oxygen
gas required and the volume of gases produced.
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Worked example 3.2.2

CALCULATING THE VOLUME OF A GAS FROM ITS AMOUNT (IN MOL)

Assume that nitrogen behaves like an ideal gas.

Calculate the volume, in L, occupied by 0.24 mol of nitrogen gas at SLC.

The answer should be given to the
smallest number of significant figures in
the measurement.

Thinking Working
_V : _V
Rearrange n = — to make volume the subject. | n = —
Vm Vm
V=nxV_
Substitute in the known values where V=nxV_
V., =248 L mol! (at SLC) and solve. =024 x 24.8
=5952 L
Consider the units and significant figures. V=60L

Worked example: Try yourself 3.2.2

CALCULATING THE VOLUME OF A GAS FROM ITS AMOUNT (IN MOL)

that oxygen behaves like an ideal gas.

Calculate the volume, in L, occupied by 3.5 mol of oxygen gas at SLC. Assume

THE UNIVERSAL GAS EQUATION

The following three laws describe the behaviour of gases under different conditions:

o Ve Il) (for constant 7" and »n)

¢ Ve T (for constant PP and n)
e Ve n (for constant P and 7T)
We can combine all three laws by writing:

nT
Vo< P

This relationship can be expressed as I/ = R—?)T, where R is a proportionality

constant.

0 The equation is known as the universal gas equation and is more usually

written in the form:
PV = nRT

where R is called the universal gas constant, or simply, the gas constant.

This constant can be determined experimentally by measuring the volume
occupied by a known amount of gas at a known temperature and pressure.

o The value of R depends on the units of pressure and volume used. It has a value

of 8.31 J K™! mol™ when:

e Pis measured in kilopascals, kPa

e Vis measured in litres, L

e nis measured in moles, mol

e Tis measured on the kelvin scale, K.
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You will use the universal gas equation in section 3.4 to calculate the volume of
oxygen gas consumed and the volume of gases produced during the combustion

of different fuels.

Worked example 3.2.3
CALCULATING THE VOLUME OF A GAS USING THE UNIVERSAL GAS EQUATION

Calculate the volume, in L, occupied by 2.24 mol of oxygen gas (0O,) if the
pressure is 200 kPa at 50°C.

figures.

Thinking Working

Convert units, if necessary. P = 200 kPa (no conversion required)
Pressure is in kPa and T=50+273

temperature in K. ~ 323K

Rearrange the universal gas PV =nRT

equation so that volume, V, _nRT

is the subject. V= P

Substitute values for pressure, V= 2.24 x 831 x 323

amount, temperature and the 200
gas constant, R, then solve

for V. Express the answer to the
correct number of significant

=30.1L

Worked example: Try yourself 3.2.3
CALCULATING THE VOLUME OF A GAS USING THE UNIVERSAL GAS EQUATION

Calculate the volume, in L, occupied by 13.0 mol of carbon dioxide gas (CO,) if
the pressure is 250 kPa at 75.0°C.

| CHEMISTRY IN ACTION |

Decompression chambers

Scuba diving and water pressure
If you swim at the water’s surface, your body experiences a
pressure, due to the surrounding air, of about 1 atm. Below
the surface, your body experiences an additional pressure
due to the water. This additional pressure amounts to
about 1 atm for every 10 m of depth. Therefore, at 20 m
the pressure on your body is about 3 atm.

As the pressure on your body increases, the volume
of your body cavities such as your lungs and inner
ears decreases. This squeezing effect makes diving
well below the water’s surface without scuba equipment
very uncomfortable. Scuba equipment overcomes this
problem by supplying air from tanks to the mouth at the
same pressure as that produced by the underwater
environment.

Scuba diving and gas solubility

As the pressure in a diver’s lungs increases during a dive,
more gas dissolves in the blood. Nitrogen (N,) is one of
these gases. When a diver ascends, the pressure drops,

the nitrogen becomes less soluble in the blood and so
comes out of solution. If a diver ascends too quickly, the
rapid pressure drop causes the nitrogen to come out of the
blood as tiny bubbles (see Figure 3.2.10a). This is similar
to the bubbles of carbon dioxide you observe when you
open a bottle of soft drink.

These bubbles cause pain in joints and muscles. If they
form in the spinal cord, brain or lungs, they can cause
paralysis or death. Treatment for divers suffering from
this effect (the bends) involves time in a decompression
chamber similar to the one shown in Figure 3.2.10b.
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(@)

A slow return to the surface
lets the nitrogen return to
the lungs where it is

0 metres
pressure =1 atm

N

breathed out.

10 metres
pressure =2 atm

(b)

Swimming up too
quickly doesn’t give the
nitrogen enough time to
leave the blood—instead
it can form painful
bubbles.

FIGURE 3.2.10 (a) Scuba diving and the bends. (b) A decompression chamber used to treat divers with the bends.

The chamber increases the pressure surrounding the
diver’s body, forcing any nitrogen bubbles to dissolve in
the blood, and then slowly reduces the pressure back to
1 atm. The duration of treatment depends on the severity
of the symptoms, the dive history and the patient’s
response to treatment.

Hyperbaric oxygen therapy (HBOT) is a medical
treatment in which patients breathe pure oxygen while
inside a decompression chamber at a pressure higher
than 1 atm. Its medical uses include improved wound
healing by reduction of swelling, infection control and the
stimulation of new blood vessel growth. The hyperbaric
unit at the Alfred Hospital in Melbourne is equipped with
three pressurisable hyperbaric rooms used for treating
the bends, ulcers, soft tissue infections, carbon monoxide
poisoning and wounds that won’t heal such as those
resulting from diabetes or radiotherapy.

HBOT is also used by athletes for faster recovery from
soft tissue injuries, to produce sharper performance and
to maintain more intense training schedules. Tennis star
Novak Djokovic uses a hyperbaric chamber to assist with
recovery from long, exhausting matches. AFL clubs are
interested in the use of hyperbaric oxygen therapy for
treating soft tissue injuries. One of the earliest cases of
hyperbaric oxygen treatment in football was for an ankle
injury sustained by Carlton midfielder Fraser Brown in
the 1995 preliminary final against North Melbourne.
Every morning, in the week leading up to the Grand Final,
he spent an hour in a chamber in the hyperbaric unit at

the Alfred Hospital. Eventually selected to play in the Grand

Final, Brown made it through the game with the help of
strapping and pain-killing injections, helping Carlton win
the premiership.
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1

3.2 Review

» The following three laws describe the behaviour of

gases under different conditions:
- Ve '% (for constant T and n)

— Ve T (for constant P and n)

— Ve n (for constant P and T)

Absolute zero is a temperature of -273°C or O K.
Molecules and atoms have minimum kinetic energy
at this temperature.

Standard laboratory conditions (SLC) refers to a
temperature of 25°C (298 K) and a pressure of
100 kPa.

Standard temperature and pressure (STP) refers
to a temperature of 0°C (273 K) and a pressure of
100 kPa.

KEY QUESTIONS

The molar volume, V_, of a gas is the volume

occupied by 1 mol of gas at a given temperature
and pressure:

heV
4

The value of V_is 24.8 L morj1 at SLC.

The value of V_ is 22.7 L mol-! at STP.

PV = nRT is the universal gas equation. It can be
used to calculate one variable (P, V, n or T) when
the other three variables are known.

R is the universal gas constant and its value is
8.31 J K1 mol! when pressure is in kPa, volume

is in L, amount is in mol and temperature is in K.

Convert the following Celsius temperatures to absolute temperatures.

a 100°C

b 175°C

c —145°C

Calculate the volume of the following gases at SLC.
a 1.4 mol of chlorine (CL,)

b 1.0 x 1073 mol of hydrogen (H,)

¢ 1.4 gof nitrogen (N,)

Calculate the mass of the following gas samples. All volumes are measured

at SLC.

a 2.80 L of neon (Ne)

b 50.0 L of oxygen (0,)

¢ 140 mL of carbon dioxide (CO,)

0.25 mol of nitrogen is placed in a flask of volume 5.0 L at a temperature

of 5°C. What is the pressure in the flask?

What volume of gas, in litres, is occupied by:

a 0.20 mol of hydrogen at 115 kPa and 40°C?

b 12.5 mol of carbon dioxide at 5 atm and 150°C?

¢ 8.50 g of hydrogen sulfide (H,S) at 100 kPa and 27°C?

Calculate the mass of helium in a balloon if the volume is 100 L at a

pressure of 95000 Pa and a temperature of 0°C.

At a given temperature, a sample of nitrogen, of mass 11.3 g, exerts a
pressure of 102 kPa in a gas cylinder of volume 10.0 L. Calculate the

temperature of the gas.

Which sample of gas contains the greater amount, in mol, of gas: 3.2 L of
nitrogen at 25°C and a pressure of 1.2 bar or 2.5 L of helium at 23°C and a

pressure of 1.2 atm?

__________________________________________________________________________________________
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3.3 Calculations involving
combustion of fuels—Part 1

Measuring and predicting quantities is a very important part of chemistry. Scientists
compare fuels by calculating the quantities of chemicals involved in reactions.
The ethanol produced in the plant shown in Figure 3.3.1 can be compared to
petroleum by calculating how much oxygen is required for complete combustion.
How much atmospheric pollution a fuel will produce can be determined by
calculating the mass of carbon emissions.

In this section you will learn about these types of calculations.

STOICHIOMETRY AND REACTIONS OF FUELS

Calculations that involve the use of the mole concept, combined with an
understanding of chemical equations, are called stoichiometric calculations. In this
section and section 3.4, you will use these calculations for reactions involving fuels,
but stoichiometry is important in all areas of chemistry.

Stoichiometry is the study of ratios of moles of substances. Stoichiometric
calculations are based on the law of conservation of mass.

0 In a chemical reaction, the total mass of all products is equal to the total mass
of all reactants.

Another way of expressing this is that, in a chemical reaction, atoms are neither
created nor destroyed. Consequently, given the amount of one substance involved
in a chemical reaction and a balanced equation for the reaction, you can calculate
the amounts of all other substances involved.

Equations and reacting amounts

Consider the equation for the reaction that occurs when methane (CH,) burns
in oxygen:
CH,(g) +20,(g) — CO,(g) + 2H,0(g)

The coefficients used to balance the equations show the ratios between the
reactants and products involved in the reaction. The equation indicates that 1 mole
of CH,(g) reacts with 2 moles of O,(g) to form 1 mole of CO,(g) and 2 moles of
H,O(g). In more general terms, the amount of oxygen used will always be double
the amount of methane used, double the amount of carbon dioxide produced and
the same as the amount of water vapour produced.

n(0,) _2 n(CO) 1 and nH,0) 2 _ )
n(CH) 17 n(0,) 2 n(0) 2

In general, for stoichiometric calculations you will be told, or you will be able
to work out, the number of moles of one chemical in the reaction (the ‘known’).
You will then need to calculate the number of moles of another chemical (the
‘unknown’).

You can write the relationship between the known and unknown chemicals
using ratios:

o n(unknown chemical) _ coefficient of unknown chemical
n(known chemical) coefficient of known chemical

FIGURE 3.3.1 A corn ethanol processing plant.
Ethanol is a biochemical fuel that is used as
an alternative to petroleum. The concepts
taught in this section allow you to calculate the
mass of oxygen required to combust a given
mass of ethanol or the mass of carbon dioxide
(a greenhouse gas) produced.
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Worked example 3.3.1
USING MOLE RATIOS

How many moles of carbon dioxide are generated when 24 moles of propane
(C;Hg) are burned completely in oxygen?

Thinking Working

Write a balanced equation for C,Hg(g) + 50,(g) — 3CO(g) + 4H,0(g)
the reaction.

Note the number of moles of the n(C4Hg) = 24 mol

known substance.

Write a mole ratio for: n(€o,) _3

coefficient of unknown n(CyHg) 1

coefficient of known

Calculate the number of moles of the
unknown substance using:

n(unknown) = mole ratio X n(known) =72 mol

n(Co,) = % x 24

Worked example 3.3.1: Try yourself
USING MOLE RATIOS

How many moles of carbon dioxide are generated when 0.50 moles of butane
(C,H,,) are burned completely in oxygen?

0 When carrying out any stoichiometric calculations, you must always clearly state
the mole ratio for the reaction you are working with.

Mass—mass stoichiometry

Calculations can require you to start and finish with masses rather than moles, as
this is how quantities of chemicals are often measured. To calculate the number of
moles from the mass of a substance, use this relationship:

moles (n) = —Mass in g (m)
o AL molar mass (M)

and to calculate a mass, rearrange this relationship as:
0 mass in g (m) = number of moles (n) x molar mass (M)

Stoichiometric calculations generally follow the same pattern. The number
of moles of a ‘known’ substance is calculated from data that is given to you, the
mole ratios in the equation are used to find the number of moles of the ‘unknown’
substance, and the desired quantity of the unknown substance is then calculated.

These steps and details of formulas used when performing stoichiometric
calculations involving the combustion of fuels are summarised in Figure 3.3.2.

AREA OF STUDY 1 | WHAT ARE THE OPTIONS FOR ENERGY PRODUCTION?



mass of unknown
substance (g)

known gas at
non-standard
conditions (L)

FIGURE 3.3.2 Most stoichiometric calculations follow the steps shown in the flowchart. Calculating
the number of moles and using a mole ratio from a balanced chemical equation are always central

to any stoichiometric calculation.

mass of known n="" _
substance (g) M m=nxM
" _Vv from
volume of known Vi mole of known | coefficients | mgje of unknown | V=nx Va
gas at SLC (L) PV substance (n) | in chemical substance (n) aRT
n=— equation V=
RT P
volume of

ﬂ When carrying out stoichiometric calculations, always keep the answer in your
calculator and proceed to the next step. Only round to the correct number of

significant figures when finished.

Worked example 3.3.2

SOLVING MASS-MASS STOICHIOMETRIC PROBLEMS

Calculate the mass of carbon dioxide, in kg, produced when 540 g of propane
(C;Hg) are burned completely in oxygen.

Thinking

Working

Write a balanced equation for
the reaction.

C3Hg(g) + 50,(g) — 3CO,(g) + 4H,0(g)

coefficient of known

Calculate the number of moles n(C.H,) = 540

of the known substance using: 38 440
_-m —

n= i =12.3 mol

Find the mole ratio: n(CO,) _3

coefficient of unknown n(CsHg) 1

Calculate the number of moles
of the unknown substance using:

n(unknown) = mole ratio x n(known)

n(CO,) = % x12.3
= 36.8 mol

Calculate the mass of the unknown
substance using:

m=nxM

m(C0,) = 36.8 x 44.0
=1620g
=1.62 kg

Worked example: Try yourself 3.3.2
SOLVING MASS-MASS STOICHIOMETRIC PROBLEMS

is burned completely in oxygen.

Calculate the mass of carbon dioxide produced when 3.60 kg of butane (C,H,,)
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volume of unknown
gas at SLC (L)

volume of unknown
gas at non-standard
conditions (L)
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3.3 Review

+ A balanced equation shows the ratio of the amount,
in moles, of reactants and products in the reaction.
+ Mass—mass stoichiometric calculations follow the
general steps:
1 Calculate the amount, in moles, of a known

substance from the mass provided using:
_m
"=m
2 Use the mole ratio from a balanced chemical
equation to determine the amount, in moles,

of the unknown substance.

KEY QUESTIONS

Methanol burns in air according to the equation:
2CH,0H(g) + 30,(g) — 2C0,(g) + 4H,0(g)
Complete the following mathematical relationships:
n(CH;OH) _ n©,) _
n(0,) n(H,0)

n(unknown chemical) _

n(known chemical)
coefficient of unknown chemical

coefficient of known chemical

3 Find the mass of the unknown substance from
its amount, in moles, using m = n x M.

Stoichiometric calculations can be used to calculate
the mass of carbon dioxide and water released
during the combustion of a carbon-based fuel
and the mass of oxygen required for complete
combustion.

n(CH,0H) _
¢ Tncoy

Create a flowchart for completing mass—-mass stoichiometric calculations

by placing the steps in the correct order.

¢ |dentify the known and unknown substances in the question.
¢ Use mole ratios from the equation to calculate the amount of the

unknown substance.

¢ Calculate the mass of the unknown substance using m = n x M.

¢ Write a balanced equation for the reaction.

e Calculate the amount, in mol, of the known substance using n =

m
M

Octane (CgH,g) is a component of petrol. It burns in oxygen to produce
carbon dioxide and water. Energy is released during this reaction.

The equation for this reaction is:
2CgH,4(8) + 250,(g) — 16CO,(g) + 18H,0(g)

a Calculate the mass of oxygen required to react with 200 g of octane.

b Calculate the mass of carbon dioxide produced in part a.

Propane burns in oxygen according to the equation:
C3Hg(®) + 50,(8) — 3COL(g) + 4H,0(g)

6.70 g of propane was burned in excess oxygen.

a What mass of carbon dioxide would be produced?

b What mass of oxygen would be consumed in the reaction?

¢ What mass of water would be produced?

A combustion reaction occurred in which 1.00 kg of butane (C,H,,) reacted

with excess oxygen gas.

a Calculate the mass of oxygen, in kg, required for the complete

combustion of this amount of butane.

b Calculate the mass of carbon dioxide, in kg, produced in this reaction.
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3.4 Calculations involving
combustion of fuels—Part 2

In section 3.3 you learned how to use stoichiometric calculations to find the mass
of chemicals consumed or produced when fuels are burned. In this section, you will
use stoichiometry to calculate the volumes of oxygen required to burn fuels and the
volumes of gases produced by the reactions. Carbon dioxide emissions from power
plants such as the one shown in Figure 3.4.1 can be calculated using stoichiometry.

FIGURE 3.4.1 It is useful to be able to calculate the volume of carbon dioxide emissions produced by
the combustion of a particular fuel.

MASS-VOLUME STOICHIOMETRY

Some stoichiometric calculations require you to determine the volume of a gas that
reacts with, or is produced from, a given mass of a fuel during combustion. For
these calculations, you need to determine the number of moles of the fuel from its
mass, and use the mole ratio from the balanced chemical equation.

The volume of the gas, in litres, is determined from its amount, in moles, using
one of the following formulas.
1 At standard laboratory conditions of 25°C and 100 kPa (SL.C), the molar

volume equation is used:
V

n= 7m
This formula can be rearranged to make volume the subject:
V=nxV_

Remember that at SLC, the accepted volume of one mole of any gas is
24.8 L mol™.
2 At non-standard conditions, the universal gas equation is used:
PV =nRT
The universal gas equation can also be rearranged to make volume the subject:
nRT

V="p

Remember that for use in the universal gas equation, pressure must be in kPa,
temperature must be in K and the gas constant is equal to 8.31 J K~ mol™".
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Worked Examples 3.4.1 and 3.4.2 show how to calculate the volume of carbon
dioxide that is produced from a known mass of fuel at S.C and at non-standard

conditions.

Worked example 3.4.1

MASS-VOLUME STOICHIOMETRIC CALCULATIONS AT STANDARD LABORATORY

CONDITIONS

Calculate the volume of carbon dioxide, in L, produced when 2.00 kg of propane
is burned completely in oxygen. The gas volume is measured at SLC.

Thinking

Working

Write a balanced equation for
the reaction.

C3Hg(®) + 50,(g) — 3COL(g) + 4H,0(D)

coefficient of known

Calculate the numbgr of moles of the n(C.H,) = 2000

known substance using: 3% 440

n= m =45.5 mol
M

Find the mole ratio: n(CO,) _3

coefficient of unknown n(CsHy 1

Calculate the number of moles of the
unknown substance using:

n(unknown) = mole ratio x n(known)

n(CO,) = % x 45,5
136 mol

Calculate the volume of the unknown
substance using:

V=nxV_

V(CO,) = 136 x 24.8
=3382 L
=338x103L

Worked example 3.4.1: Try yourself

MASS-VOLUME STOICHIOMETRIC CALCULATIONS AT STANDARD LABORATORY

CONDITIONS

Calculate the volume of carbon dioxide, in L, produced when 300 g of butane
is burned completely in oxygen. The gas volume is measured at SLC.

Worked example 3.4.2

MASS-VOLUME STOICHIOMETRIC CALCULATIONS AT NON-STANDARD

CONDITIONS

200 kPa.

Calculate the volume of carbon dioxide, in L, produced when 800 g of propane
is burned completely in oxygen. The gas volume is measured at 60°C and

Thinking

Working

Write a balanced equation for
the reaction.

C,Hg(g) + 50,(8) — 3CO,(g) + 4H,0())

coefficient of known

Calculate the number of moles of the n(C.H,) = 800
known substance using: 38 440
=m = 18.2 mol
m
Find the mole ratio: n(Co,) _3
coefficient of unknown n(CyHy) 1
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Calculate the number of moles of the

=3
unknown substance using: n(Co,) = 1" 182

n(unknown) = mole ratio x n(known) = 54.5 mol
Express the pressure and temperature | P = 200 kPa
in required units. T=60+273
=333K
Calculate the volume of the unknown V(CO,) = 54,5 x 8.31 x 333
substance using: 2 200
nRT =755L

V:?

Worked example: Try yourself 3.4.2

MASS-VOLUME STOICHIOMETRIC CALCULATIONS AT NON-STANDARD
CONDITIONS

Calculate the volume of carbon dioxide, in L, produced when 5.00 kg of butane is

burned completely in oxygen. The gas volume is measured at 40°C and 400 kPa.

GAS VOLUME-VOLUME CALCULATIONS

For chemical reactions where both the reactants and products are in the gaseous
state, it is often convenient to measure volumes, rather than masses. This is the case
for the combustion of a number of fuels.

For example, the reaction between propane gas and oxygen can be represented
by the equation:

C,Hg(g) + 50,(g) — 3CO,(g) + 4H,0(g)
This equation tells us that when 1 mole of propane reacts with 5 moles of oxygen
gas, 3 moles of carbon dioxide and 4 moles of water vapour are produced.

You saw in section 3.2 that equal amounts, in moles, of all gases occupy equal
volumes measured at the same temperature and pressure.

Therefore, the mole ratios in the balanced equation become volume ratios at the
same temperature and pressure. In the above reaction, this means that when 1 litre
of propane gas reacts with 5 litres of oxygen gas, 3 litres of carbon dioxide and
4 litres of water vapour are produced.

Worked example 3.4.3
GAS VOLUME-VOLUME CALCULATIONS

Methane gas (CH,) is burned in a gas stove according to the following equation:
CH,(g) + 20,(8) — COL(g) + 2H,0(g)
If 50 mL of methane is burned, calculate the volume of O, gas required for

complete combustion of the methane under constant temperature and pressure
conditions.

Thinking Working

Use the balanced equation to find 1 mol of CH, gas reacts with 2 mol of
the mole ratio of the two gases 0, gas.

involved.

The temperature and pressure are 1 volume of CH, reacts with 2 volumes
constant, so volume ratios are the of 0, gas, so 50 mL of CH, reacts with

same as mole ratios. 100 mL of O,
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moles of the limiting reactant
to determine the amount of
product that will be formed.

Worked example: Try yourself 3.4.3
GAS VOLUME-VOLUME CALCULATIONS

Methane gas (CH,) is burned in a gas stove according to the following equation:
CH,(8) + 20,(8) — COL(g) + 2H,0(g)

If 50 mL of methane is burned in air, calculate the volume of CO, gas produced
under constant temperature and pressure conditions.

EXTENSION

Calculations involving excess reactants

As you learned in Unit 2 Chemistry, stoichiometry calculations become more
complex if the reactants are not present in their stoichiometric ratio. In these
cases, you must determine which reactant is completely consumed in the
reaction, the limiting reactant, and which one is present in excess. The amount
of limiting reactant determines how much product is formed.

Worked Example 3.4.4 introduces a strategy that can be used to determine
the limiting reactant in a reaction.

Worked example 3.4.4
EXCESS REACTANT CALCULATIONS

A gaseous mixture of 25.0 g of hydrogen gas and 100.0 g of oxygen gas are
mixed and ignited. The water produced is collected and weighed. What is the
expected mass of water produced? The equation for the reaction is:

2H,(g) + 0,(8) — 2H,0(g)

a Which reactant is the limiting reactant?
b What is the mass of water vapour formed?
Thinking Working
a Calculate the number of moles n(H,) = m
of each reactant using 2 M
n=Torn="orn=LY =250
M Vi, RT 2.0
as appropriate. =12.5 mol
_m
n(0,) w
_100.0
32.0
= 3.13 mol
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Use the coefficients of the equation
to find the limiting reactant.

The equation shows 2 mol of H,
reacts with 1 mol of O,

So to react all of the O, will require
2 x n(0,) of H,

=2x313

=6.26 mol

As there is 12.5 mol of H,, the H,
is in excess.

The O, is the limiting reactant (it
will be completely consumed).

b Find the mole ratio using:
coefficient of unknown
coefficient of known

The limiting reactant is the known
substance.

n(H,0) _2
n0,) 1

Calculate the number of moles
of the unknown substance using:

n(unknown) = mole ratio x n(known)

n(H,0) =2 x 3.13
= 6.25 mol

Calculate the required quantity
of the unknown using

m=nxM or n=Vlor PV = nRT

as appropriate.

m(H,0) = 6.25 x 18.0
=113¢g

Worked example: Try yourself 3.4.4

EXCESS REACTANT CALCULATIONS

Calculate the volume of carbon dioxide, in L, produced when 65.0 g of butane
is burned completely in 200 L of oxygen. The gas volume is measured at SLC.

The equation for the reaction is:

2C,H,4(8) + 130,(g) — 8COL(g) + 10H,0(l)

a Which reactant is the limiting reactant?
b What is the volume of carbon dioxide formed?

CHAPTER 3 | STOICHIOMETRY AND THE COMBUSTION OF FUELS

89



__________________________________________________________________________________________

1

3.4 Review

+ A balanced equation shows the ratio of the amount, 3 Find the desired quantity of the unknown
in moles, of reactants and products in the reaction. substance from its amount, in moles, using
+ Stoichiometric calculations follow the general steps: m=nxM,V=nxV_orPV=nRT

1 Calculate the amount, in moles, of a known * The mole ratio in a balanced equation is also a
substance from the data given. volume ratio if all reactants and products are in the
U _m _V _PV gaseous state and the temperature and pressure are

sen=-—nN=—orn=—
m V., RT kept constant.

2 Use the mole ratio from a balanced chemical « Stoichiometric calculations can be used to calculate
equation to determine the amount, in moles, of the volume of carbon dioxide and water released
the unknown substance. during the combustion of a carbon-based fuel

n(unknown chemical) _ and the volume of oxygen required for complete
n(known chemical) coefficient of unknown chemical combustion.

coefficient of known chemical

KEY QUESTIONS

Propane (C;Hg) burns in oxygen according to the equation:
C;Hg(g) + 50,(g) — 3CO,(g) + 4H,0()
When the following masses of propane react completely with excess oxygen,
calculate the volume of:
i oxygen used at SLC
ii carbon dioxide produced at SLC.
a22g
b 165¢g
¢ 3.40kg
Octane is one of the main constituents of petrol. It burns according to
the equation:
2CgH 5 (8) + 250,(g) — 16C0O(g) + 18H,0(g)
What mass of octane must have been used if 50.0 L of carbon dioxide,
measured at 120°C and 1.10 atm, was produced?
Hydrogen peroxide decomposes according to the equation:
2H,0,(aq) — 2H,0(l) + O4(g)
Calculate the volume of oxygen, collected at 30.0°C and 91.0 kPa, that is
produced when 10.0 g of hydrogen peroxide decomposes.
What volume of NO, is produced when 0.5 L of nitrogen(ll) oxide (NO) reacts
with excess oxygen? (All volumes are measured at 25°C and 100 kPa.)
The equation for the reaction is:
2NO(g) + 0,(8) — 2NO(g)
Calculate the volume of oxygen needed to completely react with 150 mL of
carbon monoxide according to the following equation. Assume all volumes
are measured at the same temperature and pressure.
2C0(g) + 0,(8) — 2C0,4(g)

__________________________________________________________________________________________

90

AREA OF STUDY 1 | WHAT ARE THE OPTIONS FOR ENERGY PRODUCTION?



3.5 Calculations involving energy
changes

The combustion of fuels provides us with energy for daily use, including heat for
warmth and cooking, and a source of power for transport.

The amount of energy released when a fuel burns is directly proportional to the
amount of fuel consumed. The bonfire shown in Figure 3.5.1 contains more fuel
than the match, so it releases more energy. Doubling the quantity of petrol in a car
allows you to travel twice as far.

I

FIGURE 3.5.1 The amount of energy released by a bonfire is far greater than the amount of energy
released by the burning of a single match. In general, the energy released or absorbed by a reaction
is directly proportional to the amounts of reactants consumed.

In Chapter 2 you learned that thermochemical equations show the energy
released or absorbed during a chemical reaction by including a sign and numerical
value for the heat change that occurs in the reaction represented by the equation.
You can use thermochemical equations to calculate the energy released by the
combustion of specified quantities of fuel. You will learn how to do these types of
calculations in this section.

COMBUSTION AND ENERGY

The amount of energy released by the combustion of fuels depends on:

¢ the type of fuel burned

* the amount of fuel burned

¢ whether complete combustion or incomplete combustion is involved.

Consider the thermochemical equations for the complete combustion of
methane and pentane:

CH,(g) + 20,(g) — CO,(g) + 2H,0() AH = -890 k] mol™!

CH,,(g) +80,(g) — 5CO,(g) + 6H,OD AH = -3509 k] mol™!

The equations show us that the combustion of one mole of pentane (C.H,,)
releases much more energy than the combustion of one mole of methane (CH,).
Complete combustion occurs when there is a plentiful oxygen supply. Incomplete
combustion occurs when the oxygen supply is limited, and carbon monoxide is
formed rather than carbon dioxide. The complete combustion of a fuel releases
more energy than incomplete combustion of the same amount. For example,
for ethane:

2C,H,(g) + 70,(g) = 4CO,(g) + 6H,0()  AH =-3120 k] mol™*

2C,H,(g) + 50,(g) — 4CO(g) + 6H,O() AH = -1989 k] mol™!
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Calculating energy change from thermochemical equations

c The coefficients of the reactants in a thermochemical equation indicate the
amounts, in moles, of each substance that react to give the specified enthalpy
change.

For example, the thermochemical equation for the complete combustion of
ethane indicates that 3120 kJ of energy is released by the reaction of 2 moles of
ethane with 7 moles of oxygen.

Worked Examples 3.5.1 and 3.5.2 show you how to use a thermochemical
equation to calculate the energy released by the combustion of different amounts
of fuels or the amount of fuel required to produce a specified amount of energy.

Worked example 3.5.1

CALCULATING ENERGY RELEASED BY THE COMBUSTION OF A PARTICULAR
AMOUNT OF A FUEL

Calculate the heat energy released, in MJ, when 10.0 kg of octane undergoes
complete combustion.

2CgH 5() + 250,(g) —» 16C0OL(g) + 18H,0() AH =-10900 kJ mol-!

Thinking Working
Calculate the amount, in moles, of NC.H..) = 10000
the fuel using: 8 18 114.0
n=0 =87.7 mol
M

Using the thermochemical equation, | 2 moles of C;H, ; release 10900 kJ.
write a relationship between the Let 87.7 moles of CgH, ; release x kJ.
number of moles of fuel burned 818
and energy released.
Calculate the energy released by the B tion: 877 _ x
fuel in kilojoules. Y Proportion: =5~ = 10900

x =227 % 10900

= 477965 kJ

Convert the energy released to MJ. 477965 kJ =478 MJ

1MJ=10%kJ

Worked example: Try yourself 3.5.1

CALCULATING ENERGY RELEASED BY THE COMBUSTION OF A PARTICULAR
AMOUNT OF A FUEL

Calculate the heat energy released, in MJ, when 10.0 kg of ethane undergoes
complete combustion.

2C,Hy(g) + 70,(8) — 4C0,(g) + 6H,0(l) AH =-3120 kJ mol-!
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Worked example 3.5.2

CALCULATING THE AMOUNT OF FUEL THAT MUST BE BURNED TO PRODUCE
A PARTICULAR AMOUNT OF ENERGY

What volume of methane, measured at SLC, burns completely to provide
4.00 x 104 kJ?

CH,(g) + 20,(g) — CO,(g) + 2H,0()) AH =-890 kJ mol-!

Thinking Working

Using the thermochemical equation, 1 mole of CH, releases 890 kJ.
write a relationship between the number | | ot x moles release 4.00 x 104 kJ.
of moles of fuel burned and energy

released.
Calculate the amount of the fuel that BY brobortion: 1__ 890
was burned to produce the energy. y prop "x  4.00 x 10*
_4.00x10*
890
=44.9 mol
Calculate the volume of the fuel, at SLC. = v
Vm
VICHY =nxV_
=449 x24.8
=1115L
=1.12x10%L

Worked example: Try yourself 3.5.2

CALCULATING THE AMOUNT OF FUEL THAT MUST BE BURNED TO PRODUCE
A PARTICULAR AMOUNT OF ENERGY

What volume of methane, measured at SLC, burns completely to provide
5.00 x 103 kJ.

CH,(g) + 20,(g) - CO,(g) + 2H,0()) AH =-890 kJ mol-!

COMPARING FUELS USING STOICHIOMETRIC
CALCULATIONS

Octane (C4H,,) and ethanol (C,H,OH) are used as fuels for transport. Octane is
derived from a fossil fuel whereas ethanol is a biofuel. You can use your knowledge
of stoichiometry and thermochemical equations to compare the benefits of the use
of the two fuels by calculating quantities such as the:

energy released by the same mass of each fuel
volumes of carbon dioxide and water vapour released by the same mass of
each fuel

volume of carbon dioxide released per M]J of energy produced for each fuel

total (net) volume of greenhouse gases released per M]J of energy produced for
each fuel.

Both carbon dioxide and water vapour are greenhouse gases, which absorb

and emit infrared or heat radiation, thus trapping heat in the lower atmosphere.

The thermochemical equations for the complete combustion of the fuels to

form carbon dioxide and water vapour are given below:
Octane: 2C,H (1) + 250,(g) — 16CO,(g) + 18H,0(g) AH =-10108 k] mol™
Ethanol: C,H.OH(l) + 30,(g) — 2CO,(g) + 3H,0(g) AH =-1235 k] mol™
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Calculations for octane are shown below. A comparison of each of these
quantities for octane and ethanol is given in Table 3.5.1 on page 95.

Energy released per kilogram
For 1.00 kg of octane:
n(CH,y) = A%
_ 1000

T 114.0
= 8.77 mol

From the equation:
2 moles of CgH, ¢ release 10 108 kJ

Let 8.77 moles of C;H ¢ release x K.
877 _  x
2 10108

x=377 10108

= 44333 K]
=443 MJ

The energy content of octane is 44.3 MJ kg1

Volume of CO, produced per kilogram at SLC conditions
For 1.00 kg of octane:
From the equation:

n(CO,) _16
n(CH,) ~ 2
So n(CO,) =12 x 8.7
=70.2 mol

.

=7
SoV=nxV_
At SLC, V(CO,) = 70.2 x 24.8

=1.74x 10°L
Complete combustion of octane produces 1.74 x 103 L kg™

Volume of CO,, (a greenhouse gas) released at SLC per MJ of
energy obtained

From the equation:

16 mol of CO, is released when 10 108 KJ of energy is released.

Calculate the volume occupied by 16 mol of CO, at SL.C:

n=-—

V

SoV=nxV_
At SLC, V(CO,) = 16 x 24.8
=397 L
So, production of 397 L of CO, releases 10108 kJ (10.108 M]).
Let the production of x L of CO, release 1 MJ of energy.
By proportion:
x 1
397 10.108
.= 397
10.108
=393L
Complete combustion of octane to produce 1 MJ of energy produces 39.3 L. of
CO,, measured at SL.C.
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Total volume of greenhouse gases (CO, and H,0) per MJ of
energy in car exhaust gases at 500 K and 1 atm

Under these conditions, water will be in the gaseous state.

From the equation:

16 mol of CO, and 18 mol of H,O (a total of 34 mol of gases) are released when
10108 KJ of energy is released.

Calculate the volume occupied by 34 moles of gases at 500 K and 1 atm (101.3 kPa):

PV =nRT
_nRT
So, V= e

34 x 8.31 x 500
101.3
=1395L

So, production of 1395 L of gases releases 10 108 kJ (10.108 M]).
Let the production of x L. of gases release 1 MJ of energy.
By proportion:

V(greenhouse gases) =

x _ 1
1395~ 10.108
.= 1395
10.108
=138 L
Complete combustion of octane to produce 1 M] of energy produces 138 L. of
greenhouse gases, measured at 500 K and 1 atm.

A comparison of octane and ethanol

TABLE 3.5.1 Quantities calculated for the complete combustion of octane and ethanol

Complete Complete
combustion | combustion
of octane of ethanol
Energy content (MJ kg1) 443 26.8
Volume of CO, per kg produced at SLC (L kg') 1.74 x 103 1.08 x 103
Volume of CO, produced per MJ of energy (L MJ1) 39.2 40.2
Total volume of greenhouse gases (CO, and H,0) produced 138 166

per MJ of energy at 500 K and 1 atm (L MJ™)

The calculations show that octane has a greater energy content than ethanol. On
the other hand, ethanol releases less carbon dioxide per kilogram. Their carbon
dioxide emissions per megajoule of energy produced are similar. However, octane
produces less greenhouse gases overall.

Comparisons such as these assist scientists and engineers to decide on the best
fuel for a particular purpose.
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CHEMFILE

Choosing a fuel

Octane and ethanol are two of a wide range of fuels that could

suit many different purposes. As discussed in this section, two of

the factors that need to be considered when selecting a fuel for a

particular purpose are:

e energy released per unit mass or unit volume

e mass of greenhouse gases produced per energy released.

Other factors include:

e availability and cost of fuel

e ease of transport

e hazards to people and the environment associated with its
use and its waste products

e social, economic, cultural and political values that can affect
the choice of a fuel.

You can find many examples of these factors influencing fuel

choice. The Saturn V rocket shown in Figure 3.5.2 was used by

NASA between 1966 and 1973. Liquid hydrogen was chosen for

the Saturn rockets used in the American space program because

liquid hydrogen produces large quantities of energy per gram.

Because space rockets need to carry their own fuel, the mass of

the propellant was a crucial factor.

Liquid hydrogen is considered to be unsuitable for use in the

internal combustion engine in cars because it is very costly and

highly flammable. Safe storage of hydrogen is a major difficulty

when considering the use of hydrogen as a fuel. Petrol, diesel

and LPG are preferred over coal for cars because they can be

transported and handled more easily and produce less pollution

when burned. Biofuels are promoted as fuels for cars because

they are a renewable energy source and have the potential to

reduce greenhouse gas emissions.

3.5 Review

+ Stoichiometric calculations based on
thermochemical equations can be used to calculate
the amount of heat energy released during the
combustion of a carbon-based fuel.

KEY QUESTIONS

dem

FIGURE 3.5.2 The Saturn V rocket used in the Apollo program was
the most powerful rocket ever built and used liquid hydrogen as the
propellant. The combustion of hydrogen releases a very large quantity
of energy per gram.

Thermochemical equations can be used to calculate
the volume or mass of greenhouse gases released
per MJ of energy obtained.

Fuels can be compared quantitatively in terms of
the amount of energy released and the amount of
carbon emissions released to the environment.

1 Which one of the following equations represents the incomplete combustion

of methane?

A 2CH,(g) + 30,(g) —» 2C0(g) + 4H,0())

B CH,(g) + 20,(g) — CO,(g) + 2H,0()

C C,Hg(g) + 20,(g) — CO(g) + C(s)+ 3H,0(l)
D 2C,H(g) + 70,(g) — 4CO,(g) + 6H,0()
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.2 When petrol is burned in a car engine, the major products of the E
E combustion reaction are carbon dioxide and water. !
! a Taking octane (CgH, ) as one of the constituents of petrol, write a !
! balanced equation to represent its combustion to carbon dioxide !
! and water. Under the conditions in a car engine, octane is a gas and the !
! water produced is also a gas. !
! b Sometimes petrol does not burn completely, for example in an engine !
! that has not been properly tuned. This is because the oxygen supply !
! is limited and is not sufficient to completely convert the octane to :
! carbon dioxide and water. Under these conditions, one of the products :
! of combustion will be carbon monoxide. Write a balanced equation to :
! show the production of carbon monoxide when octane burns in a limited |
! supply of oxygen. Assume that carbon monoxide is the only carbon- :
! containing compound produced. :
. 3 Calculate the energy released when the following quantities of ethane gas :
: burn according to the equation: :
| 2C,H(g) + 70,(g) — 4C0L(g) + 6H,0() AH =-3120 kJ mol* :
a 3.00 mol
! b 100g :
! c 10.0LatSLC X
. 4 What volume of ethane, measured at SLC, must be burnt according to the :
: equation in Question 3 in order to yield 100 kJ of heat energy? E
E 5 Calculate the energy released when 250.0 g of petrol burns completely in a !
! car engine. Assume petrol is mainly octane (CgH,g) and burns according to !
! the equation: !
! 2CgH (1) + 250,(g) — 16CO,(g) + 18H,0(l) AH =-10900 kJ mol! :
. 6 Butane is used as the fuel in some portable camping stoves. It is a liquid |
: when stored under pressure in a butane cylinder, but vaporises when the |
: valve is opened. Combustion of butane is represented by the equation: :
: 2C,H,o(8) + 130,(g) — 8CO,(g) + 10H,0(l) AH =-5772 kJ mol! :
| a How much energy is produced when 10.0 g of butane burns completely? E
e b How much energy is produced when 0.100 L of butane, measured at SLC, !
burns completely? !

¢ Calculate the volume of butane, measured at 15°C and 108 kPa, that :

must be burnt to produce 1.00 kJ of energy. !

7 Methane and methanol both burn in air according to the thermochemical :

equations: :

CH,(g) + 20,(g) — CO,(g) + 2H,0(l) AH = -890 kJ mol-! :

2CH,0H(l) + 30,(g) — 2CO,(g) + 4H,0(I) AH =-1450 kJ mol! E

a If 1 mole of methane and 1 mole of methanol are completely burned in !

separate experiments, which experiment will release the most energy? !

b If each of the above reactions is used to produce 2000 kJ of energy, !

which fuel will release the most carbon dioxide? !

______________________________________________________________________
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Chapter review

KEY TERMS

absolute temperature scale ideal gas

absolute zero incomplete combustion
bar kelvin scale

complete combustion kinetic energy

elastic collision kinetic molecular theory
enthalpy molar volume

gas constant partial pressure
greenhouse gas pascal

Introducing gases
1 Which one of the following volumes is equal to 4.5 L?
A 45 x 102mL
B 4.5 x 103 mL
C 45x103mL
D 4.5 x 10 mL

2 Which one of the following best describes the effect of
an increase in temperature on gas particles?

A Both the average kinetic energy and the average
speed of the particles increase.

B Both the average kinetic energy and the average
speed of the particles decrease.

C The average kinetic energy of the particles
increases and the average speed of the particles
decreases.

D The average kinetic energy of the particles
decreases and the average speed of the particles
increases.

3 Select the correct answers from the pairs of words to

complete the paragraph about gases.
The volume occupied by the atoms or molecules
in a gas is much smaller/larger than the total
volume occupied by the gas. The particles move
in rapid, straight-line/curved paths and collide
with each other and with the walls of the container.
The forces between particles are extremely weak/
strong. The collisions between particles are elastic/
rigid. The average kinetic energy of the particles is
directly/inversely proportional to the temperature
of the gas, in units of K/°C.

4 Use the kinetic theory of gases to explain why:

a the pressure of a gas increases if its volume is
reduced at constant temperature

b the pressure of a gas decreases if its temperature
is lowered at a constant volume

¢ in a mixture of gases, the total pressure is the sum
of the partial pressure of each gas

d the pressure of a gas, held at constant volume and
temperature, will increase if more gas is added to
the container.

pressure
standard atmosphere
standard laboratory
conditions (SLC)
standard temperature and
pressure (STP)
stoichiometry
thermochemical equation

universal gas equation
velocity
volume

5 a If a container of gas is opened and some of the
gas escapes, what happens to the pressure of the
remaining gas in the container?

b Use the kinetic molecular theory to explain what
happens to the gas pressure in part a.

Universal gas equation
6 Calculate the mass of oxygen (O,) present in a 50.0 L
container of oxygen at SLC.
7 Use the molar volume of a gas at SLC to find the:
a volume occupied by 8.0 g of oxygen at SLC
b mass of nitrogen dioxide present in 10 L at SLC.
8 If 64.0 g of oxygen gas occupies a volume of 25.0 L
when the temperature is 30.0°C, then the pressure
of the gas, in kPa, is closest to:
A 20.0
B 200
C 400
D 6.40 x 103
9 Calculate the volume, in litres, occupied by 10.0 g
of carbon dioxide at 25°C and 101.3 kPa.
10 What is the mass of oxygen presentina 10.0 L
container of oxygen at a pressure of 105 kPa and
at 20°C?
11 At what temperature will 0.2 g of helium exert a
pressure of 80 kPa in a container with a fixed volume
of 4.0 L?
12 Carbon dioxide gas is a product of the complete
combustion of fuels.
a Calculate the mass of 1.00 mol of carbon dioxide.
b What is the volume occupied by 1.00 mol of carbon
dioxide at SLC?
¢ Given that density is defined as mass/volume,
calculate the density of carbon dioxide at SLC
ing L1
d Would you expect the density of carbon dioxide
at STP to be less than, equal to or greater than its
density at SLC? Justify your answer.
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13 A sample of gas of mass 10.0 g occupies a volume of
5.4 L at 27°C and 100 x 103 Pa.

a Calculate the amount, in mol, of gas in the sample.
b Determine the molar mass of the gas.

14 Which container holds more molecules of oxygen gas:
container A of volume 40.0 L at 25°C and 770 mmHg
or container B of volume 0.10 L at 45°C and
390 mmHg?

15 A room has a volume of 220 m3.

a Calculate the amount, in moles, of air particles in
the room at 23°C and a pressure of 100 kPa.

b Assume that 20% of the molecules in the air are
oxygen molecules and the remaining molecules
are nitrogen. Calculate the mass of air in the room.

Calculations involving combustion of fuels

16 Propane (C;Hg) burns in oxygen according to the
equation:

C3Hg(8) + 50,(8) — 3COL(g) + 4H,0(g)
6.70 g of propane was burned in excess oxygen.
a What mass of carbon dioxide would be produced?
b What mass of oxygen would be consumed in the
reaction?
¢ What mass of water would be produced?

17 The ethanol produced by the fermentation of glucose
is used as a biochemical fuel or biofuel. Fermentation
of glucose produces ethanol and carbon dioxide
according to the following equation:

CeH1,04(aq) yeast, 2C,H.OH(aq) + 2C0,(g)
Calculate the mass of ethanol produced by the
fermentation of 80.0 g of glucose.

18 Large quantities of coal are burned in Australia
to generate electricity, in the process generating
significant amounts of the greenhouse gas carbon
dioxide. The equation for this combustion reaction is:

C(s) + 0,(8) - CO4(g)
Determine the mass of carbon dioxide produced by
the combustion of 1.0 tonne (10° g) of coal, assuming
that the coal is pure carbon.

19 Propane (C;Hg) burns in oxygen according to the
equation:

C4Hg(8) + 50,(8) — 3C0,(g) + 4H,0(g)

Calculate the volume of:

i oxygen at SLC used

ii carbon dioxide at SLC produced
when the following masses of propane react
completely with excess oxygen.
a22g
b 50g
c 0.145¢g
d 165¢g
e 34 kg

20 Octane is one of the main constituents of petrol.
It burns according to the equation:
2CH o(8) + 250,(g) — 16C0O(g) + 18H,0(g)
Calculate the mass of octane used if 50.0 L of carbon
dioxide, measured at 120°C and 1.10 atm, was
produced.

21 What volume of oxygen gas (in L) is required for
the complete combustion of 10.0 L of ethane gas
at constant pressure and a temperature of 150°C?

22 Methane burns in excess oxygen according to
the equation:
CH,(@) + 20,(8) - CO,(8) + 2H,0(8)
This reaction produces 5 L of carbon dioxide at 200°C
and 100 kPa. Assuming all volumes are measured at
the same temperature and pressure, calculate the:
a volume of methane used
b volume of oxygen used
¢ mass of water vapour produced.

23 Propane undergoes complete combustion as follows:
C3Hg(8) + 50,(8) — 3C0,(g) + 4H,0(g)
All volumes are measured at 120°C and 102 kPa.
When 80 mL of propane and 500 mL of oxygen
are reacted:
a one of the gases does not react completely.
Which gas is it and what volume of it is unreacted?
b what volumes of carbon dioxide and water are
produced in the reaction?
¢ what change in the total volume of all the gases
has occurred as a result of the reaction?

24 There are many scientists investigating possible fuels
to replace fossil fuels. A group of Japanese chemists
is investigating the following reaction as a source
of methane:

CaC0O,4(s) + 4H,(g) — CH,(g) + Ca(OH),(s) + H,0(g)

At 400°C, 100 kPa and under suitable reaction

conditions what:

a volume of methane is produced if 100 L of
hydrogen is completely reacted?

b mass of calcium carbonate is used in part a?

25 An indoor gas heater burns propane (C;H,) at a rate
of 12.7 g per minute. Calculate the minimum mass of
oxygen per minute, in g, that needs to be available for
the complete combustion of propane.

26 The Hazelwood power station in the Latrobe Valley
consumes about 13.0 million tonnes (1 tonne = 108 g)
of coal in 1 year. The coal used in the power station
is composed of approximately 25% carbon. Calculate
the volume of the greenhouse gas carbon dioxide
released each year by the power station at SLC.
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Calculations involving energy changes

27

28

29

30

31

100

Calculate the amount of energy released when 806 g
of butan-1-ol reacts with excess air according to
the equation:
C,HyOH(g) + 60,(g) — 4C0,(g) + 5H,0(l)
AH = -2677 kJ mol-!
Octane, the principal component of petrol, undergoes
combustion with a plentiful supply of oxygen
according to the equation:
2CH () + 250,(8) — 16C0O,(g) + 18H,0(1)
AH =-10900 kJ mol-!
a What mass of octane must be burnt in order to
yield 100 kJ of energy?
b Given the density of octane is 0.698 g mL,
calculate the energy released when 50.0 L of octane
undergoes complete combustion.

The complete combustion of propane is represented
by the thermochemical equation:
C;Hg(g) + 50,(g) — 3CO,(g) + 4H,0(1)

AH = -2220 kJ mol-!
Calculate the energy released per tonne of carbon
dioxide produced when propane undergoes complete
combustion. (1 tonne = 10° g)

The equation for the complete combustion of
ethane is:
2C,H(g) + 70,(g) — 4C0,(g) + 6H,0(I)
AH = -3120 kJ mol!
Calculate the volume of carbon dioxide released at
SLC per MJ of energy generated.
Methane and propane are used as alternative
transport fuels. The heats of combustion of methane
and propane are 890 kJ mol~! and -2220 kJ mol-1,
respectively.
a Calculate the mass, in kg, of each gas required to
release 100 MJ of energy.
b Calculate the mass of carbon dioxide produced
by each fuel during the production of 100 MJ
of energy.
¢ Calculate the energy produced per tonne of carbon
dioxide released for each fuel.
d Compare methane and propane as transport fuels
based on the values you calculated in parts a—c.

Connecting the main ideas

32

33

34

Consider two containers of equal size. One contains

oxygen and the other carbon dioxide. Both containers

are at 23°C and at a pressure of 1.0 atm. Answer each

of the following questions about the two gases and

give a reason for your answers.

a Which of the two samples of gas contains more
molecules?

b Which of the two samples of gas contains the
greater number of atoms?

¢ Which of the two gases has the greater density?

Propane burns completely in oxygen according to
the equation:
C3Hg(®) + 50,(8) — 3COL(g) + 4H,0(g)
The amount of energy released per tonne of
carbon dioxide produced is determined to be
1.68 x 10* MJ t-1. Determine the AH value, in kJ mol-,
for the thermochemical equation. (1 tonne = 10° g)

Ethanol can be used as an alternative fuel for

cars. When ethanol (C,H,OH) undergoes complete

combustion, it forms carbon dioxide (CO,) and

water (H,0).

a Write a balanced equation that represents the
complete combustion of ethanol.

b i What mass of carbon dioxide would be formed
if 1.00 kg of ethanol reacts?
ii What volume of carbon dioxide would be formed
from 1.00 kg of ethanol at SLC?
c i If the density of ethanol is 0.785 g mL™,

calculate the mass of ethanol in a 50.0 L tank
of the fuel.

ii The heat of combustion of ethanol is
-1367 kJ mol-L. Calculate the energy that can
be obtained from the complete combustion of
50.0 L of ethanol.

d Calculate the mass of carbon dioxide formed when
1.00 kJ of energy is released.
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4 Redox reactions

Some of the most colourful and exothermic reactions are classified as redox
reactions. This group of reactions includes some that are vitally important
for the functioning of the human body and that provide the energy for our
modern lifestyle.

In this chapter, you will learn how redox reactions can be defined in terms of
electron transfer, and how this definition can be extended by using the concept
of oxidation number. You will find out how to write balanced half-equations that
describe the transfer of electrons, and then how to combine these half-equations
to create an overall equation for the reaction.

Key knowledge

» Redox reactions with reference to electron transfer, reduction and oxidation
reactions, reducing and oxidising agents, and use of oxidation numbers to
identify conjugate reducing and oxidising agents
The writing of balanced half-equations for oxidation and reduction reactions
and balanced ionic equations, including states, for overall redox reactions

VCE Chemistry Study Design extracts © VCAA (2015); reproduced by permission.



Oxidation Is Loss, Reduction Is Gain

FIGURE 4.1.2 The mnemonic OIL RIG is a
useful way to remember that Oxidation Is the
Loss of electrons and Reduction Is the Gain
of electrons.

4.1 Oxidation and reduction

The highly exothermic reaction between glycerol and potassium permanganate
shown in Figure 4.1.1 is just one example of a redox reaction. Many reactions that
occur in our daily lives are redox reactions. The bleaching of hair, corrosion of
metals, extraction of metals from their ores, combustion of fuels, and reactions in
batteries that produce electrical energy, as well as respiration and photosynthesis,
are all redox reactions.

FIGURE 4.1.1 When glycerol is added to potassium permanganate, a vigorous reaction occurs in
which the glycerol is oxidised by the potassium permanganate.

In this section, you will revise and extend the definitions of oxidation and
reduction that were covered in Unit 2 Chemistry, and learn how they may be applied.

REDOX REACTIONS

Transfer of electrons

In your study of Unit 2 Chemistry you learned that redox reactions (reduction and
oxidation) involve the transfer of electrons from one chemical species to another.
Redox reactions can be considered as occurring in two parts.

In these reactions:
e one of the reactants loses electrons in a process called oxidation
e one of the reactants gains electrons in a process called reduction.

Oxidation and reduction occur simultaneously as electrons are transferred
between the reactants.

The mnemonic OIL RIG is a way to remember the difference between oxidation
and reduction processes in terms of electron movement (see Figure 4.1.2).

€) The mnemonic ‘OIL RIG’ reminds you that:
e oxidation is defined as the loss of electrons
e reduction is defined as the gain of electrons.

Reduction and oxidation reactions

Youwillrecall from Unit 1 Chemistry that metals generally have low electronegativities
and their atoms contain 1, 2 or 3 electrons in their valence shells. When a metal
atom loses the electrons in its valence shell, the atom becomes a stable positive ion
with the electronic configuration of the nearest noble gas. In comparison, non-
metals have relatively high electronegativities and their atoms generally need to gain
1, 2 or 3 electrons to achieve the stability of a noble gas electronic configuration.
When non-metal atoms gain electrons, the atoms become negative ions.
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Consider the reaction shown in Figure 4.1.3 between aluminium and iodine.
Aluminium is in group 13 and each atom has 3 electrons in its valence shell, while
iodine is in group 17, so each atom has 7 electrons in its valence shell. When these
two elements react together, each aluminium atom loses 3 electrons and becomes
an AI** ion. The aluminium is oxidised. At the same time, each iodine atom gains
1 electron and becomes an I" ion. The iodine is reduced. These two ions form the
ionic compound aluminium iodide.

e mmat T

FIGURE 4.1.3 In a vigorously exothermic reaction, aluminium is oxidised by iodine upon the addition
of a few drops of water, to form aluminium iodide. The heat that is released during the reaction
causes iodine to sublime from a solid to a purple gas.

This reaction can be represented by the equation:

2Al1(s) + 3L,(s) — 2AlL,(s)

The oxidation and reduction processes can be clearly seen when you break the
equation into two half-equations. One half-equation describes the oxidation (loss
of electrons) of the aluminium atoms:

Al(s) — AP*(s) + 3e”

The other half-equation describes the reduction (gain of electrons) of the iodine
atoms:

L(s) + 2e”— 2I7(s)

The electrons that are gained by the iodine atoms have been lost by the
aluminium atoms.

When you write the overall redox equation, the number of electrons produced
during the oxidation process must be the same as the number of electrons consumed
in the reduction process. You will learn how to write overall redox equations later
in this section.

WRITING REDOX EQUATIONS

Writing simple half-equations

Half-equations show what is happening as electrons are transferred in a redox
reaction. Like other chemical equations, half-equations must be balanced so there

is the same number of atoms of each element on each side of the arrow. Similarly,
charge must also be balanced. Half- and overall equations should also indicate states.

The half-equation for the oxidation of Fe?*(aq) to Fe3*(aq) is written as:
Fe**(aq) — Fe*(aq) + e
Charge is balanced by the addition of an electron to the right-hand side of
the equation.

€ n an oxidation half-equation, the
electrons are ‘lost’ or produced
so they are always written on the
right-hand side of the equation.
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FIGURE 4.1.4 The reaction between chlorine
and iron is a redox reaction. It is so exothermic
that the iron burns as it reacts.

The half-equation for the reduction of Cl,(g) to CI"(aq) is written as:
ClL(g) + 2¢”— 2Cl(aq)
Charge is balanced by the addition of two electrons to the left-hand side of
the equation.

0 For a reduction process, electrons are ‘gained’ by the reactant. For this to
happen, the electrons must appear on the left-hand side of the equation.
Checking which side of the equation the electrons appear on allows you to
determine whether a process is oxidation or reduction.

Writing an overall redox equation

When writing equations for redox reactions, the two half-equations are normally
written first and then added together to obtain an overall, or full, equation.

The overall equation does not show any electrons transferred; that is, no
electrons appear in a properly balanced full equation. All the electrons lost in the
oxidation reaction are gained in the reduction reaction. You may need to multiply
one, or perhaps both, of the half-equations by a factor to ensure that the electrons
balance and can be cancelled out in the overall equation.

6 States must be included in both redox half-equations and full equations for each
species. Electrons do not have a state and should always cancel in the overall
equation.

Consider the reaction of iron and chlorine shown in Figure 4.1.4.

In this reaction, each Fe atom is oxidised and loses three electrons. Each Cl,
molecule is reduced and gains two electrons.

Fe(s) — Fe3*(s) + 3e”
CL(g) + 2e"— 2CI(s)

To write an overall equation for this reaction, the number of electrons lost during
oxidation must equal the number of electrons gained during reduction. Three
electrons are produced by the oxidation of an iron atom but only two electrons are
required to reduce a chlorine molecule. The lowest common multiple of 3 and 2 is
6, so this is the number of electrons that are transferred from iron to chlorine.

The half-equation involving the oxidation of Fe is multiplied by a factor of 2
to bring the total number of electrons to 6 and the half-equation involving the
reduction of Cl, is multiplied by a factor of 3 to also bring the total number of
electrons to 6.

2Fe(s) — 2Fe3*(s) + 6¢”
3CL(g) + 6e”— 6CI(s)

0 When multiplying half-equations, it is essential to multiply the coefficients of all
of the species in the equation by the same factor.

The two half-equations are then added to find the overall equation:
2Fe(s) + 3Cl,(g) — 2FeCl,(s)

You can see that the electrons have been cancelled from each side of the equation
to give the overall equation with no electrons.

Oxidising agents and reducing agents
Substances that cause oxidation to occur are called oxidising agents or oxidants.
In the reaction between aluminium and iodine:

2AI(s) + 3L,(s) — 2AlL,(s)
the iodine is the oxidising agent. An oxidising agent causes oxidation but is always
reduced itself.
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Substances that cause reduction are called reducing agents or reductants.
Aluminium is the reducing agent in our example. A reducing agent causes reduction
but is always oxidised itself.

Figure 4.1.5 shows you how to identify the oxidising and reducing agents for the
overall reaction between aluminium and iodine.

Reaction with I, causes
Al to lose electrons.

L, is the oxidising agent. Al(s) = AP*(s) + 3e~

[ ‘ / Aluminium is oxidised by iodine.

2Al(s) + 31,(s) — 2AlL(s)

J

Reaction with Al causes L(s) +2e” — 2I(s)

I, to gain electrons. lodine is reduced by aluminium.
Al is the reducing agent.

FIGURE 4.1.5 In the reaction between aluminium and iodine, aluminium is the reducing agent and
iodine is the oxidising agent.

Metals, such as zinc and magnesium, and negatively charged non-metal ions,
such as Br~ and I, can lose electrons, so they tend to act as reducing agents:

7Zn(s) — Zn**(aq) + 2e”
2Br (aq) — Br,(aq) + 2¢”

0 Species that can lose electrons will act as reducing agents.

Non-metals, such as fluorine and chlorine, and positively charged metal ions,
such as Cu?* and Ag* can gain electrons, so they tend to act as oxidising agents,
for example:

ClL(g) + 2¢”— 2CI'(aq)
Ag*(aq) + ¢ — Ag(s)

0 Species that can gain electrons will act as oxidising agents.

4.1 Review

SUMMARY

: » Redox (reduction—oxidation) reactions involve the » The reducing agent donates electrons to another

: transfer of electrons from one species to another. substance, causing that substance to be reduced.

\ « Oxidation and reduction always occur at the + The oxidising agent accepts electrons from another
E same time. substance, causing that substance to be oxidised.

: + Half-equations are used to represent oxidation + Half-equations are added together to obtain the

' and reduction. overall equation. Before adding the half-equations,
: « Oxidation is defined as the loss of electrons, it may be necessary to multiply them by a factor to
: e.g. Mg(s) —» Mg2*(aq) + 2e". balance the electrons.

E « Reduction is defined as the gain of electrons, + State symbols should always be included in half-

: e.g. Cl(g) + 2e-— 2CI(aq). equations and balanced equations for overall redox
: reactions.

__________________________________________________________________________________________
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1

KEY QUESTIONS

Complete the summary about redox reactions by using the following terms:

gains, loses, |,, I, reduced, oxidised.

When a reducing agent, such as Fe, reacts with an oxidising agent, such as
, an ionic compound is formed. The reducing agent

electrons (is ) and at the same time the oxidising agent

electrons (is ). In this case, the products are Fe2* and ,

which form Fel,.

Classify each of the following half-equations as oxidation or reduction.

2Br(aq) — Bry(aq) + 2e”

Fe2*(aq) — Fe3*(aq) + e~

Cl,(g) + 2~ — 2CI(aq)

Li(s) —» Li*(aq) + e~

Sn**(aq) + 2e- — Sn?*(aq)

Zn?*(aq) + 2e~ — Zn(s)

When nickel metal reacts with copper(ll) ions in an aqueous solution,

- 0 QO 0 T

nickel(ll) ions are formed. Write the oxidation half-equation for the reaction.

The overall equation for the reaction between aluminium metal and liquid
sulfur is:
2Al(s) + 35(1) — ALS,()
From the overall equation, write the half-equations for the redox process
and label each one as either reduction or oxidation.
Name the chemicals that undergo oxidation in the following reactions.
a 2Zn(s) + 0,(g) — 2Zn0(s)
b Ca(s) + Cl,(g) — CaCl(s)
c 2AgBr(s) — 2Ag(s) + Br ()
Identify each oxidising and reducing agent in Question 5.
Metal M is found to react with oxygen to form the compound M,0,.
In a separate reaction, metal M reacted with an aqueous solution of silver
nitrate (AgNO;). The unbalanced and incomplete equations for the reaction
between metal M and AgNOj, are given below.
Ag'(aq) + — Ag(s)
M(s) — (ag) + __e
M(s) + (aq) - (aq) + __Ag(s)
a Complete the half-equations and the overall equation for the reaction
between metal M and silver ions, Ag*(aq).
b Identify each half-equation as either reduction or oxidation.
¢ lIdentify the oxidising and reducing agents for the reaction.
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4.2 Oxidation numbers

In this section, you will learn the set of rules that chemists have devised to allow a
wider range of reactions to be classified as redox reactions. This involves assigning
oxidation numbers to the atoms in a reaction.

You will see how oxidation numbers can be used to determine whether a reaction
that does not involve the formation of ions could be classified as a redox reaction
and which substances in a redox reaction have been oxidised or reduced.

You will also discover that many transition metals have multiple oxidation states
and that many of these compounds can be coloured, such as in the reaction shown
in Figure 4.2.1

OXIDATION NUMBERS

In section 4.1 you looked at redox reactions that involved the production of ionic
compounds from their elements. In these cases, it was relatively easy to deduce
which element gained or lost electrons by considering the charge on the ions
produced in the reaction. A species that was reduced gained electrons, becoming
less positive, whereas the oxidised species lost electrons, becoming more positive.

For some redox reactions, it is harder to identify the species that are oxidised
and reduced. For example, the reaction that occurs during the wet corrosion of iron
metal can be represented by the half-equations:

Fe(s) = Fe?*(aq) + 2¢~
0O,(g) + 2H,0() + 4e” — 40H (aq)

The first half-equation shows that the iron loses electrons and is oxidised. The
second half-equation represents a reduction reaction because electrons have been
gained. However, it is not obvious if oxygen or hydrogen has gained these electrons.

It is possible to determine which element has been oxidised and which has been
reduced in this reaction by looking at oxidation numbers. Oxidation numbers are
also called oxidation states.

Oxidation numbers have no physical meaning—they do not indicate a formal
charge or the physical or chemical properties of the substance. However, they are a
useful tool for identifying which atoms have been oxidised and which atoms have
been reduced.

Oxidation number rules

Oxidation numbers are assigned to elements involved in a reaction by following
a specific set of rules. In applying these rules, we regard all compounds and
polyatomic ions as though they are composed of individual ions.

Table 4.2.1 (on page 108) describes the rules for determining oxidation
numbers. In the examples, the oxidation number of an element is placed above
its symbol. The plus or minus sign precedes the number and so distinguishes the
oxidation number from the charge on an ion where the sign is generally placed after
the number. For example, the oxide ion (O?°) has a charge of 2— and an oxidation
number of —2. While the values are the same in this instance, it is important to
remember that oxidation states do not always indicate a charge on the species.

|, \-\E

FIGURE 4.2.1 Many redox reactions involve

colour changes. It is convenient to assign
individual oxidation numbers to the atoms
involved in redox reactions such as this.
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TABLE 4.2.1 Rules for determining oxidation numbers of elements in compounds

1 The oxidation number of a free
element is zero.

2 The oxidation number of a
simple ion is equal to the charge
on the ion.

3 In compounds, some elements
have oxidation numbers that are
regarded as fixed, except in a few
exceptional circumstances.

(a) Main group metals have an
oxidation number equal to the
charge on their ions.

(b) Hydrogen has an oxidation
number of +1 when it forms
compounds with non-metals.
Exception: In metal hydrides
the oxidation number of
hydrogen is -1.

(c) Oxygen usually has an
oxidation number of -2.
Exceptions:

In compounds with fluorine,
oxygen has a positive
oxidation number.

In peroxides, oxygen has an
oxidation number of —1.

4 The sum of the oxidation
numbers in a neutral compound
is zero.

5 The sum of the oxidation
numbers in a polyatomic ion is
equal to the charge on the ion.

6 The most electronegative
element is assigned the negative
oxidation number.

0

0 O
Na, C, Cl,, P,

+1 -1 +2 -2 +3 -3
Na*, CI-, Mg2*, 0%, AlI3*, N3~

+1 +2
lonic compounds: KCI, MgSO,,

+1
Compounds of H: H,0

il <l
Metal hydrides: NaH, CaH,

2
Compounds of 0: H,0

-1 -1
Peroxides: H,0,, BaO,

+4-2
CO,

Note that in CO, the oxidation number of each
oxygen atom is written as -2. It is not written as -4
for two O atoms.

+6-2 3+l
S0,%, NH,*
+2-1
OF,

Common oxidation states of the first 36 elements in their compounds are shown
in the periodic table in Figure 4.2.2. Transition metals and some non-metals can
have a range of oxidation states, these are usually calculated after applying the rules
for all other elements in the compound.

1 2 3 4 5 6 7 8 9 10 11 12 13 14 15 16 17 18
1
H
hydrogen ] +! oxidation state [ -1 oxidation state
E_ ]: |:| +2 oxidation state |:| —2 oxidation state ]53 é 1\; é
1 e * *
lithium | beryllium D +3 oxidation state E range of oxidation boron carbon | nitrogen | oxygen
11 12 states possible 13 14 15 16 17 18
Na | Mg Al Si* P* S* ClI* Ar
sodium [magnesium| aluminium| silicon phosphorug sulfur chlorine argon
19 20 21 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36
K Ca Sc Ti V* | Cr* | Mn* | Fe Co Ni Cu Zn | Ga | Ge* | As* | Ser | Br* | Kr
potassium| calcium |scandium| titanium |vanadium |chromium [mangane: iron cobalt nickel copper zinc gallium [germanium| arsenic | selenium | bromine | krypton

FIGURE 4.2.2 Part of the periodic table showing the most common oxidation states of some

elements.

AREA OF STUDY 1 | WHAT ARE THE OPTIONS FOR ENERGY PRODUCTION?



Calculating oxidation numbers

For a compound containing several elements, you can use algebra and the rules
given in Table 4.2.1 to calculate the oxidation number of an element.

For example, to find the oxidation number of sulfur in H,SO,, there is a rule
for hydrogen and for oxygen, which leaves sulfur as the only unknown. If you let
the oxidation number of S equal x, the following expression can be written to solve
for x:

Cx+)+x+@x=-2)=0

2+x-8=0
x—-6=0
X =+6

You will learn later on in this section how to use oxidation numbers to determine
if a substance has been oxidised or reduced.

Worked example 4.2.1
CALCULATING OXIDATION NUMBERS

Use the rules in Table 4.2.1 to determine the oxidation number of each element
in KCIO,.

Thinking Working
Identify an element that has a Kis a main group metal in group 1.
set value. Applying rule 3a, the oxidation number

of potassium is +1.

Identify any other elements that have | According to rule 3c, oxygen has an
set values. oxidation number of =2 unless attached
to fluorine or in a peroxide.

Use algebra to work out the oxidation | Let the oxidation number of chlorine in

number of other elements. KCIO, be x.
Solve the sum of the oxidation numbers
for x:
+l1+x+ @ x-2)=0
+1+x-8=0
x-7=0
x=+7

Write oxidation numbers above the +147-2

elements in the formula. KCIO,
Note that the oxidation number of

oxygen is written as -2 (not as -8), even
though there are four oxygen atoms in
the formula.

Worked example: Try yourself 4.2.1
CALCULATING OXIDATION NUMBERS

Use the rules in Table 4.2.1 to determine the oxidation number of each element
in NaNO,.
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FIGURE 4.2.3 These colourful solutions have
been made by adding a reducing agent
(mercury—zinc amalgam) to a yellow solution
containing vanadium(V) ions. The amalgam
reduces the oxidation state of the vanadium
by one each time it is shaken, producing, in
order: blue (+4), green (+3) and magenta (+2)
solutions.

USING OXIDATION NUMBERS
Using oxidation numbers to name chemicals

You may recall from Unit 1 Chemistry that transition elements can form ions
with a number of different charges. This means that many transition metals have
variable oxidation numbers. For example, there are two compounds that can be
called iron chloride: FeCl, and FeCl,.

Using the rules in Table 4.2.1 (on page 108), you can see that the chloride ion
has an oxidation number of ~1. In FeCl, this means the oxidation number of iron
is +2, whereas in FeCl, the oxidation number is +3.

To distinguish between the two iron chlorides, insert Roman numerals
representing the appropriate oxidation number in the name.

* FeCl, is named iron(Il) chloride.
¢ FeCl, is named iron(III) chloride.

When naming non-metal compounds, you can also use Roman numerals to
show the oxidation number of an element such as nitrogen that has several possible
oxidation states. Nitrogen dioxide (NO,) is called nitrogen(IV) oxide, while nitric
oxide (NO) is nitrogen(II) oxide. This method of naming makes it much easier to
determine the formula from the name of the oxide.

ﬂ For elements that can have variable oxidation states, the use of a Roman
numeral in the name indicates the specific oxidation state of the element.

CHEMFILE

Colourful oxidation states

A characteristic property of the transition elements is that they form brightly coloured
compounds. Different oxidation states can result in different colours for the same
transition metal.

Vanadium is a very colourful transition element that has a wide variety of colours
depending on its oxidation state. You can see this in Figure 4.2.3. When its oxidation state
is +5, vanadium is yellow; when its oxidation state is +4, it is light blue; when its oxidation
state is +3, it is green; and when its oxidation state is +2, it is magenta.

Using oxidation numbers to identify oxidation and reduction
You can use the concept of oxidation numbers to extend the definition of oxidation
and reduction.

In this new definition, a change in oxidation numbers indicates that a redox
reaction has taken place. This can be used as an alternative definition of oxidation
and reduction instead of our earlier definition involving loss and gain of electrons.
It is particularly useful for non-ionic compounds when it is difficult to determine
whether electrons have been transferred.

It can now be stated that:

e oxidation involves an increase in oxidation number
e reduction involves a decrease in oxidation number.

Remember that oxidation and reduction always occur together in a redox

reaction. One process cannot happen without the other.
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If there is no change of oxidation number for all elements in a reaction, then the
reaction is not a redox reaction.

Oxidation numbers can be used to analyse the equation of a reaction and
determine whether it represents a redox process.

At the beginning of this chapter, you were alerted to a number of everyday
processes that are redox reactions. Combustion reactions, where fuel is burned
in order to produce heat while giving off CO, and water, are examples of redox
reactions that are very important in our society. The equation for the burning of
carbon in excess oxygen is:

C(s) + O,(g) = CO,(g)

At first glance, the reaction may not seem like a redox reaction because none of
the species are ionic compounds so it is not clear which reactant is losing or gaining
electrons. Using oxidation numbers though, you can identify both an oxidation
process and a reduction process for the reaction.

0 0 +4 -2
C) + O,(8) = CO,(g)
The carbon is oxidised because its oxidation number increases from 0 to +4 and
the oxygen is reduced because its oxidation number decreases from 0 to —2.

0 An increase in oxidation number
indicates the element was
oxidised. A decrease in oxidation
number indicates the element
was reduced.

The use of oxidation numbers allows you to look at a chemical reaction and
determine whether it is a redox process.

Worked example 4.2.2

USING OXIDATION NUMBERS TO IDENTIFY OXIDATION AND REDUCTION
IN AN EQUATION

Use oxidation numbers to determine which element has been oxidised and
which has been reduced in the following equation:

CH,(g) + 20,(g) — CO,(g) + 2H,0())

Thinking Working

Determine the oxidation Choose C as the first element.

numbers of one of the 4 +4
elements on each side of CH,(g) + 20,(8) — CO,(g) + 2H,0()

the equation.

Assess if the oxidation number | The oxidation number of C has increased
has changed. If so, identify if from -4 to +4, so carbon in CH, has been
it has increased (oxidation) or oxidised.

decreased (reduction).

Determine the oxidation Choose oxygen as the second element.

numbers of a second element Q 2 2
on the left-hand and the CH,(g) + 20,(g) — CO,(g) + 2H,0()

right-hand side of the equation.

Assess if the oxidation number | The oxidation number of O has decreased
has changed. If so, identify if from 0 to -2, so O, has been reduced.

it has increased (oxidation) or
decreased (reduction).

Continue this process until Determine the oxidation numbers
the oxidation numbers of of hydrogen.
all elements have been

+1 +1
CH,(g) + 20,(g) — CO,(g) + 2H,0())
The oxidation number of H has not changed.

determined.
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Worked example: Try yourself 4.2.2

USING OXIDATION NUMBERS TO IDENTIFY OXIDATION AND REDUCTION
IN AN EQUATION

Use oxidation numbers to determine which element has been oxidised and
which has been reduced in the following equation:

CuO(s) + H (g) — Cu(s) + H,O()

Using oxidation numbers to identify conjugate redox pairs

When a half-equation is written for an oxidation reaction, the reactant, a reducing
agent, loses electrons. The product is an oxidising agent. We refer to the reactant
and the product that it forms as a conjugate redox pair.

For example, in the half-equation for the oxidation of zinc:

Zn(s) — Zn**(aq) + 2e”

zinc metal (Zn) is a reducing agent and it forms Zn?*(aq), an oxidising agent. Zn(s)
and Zn?*(aq) form a conjugate redox pair Zn(s)/Zn**(aq).

In the Zn(s)/Zn**(aq) conjugate redox pair, the oxidation number of zinc

0 When listing conjugate redox increases from 0 to +2. The increase in the oxidation number of zinc indicates that

pairs, it is best to inc.lu.dg the it is an oxidation half-reaction.
states of both the oxidising and

. For the reduction half-equation, the reactant is an oxidising agent and will gain
reducing agent.

electrons. The product formed is a reducing agent. Therefore, another conjugate
redox pair is present in the redox reaction.

For example, consider the half-equation for the reduction of Ag*(aq):

Ag'(aq) + e — Ag(s)

Ag*(aq) is an oxidising agent and forms Ag(s), which is a reducing agent. Ag*(aq)
and Ag(s) are also a conjugate redox pair. In this case, the oxidation number of
silver decreases from +1 to 0, indicating that this is a reduction half-equation.

The relationship between changes in oxidation numbers and conjugate redox
pairs can be seen by following the colour-coding in the equation in Figure 4.2.4.
One conjugate redox pair is red and the other one is blue.

conjugate
redox pair
oxidation
number
\0 +1 +2 0
ZnGs)  2Ag'aq) | Zn**(aq) + 2Ag(s)
reducing oxidising conjugate conjugate
agent agent oxidising agent reducing agent
conjugate %
redox pair

FIGURE 4.2.4 The change in oxidation numbers seen in conjugate redox pairs. For each redox
reaction, there are two conjugate redox pairs.
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4.2 Review

Oxidation numbers are calculated according to a

set of rules.

— Free elements have an oxidation number of 0.

— Inionic compounds composed of simple ions,
the oxidation number is equal to the charge on
the ion.

— Oxygen in a compound usually has an oxidation
number of -2.

— Hydrogen in a compound usually has an
oxidation number of +1.

— The sum of the oxidation numbers in a neutral
compound is 0.

— The sum of the oxidation numbers in a
polyatomic ion is equal to the charge on the ion.

Transition metals and some non-metals have

variable oxidation numbers that can be calculated

using the rules above.

An increase in the oxidation number of an element

in a reaction indicates oxidation has occurred.

A decrease in the oxidation number of an element

in a reaction indicates reduction has occurred.

oxidation number
increases

reducing
agent

For oxidation to occur, there must be a
corresponding reduction.

If there is no change in the oxidation number of all
elements in the equation for a reaction, then the
reaction is not a redox reaction.

A conjugate redox pair consists of an oxidising agent
(a reactant) and the reducing agent (a product) that
is formed when the oxidising agent gains electrons.
In this case, the oxidation number of the oxidising
agent decreases.

The other conjugate redox pair in a redox reaction

is made up of a reducing agent (a reactant) and

the oxidising agent (a product) that is formed when
the reducing agent loses electrons. In this case, the
oxidation number of the reducing agent increases.
Figure 4.2.5 summarises the redox terms that

you need to understand from this section. This
information is built up from the basic principles of
redox that were introduced in Heinemann Chemistry 1,
Chapter 16.

oxidation number
decreases

-
m

-

ﬁkeducing agent I /Oxidising agent I
- loses electrons - accepts electrons
- reduces the oxidising agent - oxidises the reducing agent
- undergoes oxidation - undergoes reduction
- is the reactant in the oxidation - is the reactant in the reduction
half-reaction: half-reaction:
reducing agent oxidising agent + ne-
y f
conjugate oxidised form + ne- VAN conjugate reduced form J

FIGURE 4.2.5 Summary of redox reaction terms.
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KEY QUESTIONS

1 State the oxidation number of carbon in:

CO

Co,

CH,

C (graphite)

HCO4~

2 Which one or more of the following substances contain manganese in the
+6 oxidation state: MnCl,, MnCl;, MnO,, K,MnO,, KMnO,?

3 Find the oxidation numbers of each element in the following compounds
or ions. Hint: For ionic compounds, use the charge on each ion to help you.

CaOo

CaCl,

HSO,~

MnO,”

I:2

S0,%

NaNO,

K,Cr,0,

4 Assign oxidation numbers to each element in these equations, and hence
identify the oxidising agents and reducing agents.
a Mg(s) + Cl(g) = MgCl(s)
b 2S0,(g) + 0,(8) — 2504(g)
¢ Fe,05(s) + 3CO(g) — 2Fe(s) + 3COL()
d 2Fe?*(aq) + H,0,(aq) + 2H*(aq) — 2Fe3*(aq) + 2H,0())

5 For each of the following redox reactions, complete the table to show the
conjugate redox pairs.

®O o 0 T o

oS 0o o 6 T o

Redox reaction Conjugate redox Conjugate redox

pair (oxidation pair (reduction
process) process)

Na(s) + Ag*(aq) — Na*(aq) + Ag(s)
Zn(s) + Cu?*(aq) — Zn%*(aqg) + Cu(s)
2K(s) + Cl,(g) — 2K*(s) + 2CI<(s)
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4.3 Writing complex redox equations

Not all oxidation and reduction half-equations involve simple ions and their
elements. Many interesting redox reactions, such as the iodine clock reaction shown
in Figure 4.3.1, involve reactants and products that have oxygen and hydrogen in
their formulas. In this section, you will learn how to balance more complex half-
equations in a few simple steps.

'l
.

|
/

FIGURE 4.3.1 This redox reaction involving colour changes is known as a clock reaction. The black
compound is a starch—iodine complex.

BALANCING OXYGEN AND HYDROGEN IN
HALF-EQUATIONS

Half-equations that involve atoms or simple ions can be written quite easily.
For example, knowing that magnesium metal is oxidised to form Mg?* ions in
solution, you can readily write the half-equation as:

Mg(s) —» Mg?**(aq) + 2¢e”

However, half-equations involving polyatomic ions are usually less obvious.
The anaesthetic nitrous oxide or laughing gas (N,O) can be prepared by the
reduction of nitrate ions in an acidic solution:

2NO, (aq) + 10H*(aq) + 8¢ — N,0O(g) + SH,O0()

Such equations can be deduced from the following steps. The reduction of
nitrate ions will be used to illustrate this process.

1 Balance all elements except hydrogen and oxygen in the half-equation.
2NO;-—> N,0O
2 Balance the oxygen atoms by adding water molecules.
2NO,” - N,O + 5H,0
3 Balance the hydrogen atoms by adding H* ions (which are present in acidic
solution).

2NO,™ + 10H* — N,O + 5H,0
4 Balance the charge in the equation by adding electrons.

In this case, the total charge on the left-hand side is (2 x —1) + (10 x +1) = +8.

The total charge on the right-hand side is 0. Make the charges equal by adding

8 electrons to the left-hand side.

2NO;” + 10H" + 8¢~ — N,0 + 5H,0
5 Add states to complete the half-equation.
2NO, (aq) + 10H*(aq) + 8¢™ — N,O(g) + SH,O0()

0 The steps outlined are for balancing redox half-equations in acidic solution only.
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When writing half- and overall equations, it is important that they are fully
balanced (Figure 4.3.2). The number of each element must be equal on each side,
just as with any other chemical equation. The charge for each side of the equation
must also be equal. It is important to remember that the charges being equal does
not mean they must be zero.

Charge

<

1 ol - &
¢ @ T

'S

SCECH o

—

(7

(

\Y

FIGURE 4.3.2 In balanced half- and overall equations, the number of atoms of each element is equal
on both sides and the total charge on each side is equal.

0 The steps for balancing complex redox half-equations must be carried out in
sequence for the process to work.

Worked Example 4.3.1 shows how to balance a complex redox half-equation.
The final equation in this example has an overall charge of +6 for each side.

Worked example 4.3.1
BALANCING A HALF-EQUATION IN ACIDIC SOLUTION

Write the half-equation for the reduction of an acidified solution of Cr,0,2" to
aqueous Cr3*.

Thinking Working

Balance all elements | There are 2 Cr atoms in Cr,0,2, so 2 Cr atoms are
except hydrogen and | needed on the right-hand side (RHS).

oxygen in the half- Cr.0.2- _ 2Cr3+

equation. 277

Balance the oxygen There are 7 O atoms in Cr,0,%7, so 7 H,0 molecules are
atoms by adding added to the RHS.

water. Cr,0, — 2Cr3* + 7H,0

Balance the There are now 14 H atoms on the RHS and none on
hydrogen atoms by the left-hand side (LHS), so 14 H* ions are added to
adding H* ions. the LHS.

Acids provide a Cr,0,2 + 14H" — 2Cr3* + 7H,0

source of H* ions.

Balance the charge The charge on the LHS is (-2) + (+14) = +12 and on
in the equation by the RHS is 2 x +3 = +6, so 6 electrons are added to the
adding electrons. LHS to make the charges equal.

Cr,0,2 + 14H" + 6e- — 2Cr3* + 7H,0

Add states to All states are (aq) except for water, which is (l).
complete the half- Cr,0,%(aq) + 14H*(aq) + 6e~ — 2Cr3*(aq) + 7H,0()
equation.
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Worked example 4.3.1: Try yourself
BALANCING A HALF-EQUATION IN ACIDIC SOLUTION

Write the half-equation for the reduction of an acidified solution of MnO,~ to

solid MnO.,,.

CHEMFILE

Vinegary wine or winey vinegar?

The oxidation of ethanol forms ethanoic acid. Ethanoic acid is the main ingredient
of vinegar and is responsible for its sourness. If a bottle of wine is left open to the
atmosphere for a few days, it becomes ‘vinegary’ and undrinkable.

This reaction is put to good use when specialist vinegars such as apple cider vinegar,
red wine vinegar and even beer vinegar (Figure 4.3.3) are made by deliberately
oxidising the appropriate alcoholic beverage under the right conditions.

The oxidation half-equation for the production of ethanoic acid from ethanol is given by:

C,H,OH(aq) + H,0(l) — CH,COOH(aq) + 4H*(aq) + 4e~

EXTENSION

FIGURE 4.3.3 A selection of vinegars.
From left to right: distilled malt vinegar, cider
vinegar, white wine vinegar and malt vinegar.

Balancing half-equations under alkaline conditions

If a redox reaction occurs in an alkaline environment,
OH- rather than H* can be used to balance the equation.
The steps are very similar to balancing redox processes
under acidic conditions as outlined below.

Consider the oxidation of cadmium, Cd(s), to Cd(OH),(s)
in alkaline solution.
1 Balance all elements except hydrogen and oxygen in

the half-equation.

Cd(s) — Cd(OH),(s)
2 Balance the hydroxide ions by adding OH=(aqg) on the

left-hand side of the equation.

Cd(s) + 20H"(ag) — Cd(OH),(s)
3 Balance the charge by adding electrons on the right-

hand side of the equation.

Cd(s) + 20H"(ag) — Cd(OH),(s) + 2e~

Sometimes it is not obvious where the hydroxide ions
should be placed; for example, in the reduction of oxygen
to form water. In this case, you can balance the half-
equation as though it occurs in acidic solution, then add
hydroxide ions later. Follow the steps below to see how this
is done.
1 Balance the oxygen atoms by adding water.

0,(g) — 2H,0()

2 Balance the hydrogen atoms by adding H* ions.
0,(g) + 4H"(aq) — 2H,0(1)
3 Balance the charge by adding electrons.
0,(g) + 4H*(aq) + 4e” — 2H,0())
4 Add enough hydroxide ions to both sides of the equation
to neutralise the H* ions on the left-hand side of
the equation.
0,(g) + 4H*(aq) + 40H(aq) + 4e~ — 2H,0(l) + 40H"(aq)
5 The neutralisation reaction between H*(aq) and OH=(aq)
produces water, so cancel out the water molecules on
the sidezwhere there are less water molecules.
0,(8) + &H,0(l) + 4e~ — 2HQ() + 40H~(aq)
0,(g) + 2H,0(l) + 4e~ — 40H(aq)
While you will not see many examples of balancing
under alkaline conditions during your study of Units 3
and 4 Chemistry, you will probably have made use of
these reactions many times in your daily life. For example,
the redox process that generates electricity in a common
alkaline battery is maintained through alkaline conditions
rather than acidic conditions.
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OVERALL REDOX EQUATIONS UNDER ACIDIC CONDITIONS

To write an overall redox equation, you add the oxidation half-equation to the
reduction half-equation, making sure that the number of electrons used in reduction
equals the number of electrons released during oxidation. In addition, for redox
reactions under acidic conditions, H* ions and H,O molecules are also present as
reactants and products, which will need to be cancelled down.

Worked example 4.3.2

COMBINING HALF-EQUATIONS TO WRITE OVERALL REDOX EQUATIONS
UNDER ACIDIC CONDITIONS

Write balanced oxidation and reduction half-equations for the reaction in which C,H,OH(aq) and Cr2072‘(aq) react to form
CH,COOH(aq) and Cr3*(aq). Then write the overall redox equation for the reaction.

Thinking

Working

Identify one reactant and the product it forms, and write C,H;OH(aq) + H,0(l) - CH;COOH(aq) + 4H*(aq) + 4e-

the balanced half-equation.

Identify the second reactant and the product it forms, and Cr,0,%(aq) + 14H*(aq) + 66~ — 2Cr3*(aq) + 7H,0(l)

write the balanced half-equation.

Multiply one or both equation(s) by a suitable factor to Lowest common multiple = 12
ensure that the number of electrons on both sides of the 3 x [C,H,0H(aq) + H,0(l) - CH,COOH(aq) + 4H*(aq) + 4¢7]

arrow is equal.

2 x [Cr,0,2(aq) + 14H*(aqg) + 6e~ — 2Cr3*(aq) + 7H,0())]
3C,H;OH(aq) + 3H,0(l) — 3CH,COOH(aq) + 12H"(aq) + 12¢-
2Cr,0,%(aq) + 28H*(aq) + 12e~ — 4Cr3*(aq) + 14H,0())

Add the oxidation and the reduction half-equations 3C,H,0OH(aq) + 3H;60() - 3CH,COOH(aq) + 12H*aq) + _12¢
together, cancelling electrons so that none appear in the 16H* 11H,0

final equation.

Also cancel H,0 and H* if these occur on both sides 3C,H,OH(aq) + 2Cr,0,%<(aq) + 16H*(aq) —

of the arrow.

2Cr,0,2-(aq) + 28Haq) + 126" — 4Cr3*(aq) + 14H;0)

3CH,COOH(aq) + 4Cr3*(aq) + 11H,0())

FIGURE 4.3.4 The oxidation of ethanol,
described in Worked Example 4.3.2, was the
basis of an older form of the breathalyser.

The presence of alcohol in a motorist’s breath
was identified by a colour change in the
oxidising agent, potassium dichromate. During
the reaction, the yellow-orange colour of
dichromate ions changed to the green colour of
chromium(lll) ions as the alcohol was oxidised.

Worked example 4.3.2: Try yourself

COMBINING HALF-EQUATIONS TO WRITE OVERALL REDOX EQUATIONS
UNDER ACIDIC CONDITIONS

Write balanced oxidation and reduction half-equations for the reaction in which
S0,27(aq) and ClO~(aq) react to form H,S(g) and ClO, (aq). Then write the overall
equation for the reaction.

Some strong oxidising agents such as potassium dichromate are highly coloured.
The change in colour that occurs as the redox process proceeds can be used for a
number of chemical analyses.

The reaction of an alcohol with acidified dichromate as seen in Worked Example
4.3.2 can be followed by the colour change of the solution from orange to green
(Figure 4.3.4). This colour change was the basis for older form of handheld
breathalysers used for testing the blood alcohol level of drivers.
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| CHEMISTRY IN ACTION |

Alcohol and the road toll

Drinks such as wine, beer, vodka and bourbon contain Regulations require that the ethanol content of alcoholic
ethanol (CH,CH,OH). Ethanol acts as a depressant, slowing drinks be specified on their labels, since the content
the functioning of the brain. When alcoholic drinks are determines how much drink can be consumed without
consumed in excess, their intoxicating qualities can lead adverse effects.
to antisocial behaviour and can damage a person’s health. Because ethanol slows down reaction time, it seriously
The ethanol content of alcoholic drinks varies, as shown affects a person’s driving skills. It is estimated that alcohol
in Table 4.3.1. has contributed to nearly 40% of all road accidents.
Governments have responded by introducing penalties,
TABLE 4.3.1 Typ|Ca| ethanol contents of selected alcoholic beVerageS such as fines and licence disqua“'ﬂca‘tion7 for drivers whose
Ethanol content blood alcohol concentration exceeds a certain level—
(%v/V) typically 0.05%(m/v). Probationary or P-plate drivers are
Spirits (brandy, bourb i dk = required to have a zero blood alcohol level.
Irits randy, bourpon, gin, rum, vodka . . . .
wFf)]iskey etc.) Y & The introduction of penalties, a policy of randomly
— - testing motorists for blood alcohol level, and various
ort, sherry advertising campaigns have all helped to increase public
Wines (including sparkling wines) 12 awareness of the link between alcohol consumption and
Aeshalic ceer 10 road accidents. Figure 4.3.5 shows how the road toll in
- - Victoria changed during the period when these various
eer ' measures designed to discourage drink driving were
‘Light’ beer 2.5 introduced.
Pre-mixed vodka-based drinks 9
10
0.05% law
el introduced
9 - \/\
8 ramnin
&
S 7+
<
S \
(e
S 6+ A
9 \
g 5 /D ’\ zero blood
£ increased - alcohol for
g blood glcohol prpbatlonary 3 km/h tolerance
= 4 penalties drivers .
T 4 on speeding replaces
P 10% tol
. N\ 50 knv/h fimitin = ] oo
3 random . N\ residential areas
breath-testing No—a | o~ introduced
introduced \ 40 km/h around
2 schools
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FIGURE 4.3.5 Deaths on Victorian roads 1960—2015. Continual improvements and action on road safety, including crackdowns on drink-driving,

has seen the road toll continue to decrease.
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FIGURE 4.3.6 Breathalysers are used to analyse the blood alcohol content of motorists. The sensor detects the change in colour as the ethanol is
oxidised to ethanoic acid in the presence of acidified potassium dichromate.

Chemists were involved in the invention of the
breathalyser, an instrument designed for police to use to
estimate blood alcohol content (Figure 4.3.6). Rather than
analysing samples of blood, this instrument measures
the concentration of alcohol in a person’s breath, which
is closely related to the concentration of alcohol in
their blood.

If this screening test indicates that a driver’s blood
is over 0.05%(m/v), more accurate measurements
are taken either in a ‘booze bus’ or at a police station.

The blood alcohol content may then be confirmed by
instrumental techniques such as infrared spectroscopy or
gas-liquid chromatography. Some police departments also
use alcohol fuel cell sensors.

The first breathalysers operated by detecting the colour
change that occurs when ethanol reacts with an acidified
solution of potassium dichromate (K,Cr,0,), forming
Cr3* ions and ethanoic acid. The redox reaction can be
represented by the equation:

(aq) + 3CH,CH,0H(g) + 16H*(aq) — 4Cr*(aq) + 3CH,CO0H(aq) + 11H,0(l)

orange

CHEMFILE

Elephant’s toothpaste
Hydrogen peroxide is such a strong oxidising agent that it can
even oxidise itself, decomposing to form water and oxygen gas:
H,0,(aq) + H,0,(aq) — 2H,0(]) + 0,(g)
In this reaction the two half-equations are:
H,0,(aq) + 2H*(aq) + 2~ — 2H,0(l)

H,0,(aq) — 0,(g) + 2H*(aq) + 2e~
The decomposition reaction of hydrogen peroxide is the basis
for the impressive ‘foam column’ or ‘elephant’s toothpaste’

demonstration that is commonly shown by chemistry teachers
to their classes.

When detergent and a catalyst are added to concentrated
hydrogen peroxide solution, a column of foam is formed
(Figure 4.3.7).

120

green

FIGURE 4.3.7 The ‘elephant’s toothpaste” demonstration involves a
redox reaction in which hydrogen peroxide reacts with itself to form
water and oxygen gas. In this reaction, the hydrogen peroxide is
both the reducing agent and the oxidising agent. In this image, solid
potassium iodide catalyst is added to hydrogen peroxide solution.
Red colouring has also been added for effect.

AREA OF STUDY 1 | WHAT ARE THE OPTIONS FOR ENERGY PRODUCTION?



4.3 Review

« To balance redox half-equations under acidic + To write an overall equation, add the oxidation
conditions: half-equation and the reduction half-equation,
1 Balance all atoms except hydrogen and oxygen. making sure that the number of electrons used in
2 Balance the oxygen atoms by adding water reduction equals the number of electrons released
molecules. during oxidation.
3 Balance the hydrogen atoms by adding H* ions. + When combining oxidation and reduction half-
4 Balance the charge by adding electrons. equations under acidic conditions, any H*(aq)

and H,O(l) that appear on both sides of the arrow

A .
5 Add states should be cancelled down.

KEY QUESTIONS

1 Write half-equations for the:

reduction of MnO, to Mn2*

reduction of MnO,~ to MnO,

reduction of SO,% to H,S

oxidation of SO, to SO,

oxidation of H,S to S

oxidation of SO,2~ to SO,2~.

2 When zinc powder is sprinkled into an acidified solution of potassium
dichromate, a reaction occurs that produces zinc ions and chromium(lll)
ions in solution.

a Write the oxidation half-equation for the reaction.

b Write the reduction half-equation for the reaction.

¢ Use your answers to parts a and b to write a balanced equation for the
overall reaction.

- 0o Q 0 T o

3 Write the half-equations and the balanced overall equation for the reaction
in which:

a a solution containing iron(ll) ions is oxidised by an acidified solution
containing dichromate ions (Cr,0,%). The products include iron(lll) and
chromium(lll) ions

b a solution containing sulfite ions (SO;2°) reacts with an acidified
solution of permanganate ions (MnO,") to produce a colourless solution
containing sulfate ions and manganese(ll) ions

¢ manganese dioxide (MnO,) reacts with concentrated hydrochloric acid
to form chlorine gas and a solution containing manganese(ll) ions.

4 The following equations are not balanced.
i |dentify the species that has been reduced and the species that
has been oxidised.
ii Write balanced half-equations for the oxidation and reduction
reactions.
iii Combine the half-equations to write a balanced overall equation.

a Ce*(aq) + H,S(g) — Ce**(aq) + S(s) + H*(aq)

b NO,7(aq) + H*(aq) + Cu(s) — NO(g) + H,O(l) + Cu?*(aq)

¢ H,0,(aq) + Br(ag) + H*(ag) — Br,(I) + H,0())

d MnO,(s) + H*(aq) + S(s) » Mn2*(aq) + H,0(l) + SO,(g)

__________________________________________________________________________________________
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Chapter review

KEY TERMS

conjugate redox pair
half-equation

main group metal
oxidation

oxidation number
oxidised
oxidising agent
redox reaction

122

Oxidation and reduction
1 State whether each of the statements are true or false.
a Group 1 and 2 metal ions, such as Na®, are
reducing agents because they tend to lose
electrons.
b Group 17 molecules, such as |,, can be oxidising
agents or reducing agents.
¢ Non-metal ions, such as ClI-, can be reducing agents
because they can lose electrons.
d Metals, such as Cu, can be oxidising agents because
they can gain electrons.

2 Complete the following sentences, which describe
oxidation and reduction.
Oxidation and reduction occur together. Oxidation
occurs when an atom electrons to
form a ion, such as happens when a
calcium atom, with an electronic configuration of
2,882 electrons to form a Ca2* ion.
Reduction occurs when an atom
electrons to form a ion or a cation

electrons to become a neutral atom. An

example is when a bromine atom, with
electrons in its valence shell,
to form a ion.

an electron

3 Lead metal is oxidised to form Pb?* ions by reaction
with silver ions in solution. Write half-equations for the
reaction and then write the balanced overall equation.

4 Classify each of the following half-equations as either
oxidation or reduction half-equations.

Mg(s) — Mg?*(aq) + 2e-

2Br(aq) — Bry(aq) + 2e

Cu?*(aq) + 2e~ — Cu(s)

K(s) —» K*(aq) + e~

Fe3*(aq) + e~ — Fe?*(aq)

I,(aq) + 2e- = 2I<(aq)

5 Each of the following half-equations have a mistake
in them. For each half-equation state what the error
is and then write the correct half-equation.

Ag(s) + &= — Ag'(aq)

Cu(s) + e —» Cu?*(aq) + 3e-

Zn(aq) — Zn%*(s) + 2e-

I,(ag) + e~ — I(aq)

Na*(aq) — e- — Na(s)

-~ 0O O 0 T 9

<)

® o O T

reduced

reducing agent
reduction
transition element

6 Identify the reducing agent in each of these redox
reactions.
a 2Cu(s) + 0,(g) — 2Cu0(s)
b Mg(s) + Cl,(g) — MgCl(s)
¢ 2Fe3*(aq) + Zn(s) — Zn2*(aq) + 2Fe?*(aq)
d 2Agt(aq) + Ni(s) — Ni%*(aq) + 2Ag(s)

Oxidation numbers

7 What is the oxidation number of sulfur in each of
the following compounds?

SO,

H,S

H,SO,

SO,

Na,SO,

Na,S,0,

8 Complete the following table.

Canpouns | coment | oxston number

- 0o o 0 T o

CaCO, Ca

HNO, 0

H,0, =l
HCO,~ +4
HNO, N

KMnO,~ Mn

H,S S

Cr,0,4 Cr

N,O, N

9 Place the following substances in order of increasing
oxidation states of nitrogen.
NO, K;N, N,0,, N,O, Ca(NO,),, N,O;, N,

10 Which of the following reactions are redox reactions?
Give reasons for each of your answers.
a BaCl, + H,SO, —» BaSO, + 2HCI

2Ag + Cl, — 2AgCl

2FeCl; + SnCl, — 2FeCl, + SnCl,

ZnCO, — Zn0 + CO,

HPO,2 + I, + OH- — H,PO,~ + 2I-

2Cu* — Cu?* + Cu

CaF, —» Ca?* + 2F-

P, + 6H, » 4PH,

>m =0 o 6 T
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11 Complete the table by determining the oxidation
number of the underlined atom in the compound

or ion.
I ) T T e
CuO
b Fe(OH),
c HClo,
d MnO,
e Cr,0,%~

12 Copper bowls and trays can be decorated by etching
patterns on them using concentrated nitric acid. The
overall reaction is:

Cu(s) + 4HNO; (ag) — Cu(NO,),(aq) + 2NO,(g)
+ 2H,0())
a What is the oxidation number of copper:
i before the reaction?
ii after the reaction?
b What is the oxidation number of nitrogen:
i before the reaction?
ii after the reaction?
¢ Name the oxidising agent and reducing agent
in this process.
13 Complete the following table, giving the conjugate

redox pairs for each of the reactions.
Conjugate | Conjugate

redox pair

(reduction)

redox pair
(oxidation)

Fe(s) + I(aq) — Fel,(aq)

Mg(s) + FeCl(aq) — MgCl (aq)
+ Fe(s)

10Br(aq) + 2Mn0O,(aq) + 16H*(aq)
— 2Mn2*(aq) + 8H,0(l) + 5Br,(aq)

Cu(s) + 2NOz(aq) + 4H*(aq) —
Cu?*(aq) + 2NO(g) + 2H,0(l)

Writing complex redox equations

14 Complete the summary below as you balance the
half-equation for the reduction of NO;~ to NO, in
acidic solution.

NO,(aq) — NOL(g)

Task How it’s done Half-
equation

Balance NO,(aq) —
nitrogens. Nog(g)
2 Balance Add H,0
oxygens by molecule(s) to
adding right-hand side of
the equation.
3 Balance Add H* ion(s)
hydrogens by to of
adding the equation.
4 Balance charge  Charge on left-hand
by adding side =
. Charge on right-hand
side =
Add e to
the of the
equation.
5 Add state Give the appropriate
symbols to give  states for each
the final half reactant and product
equation. in the equation.

15 The unbalanced half-equation for the reduction of the
iodate ion (1057 is:
21057(aq) + xH*(aq) + ye~ — l,(aq) + zH,0(1)
Complete the equation by inserting the correct
coefficients for x, y and z.

16 When sulfur dioxide is bubbled through an acidified
solution of sodium dichromate, sulfate ions and
green chromium(lll) ions are formed. Write the half-
equations for this reaction and then deduce the
balanced overall equation.

17 During each of the following analyses, redox reactions
occurred. Write half-equations for the oxidation and
reduction reactions. Use these half-equations to write
an overall equation for each reaction.

a Zinc was analysed by reacting it with a solution of
Pb2* jons. Lead metal was precipitated and Zn%*
ions were formed.

b The amount of Fe2* ions in iron tablets was
determined by oxidising them to Fe3* ions, using
an acidified solution of MnO,~ ions. The MnQO, ions
were reduced to Mn?* ions during the reaction.

¢ Sulfur(lV) dioxide (SO,), a preservative in dried
fruit, was determined by oxidation to SO,?- using
a solution of ... lodide (I") ions were produced.

CHAPTER 4 | REDOX REACTIONS

123



18

19

20

d An acidified solution of bleach, which contains
OCI- ions, was titrated against a solution of I~ ions.
The reaction products included CI~ and L.

In dry cells commonly used in torches, an electric
current is produced from the reaction of zinc metal
with solid MnO,. During this reaction, Zn?* jons and
solid Mn,0; are formed. Write half-equations, and
hence an overall equation, for the reaction.
Vitamin C is an essential vitamin to maintain good
health. The amount of vitamin C present in food can
be determined by titration against a solution of iodine,
using starch as an indicator. The reaction is a redox
process and can be represented by the following
overall equation:
CeHgOg(aq) + I(aq) — C,HO4(aq) + 2H"(aq) + 2I7(aq)
a Write the two half-equations for the reaction.
b Identify each reaction as either oxidation
or reduction.
Answer the following questions about the reaction of
H;AsO,(aq) with I"(ag). The unbalanced equation for
the reaction is:
H,AsO,(aq) + I7(ag) — As,04(s) + 1057(aq) + H,O(l)
a Write the two half-equations for the reaction.
b Write a balanced overall equation using your two
half-equations from part a.

Connecting the main ideas

21

124

As a result of a traffic accident, residents in a
Melbourne suburb had to be evacuated when toxic
fumes leaked from a container of sodium dithionite
(Na,S,0,). The dithionite ion reacts with water
according to the equation:
2S,0,%(aq) + H,0(l) » S,0,2(aq) + 2HSO, (aq)
a State the oxidation number of the sulfur in the

following ions.

i 5,0,

i S,0,2

iii HSO,~

22

23

b Write half-equations for the oxidation and reduction
reactions that occur when sodium dithionite is
mixed with water.

Solid ammonium dichromate decomposes to form

chromium(lll) oxide, nitrogen gas and steam.

a Calculate the oxidation numbers of chromium and
nitrogen in the reactant ammonium dichromate
((NH,),Cr,0,) and the products Cr,0; and N,
Identify which reactants have been reduced and
oxidised.

b Complete and balance the following half-equations.
i NH,(s) = N,(8)

i Cr,0,%(s) - Cr,04(s)

¢ lIdentify each of the half-equations in part b as
either reduction or oxidation processes and explain
your answer in terms of oxidation numbers.

d Write the balanced overall equation for the reaction
that occurs.

e lIdentify the conjugate redox pairs for the reaction.

The thermite process can be used to weld lengths of

railway track together. A mould placed over the ends

of the two rails to be joined is filled with a charge

of aluminium powder and iron(lll) oxide. When the

mixture is ignited, a redox reaction occurs to form

molten iron, which joins the rails together, and

aluminium oxide.

a Write a half-equation for the conversion of iron(lll)
oxide to metallic iron and oxide ions.

b Is the half-equation you wrote for part a, an
oxidation or a reduction process?

¢ Write the overall equation for the thermite process.

d What mass of iron(lll) oxide must be present in the
charge if each joint requires 3.70 g of iron to weld
it together?
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CHAPTER

Galvanic cells as a source
of energy

By the end of this chapter, you will know how galvanic cells generate electricity
from chemical reactions. You will see how experimental data from galvanic cells
can be used to compare the relative strengths of oxidising and reducing agents.

You will compare an exothermic redox reaction in a test tube with the same redox
reaction where the reactants are in separate half-cells and electron transfer is used
to produce a portable energy source.

The relative strengths of oxidising and reducing agents are conveniently
summarised in a table known as the electrochemical series. You can use the
electrochemical series to predict the likelihood of individual redox reactions
occurring, and to calculate the potential differences of different galvanic cells.

Finally, you will investigate how different types of galvanic cells are used as a
source of power for a range of uses.

Key knowledge

« Redox reactions with reference to electron transfer, reduction and oxidation
reactions, reducing and oxidising agents
The writing of balanced half-equations for oxidation and reduction reactions
and balanced ionic equations, including states, for overall redox reactions
Galvanic cells as primary cells and as portable or fixed chemical energy storage
devices that can produce electricity (details of specific cells not required)
including common design features (anode, cathode, electrolytes, salt bridge
and separation of half-cells) and chemical processes (electron and ion flows,
half-equations and overall equations)
The comparison of the energy transformations occurring in spontaneous
exothermic redox reactions involving direct contact between reactants
(transformation of chemical energy to heat energy) compared with those
occurring when the reactants are separated in galvanic cells (transformation
of chemical energy to electrical energy)
The use of the electrochemical series in designing and constructing galvanic
cells and as a tool for predicting the products of redox reactions, deducing
overall equations from redox half-equations and determining maximum cell
voltage under standard conditions
The operation of rechargeable batteries (secondary cells) with reference to
discharging as a galvanic cell and recharging as an electrolytic cell, including
the redox principles (redox reactions and polarity of electrodes) and the factors
affecting battery life with reference to components and temperature (no specific
battery is required)

VCE Chemistry Study Design extracts © VCAA (2015); reproduced by permission.




FIGURE 5.1.1 Your way of life depends on cells
and batteries.

FIGURE 5.1.2 An original voltaic pile.

The pile is 15 ¢cm high and contains
alternating copper and zinc discs separated
by cardboard.

FIGURE 5.1.3 Construction of a galvanic cell
from simple laboratory equipment.

5.1 Galvanic cells

Electronic devices such as mobile phones, notebook computers, cameras and
hearing aids all depend on small portable sources of electricity: cells and batteries
(see Figure 5.1.1). Portable energy in the form of cells and batteries enables you to
operate electrical equipment without the restrictions of a power cord.

The demand for electronic devices has stimulated the production of a variety of
cells, from tiny button cells for watches and calculators, to the huge batteries used
to operate lighthouses. The energy provided by cells and batteries may be more
expensive than energy from other sources, such as fossil fuels, but this cost is offset
by their convenience.

In this section, you will find out how cells are constructed, and how they provide
you with a source of electrical energy.

| CHEMISTRY IN ACTION |

A technological leap beginning with
a frog’s leap

The history of electrochemistry began in 1791 when Italian biologist Luigi
Galvani and his assistant were experimenting with dissected frogs. They were
startled to see a frog’s leg hanging on a copper hook twitch when it touched
an iron rail. The muscles of the frog were stimulated by an electric shock.
Galvani had just discovered how to generate a current. His ‘error’ was in
thinking that the current was some sort of life force, a perfectly reasonable
idea for the time.

Other scientists set out to investigate the possibility that metals were
involved in this phenomenon. After several years’ work, in 1800, Alessandro
Volta developed a device that used a chemical reaction to produce an electric
current. Figure 5.1.2 shows the device, now called a ‘voltaic pile’. It consisted
of a stack of alternating copper and zinc discs separated by cardboard soaked
in salt water.

INTRODUCING GALVANIC CELLS

An electrochemical cell is a device in which chemical energy is converted into
electrical energy, or vice versa. A galvanic cell (which is also known as a voltaic
cell) is a type of electrochemical cell in which chemical energy is converted into
electrical energy. The cells in your mobile phone and laptop are galvanic cells.

If we connect several cells in series to obtain a higher potential difference or
‘voltage’, the combination of cells is called a battery. The term ‘battery’ strictly
only applies to a combination of cells, but it is in everyday use to describe cells
as well.

Figure 5.1.3 shows how you can produce a galvanic cell from simple laboratory
equipment.

In Figure 5.1.4, you can see a diagram of a cell called the Daniell cell, named
after the scientist who invented it in 1836, John Daniell. The cell produces an
electric current that flows through the wire and light globe. This part of the cell is
called the external circuit. The globe converts the electrical energy of the current
into light and heat.
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low-power
light globe

salt bridge: a strip of
filter paper soaked in
potassium nitrate solution

_N%—_

zinc electrode copper

electrode

zinc sulfate solution/u copper(ll) u

sulfate solution

FIGURE 5.1.4 The Daniell cell is a type of galvanic cell.

The current flows because a chemical reaction is taking place in the cell. If you
leave the cell with a light globe connected for several hours, you will see evidence of
this reaction occurring: the zinc metal corrodes, the copper metal becomes covered
with a furry dark brown deposit and the blue copper(II) sulfate solution loses some
of its colour.

CHEMFILE

The Daniell cell

In 1836, English chemist John Daniell invented a device that could supply a useful
electric current. The device, which became known as the Daniell cell, was used almost
exclusively to power the early English and US telegraph systems because of its reliable
output.

If you replace the light globe with a galvanometer (an instrument for detecting
electric current), the galvanometer will indicate that electrons flow from the zinc
electrode through the wire to the copper electrode. Current flows only if the two
halves of the cell are connected by a salt bridge. A salt bridge is often made from
filter paper soaked in a relatively unreactive electrolyte, such as a solution of
potassium nitrate.

These observations lead to the following explanations about what is occurring
in a galvanic cell.

e The reaction in the cell is a redox reaction, because electrons are being
transferred.
e The zinc electrode corrodes because the zinc metal forms zinc ions in solution:
7Zn(s) — Zn**(aq) + 2e”
e The oxidation of the zinc metal releases electrons, which flow through the wire
to the copper electrode.
¢ Electrons are accepted by copper(Il) ions in the solution when the ions collide
with the copper electrode:
Cu?*(aq) + 2e” — Cu(s)
e The copper metal that is formed deposits on the electrode as a dark brown
coating.
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In this cell, there is a transformation of chemical energy to electrical energy.
Figure 5.1.5 shows the processes that occur during the operation of the cell.
The equation for the overall reaction is found by adding the two half-equations:

Cu?*(aq) + Zn(s) = Cu(s) + Zn?**(aq)

electron flow

T salt bridge l

zinc

I, 1| copper
T (e} o)

N \ C“ f\{"\@J
S8 E
N ) \ @

Zn(s) - Zn**(aq) + 2e” Cu**(aq) + 2e~ — Cu(s)

() o) )

/

FIGURE 5.1.5 A representation of the electrode reactions in a Daniell cell. The salt bridge contains
potassium nitrate solution.

This redox reaction is described as a spontaneous reaction because it occurs
naturally.

Copper(II) ions act as the oxidising agent, or oxidant, and zinc metal acts as
the reducing agent, or reductant.

ﬂ A chemical that causes another substance to be oxidised is called an oxidising
agent and is itself reduced in the redox reaction. Similarly, a chemical that
causes another substance to be reduced is called a reducing agent. Reducing
agents are oxidised in redox reactions.

ENERGY TRANSFORMATIONS IN DIRECT REACTIONS

You may have seen a similar reaction to the one that occurs in a Daniell cell if
you have copper-plated a piece of metal, such as zinc. When zinc is immersed in
an aqueous solution containing Cu?*(aq) ions, the metal becomes coated in dark
brown copper (Figure 5.1.6). At the same time, thermal energy is produced, which
escapes into the surrounding environment as heat.

The overall equation for this metal displacement reaction is:

FIGURE 5.1.6 Cu®*(aq) ions in blue-coloured

copper(ll) sulfate solution reacting directly with 2 "
a strip of zinc metal. Cu**(aq) + Zn(s) — Cu(s) + Zn**(aq)
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This reaction is an example of a spontaneous exothermic reaction. If the
reactants are allowed to come into direct contact with each other, their chemical
energy is transformed directly to thermal energy. However, in a galvanic cell, the
half-reactions occur in separate containers, and the electrons are transferred by the
external circuit so that chemical energy is transformed into electrical energy.

The energy changes that occur in galvanic cells and when reactants undergo
direct reaction are summarised in Figure 5.1.7.

HOW A GALVANIC CELL OPERATES

A galvanic cell is designed so that half-reactions occur in two separate compartments
of the cell. Because the oxidising agent and reducing agent do not come into direct
contact with each other, electrons can only be transferred through an external
circuit connecting the negative and positive electrodes.

This flow of electrons creates an electric current. Therefore, the chemical energy
of the reactants is transformed into electrical energy.

Half-cells

A galvanic cell can be regarded as consisting of two half-cells. Each half-cell
contains an electrode in contact with a solution (see Figure 5.1.8). In the Daniell
cell, one half-cell contains Cu(s) and Cu?*(aq); the other contains Zn(s) and
Zn**(aq). The species present in each half-cell forms a conjugate redox pair (an
oxidising agent and its corresponding reduced form).

If one member of the conjugate pair in a half-cell is a metal, it is usually used as
the electrode. Some redox pairs, such as Br,(aq)/Br~(aq) and Fe3*(aq)/Fe?*(aq), do
not involve solid metals. If no metal is present, an inert (unreactive) electrode, such
as platinum or graphite, is used, as shown in Figure 5.1.8.

silver platinum
— electrode m electrode

Ag*(aQ) Fe3+(aq) and

Fe**(aq)

Ag*(aq)/Ag(s) half-cell Fe**(aq)/Fe**(aq) half-cell

FIGURE 5.1.8 Typical half-cells. The Fe3*(ag)/Fe?*(aq) half-cell on the right does not contain a solid
metal to act as an electrode, so an inert platinum electrode has to be added.

In some half-cells, one of the conjugate pairs may be a gas. In such cases, the
special ‘gas electrode’ like the one shown in Figure 5.1.9 for the H*(aq)/H,(g) half-
cell is used. Note that half-cells usually contain other species not involved in the
reaction, such as spectator ions and the solvent.

The electrode at which oxidation occurs is called the anode. In a galvanic cell,
the anode, where electrons are released, is described as the negative terminal. The
electrode at which reduction occurs is called the cathode. The cathode, where
electrons are gained, is the positive terminal in a galvanic cell.

The purpose of the salt bridge

The salt bridge contains ions that are free to move so that they can balance charges
formed in the two compartments. Cations move towards the cathode and anions
move towards the anode.

Without a salt bridge, the solution in one compartment in the galvanic cell
would accumulate negative charge and the solution in the other compartment
would accumulate positive charge as the reaction proceeded. Such accumulation of
charge would stop the reaction very quickly and, hence, prevent further reaction.

The salt bridge is also called the internal circuit.

CHAPTER 5 | GALVANIC CELLS AS A SOURCE OF ENERGY
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chemical
energy \
direct heat
reaction energy

FIGURE 5.1.7 Energy transformations that occur
when reactants are separated in a galvanic cell
and when the reactants react directly.

platinum electrode

H,(g) %:/ N glass tube

H*(aq)

H*(aq)/H,(g) half-cell

FIGURE 5.1.9 A H"(aq)/H,(g) half-cell consists
of a platinum rod in a solution of H*(aq) with H,
gas bubbling through the solution.

0 Cations in the salt bridge move
towards the cathode and anions
in the salt bridge move towards
the anode.
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WRITING HALF-CELL EQUATIONS

If a conjugate redox pair consists of an element and its corresponding ion, then
the half-equation is relatively easy to write. For instance, knowing that a reduction
reaction involves the conjugate redox pair of Zn?* ions and Zn, you can quickly
write the half-cell equation as:

7Zn’**(aq) + 2e- = Zn(s)

Half-cell equations involving polyatomic ions may be more complex to write.
The equation for the reduction reaction in a half-cell containing the dichromate ion
(Cr,0,%) and Cr** ion redox pair is:

Cr,0.%(aq) + 14H*(aq) + 6e~ — 2Cr**(aq) + 7TH,0())

You learned to write half-equations such as these in Chapter 4.

€ n balanced half- and overall equations, the:
e number of atoms of each element is equal on both sides
e total charge on each side is equal.

Writing an overall equation for a cell reaction

The half-equations for the oxidation and reduction reactions that occur in a cell can
be added together to obtain an overall, or full, equation. An overall equation does
not show any electrons; all the electrons lost in the oxidation reaction are gained in
the reduction reaction. You may need to multiply one or both half-equations by a
factor to ensure that the electrons balance and can be cancelled out in the overall
equation.

o The number of electrons lost in the oxidation reaction must equal the number
of electrons gained in the reduction reaction.

DRAWING AND LABELLING A DIAGRAM OF A GALVANIC
CELL

If you know the reaction occurring in a galvanic cell, then you can draw a diagram
of the cell identifying key features, such as the anode, cathode, electrode polarity,
direction of electron flow and direction of the flow of ions.

For example, consider a cell with the cell reaction:
Cu(s) + ClL,(g) — Cu?*(aq) + 2CI'(aq)
From this reaction, you can see that:

e copper metal is at the anode (because copper is oxidised and oxidation occurs
at the anode)

e chlorine gas is present at the cathode (because chlorine is reduced and reduction
occurs at the cathode).

As in all galvanic cells:

e clectrons flow through the external circuit from the anode (negative) to the
cathode (positive)

e anions flow in the internal circuit to the anode and cations flow towards
the cathode.
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This information is used to draw and label the diagram of the cell as shown in
Figure 5.1.10.

platinum cathode —

chlorine gas —

direction of electron flow

-

galvanometer

cations anions

CI- solution Cu?* solution

™ copper anode

CL(g) + 2¢ = 2Cl(aq)  Cu(s) = Cu**(aq) + 2¢"

FIGURE 5.1.10 A diagram of the cell containing Cl,(g)/Cl™(aq) and Cu®*(ag)/Cu(s) half-cells.

5.1 Review

The reactions that occur in galvanic cells are
spontaneous and exothermic.

In a galvanic cell, chemical energy is converted
directly into electrical energy in a redox reaction.

A cell is made from two half-cells.

Each half-cell contains a conjugate redox pair.

An oxidation reaction occurs in one half-cell and

a reduction reaction occurs in the other half-cell.
The electrode in the half-cell in which oxidation
occurs is called the anode; the electrode in the half-
cell in which reduction occurs is called the cathode.
In galvanic cells, the anode is negative and the
cathode is positive.

Electrons flow through the external circuit from the
anode to the cathode.

A salt bridge allows a cell to produce electricity by
preventing the accumulation of charge. Cations

in the salt bridge move towards the cathode and
anions move towards the anode.

If the reactants in a galvanic cell reaction are
allowed to come into direct contact, chemical energy
is converted into heat energy rather than electrical
energy.

» These key concepts about a galvanic cell are
summarised in Figure 5.1.11.

galvanometer

| cathode
~ alx
A

salt bridge

anions cations

I
oxidation at anode reduction at cathode

FIGURE 5.1.11 Key concepts about how a galvanic cell works.
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KEY QUESTIONS

1 Which one of the following statements about a galvanic cell is correct?
A The electrode where oxidation occurs is the cathode.
B Electrons flow towards the electrode where oxidation occurs.
C Anions flow into the half-cell containing the electrode where reduction
occurs.
D The electrode where oxidation occurs has a positive polarity.
2 Draw labelled diagrams of the following half-cells.
a Ni%*(aq)/Ni(s)
b Sn**(ag)/Sn?*(aq)
¢ H'(ag)/H,(g)
3 The overall equation for the reaction that occurs in a cell made up of
AR*(ag)/Al(s) and Sn?*(aq)/Sn(s) half-cells is:
2Al(s) + 3Sn?*(aq) — 2AI3*(aq) + 3Sn(s)
Write half-equations for the reaction occurring at the:
a cathode
b anode.
4 Draw a diagram of the cell from Question 3 and label the:
¢ half-equation for the reaction occurring in each half-cell
e anode and cathode
¢ direction of electron flow
¢ electrode polarities (which electrode is positive and which is negative)
¢ direction of anion and cation flow from the salt bridge.
5 In the spaces provided, label the galvanic cell in Figure 5.1.12 with:
e anode
e cathode
¢ positive electrode
¢ negative electrode
¢ reduction
e oxidation
e salt bridge.

Zn(s) + Cu**(aq) — Cu(s) + Zn>*(aq)

.

Cu**(aq) + 2e”— Cu(s) Zn(s) — Zn**(aq) + 2e”

I e I

FIGURE 5.1.12 A galvanic cell.
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5.2 The electrochemical series

As you saw in Chapter 4, metals vary in their reactivity. Platinum and gold are
unreactive and widely used for jewellery. Other metals are very reactive. For
example, sodium reacts so readily with oxygen and water (Figure 5.2.1) that it
must be stored in paraffin oil.

Galvanic cells can help you compare the relative reactivity of metals. Galvanic
cells can be constructed from various combinations of half-cells. The experimental
data collected from these combinations allows chemists to determine the oxidising
and reducing strengths of many different substances. This information is very
useful, because it allows you to predict the products of various reactions, calculate
the voltages of cells and develop more powerful and longer-lasting batteries.

RELATIVE OXIDISING AND REDUCING STRENGTHS

A half-cell contains a conjugate redox pair. The reactions that can occur in a half-
cell can be written as reversible reactions, showing the relationship between the two
chemicals in the redox pair. For example, the reaction in a:

* half-cell containing the H*(aq)/H,(g) redox pair may be written as:
2H*(aq) + 2= H,(g)
 half-cell containing the Zn?*(aq)/Zn(s) redox pair may be written as:
Zn**(aq) + 2e” = Zn(s)
Figure 5.2.2 shows a diagram of a cell constructed from H*(aq)/H,(g) and
Zn**(aq)/Zn(s) half-cells.

galvanometer

electron flow

hydrogen gas —>

platinum cathode —

\ .
zinc anode

2H*(aq) + 2¢~ — H(g) H* solution 7Zn>** solution Zn(s) — Zn*+ 2¢

FIGURE 5.2.2 A diagram of a cell constructed from H*(ag)/H,(g) and Zn*(aq)/Zn(s) half-cells.

Notice that in this cell the zinc electrode is negative. The reactions that are
occurring are:
2H*(aq) + 2¢” — H,(g)
Zn(s) — Zn**(aq) + 2e”
Zn is oxidised to Zn** and H* is reduced to H,. Zinc can be described as a
reducing agent or reductant because it causes the reduction of H* to occur. The H*

is described as an oxidising agent or oxidant because it causes the Zn to be oxidised
to Zn?*.

Because electrons flow from the Zn2?*/Zn half-cell to the H*/H, half-cell, we can
infer that:

* zinc is a stronger reducing agent than H,
e H*is a stronger oxidising agent than Zn?* ions.

FIGURE 5.2.1 Water dropped onto sodium
metal. Sodium is highly reactive; the products
are sodium hydroxide and hydrogen gas.

o In a galvanic cell, the stronger
reducing agent is in the half-
cell with the negative electrode
(anode). The stronger oxidising
agent is in the half-cell with the
positive electrode (cathode).
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POTENTIAL DIFFERENCE

A current flows in a galvanic cell because one half-cell has a greater tendency to
push electrons into the external circuit than the other half-cell. Chemists say that a
potential difference exists between the two half-cells. The potential difference of
a cell is sometimes also called the electromotive force, or emf, and is commonly
referred to as the voltage.

The potential difference of a cell, symbol E, has the unit of a volt (V) and is
measured with a voltmeter.

Potential differences of cells are usually measured under the standard
conditions of:
e apressure of 1 bar (100 kPa)
e 1 M concentration of solutions.

The potential difference of a cell under standard conditions is given the
symbol E°. Potential differences are usually measured at 25°C.

Standard electrode potentials

It is impossible to measure the potential difference of an isolated half-cell because
both oxidation and reduction must take place for a potential difference to exist.
However, you can assign a standard half-cell potential (E°) to each half-cell by
connecting the cells to a standard reference half-cell and measuring the voltage
produced.

A hydrogen half-cell, H* (aq)/H,(g), under standard conditions, is used for this
purpose and its E°value is arbitrarily assigned as zero. This half-cell is known as the
standard hydrogen half-cell or standard hydrogen electrode.

The standard electrode potential of other cells may then be measured by
connecting them to the standard hydrogen half-cell, as shown in Figure 5.2.3 for
the Fe?*(aq)/Fe(s) half-cell.

voltmeter
electron
flow N \
0.44V
+
H,(g)
;:/ A -
platinum electrode ]
iron electrode
H*(aq) Fe**(aq)

Both cells are under standard conditions.

FIGURE 5.2.3 Measuring the standard half-cell potential of a Fe**(aq)/Fe(s) half-cell. From the
voltmeter reading and negative polarity of the iron electrode, the E° of this half-cell is —0.44 V.

We can summarise the information obtained from this measurement shown in

Figure 5.2.3 as follows:
Fe?*(aq) + 2e-=TFe(s) E°=-0.44V

The negative sign indicates that the electrode in the half-cell was negative when
connected to the hydrogen half-cell. Oxidation is occurring in the Fe**(aq)/Fe(s)
half-cell and the electrons that are produced from the iron electrode move towards
the hydrogen half-cell. The value of —0.44V is known as both the standard electrode
potential and the standard reduction potential. The standard electrode potential
gives a numerical measure of the tendency of a half-cell reaction to occur as a
reduction reaction.
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THE ELECTROCHEMICAL SERIES

By connecting the standard hydrogen electrode to different half-cells and measuring
their standard reduction potentials, chemists have developed a table called the
electrochemical series ('Table 5.2.1).

TABLE 5.2.1 The electrochemical series. The strongest oxidising agents are at the top left of the table
and the strongest reducing agents are at the bottom right of the table

B T T T

Under non-standard conditions, the order of the half-cells may change.

F,(g) + 2e~ 2F~(aq) +2.87
H,0,(aq) + 2H*(aq) + 2e = 2H,0() +1.77
Au*(aq) + e = Au(s) +1.68
Cl,(g) + 2e~ = 2Cl(aq) +1.36
0,(g) + 4H*(aq) + 4e = 2H,0()) +1.23
Br,() + 2e- = 2Br(aq) +1.09
Ag*(aq) + e- = Ag(s) +0.80
Fe3*(aq) + e~ = Fe2*(aq) +0.77
0,(g) + 2H*(aq) + 2e~ = H,0,(aq) +0.68
I(s) + 2e = 2l-(aq) +0.54
0,(8) + 2H,0(l) + 4e- 40H(aq) +0.40
5 Cu?*(aq) + 26 = CuE T, +0.34
g Sn**(aq) + 2e- = Sn?*(aq) é +0.15
o S(s) + 2H*(aq) + 2e = H,S(g) g" +0.14
f;é 2H*(aq) + 2e- = H, (&) é 0.00
) Pb%*(aq) + 2e~ = Pb(s) ) -0.13
s Sn2*(aq) + 2e- = Sn(s) s -0.14
E Ni2*(aq) + 2e~ = Ni(s) E -0.23
Co?*(aq) + 2e- = Co(s) -0.28
Fe2*(aq) + 2e- = Fe(s) -0.44
Zn%*(aq) + 2e" = Zn(s) -0.76
2H,0(l) + 2e- = Hyg) + 20H<(aq) -0.83
Mn2*(aq) + 2e- = Mn(s) -1.03
Al3*(aqg) + 3e” = Al(s) -1.67
Mg?*(aq) + 2e- = Mg(s) -2.34
Na*(aq) + e~ = Na(s) -2.71
Ca?*(aq) + 2e- = Ca(s) -2.87
K'(aq) + & = K 293 0 Strong reducing agents donate
Li*(aq) + e = Li(s) -3.02 electrons more readily than

weak ones.
Strong oxidising agents accept

Notice the value of 0.00 V given for the H*(aq)/H,(g) half-equation. All other
E° values are relative to this arbitrary standard. The strongest oxidising agent, F,,
is at the top left of the table and the strongest reducing agent, Li, is at the bottom
right of the table.

In a galvanic cell, the stronger reducing agent is oxidised so it is in the half-cell
with the negative electrode (anode). The stronger oxidising agent is reduced so it is
in the half-cell with the positive electrode (cathode).

electrons more readily than

weak ones.

Strong reducing agents have weak
conjugate oxidising agents.

Strong oxidising agents have weak
conjugate reducing agents.
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USING THE ELECTROCHEMICAL SERIES
Predicting cell reactions

You can use the electrochemical series to predict what will happen when two specific
half-cells are combined to form a cell. The strongest oxidising agent in the cell will
react with the strongest reducing agent.

Another way to predict the electrode reactions is to remember that the half-
reaction that is higher in the electrochemical series goes forward and the lower one
is reversed. As a consequence:

e areduction reaction will occur in the half-cell with the higher E° value, whereas
an oxidation reaction will occur in the half-cell with the lower E° value

* the positive electrode will be in the half-cell with the higher E°value, whereas the
negative electrode will be in the other half-cell.

The equation for the overall cell reaction is found by adding the two half-
equations. Worked Example 5.2.1 shows you how to use the electrochemical series
to predict a cell reaction.

Worked example 5.2.1
PREDICTING THE OPERATION OF A GALVANIC CELL

A cell is made from Ag*(aq)/Ag(s) and Fe?*(aq)/Fe(s) half-cells under standard
conditions and 25°C. Use the electrochemical series to predict the overall

cell reaction, identify the anode and cathode, and determine the direction of
electron flow.

Thinking Working

Identify the two relevant half- Agt(agq) tee=Ag(s) E° =080V
equations in the electrochemical | Fe2+(aq) + 2¢- = Fe(s) E° =-0.44V
series.

Identify the strongest oxidising Because Ag* is higher on the left side of the
agent (the species on the left of table than Fe?, it is the stronger oxidising
the series with the most positive agent.

E® value) and the strongest Fe, being lower on the right side of the table
reducing agent (bottom right). than Ag, is a stronger reducing agent.

Write the two half-equations Reduction:

that will occur. The strongest Ag*(aq) + e — Ag(s)

oxidising agent will react with

the strongest reducing agent. Oxidation:

2+ -
(Hint: The reduction equation Fe(s) — Fe*(aq) + 2e

has the most positive E° value Because this is the oxidation reaction,
and the oxidation equation has the equation should be written in reverse.

the most negative E° value.)

Write the overall cell equation. Multiply the Ag*/Ag half-cell equation by
two so that the number of electrons in each
half-equation is equal, and then add the two
equations together:
[Ag'(aq) + &= — Ag(s)] x 2
Fe(s) — Fe?*(aq) + 2e-

2Ag*(aq) + Fe(s) — 2Ag(s) + Fe2*(aq)

Identify the anode and the The silver electrode will be the cathode
cathode in this cell. The anode is | and the iron electrode will be the anode.
the electrode at which oxidation
occurs. The cathode is the
electrode at which reduction
occurs.
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electrodes and the direction of electrode (cathode) as shown in Figure 5.2.4.
electron flow in the cell.

The anode is negative;
the cathode is positive.

electron flow

Fe?*(aq) ——

voltmeter

Determine the polarities of the Electrons flow from the negative electrode (anode) to the positive

silver

\, cathode

— Ag*(aq)

FIGURE 5.2.4 A diagram of the cell containing Fe?*/Fe and Ag*/Ag half-cells.

Worked example: Try yourself 5.2.1
PREDICTING THE OPERATION OF A GALVANIC CELL

A cell is made from Sn2*(aq)/Sn(s) and Ni%*(ag)/Ni(s) half-cells under standard
conditions and at 25°C. Use the electrochemical series to predict the overall
cell reaction, identify the anode and cathode, and determine the direction of
electron flow.

Calculating the voltage of a cell

The maximum potential difference of a cell under standard conditions is the
difference between the E° values of its two half-cells. It is defined as follows:

cell potential E° of half-cell containing E° of half-cell containing

difference " the oxidising agent "~ the reducing agent
An easy way to remember this for galvanic cells is:
cell potential difference = higher half-cell E°— lower half-cell E°
For example, the maximum cell voltage of a cell constructed from Ag*(aq)/
Ag(s) and Fe?*(aq)/Fe(s) half-cells under standard conditions can be calculated
as follows:
cell potential difference = higher half-cell E°— lower half-cell E°
= E°(Ag*(aq)/Ag(s)) — E°(Fe** (aq)/Fe(s))
= 0.80 — (-0.44)
=1.24V
Different values for the cell voltage are obtained under non-standard conditions.
As a galvanic cell discharges, the cell voltage eventually drops to zero and the
cell is referred to as ‘flat’. Equilibrium has then been reached.

o The easiest way to calculate the cell potential difference is to remember:
cell potential difference = higher half-cell E° — lower half-cell E°
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5.2 Review

The standard hydrogen half-cell is used as the
standard reference half-cell; its value is arbitrarily
assigned as zero.

The standard electrode potential or standard
reduction potential (E°) of a half-cell is measured by
connecting the half-cell to a standard hydrogen half-
cell and measuring the voltage produced.

The standard electrode potential gives a numerical
measure of the tendency of a half-cell reaction to
occur as a reduction reaction.

Standard electrode potentials are used as the basis
of the electrochemical series.

In the electrochemical series, half-reactions are
listed in order so that the strongest oxidising agent
is at the top left of the series (with the most positive
E* value) and the strongest reducing agent is at the
bottom right (with the most negative E° value).

The electrochemical series is valid for standard
conditions; that is, gas pressures of 1 bar and
solution concentrations of 1 M. Standard electrode
potentials are usually measured at 25°C.

KEY QUESTIONS

The relative strengths of oxidising and reducing
agents can be determined by comparing standard
electrode potentials, and these can be used to
predict half-cell and overall cell reactions.
The maximum potential difference of a cell under
standard conditions can be calculated from
standard electrode potentials:
E° of half-cell E° of half-cell
= containing the - containing the
oxidising agent  reducing agent

cell potential
difference

A simple way of remembering this is:

cell potential

difference higher half-cell E° - lower half-cell £

For a spontaneous reaction to occur, an oxidising
agent (on the left of the electrochemical series) must
react with a reducing agent (on the right) that is
lower in the series.

A galvanic cell was constructed from AlR*(aq)/Al(s) and Pb2*(aq)/Pb(s)

half-cells. Use the electrochemical series to predict the:

a
b
c

oxidation and reduction half-equations
overall cell reaction
identity of the anode and cathode.

Draw a labelled diagram of a cell formed from Cl,(g)/Cl-(ag) and
Sn?*(aq)/Sn(s) half-cells. Use the electrochemical series to indicate the:

a

- 0o O 0 T

half-cell reactions
anode and cathode
direction of electron flow

electrode polarities (which electrode is positive and which is negative)
directions of flow of the anions and cations in the salt bridge

overall reaction.

Repeat Question 2 for the cells formed from the following half-cells.

a
b

Fe3*(aq)/Fe?*(aq) and H*(aq)/H,(g)
Cl,(g)/Cl-(aq) and Pb?*(aq)/Pb(s)

4 Calculate the cell potential difference for each of the cells in Questions 1-3.

__________________________________________________________________________________________
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5.3 Predicting direct redox reactions

The electrochemical series provides us with a ranking of the relative strengths of
oxidising and reducing agents.

In this section, you will see that you can apply your understanding of the
electrochemical series to predict the likelihood of a redox reaction taking place
when different chemicals are combined.

PREDICTING REACTIONS

If the contents of the half-cells of a galvanic cell were mixed, the reactants would
react directly. Energy would be released as heat rather than as electrical energy.
Reactions that occur in galvanic cells or when chemicals are directly mixed are
described as naturally occurring reactions, or spontaneous reactions.

In the last section, you saw that in a galvanic cell the strongest oxidising agent
in the cell reacts with the strongest reducing agent. In other words, the higher half-
reaction (the one with the most positive E° value) in the electrochemical series
occurs in the forward direction (as reduction) and the lower reaction (the one with
the most negative E°value) occurs in the reverse direction (as oxidation).

This principle applies equally to redox reactions that occur when reactants are
mixed directly.

As shown in Figure 5.3.1, for a spontaneous reaction to occur, an oxidising
agent (on the left of the electrochemical series) must react with a reducing agent
(on the right) that is lower in the electrochemical series.

Worked example 5.3.1

PREDICTING DIRECT REDOX REACTIONS

Consider the following equations that appear in the order shown in the
electrochemical series.

Br,(ag) + 2e-=2Br(aq) E°=+1.09V

Ni2*(aq) + 2e~ = Ni(s) E°=-0.23V

Mg2*(aq) + 2e- = Mg(s) E°=-234V

Oxidising Reducing
agents agents

24
A% is reduced to A @

e Qg Cts W/l"h

B is oxidised to B>+

B2+

A% reacts with B.

No reaction occurs for the other
combinations: A and B, A** and B**,
A% and A, A and A*, A>** and B.

FIGURE 5.3.1 Oxidising agents only react
significantly with reducing agents that are lower
in the electrochemical series.

0 With half-equations arranged in
order of increasing reducing agent
strength, you can predict that a
spontaneous reaction will occur
by looking for substances that are
arranged in a top-left/bottom-right
position.

Use the electrochemical series to predict the effect of mixing:
a Br,(aq) and Mg2*(aq) b Mg2*(ag) and Ni(s) ¢ Ni%*(ag) and Mg(s).

Thinking Working

Identify the two relevant | a Bry(aq) + 2e-=2Br(aq) E°=+1.09V

half-equations in the Mg2*(aq) + 2e- = Mg(s) E°=-2.34V
electrochemical series.
Predict whether

i2* - = Ni © = _|
or not a reaction b Ni**(ag) + 2e” = Ni(s) E°=-023V

occurs. A chemical Mg (aq) + 2e” = Mg(s) E°=-234V
species on the left (an No reaction occurs because the oxidising agent, Mg?*, is below the reducing
oxidising agent) of the agent, Ni, in the electrochemical series.
electrochemical series ¢ Ni2*(aq) + 2e- = Ni(s) E°=_023V

reacts with a chemical

2+ - ° — _
species on the right (a Mg (aq) + 2¢” = Mg(s) £ 234V

reducing agent) that is A reaction occurs because the oxidising agent, Ni2*, is above the reducing
lower in the series. agent, Mg, in the electrochemical series.

Write the overall The higher half-equation occurs in the forward direction:

equation. Nic*(aqg) + 2e~ — Ni(s)

Mg(s) —» Mg**(aq) + 2e"

Ni2*(ag) + Mg(s) — Ni(s) + Mg?*(aq)

No reaction occurs because both Br,(aqg) and Mg?*(aq) are oxidising agents.

The lower half-equation occurs in the reverse direction:

The overall reaction equation is found by adding the half-equations:
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Worked example: Try yourself 5.3.1

PREDICTING DIRECT REDOX REACTIONS

Consider the following equations that appear in the order shown in the
electrochemical series:

Cl(g) + 26-=2Cl(aq) E°=+136V

I,(s) + 2e” = 2I(aq) E°=+0.54V

Pb2*(aq) + 2e- = Pb(s) E°=-0.13V

Use the electrochemical series to predict the effect of mixing:
a I,(s) and Pb?*(aq)

b Cl(aqg) and 1,(s)

¢ Cl(aqg) and Pb(s).

CHEMFILE

The thermite reaction

The thermite reaction is a highly exothermic reaction between powdered aluminium
and iron(lll) oxide.

The two relevant half-equations for this reaction, listed in order in the electrochemical
series are:

Fe*+3e =Fe E°=-0.036V

ARt +3e-=Al E°=-167V

A spontaneous reaction is predicted to occur because the oxidising agent, Fe3*, is
above the reducing agent, Al, in the series

The thermite reaction releases so much heat that it is enough to melt the iron that
is produced. One use for the thermite reaction is for welding together railway tracks
(Figure 5.3.2).

FIGURE 5.3.2 Thermite welding of railway tracks.

LIMITATIONS OF PREDICTIONS

The standard half-cell potentials given in the electrochemical series are measured
under standard conditions. As you would expect, half-cell potentials can vary under
other conditions.

When conditions are very different from standard conditions, the order of half-
reactions in the electrochemical series may also be different, and predictions of
reactions based on the standard half-cell potentials may not be reliable.

It is also important to remember that the electrochemical series gives no
information about the rate at which reactions occur.
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1

5.3 Review

The relative strength of oxidising and reducing » When reactants react in a galvanic cell, chemical
agents can be determined by comparing standard energy is transformed into electrical energy.
electrode potentials, and these can be used to However, when they react directly, their chemical
predict the tendency of a reaction to occur, both energy is transformed into heat energy.

in galvanic cells and in direct reactions. « The standard half-cell potentials in the

For a spontaneous reaction to occur, an oxidising electrochemical series are measured under standard
agent (on the left of the electrochemical series) must conditions. Under other conditions, the order of half-
react with a reducing agent (on the right) that is reactions may be different, and predictions based
lower in the series. on the electrochemical series may not be reliable.

Overall equations for redox reactions can be
obtained by adding half-equations.

KEY QUESTIONS

Which one of the following metals would you expect to be coated with lead
when immersed in a solution of lead(ll) nitrate?

A Copper

B Cobalt

C Silver

D Gold

Which one of the following species would react with H,S(g) but not with
H,0(l) under standard conditions?

A Cl(g)

B Mg(s)

C Ag'(aa)

D Cu(s)

Using the electrochemical series, predict whether a reaction will occur in the
following situations. If a reaction does occur, write the overall equation for
the reaction.

a Chlorine gas is bubbled into a solution containing bromide ions.

b Chlorine gas is bubbled into a solution containing iodide ions.

¢ A bromine solution is added to a solution containing chloride ions.

d A bromine solution is added to a solution containing iodide ions.

A reaction occurs when a strip of zinc metal is placed in a silver nitrate
solution.

a Write the overall equation for the reaction.

b Describe the energy change that takes place in this reaction.

Iron nails are placed into 1 M solutions of CuSO,, MgCl,, Pb(NO,), and
ZnCl,. Use the electrochemical series to identify in which solution(s) you
would expect a coating of a metal other than iron to appear on the nail.

__________________________________________________________________________________________
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FIGURE 5.4.1 Non-rechargeable alkaline cells
are used to power many devices, including
torches, smoke detectors and calculators.
They are discarded once they go flat.

EXTENSION

Primary cells—alkaline cells

5.4 Everyday sources of power

The battery was invented by Alessandro Volta in 1800. More than two centuries
later, cells and batteries are a common power source for many household and
industrial applications. Cells and batteries can be used as fixed energy storage
systems, such as in solar energy systems, burglar alarms and smoke detectors.
They are also used extensively in portable applications, including mobile phones,
watches, digital cameras and laptop computers. The portability of these devices
relies on these sources of electrical energy.

Cells and batteries use spontaneous redox reactions as the source of energy. In
this section, you will look at the two main types of cells in use and how chemical
reactions in these cells are used to produce electricity for everyday applications.

The two basic types of cells are:

e primary cells, which are disposable and designed not to be recharged
e secondary cells, which are rechargeable and designed to be reused many
times.

Both primary cells and secondary cells are types of galvanic cells.

PRIMARY CELLS

Common commercial alkaline cells, such as those you would usually use in a
torch or a remote control, are non-rechargeable cells (Figure 5.4.1). They ‘go
flat’ when the cell reaction reaches equilibrium, and you have to buy a replacement.

Cells that cannot be recharged are called primary cells. In primary cells, the
products slowly migrate away from the electrodes or are consumed by side reactions
occurring in the cell, preventing the cells from being recharged.

metal cap (+)
| cathode:

outer steel
Following World War Il, an expanding range of electrical case
appliances became available that required small, high- ~TF=—— powdered
capacity power sources. With earlier types of cells unable zinc

to meet these demands, the alkaline cell was developed in %9

the late 1960s.

Figure 5.4.2 shows the construction of an alkaline cell.
This cell is similar to the simple galvanic cells looked at
earlier in this chapter, but has been designed so the two 1B
half-reactions occur in separate places within the one ~— ]
container. A potassium hydroxide electrolyte performs the
same function as a salt bridge in the simple cells.

An alkaline cell needs less electrolyte than a dry cell,
which it has largely replaced for household use. The

[T~ mixture of
manganese dioxide
and carbon

LL_TT—= potassium hydroxide
electrolyte

[T~ anode: steel
or brass

T metal base (-)

smaller quantity of electrolyte allows more reactant to be

included. A typical D size alkaline cell contains about 40 g

of manganese dioxide, compared with 25 g in a dry cell of

equivalent size.
The following reactions occur in an alkaline cell.

» At the anode (-), zinc powder around the central metal
rod is oxidised and reacts with hydroxide ions, forming
zinc hydroxide:

Zn(s) + 20H~(ag) — Zn(OH),(s) + 2e~

FIGURE 5.4.2 Construction of an alkaline cell.

* At the cathode (+), manganese dioxide is reduced:
2MnO,(s) + H,O(l) + 2e- — Mn,04(s) + 20H7(aq)
Alkaline cells are especially cost-effective in torches,

flashguns and motorised toys, where high currents are

needed intermittently. The cell produces about 1.5 V.

Once the reaction in the cell reaches equilibrium, the cell

is ‘flat’, and cannot be used again.
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CHEMFILE

Powering the Overland Telegraph

One of the first primary cells in widespread use in the 19th century was called the
Leclanché cell. It had a similar overall cell reaction to the reaction in alkaline cells.

Leclanché cells were one of the sources of power for the Australian Overland Telegraph
Line, one of the great engineering feats of 19th-century Australia. The 3200 km
telegraph line was completed in 1872 and connected Darwin in the Northern Territory
with Port Augusta in South Australia, allowing fast communication between Australia and
the rest of the world. An additional section to Western Australia was added in 1877.

FIGURE 5.4.3 The Alice Springs telegraph station, built in 1872.

RECHARGEABLE CELLS AND BATTERIES

Rechargeable cells such as lithium-ion cells and nickel-metal hydride cells,
are known as secondary cells or accumulators.

Rechargeable cells and batteries have become very popular and are found in
mobile phones, laptop computers, cameras and portable power tools. They are also
fundamental to the operation of electric vehicles and solar power energy storage
systems.

Most types of rechargeable cells can undergo many hundreds of recharges. To
recharge a cell, the cell reaction must occur in reverse: the products of the reaction
must be converted back into the original reactants. This is done by connecting the
cell to a ‘charger’, a source of electrical energy, which has a potential difference a
little greater than the potential difference of the cell. The positive terminal of the
charger is connected to the cell’s positive electrode and the negative electrode of the
charger to the cell’s negative electrode (see Figure 5.4.4).

Electrical energy supplied by the charger is converted into chemical energy
in the cell. In order for it to be possible to regenerate the reactants, the products
formed in the cell during discharge must remain in contact with the electrodes in a
convertible form.

The energy transformations in a secondary cell can be summarised as follows.
¢ When a secondary cell discharges, it acts as a galvanic cell, converting chemical

energy into electrical energy.

e  When the cell is recharged, it acts as a type of cell called an electrolytic cell.

Electrical energy is transformed into chemical energy in an electrolytic cell.

You will learn more about the operation of electrolytic cells in Chapter 9.

FIGURE 5.4.4 Charging a secondary battery
involves connecting the positive terminal of a
charger to the battery’s positive electrode and
the negative electrode of the charger to the
battery’s negative electrode.
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Discharging During the discharging process in a secondary cell:

* acts as galvanic cell » oxidation occurs at the negative terminal (the anode)
* spontaneous reaction

+ negative terminal is anode ¢ reduction occurs at the positive terminal (the cathode).

However, when the cell is recharging, the cell reaction is reversed:
e oxidation occurs at the positive terminal (the anode)

chemical electrical ¢ reduction occurs at the negative terminal (the cathode).
energy energy

The energy transformations and redox processes that occur during the
discharging and recharging of a secondary cell are summarised in Figure 5.4.5.

Recharging
* acts as electrolytic cell ﬂ When a secondary cell is recharged, the reactions are reversed at each
* non-spontaneous reaction electrode:

* positive terminal is anode o . . L
e oxidation occurs at the positive terminal, which is now the anode

FIGURE 5.4.5 Energy transformations in i . . L
& e reduction occurs at the negative terminal, which is now the cathode.

secondary cells.

EXTENSION

Secondary batteries—car batteries

Lead-acid batteries are the most widely used type of
secondary cell. They are relatively cheap and reliable,
provide high currents, and have a long lifetime.

Most people know the lead-acid battery simply as a car
battery (Figure 5.4.6). It is used to start the car’s engine
and to operate the car’s electrical accessories when the
engine is not running. Once the engine starts, an alternator,
which is run by the engine, provides electrical energy
to operate the car’s electrical system and recharge
the battery.

porous

separator sulfuric acid
lead plates lead plates (-)
{ & impregnated with
8 lead(lV) oxide (+)

FIGURE 5.4.6 Lead—acid batteries are used to start cars, trucks

FIGURE 5.4.7 Construction of a lead—acid battery.
and motorcycles.

Each cell has a potential difference of just over 2 V. A car
battery has six of these cells connected in series, giving a
total potential difference of about 12 V.

Lead-acid batteries are also used for emergency light
and power systems, for small-scale energy storage and
to power some electric vehicles such as golf buggies and
small fork lifts.

As shown in the diagram in Figure 5.4.7, a modern
lead—acid battery is actually six separate cells connected

The following reactions occur in a lead-acid battery as
it produces electricity.
» At the anodes (-), lead is oxidised to Pb2* ions:

together in series. The positive electrodes consist of a Pb(s) + 80,7 (aq) — PbSO,(s) + 2e

lead grid packed with lead(IV) oxide (PbO,) while the * At the cathodes (+), lead(lV) oxide is reduced to Pb®*
negative electrodes consist of a lead grid packed with ions:

powdered lead. A solution of sulfuric acid, of about 4 M PbO,(s) + SO,2(aq) + 4H*(aq) + 2" —

concentration, acts as the electrolyte. PbSO,(s) + 2H,0(!)
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The two half-equations can be combined as an overall about 14V, is used to force electrons into the battery’s

equation: negative terminal and draw them out at the positive
Pb(s) + PbO,(s) + 250,%(aq) + 4H*(aq) —» terminal, in effect driving the spontaneous reaction
2PbSO,(s) + 2H,0(l) ~ backwards. The recharging process converts electrical
The product of both electrode reactions, lead(ll) sulfate, energy into chemical energy.
forms as a solid on the surface of the electrodes. This The overall equation for the reaction as the battery
enables the battery to be recharged. recharges is:
To recharge the battery, the electrode reactions are 2PbS0O,(s) + 2H,0(l) —

reversed. The alternator, with a potential difference of

Battery life

The term battery life is used in several ways to describe the performance of a cell

or battery. You might use the term to simply describe the time the battery operates

in your phone following a full charge, but in technical specifications battery life
normally refers to the number of charge—discharge cycles before a battery becomes
unusable.

Batteries have a limited life because unwanted physical and chemical changes
occur within them. A battery’s performance deteriorates at each charge—discharge
cycle. Modern batteries have lifetimes of 500-1200 cycles, but may continue to be
useful for up to 2000 cycles, although the battery capacity (amount of charge
available) may drop to 80% of the original value.

Many factors influence how the performance of a battery decreases over time.
These include:

e loss of active materials (reactants and products of the cell reaction). Active
material may become detached from the electrode on each cycle or be slowly
converted into inactive forms by side reactions

e progressive conversion of small crystals of active material at the electrodes into
larger crystals at each cycle, which increases resistance to current flow

e formation of other chemicals in side reactions that impede the efficient
functioning of the cell

e impurities in cell materials, including the electrodes, which can react with active
materials

e decrease in contact of electrolyte with electrodes, either through leakage of
electrolyte or its transformation into a non-conductive material

e corrosion or failure of internal components.

The graph in Figure 5.4.8 (on page 146) summarises the effect of temperature
on both battery life and battery capacity.

The rate of deterioration of a battery depends on temperature: the higher the
temperature, the faster the deterioration occurs. Batteries release heat energy under
normal operation. As the battery operating temperature rises, the rate of the side
reactions increases and the battery life becomes shorter. Nickel-metal hydride
batteries are particularly sensitive to the effect of heat.

Conversely, because the rates of reactions fall as temperature decreases, batteries
can deliver less electric charge at a specific discharge rate under cold conditions
and battery capacity decreases. In summary, cold conditions are not good for the
performance of a battery; warmer conditions are not good for battery life.

Pb(s) + PbO,(s) + 28042‘(aq) + 4H*(aq)
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FIGURE 5.4.8 Battery life and battery capacity at different temperatures. Operation of the battery is
not recommended at very low or very high temperatures.

Side reactions and deterioration continue even when batteries are not in use,
in a process called self-discharge. The life of a battery that is not in use can be
extended by storing it at a low temperature in a refrigerator, which slows the side

reactions.

5.4 Review

« Primary and secondary cells are examples of
galvanic cells.

» Primary cells cannot be recharged.

» Secondary cells can be recharged by connecting
them to an external source of electricity.

» For a cell to be rechargeable, the products of the
discharge reaction have to remain in contact with
the electrodes.

» During the recharging of a secondary cell, the
cell reaction is reversed and the products of the
cell reaction are converted back into the original
reactants. Therefore, the equation for the reaction
that occurs during the recharging of a secondary
cell is the reverse of the equation for the cell
discharging.

For a secondary cell, the anode, where oxidation
occurs, is the negative terminal during discharging
but the positive terminal during recharging.

When a secondary cell discharges and produces
electrical energy, it acts as a galvanic cell; when it is
recharged, it acts as an electrolytic cell.

Battery life decreases over time, due in part to side
reactions that reduce the amount of active material
in a battery.

The rate of deterioration of a battery increases as
temperature increases.
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KEY QUESTIONS

. 1 Describe the key difference between a primary cell and a secondary cell.
.2 Which one of the following statements is correct about a secondary cell
: as it recharges?
E A Oxidation occurs at the cathode, which acts as the negative terminal.
! B Oxidation occurs at the cathode, which acts as the positive terminal.
! C Oxidation occurs at the anode, which acts as the negative terminal.
' D Oxidation occurs at the anode, which acts as the positive terminal.
.3 Most modern mobile phones contain lithium-ion cells. Select the correct
: statement about the process that occurs when a phone battery is recharged.
: A A non-spontaneous reaction occurs and the lithium-ion cell acts as an
: electrolytic cell.
: B A non-spontaneous reaction occurs and the lithium-ion cell acts as a
E galvanic cell.
! C A spontaneous reaction occurs and the lithium-ion cell acts as an
! electrolytic cell.
! D A spontaneous reaction occurs and the lithium-ion cell acts as a
! galvanic cell.
. 4 Decide whether each of the following statements about cells and batteries
: is true or false.
: a The rate of deterioration of a battery decreases as temperature decreases.
: b Primary cells cannot be recharged effectively because their reaction
: products are not in contact with the electrodes.
E ¢ Batteries only deteriorate as they undergo charge—discharge cycles.
! d Side reactions in a battery can decrease battery life.
! e In a secondary cell, all of the reactants and products of the cell reaction
! remain in contact with the electrodes throughout the cell’s life.

f The life of a modern battery is not affected by the recharging process.

_________

5 In a silver-zinc button cell, the cell reaction is:
Zn(s) + Ag,0(s) + H,0(l) — Zn(OH),(s) + 2Ag(s)
The zinc acts as the anode and the cell contains a potassium hydroxide
electrolyte. Write a half-equation for the reaction occurring at the:
a anode
b cathode.

______________________________________________________________________
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Chapter review

KEY TERMS

accumulator
active material

electrolyte
electrolytic cell

alkaline cell electromotive force
anode external circuit
battery galvanic cell
battery capacity galvanometer
battery life half-cell

cathode internal circuit

conjugate redox pair
electrochemical cell
electrochemical series
electrode

lead-acid battery
lithium-ion cell
nickel-metal hydride cell
non-rechargeable cell

Galvanic cells
1 Which one of the following statements best describes
the role of the salt bridge in a galvanic cell?

A It allows positive charges to accumulate in one
half-cell and negative charges to accumulate in
the other.

B It provides a pathway for electrons to move
between the half-cells.

C It allows reactants from one half-cell to mix with
reactants from the other half-cell.

D It allows movement of ions to balance charges
formed at the electrodes.

2 Which one of the following materials would be least
suitable for use as an electrode in a Cl,(g)/Cl-(aq)

half-cell?
A Iron B Platinum
C Graphite D Gold

3 Explain the difference between:
a oxidising agent and reducing agent
b anode and cathode
¢ conjugate redox pair and conjugate acid-base pair
d external circuit and internal circuit.

4 The overall reaction for a galvanic cell constructed

from the Cl(g)/Cl-(aqg) and Pb2*(aq)/Pb(s) half-cells is:

Cl,(g) + Pb(s) — 2CI(g) + Pb?*(aq)

Draw a diagram of the galvanic cell and on your
diagram show:
a the direction of electron flow in the external circuit
b a half-equation for the reaction at each electrode
¢ which electrode is the anode
d which electrode is positive
e which way cations flow in the salt bridge.

5 Two half-cells are set up. One contains a solution of
magnesium nitrate with a strip of magnesium as the
electrode. The other contains lead nitrate with a strip

of lead as the electrode. The solutions in the two half-

cells are connected by a piece of filter paper soaked

oxidant

oxidising agent
potential difference
primary cell
rechargeable cell
redox reaction
reducing agent

standard conditions

standard electrode
potential

standard hydrogen half-cell

reductant standard reduction
salt bridge potential
secondary cell volt

self-discharge voltaic cell
spontaneous reaction voltmeter

in potassium nitrate solution. When the electrodes are

connected by wires to a galvanometer, the magnesium

electrode is shown to be negatively charged.

a Sketch the galvanic cell described. Label the
positive and negative electrodes. Mark the direction
of the electron flow.

b Write the half-equations for the reactions that occur
in each half-cell and an equation for the overall
reaction.

¢ Label the anode and cathode.

d Indicate the direction in which ions in the salt
bridge migrate.

The electrochemical series
6 Show that under standard conditions, according to the
electrochemical series, the Daniell cell (Figure 5.1.4,

page 127) should have a cell potential difference
of 1.10 V.

7 The two galvanic cells shown in Figure 5.5.1 were
constructed under standard conditions.

Pt[|© ® [Pt
Sn2+ Fe2+
Sn4+ Fe3+

PO @ [1Pt
Fe*+ Br,
Fe’+ Br-

FIGURE 5.5.1 Two galvanic cells constructed under standard
conditions.
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On the basis of the electrode polarities, determine
the order of reducing agent strength from strongest
to weakest.

8 Consider the four galvanic cells made from half-cells

as listed below. Use the electrochemical series to rank
the galvanic cells in order of the maximum voltage
they could generate under standard conditions.

» Fe?*(aq)/Fe(s) and Fe3*(aq)/Fe?*(aq)

» Ni2*(aq)/Ni(s) and Fe2*(aq)/Fe(s)

* Ni%*(ag)/Ni(s) and Br,(I)/Br(aq)

» Ni2*(ag)/Ni(s) and Fe3*(aq)/Fe2*(aq)

9 Each of these pairs of half-cells combines to form

a galvanic cell.
i Ag'(ag)/Ag(s) and Zn?*(aqg)/Zn(s)
ii Fe?*(ag)/Fe(s) and Pb%*(aq)/Pb(s)
iii Ni2*(ag)/Ni(s) and Cu?*(aq)/Cu(s)
Draw a diagram of each galvanic cell and on your
diagrams show:
a the direction of electron flow in the external circuit
b a half-equation for the reaction at each electrode
¢ an equation for the overall reaction in the
galvanic cell
d which electrode is the anode
e which electrode is positive
f which way negative ions flow in the salt bridge.

10 Four half-cells A2*(aq)/A(s), BZ*(aq)/B(s), C%*(aq)/C(s)

and D%*(aq)/D(s) are used to make the cells shown in
Figure 5.5.2.

A_'x ﬁ j_g
AC—X ﬁ /*_BA
DR ﬁ A

FIGURE 5.5.2 Four half-cells.

Rank the half-cells in order of their reduction half-cell
potentials, from highest to lowest.

Predicting direct redox reactions

11

12

13

14

The following equations appear in the order shown

in the electrochemical series:

Cl,(g) + 2e- = 2Cl(aq)

Ag'(aq) + e- = Ag(s)

Zn?*(aq) + 2e~ = Zn(s)

i Predict whether a redox reaction would occur in
the following mixtures. Assume concentrations of
1 M and gas pressures of 1 bar.

For mixtures where you predict a reaction will

occur, write:

ii separate half-equations for the oxidation and
reduction reactions

iii an overall equation.

Cl,(g) and Zn(s)

Ag*(aq) and Ag(s)

Ag*(aq) and Zn(s)

Zn?*(aq) and Cl-(aq)

Use the electrochemical series to predict whether a

reaction will occur in each of the following situations.

Write an equation for each reaction that you predict

will occur.

a Copper(ll) sulfate solution is stored in an aluminium
container.

b Sodium chloride solution is stored in a copper
container.

¢ Silver nitrate solution is stored in a zinc container.

d An iron nail is placed in 1 M hydrochloric acid
solution.

e A plumber uses hydrochloric acid to clean copper
pipes.

The following equations form part of the electrochemical

series. They are ranked in the order shown.

Ag'(aq) + e- = Ag(s)

Pb2*(aq) + 2e- = Pb(s)

Fe?*(aq) + 2e- = Fe(s)

Zn?*(aq) + 2e~ = Zn(s)

Mg?*(aq) + 2e~ = Mg(s)

a Which species is the strongest oxidising agent and
which species is the weakest oxidising agent?

b Which species is the strongest reducing agent and
which species is the weakest reducing agent?

¢ Lead rods are placed in solutions of silver nitrate,
iron(ll) sulfate and magnesium chloride. In which
solutions would you expect to see a coating of
another metal form on the lead rod? Explain.

d Which of the metals silver, zinc or magnesium
might be coated with lead when immersed in a
solution of lead(ll) nitrate?

Use the electrochemical series to determine whether:

a elemental iodine is an oxidising agent or a reducing
agent

b calcium metal is a strong or weak reducing agent

o 0 T 9
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¢ nickel is a better reducing agent than silver
d Cu2*(aq) is a better oxidising agent than Ag*(aq)
e Fe?*(ag) can act as an oxidising agent and

a reducing agent.

15 a Use the electrochemical series to predict what
might be expected to occur if hydrogen gas were
bubbled through a solution containing Fe3* ions.

b Write an equation for the predicted reaction.

¢ When the reactants were mixed in an experiment,
no reaction was observed. Suggest possible reasons
for this.

Everyday sources of power
16 Match the following terms with their correct definition.

Galvanic cell A rechargeable galvanic cell

Primary cell A device that converts chemical energy
into electrical energy

Secondary cell A non-rechargeable galvanic cell

17 Explain the difference between:
a anode and cathode
b cell and battery
¢ discharge and recharge.

18 What feature enables secondary cells such as lithium-
ion cells to be recharged?

19 Explain what happens to the oxidising agent, reducing
agent, anode and cathode when a secondary cell is
switched from discharge to recharge.

20 Mains electricity costs about 5 cents per MJ of energy,
or less, depending on the tariff. The cost of the same
amount of electrical energy produced by a cell is far
more—about $1300 for a dry cell and even more for a
button cell. Why are people prepared to use cells and
pay such relatively high prices for electricity?

Connecting the main ideas

21 Fill in the blanks in the following passage about
galvanic cells.
The redox reaction occurring in a galvanic cell takes
place in two . The electrode at which
oxidation occurs is called the ,
whereas the other electrode where reduction occurs

is the . The polarity of the anode

is and the polarity of the cathode

is .

Galvanic cells can be classified as either primary cells,
which be recharged, or secondary
cells, which be recharged.

The life of commercial cells and batteries decreases
as temperature and the extent of

reactions increases.

22 A student was told that the redox pair
Mn2*(aq)/Mn(s) is lower in the electrochemical

23

24

25

26

series than the Fe?*(aqg)/Fe(s) pair and higher

than AIR*(ag)/Al(s). Explain how the student could

experimentally determine the relative positions of

the three pairs in the series.

Account for the following observations.

a Bromine reacts with iodide ions in solution but
does not react with chloride ions.

b Hydrogen peroxide (H,0,) solution can
spontaneously decompose to form water
and oxygen.

¢ Tin metal is added to solutions of tin(ll) chloride to
prevent oxidation of the tin(ll) ions by oxygen in air.

d Blocks of zinc are attached to the iron hulls of ships
to reduce corrosion.

A student working in the laboratory spilled an iodine
solution over the bench, causing a dark brown stain
to form. Suggest how the student could remove the
iodine stain.

What are the limitations that need to be considered
when using the electrochemical series to predict
whether or not a certain reaction will occur?

Many of the ‘alkaline cells’ on the market contain zinc
electrodes in contact with an electrolyte containing
hydroxide ions. The half-cell reaction might be
represented as:

Zn(s) + 40H-(aq) — Zn(OH),?(aq) + 2e"
To investigate if the standard electrode potential (E°)
of these half-cells is the same as that of a half-cell
reaction using a zinc electrode in contact with a zinc
nitrate electrolyte (for which the electrode reaction
would be Zn(s) — Zn2*(aq) + 2e"), a student was
provided with the two half-cells shown in Figure 5.5.3,
as well as a Cu?*(aq)/Cu(s) half-cell.

Zn Zn Cu

al > ai O

Zn(OH),(aq) Zn**(aq) Cu**(aq)

FIGURE 5.5.3 The two zinc electrode half-cells in question and
the Cu?*(aq)/Cu(s) half-cell.

a Write a net equation for the reaction in a galvanic
cell in which the ‘alkaline zinc half-cell’ is connected
to the Cu?*/Cu half-cell.

b Carefully explain how the student could use the
half-cells that were provided to determine whether
the two different half-cells containing zinc had the
same E° value. Include fully labelled diagrams with
your answer and explain how the results could
be interpreted.

150 AREA OF STUDY 1 | WHAT ARE THE OPTIONS FOR ENERGY PRODUCTION?



_af. o W _:J._."'A_

CHAPTER

@@ Fuel cells as a source
of energy

Around the world, governments, businesses and academic institutions are
spending millions of dollars to develop and produce fuel cells. A fuel cell is a
type of galvanic cell that generates electricity from redox reactions quietly and
efficiently, and with almost no pollution. Aimost the only products from a fuel
cell powered by hydrogen are electricity, heat and water.

:

Fuel cells were invented in 1838. The National Aeronautics and Space
Administration (NASA) was the first organisation to use fuel cells to generate power
for satellites and space capsules. Today, fuel cells provide energy for forklifts,

buses and cars, and act as a source of primary and back-up power for buildings
and communities.

Fuel cells are an important component of a vision of a future called the ‘hydrogen
economy’, in which hydrogen could become the major source of energy and
replace fossil fuels. Major technological and cost breakthroughs are needed before
a hydrogen economy can become a reality and there is dispute among scientists
over its viability.

In this chapter, you will learn how fuel cells operate. You will also learn about some
of the issues associated with the supply, storage and use of hydrogen in fuel cells.

Key knowledge

«  The common design features of fuel cells including the use of porous
4 ' electrodes for gaseous reactants to increase cell efficiency (details of specific
' - cells not required)
» The comparison of the use of fuel cells and combustion of fuels to supply
energy with reference to their energy efficiencies (qualitative), safety, fuel
, 4 supply (including the storage of hydrogen), production of greenhouse gases
and applications
» The comparison of fuel cells and galvanic cells with reference to their
' definitions, functions, design features, energy transformations, energy
. finitior ons ures
efficiencies (qualitative) and applications

VCE Chemistry Study Design extracts © VCAA (2015); reproduced by permission.
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FIGURE 6.1.1 A hydrogen fuel cell for an electric
bicycle. The hydrogen bicycle operates like a
standard electric bicycle, but the battery lasts
three times longer.

6.1 Continuous sources of electrical
energy

Fuel cells use the chemical energy of hydrogen or other fuels to cleanly and
efficiently generate electricity. Even though fuel cell technology is still being
developed, fuel cells can be used in numerous applications. These uses include as a
source of power for transport (see Figure 6.1.1) and for emergency back-up power
applications.

A fuel cell is a type of galvanic cell but, unlike the cells you studied in Chapter 5,
fuel cells do not run down or need recharging. Electricity is available for as long as
fuel is supplied to them.

In this section, you will learn about how fuel cells operate, their advantages, and
some of the challenges scientists face in bringing the potential of their use to reality.

FUEL CELLS

The major limitation of the cells that have been examined so far is that they contain
relatively small amounts of reactants. Furthermore, when the reaction reaches
equilibrium, the cell must be discarded or recharged.

Cells can be constructed in which the reactants are supplied continuously,
allowing constant production of electrical energy. These devices are called fuel cells.

0 A key difference between a fuel cell and a primary or secondary cell is that the
reactants are not stored in the fuel cell. They must be continuously supplied from
an external source.

Efficiency of fuel cells

Fuel cells transform chemical energy directly into electrical energy, enabling efficient
use of the energy released by spontaneous redox reactions. They are a useful source
of continuous electricity and could be used to provide energy for vehicles, buildings
and even cities. Energy losses such as those that occur in coal-fired power stations
and combustion engines are avoided, with a consequential reduction in the volume
of greenhouse gases produced.

Fuel cells are generally quoted as being 40-60% efficient, compared with
efficiencies of 30-40% for thermal power stations and 25-30% for car engines,
which involve a series of different energy transformations.

In addition, modern fuel cells use the waste heat that they produce to make
steam. This steam can be used for heating or to operate a turbine, thus raising the
efficiency of the cells to up to 85%.

0 Fuel cells have a much higher efficiency than thermal power stations because
chemical energy is directly converted into electrical energy.

The hydrogen economy

Some scientists predict that, in the future, hydrocarbons will be replaced by
hydrogen as the principal source of energy for transport and other purposes (the
hydrogen economy). This would mean a drastic reduction in the production of
greenhouse gases and other pollutants without affecting your quality of life. In the
hydrogen economy, fuel cells are seen as a replacement for the internal combustion
engine.

A fuel cell using hydrogen as a fuel produces electricity, water, heat and very
small amounts of nitrogen dioxide and other emissions.
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Although the basic principles behind the operation of a fuel cell were discovered
in 1838, it was not until the 1950s that fuel cells were used for small-scale power
production. Fuel cells, such as the one shown in Figure 6.1.2, were the main
on-board power supply units and source of water during the Apollo space program
that put humans on the Moon. An explosion in a fuel cell was responsible for the
failure of the Apollo 13 mission.

Fuel cell design

Figure 6.1.3 shows a simplified diagram of the key parts of a hydrogen—oxygen
fuel cell. The fuel cell has two compartments: one for the hydrogen gas and the
other for the oxygen gas. The gas compartments are separated from each other
by two porous electrodes and an electrolyte solution. The electrode at the

hydrogen compartment is the anode; the electrode at the oxygen compartment is
the cathode.

| |+
7 A\
electrolyte
hydrogen gas inlet oxygen gas inlet FIGURE 6.1.2 Fuel cells like this were used to

supply electricity for the Apollo space program
(1969-1972). Fuel cells were also used in the
later space shuttles.

.+ |4 porous cathode

porous anode | //
S )/

|

water outlet
FIGURE 6.1.3 A simplified diagram showing the key parts of a hydrogen—oxygen fuel cell.

The type of fuel cell used in the Apollo program used potassium hydroxide
solution as the electrolyte and the cell operated at about 250°C. Because the fuel
cell uses potassium hydroxide for the electrolyte, it is commonly referred to as an
alkaline fuel cell. Alkaline fuel cells are still used in the space program today.

e Atthe anode (=), hydrogen gas (the ‘fuel’) is oxidised by reacting with hydroxide
ions from the electrolyte:

H,(g) + 20H (aq) — 2H,0() + 2¢~
e At the cathode (+), oxygen gas is reduced:

0O,(g) + 2H,0() + 4e” — 40H (aq)

The overall equation for the reaction is:

2H,(g) + O,(g) — 2H,0()

Each cell produces about 1 volt. Higher voltages are obtained by connecting
a number of fuel cells in series to form a battery or fuel cell stack. The only
by-products are water and heat.
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A range of different fuel cells has been developed, using different electrolytes,
electrodes and operating temperatures, as shown in Table 6.1.1.

TABLE 6.1.1 A comparison of different types of fuel cells

Electrolyte Efficiency (%) | Operating Application Typical half-equations
temperature (°C)

Alkaline fuel Potassium

cell hydroxide

Methanol fuel ~ Polymer 40
cell membrane

Molten Molten lithium, 50-60
carbonate sodium or
fuel cell potassium

carbonates
Phosphoric Liquid 40-45
acid fuel cell phosphoric

acid
Proton Solid 60
exchange polyperfluoro
membrane sulfonic acid
fuel cell
Solid oxide Solid 50-60
fuel cell zirconium

oxide

90-100 Space vehicles Anode:
H,(g) + 20H~(aq) — 2H,0(l) + 2e~
Cathode:
0,(g) + 2H,0(l) + 4e~ — 40H(aq)
50-100 Mobile phones Anode:
Laptop CH3OH(l) + H,0(l) — CO,(g) + 6H*(aq) + 6e"
computers Cathode:
4H*(aqg) + 0,(g) + 4~ — 2H,0(I)
600-1000 Electricity utility ~ Anode:
H,(g) + CO2(I) » H,O0(l) + COL(g) +2e"
Cathode:
0,(g) + 2C0,(g) + 4e~ — 2C0,2(I)
175-200 Electricity utility ~ Anode:
Transportation H,(g) = 2H*(aq) + 2e-
Cathode:
0,(g) + 4H*(aq) + 4e~ — 2H,0())
60-100 Portable power Anode:
Transportation H,(g) — 2H*(aq) + 2e-
Cathode:
0,(g) + 4H*(aq) + 4e~ — 2H,0())
600-1000 Electricity utility ~ Anode:
H,(g) + 0%(s) - H,O() +2e-
Cathode:

0,(g) + 46~ > 20%(s)

The nature of the electrodes is crucial to the efficiency of a fuel cell. The
electrodes must be both conducting and porous to allow the hydrogen and oxygen
to come into contact with the ions in the electrolyte and to allow the redox half-
reactions to occur at their surface. The size of the current that can be drawn from a
fuel cell depends on the surface area of the electrodes.

Catalysts are employed to enhance the rate of reaction and the current that
can be produced from a cell. The catalyst incorporated in the anode increases the
rate of oxidation of the fuel gas. Platinum metal is commonly used as a catalyst
at this electrode. The cathode catalyst, which increases the rate of the reduction
half-reaction, can be made from a different material, such as nickel powder or a
nano-material.

€) Fuels cells contain porous electrodes that allow reactants to diffuse through
them to react with ions in the electrolyte. They often contain catalysts to
increase the rate of reaction.

The electrolyte in a fuel cell carries ions from one electrode to the other.
Different electrolytes have been employed in fuel cells, including:
* aqueous alkaline solutions, usually KOH
* liquids such as phosphoric acid (H,PO,)
* molten carbonate salts, such as Na,CO, or MgCO,
e permeable polymer membranes, which only allow the passage of positive ions
e ceramics, made from oxides of metals such as calcium and zirconium.
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CHEMFILE

Fuel cells around us

Some types of breathalysers use fuel cell technology to measure
blood alcohol levels. In this fuel cell, ethanol is oxidised and

the electricity generated indicates the blood alcohol level
(Figure 6.1.4).

Fuel cells are also found in nature. The electric eel, which grows
to more than 1 metre in length, has a natural battery made of
specialised fuel cells within its body (Figure 6.1.5). The fuel for
each cell is the food consumed by the eel and the oxidising
agent is oxygen. Each cell generates about 1.5V, yielding a total
voltage from the head of the eel to its tail of more than 300 V.

FIGURE 6.1.5 Electric eels use electricity for several reasons. Low
pulses of electrical discharge are emitted by the eel and then bounce
back from passing objects to be detected by special electroreceptors
on the skin. In this way, the eel navigates and locates its prey. High-
: S . : intensity electrical discharges can also be used to stun or kill prey or
FIGRUE 6.1.4 Hand-held breathalysers are a type of fuel cell. as a form of defence.

HYDROGEN—A FUEL FOR FUEL CELLS

Although fuel cells can be designed to use a range of different fuels, most are
designed to use hydrogen. The widespread use of hydrogen as a source of energy
presents special challenges and issues, in terms of its production, distribution,
storage and safety.

Hydrogen production

A fuel cell using hydrogen can be described as a ‘zero-emission’ device because
water is almost the only product apart from electricity and heat. However, unless
the hydrogen fuel is produced using renewable energy, the production of hydrogen
can result in significant levels of greenhouse gases and other pollutants. To some
extent, this negates the benefits of the use of fuel cells.

At present, almost 95% of hydrogen is produced from fossil fuels, such as natural
gas, oil and coal through the process of steam reforming. In this process, steam
reacts with the fossil fuel at high temperature in the presence of a nickel catalyst.
The reaction for methane is represented by:

CH, () + H,0(g) —*— CO(g) + 3H,(g)

The carbon monoxide generated can be used to generate further hydrogen,
using a copper or iron catalyst:

CO(g) + H,0(g) 425 CO,(g) + H,(g)

The hydrogen produced by steam reforming has a lower energy content than
the original fuel, as some of the original chemical energy is lost as waste heat during
production. Furthermore, steam reforming leads to carbon dioxide emissions, in
the same way as the use of the fossil fuel in a power station or car engine would do.
It is argued that hydrogen generated in this way would still be cleaner overall than
fossil fuels due to the higher efficiency of fuel cells.

Advocates of the use of steam reforming for generating hydrogen for fuel cells
also suggest that, because the carbon dioxide is produced at the site of the steam-
reforming process, it could be possible to capture the greenhouse gas at its source
and store it, preventing its release to the atmosphere.
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At present, there are only two practical methods of generating hydrogen without
producing carbon dioxide.

» Using electrical energy to convert water to hydrogen. Electricity can be generated
from renewable sources such as solar-power farms and wind farms. (You will
look at the chemical principles involved in the process of converting electrical
energy to chemical energy in Chapter 9.)

* Collecting biogas from landfill sites and converting the methane in the gas to
hydrogen by steam reforming.

Hydrogen storage

Widespread adoption of hydrogen as the primary fuel (for powering vehicles
and providing electricity for industrial and domestic applications) would require
massive expenditure on infrastructure. Changes to pipelines and filling stations, as
well as improvements in hydrogen storage methods, would be required. Figure 6.1.6
shows a vision for the future use of hydrogen.

5 residential and
commercial buildings — &
or end users k "
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fuel cell li.gh

unit . )
domestic appliances and
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’
portable fuel )
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S hydrogen  cell unit -
tanks portable |E 3 @

e ‘F high-volume feati
' applications
I \ long-term storage PP

fuel cell
automobile

hydrogen
filling station

FIGURE 6.1.6 A view of future energy production based on the use of hydrogen.

Although hydrogen has a very high energy content by mass (143 kJ g™!) compared
with fuels such as petrol (44 k] g™1), there are issues with storage, particularly within
vehicles. This is because hydrogen is a gas at room temperature.

The established methods of hydrogen storage in cars, trucks and buses are as
liquid hydrogen or compressed hydrogen.

o Liquid hydrogen. Liquid hydrogen boils at the extremely low temperature of
—252°C and a considerable quantity of energy is needed to liquefy it. The tanks
used to store liquid hydrogen must be well insulated. The energy available per
litre of liquid hydrogen (8 MJ L) is about four times less than for a liquid
hydrocarbon fuel such as petrol (32 MJ 1), so a vehicle using liquid hydrogen
requires a much larger fuel tank to achieve the same driving range.

o Compressed hydrogen. Hydrogen can be stored in high-pressure tanks (up to
700 bar pressure). A high-pressure hydrogen storage tank needs to be larger
to store the same amount of energy as a liquid hydrogen tank. In fact, using
currently available high-pressure technology, a high-pressure tank would need
to be larger than the boot of a typical car to effectively replace a standard
hydrocarbon fuel tank.
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Scientists are investigating alternative methods of storing hydrogen, known
generally as materials-based storage (see Figure 6.1.7), which offer considerable
promise but require further development.

* Hydrogen can adsorb to the surface of materials such as metal hydrides, either
as hydrogen molecules or as hydrogen atoms.

* Hydrogen can also dissociate and be absorbed into the lattice structure of
some solid materials.

e Hydrogen can react reversibly with a range of different chemicals.

By these means, it may be possible to store hydrogen in smaller volumes at low
pressure and at temperatures close to room temperature.
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FIGURE 6.1.7 Two materials-based methods of storing hydrogen: (a) surface adsorption of hydrogen
molecules and (b) absorption into a solid lattice as hydrogen atoms.

Safety issues

Hydrogen is generally regarded as a more dangerous fuel than hydrocarbon fuels
such as petrol. Hydrogen burns readily and a flame or spark will ignite almost any
combination of hydrogen and air. An explosion, rather than merely a flame, is the
likely outcome.

On the other hand, the low density of hydrogen means that, if a leak occurs,
hydrogen rises rapidly and quickly disperses in ventilated areas, often without
ignition. In fact, a fire in a hydrogen-powered vehicle can be less damaging than a
fire in a petrol-powered vehicle.

The use of hydrogen poses unique safety challenges. Strict codes and standards
will be required for its use, including the need for hydrogen sensors to detect leaks.
A number of studies have concluded that, while there are different safety concerns,
hydrogen is no more dangerous than petrol. Experts predict that, in the future,
hydrogen will be used as a fuel with at least the same level of safety and convenience
as today’s hydrocarbon fuels.

APPLICATIONS OF FUEL CELLS

Most major vehicle manufacturers are investigating the use of fuel cells as an

alternative to the internal combustion engine, given that fuel cells have better fuel

efficiency and lower emissions of greenhouse gases and other pollutants. Also, fuel

cells do not rely on oil (Figure 6.1.8).
Aside from their use in transport, the use of fuel cells is small at present but

growing rapidly.

A 1.3 MW power plant in Italy is a phosphoric acid fuel cell that uses hydrogen
from steam reforming of natural gas as its fuel source (Figure 6.1.9).

* A 59 MW power plant began operation in South Korea in 2014, providing
power and heat for local homes.

¢ One supermarket chain in the United States has ordered fuel cells to power its
fleet of 1700 forklifts.

» Silicon Valley technology companies in California, USA, are installing fuel cells
as a stable, sustainable source of power.
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FIGURE 6.1.8 Technicians with a prototype
aircraft powered by a combination of solar cells,
which power the on-board electronics, and a
hydrogen fuel cell, which powers the electric

engine.

FIGURE 6.1.9 Interior of the PRODE fuel cell
power station in Milan, Italy, which began
operating in 1992. The cells use hydrogen as
the fuel and phosphoric acid as the electrolyte.
The fuel cells can produce up to 1.3 MW
of electricity.
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EXTENSION

Redox flow batteries

An interesting type of fuel cell under development is the
redox flow battery, which has the potential of cheaper
energy storage than devices such as lead-acid batteries.
As shown in Figure 6.1.10, a redox flow battery has
two separate compartments of solutions containing the
reactants. A wide range of different reactants has been
used in experimental cells. The solutions are pumped into
the cell from storage tanks. A membrane between the
compartments allows exchange of ions while preventing
contact between the two solutions.

A redox flow battery can be recharged by applying
an opposite voltage to the cell, which causes the reverse
cell reaction to occur. Alternatively, for a rapid recharge,
the spent solutions can be replaced with a new batch
of solutions.

Although these batteries could provide cheaper energy
storage, their storage tanks, pumps and flow control units
add to their weight and make their operation complicated.

solution
of reducin

—

— B e—
membrane
um -
pump for ion
exchange

FIGURE 6.1.10 A representation of a redox flow battery.

ADVANTAGES AND DISADVANTAGES OF FUEL CELLS

Scientists are striving to reduce the overall costs of fuel cells and to improve the
electric current that can be drawn from them by increasing the rate of reaction at
the electrodes. As described above, various types of fuel cells have been developed

and tested, using a number of different fuels, electrolytes and catalysts.
Table 6.1.2 lists some of the advantages and disadvantages of fuel cells.

TABLE 6.1.2 Advantages and disadvantages of fuel cells

» Fuel cells convert chemical energy directly to electrical energy.
This is more efficient than the series of energy conversions that
takes place in power stations that burn fossil fuels: chemical
energy — heat energy — mechanical energy — electrical energy.

» Hydrogen fuel cells produce water and heat as by-products. No
greenhouse gases, such as carbon dioxide, are released.

» Fuel cells will generate electricity as long as the fuel is supplied.
Conventional batteries need to be recharged or replaced.

» Fuel cells can use a variety of fuels.

+ Electricity can be generated on-site and users are not reliant
on connection to an electricity grid. Waste heat can be used to
heat water for a hot water system or provide heating for a home
during winter.
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Disadvantages

Fuel cells require a constant fuel supply.

Fuel cells are expensive. They are still a developing technology,
and are not being made in large numbers so there are no
economies of scale as there are in other industries.

Some types of fuel cell use expensive electrolytes and catalysts.
The use of fuel cells in transport will require an extensive network
of hydrogen filling stations before it can become widespread.

Fuel cells generate a direct current (DC); electrical appliances
used in the home and in industry rely on an alternating

current (AC). An inverter is required to change DC to AC at the
appropriate voltage.

At present, the hydrogen used in many fuel cells is mainly
sourced from fossil fuels. This process involves energy losses and
generates greenhouse gases.

There are significant issues associated with the storage and safety
of hydrogen fuel.
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COMPARING FUEL CELLS AND PRIMARY AND
SECONDARY CELLS

A fuel cell is a type of galvanic cell in which the reactants are supplied continuously.

Unlike the primary cells and secondary cells described in Chapter 5, which
can produce power for only a limited time until their reactants are depleted, in a
fuel cell the reactants (a combustible fuel and oxygen or air) are constantly entering
the cell and products are being removed.

Primary and secondary cells and fuel cells are compared in Table 6.1.3.

TABLE 6.1.3 A comparison of galvanic cells and fuel cells

Definition

Function

Design features

Energy
transformations

Energy
efficiencies

Typical
applications

A primary or secondary cell

is a type of galvanic cell, or
voltaic cell. These galvanic cells
are electrochemical cells that
convert chemical energy from
spontaneous redox reactions in
the cell into electrical energy.
The reactants in primary and
secondary cells are contained
within the galvanic cell.

As a consequence, primary and
secondary cells can produce
power for only a limited time
until their reactants are depleted.

To produce electrical energy; they
are particularly useful as a source
of portable electrical energy.

» Oxidation occurs in one part
of the cell and reduction
in another.

+ An oxidation half-reaction
occurs at the negatively
charged anode.

+ A reduction half-reaction
occurs at the positively charged
cathode.

» A salt bridge composed of
an electrolyte carries charge
between the electrodes.

Chemical to electrical

60-90% (high compared with
energy efficiency of power
stations and hydrocarbon-
powered cars).

Primary cells: energy for watches,
remote controls, portable radios,
cameras, heart pacemakers and
hearing aids

Secondary cells: cars, mobile
phones, cameras, computers,
power tools

A fuel cell is a galvanic cell that
converts the chemical energy of a
fuel into electrical energy. The fuel
and air or oxygen are supplied
continuously.

To produce electrical energy;
they are particularly useful as a
continuous source of high electric
current for both portable and
fixed applications.

» Two separate compartments
are present: one for inflow of a
combustible gaseous fuel (at the
negatively charged anode) and
the other for oxygen or air (at
the positively charged cathode).

+ An oxidation half-reaction
occurs at the negatively
charged anode.

+ A reduction half-reaction
occurs at the positively charged
cathode.

» Electrodes are porous to allow
contact between reactant gases
and the electrolyte.

» Catalysts are used to increase
cell efficiency.

» An electrolyte carries charge
between the electrodes.

Chemical to electrical

40-60% efficient; up to 85% if
heat produced by the cell is also
used to generate electricity.

Cars, buses, commercial
electricity generation, emergency
back-up power supplies
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6.1 Review

» Fuel cells are a type of galvanic cell, converting * The emissions of greenhouse gases from a fuel
chemical energy directly into electrical energy. cell are much less than if the fuel were burnt in

+ Fuel cells are devices in which the reactants (usually a power station or internal combustion engine.
gases) are supplied continuously, allowing constant » Some scientists predict that fuel cells will play a
production of electrical energy. key role in the transition from a dependence on

« The electrodes used in fuel cells allow direct contact fossil fuels for energy to a hydrogen economy.
between the gases and electrolyte. They have a high » The widespread use of hydrogen as a source of
surface area and are porous to ensure high cell energy presents special challenges and issues,
efficiency. Catalysts are often part of an electrode in terms of its production, distribution, storage
to increase the rate of reaction. and safety.

+ Electricity generation using fuel cells is more
efficient than if the electricity were generated by
the combustion of the same fuel.

KEY QUESTIONS

1 Which one of the following is a correct statement 4 An experimental fuel cell that uses methanol as the
about what happens in a hydrogen-oxygen fuel cell. fuel has the half-equations:
A Hydrogen gas is oxidised at the anode. CH,0H(g) + 60H~(ag) — CO,(g) + 5H,0() + 6e~
B Electrons flow through the external circuit from 0,(g) + 2H,0(l) + 4e~ — 40H(aq)
cathode to anode. a Write the equation for the overall cell reaction.
C Solid, impermeable electrodes are required b Which reaction occurs at the positive electrode
to prevent contact between reactants and of the cell?
the electrolyte. ¢ Suggest a suitable electrolyte for the cell.
D Oxygen gas is oxidised at the anode. d When the cell begins to produce electricity, the pH
2 Which one or more of the following features do of the electrolyte near the cathode increases and
secondary cells and fuel cells have in common as eventually reaches a constant value. Explain why
they produce electricity? this occurs.
A A catalyst is used to increase reaction rate. e Electricity could be obtained from thermal energy
B Cations in the electrolyte move towards produced by combustion of methanol. What is
the cathode. the main advantage of using a fuel cell to produce
C The anode is negative. electricity?
D The cathode is constructed from a porous material. 5 Why is large-scale production of electricity using fuel
E Oxidation occurs at the cathode. cells suggested as part of a solution to the greenhouse
F The oxidising agent is a gas. problem?
G Chemical energy is converted into electrical energy.

3 Hydrogen gas and oxygen gas are reacted in a
phosphoric acid fuel cell, which is a type of fuel cell
that uses liquid phosphoric acid as an electrolyte.

a Write equations for the half-reactions that occur
at the anode and cathode.

b Based on the two half-equations from part a,
determine the overall cell equation for this reaction.

__________________________________________________________________________________________
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Chapter review

KEY TERMS

absorb electrode primary cell

adsorb electrolyte secondary cell

anode fuel cell steam reforming

biogas galvanic cell voltaic cell

cathode hydrogen economy

electrochemical cell materials-based storage

Continuous sources of electrical energy d Fuel cell vehicles fitted with a tank of liquid

1 Which one of the following reactions might be used as hydrogen can travel up to four times further than
the basis for an experimental fuel cell? fuel cell vehicles fitted with petrol tanks of the
A 2CO(g) + O,(g) — 2C0,(g) SEIME Sl
B 2NO,(g) — N,0,(g) e Hydrogen stored under pressure can provide the
C HCl(g) + NH4(g) — NH,CI(s) same energy per litre as hydrocarbon fuels.
D CO,(g) + H,0() — H,CO,(aq) 6 Select the correct answer from the options given in

bold to complete the following paragraphs, which

2 Which one of the following statements best describes = ’
summarise information about fuel cells.

the role of the electrolyte in a fuel cell? ) ]
A It allows positive charges to accumulate in one Fuel cells convert chemical/electrical energy

half-cell and negative charges to accumulate in to chemical/electrical energy and are a type of
the other. galvanic cell. At the anode, the fuel/oxidising agent

undergoes oxidation/reduction whereas at the
cathode the fuel/oxidising agent is oxidised/reduced.
Energy is supplied constantly if reactants/products
are available.

B It allows direct contact of the fuel from the anode
to mix with the oxidising agent from the cathode.

C It allows movement of ions to balance charges
formed at the electrodes.

D It provides a pathway for electrons to move
between the half-cells.

The nature of the electrodes is critical to the operation
of the fuel cell. Electrodes must conduct electricity,
catalyse the reaction and allow contact between the
electrolyte/oxidising agent and the fuel and the
electrolyte/fuel and the oxidising agent. There must

3 Which one of the following substances is least likely
to be found as a reactant at the anode of a fuel cell?

b GEel be controlled contact / no direct contact between
B CO, the fuel and the oxidising agent.
© Electricity generation using fuel cells is more/less
D CH, efficient than if the electricity were generated by
4 Which one of the following is not being considered the combustion of the same fuel. The emissions of
as a means of storing hydrogen for use in fuel cells? greenhouse gases from a fuel cell are much less/
A Adsorbed to the surface of metal hydrides significantly greater than if the fuel were burnt in a
B As pure solid hydrogen power station or internal combustion energy.
C As pure compressed hydrogen While hydrogen—oxygen fuel cells are a clean energy
D As pure liquid hydrogen source producing only energy and water /oxygen,
5 Indicate whether the following statements about the the production, storage, distribution and safety of
generation, storage and safety of hydrogen are true hydrogen/water are challenging issues.
or false.

a Most of the hydrogen produced in the world is
generated from fossil fuels.

b Hydrogen is regarded by scientists as almost twice
as dangerous a fuel for vehicles as petrol.

¢ Hydrogen can be stored by adsorption onto metal
hydrides.
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Label the diagram of a hydrogen—oxygen fuel cell in

Figure 6.2.1.
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FIGURE 6.2.1 A hydrogen—oxygen fuel cell.

8 Decide whether the following statements apply to

fuel cells, primary cells or secondary cells. Some

statements apply to all types of cells.

a Convert chemical to electrical energy.

b Oxidation occurs at the anode and reduction occurs
at the cathode.

¢ The anode is the negative electrode as the cell
generates electricity.

d Recharged by connecting to a power supply.

e Electrode reactions occur in separate compartments.

f Chemical energy is stored within the cell.

g Reactant is supplied constantly.

A fuel cell is used as a breathalyser to detect the

presence of alcohol in a motorist’s breath.

The equation for the cell reaction is:

CH,CH,0H(g) + 0,(g) — CH;COOH(aq) + H,0O(l)

In this reaction, ethanol (CH,CH,OH) is oxidised to

ethanoic acid (CH;COOH) and oxygen is reduced

to water.

a Write an equation for the half-reaction that occurs
at the anode.

b Write an equation for the half-reaction that occurs
at the cathode.

¢ As the cell operates, will cations in the electrolyte
move towards the anode or the cathode?

d Explain whether the fuel cell will generate a voltage
if natural gas, which contains mostly methane,
is blown into the breath inlet.

10 An experimental fuel cell uses methane as the

source of energy. The relevant half-equations in the
electrochemical series are:

CO,(g) + 8H*(aq) + 8e~ = CH,(g) + 2H,0())
E°=+0.17V

0,(g) + 4H"(aq) + 4e- = 2H,0())

E°=+123V

11

12

a Write a half-equation for the reaction that occurs
at the negative electrode of the fuel cell.

b If the fuel cell operates under standard conditions,
what is the maximum voltage that could
be generated?

A fuel cell uses methanal gas (HCHO) as a fuel and

oxygen gas as the oxidising agent. It uses an alkaline

electrolyte and operates at 70°C.

a Write the equation for the overall cell reaction.

b What is the half-equation for the cathode reaction?

Connecting the main ideas

An Australian company developed a ceramic fuel cell.
Instead of a liquid electrolyte, the cell uses a ceramic
electrolyte through which oxide ions (0%°) can move.
The fuel cells are designed so that the fuel and air are
directed separately onto the appropriate electrode.
The diagram in Figure 6.2.2 represents a ceramic fuel
cell that uses methane gas (CH,) as the energy source.
The electrode reactions are:

0,(g) + 4e”— 20%(s)

CH,(g) + 40%(s) - COL(g) + 2H,0(g) + 8e~

waste gases

(CO,, H,0) depleted air

electrolyte
o*

fuel, CH, air

FIGURE 6.2.2 A ceramic fuel cell.

a Write an overall equation for the reaction that
occurs in this ceramic fuel cell.

b I|dentify electrodes X and Y as the cathode or
the anode.

¢ Explain the claim that this method of generating
electricity will reduce carbon dioxide emissions,
by comparison with a power plant that burns
natural gas (containing methane) and uses the heat
released to boil water and then generate electricity.

13 Consider the similarities and differences between a

primary cell and a fuel cell.

a List the design features that the two types of cells
have in common.

b List the design features that are different in the two
types of cells.

14 ‘Hydrogen-oxygen fuel cells are the energy source of

the future. Discuss the advantages and disadvantages
of an energy supply based on these fuel cells.
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REVIEW QUESTIONS

What are the options for energy production?

Multiple-choice questions

1

Which of the following is not an example of using
the energy obtained from a fuel to produce electrical
energy?

A Production of electricity in a methanol fuel cell

B Production of electricity in a wind turbine

D Production of electricity in a coal-fired power plant

D Production of electricity in a nuclear power plant

Which of the following is not characteristic of a reaction

in which energy is obtained from a fuel?

A It is exothermic.

B Chemical energy (enthalpy) is converted into other
forms of energy.

C The combined enthalpy of the products is higher
than that of the reactants.

D The enthalpy change (AH) is negative.

Which of the following equations correctly represents
the complete combustion of ethanol?

A CH,CH,OH(l) + 0,(g) — 2C(s) + 3H,0(g)

B CH,CH,OH(l) + 20,(g) — 2CO(g) + 3H,0(g)

C CH,CH,OH(l) + 0,(g) — CH,COOH() + H,0(g)

D CH,CH,OH(l) + 30,(g) — 2C0O,(g) + 3H,0(g)

Two gaseous fuels that have been investigated as
possible alternative energy sources are hydrogen gas,
(H,) and biogas, which comprises mostly methane
(CH,). The table below shows the energy released

by the combustion of 1 mol of hydrogen and 1 mol
of methane.

Fuel Equation for combustion Energy released

reaction per mole of fuel
(kJ mol?)
1

Hydrogen H,(g) + EOz(g) - H,0(g) 242
CH,(8) +20,(8) —

Methane 4 2 802

COL(g) + 2H,0(g)

Consider the following situations that may apply to the
use of the fuels.

I Limiting greenhouse gas emissions is very
important.

Il Equal masses of the two gases are to be stored.

Il Equal volumes of the gases are to be stored (at the
same temperature and pressure).

Hydrogen gas would be the preferred fuel in which

situation(s)?

A 1,1l and llI B land I

C Iland Il D lonly

The following information relates to Questions 5-7.

Biodiesel manufactured from plant oils is an increasingly
important alternative to the petrodiesel isolated from crude
oil. One issue with the use of biodiesel is that it has a
higher affinity for water than petrodiesel, and consequently
has a higher water content. However, the potential
reduction in net greenhouse emissions of switching to
biodiesel makes it very attractive.

5 The reason for the higher affinity of biodiesel for water

is that:

A molecules in biodiesel possess polar functional
groups that enable bonding to water molecules

B biodiesel is ‘natural’ and natural things always have
an affinity for water

C the water is removed from petrodiesel in the refining
process

D the larger molecules in biodiesel are able to form
more bonds to water molecules.

6 The use of biodiesel in cold climates can be

problematic because:

A at low temperatures the molecules in biodiesel
undergo decomposition

B unburnt fuel can clog the exhaust systems of motor
vehicles

C combustion of biodiesel at low temperatures
increases greenhouse gas emissions

D its higher viscosity can cause fuel line blockages.

7 The difference in the amount of carbon dioxide
generated by the combustion of petrodiesel and
biodiesel is very small, yet it is argued that switching to
biodiesel will reduce net greenhouse emissions. This is
mainly because:

A growing plant feedstocks for biodiesel production
removes carbon dioxide from the air through
photosynthesis

B the carbon dioxide produced by burning fossil
fuels is a stronger greenhouse gas than the carbon
dioxide produced by burning biofuels

C combustion of biodiesel produces fewer other
greenhouse gases, such as methane

D biodiesel combustion produces significantly more
energy so less needs to be burnt for the same
energy output.
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Refer to the following equation for the reaction between
hydrochloric acid and ammonia solution when answering
Questions 8 and 9.

HCl(aq) + NH,(aq) — NH,Cl(ag) AH =-52 kJ mol™!

8 The reaction is:

A endothermic, because the energy involved in bond
forming is more than that involved in bond breaking
endothermic, because the energy involved in bond
forming is less than that involved in bond breaking
exothermic, because the energy involved in bond
forming is more than that involved in bond breaking
exothermic, because the energy involved in bond
forming is less than that involved in bond breaking.

c

D

©

Which of the following happens when hydrochloric
acid and ammonia solutions are allowed to react in a
perfectly insulated container?
The total energy inside the container decreases.
The total energy inside the container increases.
The total energy inside the container is unchanged
but there is less enthalpy (chemical energy) after
the reaction.
The total energy inside the container is unchanged
but there is more enthalpy (chemical energy) after
the reaction.
The following information relates to Questions 10-12.
As a response to rising petrol prices, the Australian
Government in 2006 offered car owners a $2000 incentive
to convert their cars from petrol to LPG. Propane is one of
the gases in the mixture sold as LPG. The thermochemical
equation for the complete combustion of propane is:
C,Hg(g) + 50,(g) — 3CO(g) + 4H,0(I)

AH = -2220 kJ mol™?
10 Which energy profile diagram best represents the
energy changes that take place during this reaction?

) N\

2220 k] mol-!

11

12

Enthalpy

13
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2220 k] mol~!

Enthalpy

2220 k] mol~!

Enthalpy

2220 k] mol-!

l

Enthalpy

When 10.0 g of propane undergoes complete
combustion:

A 5.05 x 10% kJ of energy is absorbed

B 5.05 x 10° kJ of energy is released

C 3.92 x 10! kJ of energy is absorbed

D 3.92 x 10! kJ of energy is released.

When 1 MJ of energy is released in this reaction, the

volume of CO,(g) produced, at standard laboratory
conditions (SLC), is:

A 335x10%L B 335L
C 1.12x10%L D 112L
Given that the density, d, of a substance is given by the
formula d = % and that M represents molar mass, then
the density of any gas is given by which formula?

_ RxT
Ad= pxM

- p
B d=poxTxm
C 4o RXTXM

p

_pxM

D d RxT



14 Which of the following lists species arranged with
the nitrogen atoms in order of increasing oxidation
number?

A NH,* N, NO, NO,~
B NO,7, NO, NH,, N,
C NO,, N,, NO, HNO,
D NO,7, NO, N,, NH,
15 Use the electrochemical series to determine which one

of the following would not be expected to occur to an
appreciable extent.

A 2H*(aq) + Fe(s) — Fe?*(aq) + H,(g)

B 2Ag*(aq) + Ni(s) — 2Ag(s) + Ni**(aq)

C Br,(aq) + 2Fe?*(aq) — 2Br(aq) + 2Fe*(aq)

D 2I(aq) + Pb**(aqg) — L(s) + Pb(s)

16 Hydrogen gas (H,) is bubbled through a solution of
Sn**(aqg). Which of the following observations is most
likely?

A No reaction will occur.

B A precipitate of SnH, will form.

C The pH of the solution will decrease.
D Oxygen gas will form.

17 The following equations involve ions of the transition
metal vanadium. The half-cell potential E° (V) is shown
for each equation.

Vi*(aq) + e > V?*(aq) E°=-0.25V
VO?*(aq) + 2H*(aq) + e~ — V¥*(aq) + H,0()

E°=+036V
VO,*(aq) + 2H*(aq) + e~ —» VO#*(aq) + H,0())
E°=+1.00V

Of the ions listed, which are the strongest oxidant and
the strongest reductant?

Strongest oxidant Strongest reductant
A | VO, ver
B | Vo, Vo2
C | v Vo
D |ve vO,*

18 Which of the following best describes the features of an
anode in a galvanic cell?

Polarity Electrode reaction
A | Positive Oxidation
B | Positive Reduction
C | Negative Oxidation
D | Negative Reduction

19

20

An electrochemical cell was made by dipping a copper
rod into a solution of 1 M CuSO, in one beaker and
dipping a nickel rod into a solution of 1 M NiSO, in
another beaker. The metals were connected with wire
and the two solutions were connected by a piece of
paper towel that had been soaked in a potassium
nitrate solution. The cell is shown in the following
diagram.

V)
U
salt bridge
+ (paper towel) —
CU\ | Ni
Ni

CuSO, 1 L NS0,

~ A

- - )
beaker 1 beaker 2

The solution in beaker 1 was initially coloured blue,

owing to the presence of Cu?* ions. The solution in

beaker 2 was initially coloured green because of the

presence of Ni2* ions. Which of the following changes

might it be possible to detect after the galvanic cell has

been discharging for a period of time?

A The green colour in beaker 2 has faded and the
mass of the copper electrode has increased.

B The blue colour in beaker 1 has faded and the mass
of the nickel electrode has increased.

C The green colour in beaker 2 has faded and the
mass of the copper electrode has decreased.

D The blue colour in beaker 1 has faded and the mass
of the nickel electrode has decreased.

Fuel cells provide an alternative method, often more
efficient than direct combustion, of extracting energy
from the reaction between a fuel and oxygen. Which
of the following are the main energy transformations
occurring when a fuel is directly combusted, and when
reacted with oxygen in a fuel cell?

Direct combustion Fuel cell

enthalpy — heat electricity — enthalpy

heat — enthalpy electricity — enthalpy

heat — enthalpy enthalpy — electricity

o0 W >

enthalpy — heat enthalpy — electricity
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21 Much of the research advancing fuel cell technology 24

aims at improving the catalytic effect of the electrode

materials. This is crucial because:

A a key limitation of fuel cells is their power output,
which relates to the rate at which the reactions
can occur

B it increases the total energy available from a given
quantity of reactants

C it reduces the output of greenhouse gases and other
wastes from the cell

D it allows the fuel cell reactions to be reversed,
making it rechargeable.

Short-answer questions
22 a Explain what is meant by the term ‘fuel’.

b Methane is a useful fuel that is the major component
both of natural gas and of many forms of biogas.
Compare these two forms of methane with respectto: 55

i the processes that lead to their formation

ii their renewability

iii their impact on carbon dioxide levels when used
as energy sources.

23 Consider the following table of values of energy

available from the combustion of a range of liquid
fuels. Note that because many of these fuels are
mixtures whose composition can vary, the values
provided are representative only.

Liquid fuel Typical formula Typical energy
available 26
kJg? | kdmL?

Methanol CH,OH 20 16
Ethanol CH,CH,OH 27 21
Petrol CeH g 46 33
Petrodiesel C.H 48 40
Biodiesel CsH350, 38 34
Liquefied natural CH, and C,H, 45 27
gas (LNG)

Liguefied petroleum | C,;H;, and C,H,, 49 26
gas (LPG)

a lIdentify the fossil fuels present in the table.

b Identify the renewable fuels present in the table.

¢ What is the general relationship between the energy
available from each fuel and the proportion of
oxygen in its formula?

d Given the relatively low energy contents of methanol
and ethanol, suggest reasons why their use as fuels
is becoming more common.

e Suggest one application where a fuel with a high
energy/mass ratio would be preferred.

f Suggest one application where a fuel with a high
energy/volume ratio would be preferred.
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One of the boilers at a power station burns 75.6 kg of
brown coal every second. Each kilogram of brown coal
produces 9.82 MJ of energy. The electrical output of
the generator connected to this boiler is 300 MJ s,

a Calculate the amount of energy produced each
second by burning 75.6 kg of coal.

b Give two reasons why the answer to part a is much
greater than the output of the generator.

¢ Over three-quarters of the electricity generated in
Victoria comes from brown coal, a non-renewable
energy source. Explain what is meant by the term
‘non-renewable energy source’.

d Many sewage treatment plants incorporate digesters
that generate biogas, which can be burnt to produce
electricity in power plants similar to Victoria’s coal-
fired ones. List some of the benefits this might
provide.

Consider the following thermochemical equations
involving the formation of nitrogen oxides.

N, (g + 0,(8) - 2NO(g) AH =+181 kJ mol*!
2NO(g) + 0,(8) - 2NO(g) AH =-114 kJ mol!
Use this information to calculate AH for each of the
following equations.

a 2N,(g) +20,(g) — 4NO(g)

b 2NO(g) » N,(g) + O0,(8)

¢ NO,(g) — NO(g) + %%(g)
d N,(g) + 20,8 — 2NOL(g)

Lighter fluid is mainly butane (molar enthalpy of

combustion is —=2876 kJ mol), which undergoes

combustion according to the following equation:
2C,H, (&) + 130,(g) — 8C0L(g) + 10H,0(g)

a What is the value of AH for the equation?

b Sketch and label an energy-level diagram (showing
the relative enthalpies of reactants and products)
illustrating the energy changes that occur during
this reaction.

¢ Use your diagram from part b to explain why
butane does not spontaneously ignite when exposed
to air; that is, why a spark is necessary to begin
combustion.

d Calculate the heat of combustion of butane in kJ g

e An inexperienced hiker wishes to use his lighter,
which contains 3.00 g of butane, to heat the water
in his mug. If his mug contains 150 mL of water
initially at 20.0°C, and 70.0% of the heat generated
by the lighter is lost to the surroundings, what will
be the temperature of the water when the fuel in the
lighter is exhausted?



27 Many transport vehicles are fuelled by compressed
natural gas (CNG) rather than petrol. CNG is largely
methane. The thermochemical equation for the
complete combustion of methane is:

CH,(g) + 20,(g8) — COL(g) + 2H,0(g)

AH =-802 kJ mol!

a How much energy, in MJ, is released by the
complete combustion of 1.00 kg of methane?

b What volume of carbon dioxide is formed, at
standard laboratory conditions (SLC), for each MJ
of energy produced?

¢ If vehicles are not properly tuned, incomplete
combustion of methane can lead to the formation
of carbon monoxide (CO). For every gram of
carbon monoxide produced, 18.6 kJ of energy is
released. Write a balanced thermochemical equation
(including AH) for the reaction of methane with
oxygen to produce carbon monoxide and water
vapour.

d How much energy (in kJ) is released by combustion
of one mole of methane if the percentage converted
to carbon monoxide (with the balance converted to
carbon dioxide) is:

i 0%?
ii 20%?
iii 100%?

A 224 L domestic hot water system running on

natural gas is filled with water at 14°C and requires

combustion of 1.25 kg of fuel to heat the water to

the storage temperature of 70°C (density of water is

1.00 g mL™).

a Assuming 100% conversion, how much energy
is available, in MJ kg, from combustion of the
natural gas?

b A typical energy value for natural gas is around
54 MJ kg. Account for any discrepancy with your
answer to part a.

28

29 A helium cylinder for the inflation of party balloons

holds 25.0 L of gas, and is filled to a pressure of

16500 kPa at 15°C.

a Express the pressure of helium gas inside the
cylinder in units of:
i atm
ii mmHg.

b What mass of helium does the cylinder contain
when full?

¢ What volume would the helium occupy at standard
laboratory conditions (SLC)?

d How many balloons can be inflated from a single
cylinder at 30°C if the volume of one balloon is
6.5 L and each needs to be inflated to a pressure of
108 kPa?

30 Hydrogen seems likely to be among the most
prominent of the next generation of fuels, with many
potential applications.

31

32

a

It is a promising replacement for traditional fossil
fuels in combustion engines for transport. List two
advantages and two disadvantages of hydrogen as
a transport fuel in combustion engines, relative to
conventional fossil fuels.

Hydrogen fuel cells are also strong candidates to
power electric cars in the future. List two advantages
and two disadvantages of hydrogen fuel cells,
relative to rechargeable battery technologies (such
as lead-acid cells), for use in electric cars.

List one advantage and one disadvantage of
hydrogen fuel-cell powered electric motors relative
to hydrogen combustion engines for transport.

One manufacturer of direct methanol fuel cells
(DMFCs) quotes a methanol consumption rate of

900 mL kWh (1 kWh (kilowatt hour) = 3600 kJ).

The equation for the reaction in these fuel cells is
identical to that for the direct combustion of methanol
(with liquid water as a product):

2CH,0H(l) + 30,(g) — 2CO,(g) + 4H,0()

AH =-1453 kJ mol!
Given that the fuel cell contains an acidic electrolyte,
write balanced half-equations for the reactions
occurring at the anode and cathode respectively.
Use the thermochemical equation given above to
calculate the maximum energy (in kJ) available from
the reaction of 1.00 g of methanol with oxygen.
Use the fuel consumption figure provided to
calculate the amount of electrical energy obtained
from the reaction of 1.00 g of methanol in the fuel
cell (density of liquid methanol is 0.79 g mL™).
What is the percentage efficiency of conversion of
available energy to electrical energy in the fuel cell?
List some possible losses that might occur in
the fuel cell to lower the efficiency of electricity
production.

For each of the following reactions:

o 6 T o

identify them as redox or non-redox reactions

for each redox reaction, list the changes in oxidation
number occurring

for each redox reaction, identify the oxidant and
the reductant.

HIO,(aq) + 3S0,(g) — 3S0,(aq) + Hl(aq)
SO,(g) + Ca(OH),(ag) — CaSO,(s) + H,0(l)
4Fe(OH),(s) + 2H,0(l) + O,(g) — 4Fe(OH),(aq)
NaH(s) + H,0(l) — H,(g) + NaOH(aq)
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33

34

For each of the following unbalanced redox reactions
(all occurring in acidic aqueous solution)

e write separate balanced ionic equations for the
oxidation and reduction half-reactions

e write a balanced ionic equation for the overall
reaction.

a Al(s) + Bry(aq) —» AB*(aq) + Br(aq)

b ClO-(aq) + S,0,%(aq) — SO,*(aq) + Cl«(aq)

¢ H,0,(aq) + Mn0O,(aq) — O,(aq) + MnO,(s)

When a Ni-Cad cell is converting chemical energy to

electrical energy (discharge), the electrode reactions
are best described as follows.
e positive electrode:
NiOOH(s) + H,0O(l) + e — Ni(OH),(s) + OH(aq)
* negative electrode:
Cd(s) + 20H(aqg) — Cd(OH),(s) + 2e
a Which metal, nickel or cadmium, is at the anode of
this cell as it is discharging?
b Give the formula of an ionic compound that might

be expected to be found in the electrolyte paste of
a Ni—-Cad cell.

Ni-Cad cells are superior to alkaline cells because they

can be recharged.

¢ Explain why cells such as the Ni-Cad can
be recharged.

d Write equations for the half-reactions and the
overall cell reaction occurring when a Ni-Cad cell
is recharged.

e Describe the energy transformation that occurs
when a Ni-Cad cell is discharging.

Referring to an electrochemical series and for each of
the half-cell combinations listed below, predict:

i the maximum cell voltage expected at standard

36 The diagram below shows a version of an alkaline

aluminium-air fuel cell being used to power a load,
such as an electric motor.

— L

air space
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A

KOH(aq)

aluminium plate

The half-reactions occurring are:

Al(s) — APP*(aq) + 3e-

0,(g) + 2H,0(l) + 4 — 40H(aq)

a Which arrow, A or B, shows the direction of electron
flow through the load?

b What is the oxidant in this cell?

¢ Write a balanced equation for the overall cell
reaction.

d Explain why it is important for the cathode to
be porous.

Using a zinc (Zn) plate in place of the aluminium plate

gave a cell that still functioned. However, when a silver

(Ag) plate was used instead, the cell did not function.

e Account for this difference by referring to the
relative strengths of the oxidants and reductants
involved.

f Would the cell potential (voltage) produced by the
cell with the zinc plate be larger or smaller than
that with the original aluminium plate? Explain your
answetr.

. COl’.ldItlonS _ _ _ g When the potassium hydroxide electrolyte was
I Wlhlih ?jf the half-cells will contain the negative replaced with a sulfuric acid solution, the cell with
electrode

iii the ionic equation for the overall reaction
occurring when the cell is discharging.

a Sn?*(aq)/Sn(s) and Fe?*(aq)/Fe(s)
b Fe3*(aqg)/Fe?*(aq) and Al**(aq)/Al(s)
¢ H*(ag)/H,(g) and I, (ag)/I"(aq)

the silver plate began to deliver current. Explain why
changing the electrolyte made this difference.
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CHAPTER

Rate of chemical reactions

Chemical reactions occur at many different rates. The explosion of gunpowder and
the combustion of petrol in a car’s engine occur very quickly. On the other hand,
the weathering of buildings, the ripening of fruit and the rusting of iron all occur
quite slowly.

During chemical reactions, particles such as atoms, molecules and ions collide
with each other and undergo a rearrangement to produce new substances. It is
important to appreciate that collisions between reactant particles do not always
result in a chemical reaction. For example, while a car’s fuel tank is being filled with
petrol, the hydrocarbon molecules in the fuel are colliding with oxygen molecules
in the air without a reaction occurring.

By the end of this chapter, you will understand how rates of chemical reactions
can be measured. You will also be able to describe how varying the conditions of
chemical reactions can affect the rate of a reaction.

Using collision theory, you will learn to predict the effects of concentration of
solutions, temperature, surface area, gas pressure and the presence of a catalyst
on the rate of chemical reactions, and explain these effects.

The role of catalysts in changing the rate of chemical reactions will be considered

in relation to reaction pathways and the energy changes that occur during
reactions.

Key knowledge

« Chemical reactions with reference to collision theory, including qualitative
interpretation of Maxwell-Boltzmann distribution curves

Factors affecting the rate of a chemical reaction, including temperature, surface
area, concentration of solutions, gas pressures and presence of a catalyst

The role of catalysts in changing the rate of chemical reactions with reference
to alternative reaction pathways and their representation in energy profile
diagrams

VCE Chemistry Study Design extracts © VCAA (2015); reproduced by permission.
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FIGURE 7.1.1 How quickly do the chemical
reactions involved in baking occur?

| CHEMISTRY IN ACTION |

7.1 Investigating the rate of
chemical reactions

The time it takes for a batch of chocolate brownies to cook in the oven (Figure 7.1.1)
and the time taken for a fibreglass patch on a surfboard to set are processes related
to the rate of chemical reactions.

In this section, you will learn how changes to reaction conditions affect reaction
rates. You will also learn how chemists measure the rate at which a chemical reaction
occurs.

FAST AND SLOW REACTIONS

Chemical reactions are taking place all around us:
* in the soil and rocks beneath our feet

* in the air around and above us

e inside every plant and animal

e in our homes, schools and workplaces.

Some of these reactions are over in a flash. In a car accident when a car’s airbag
needs to be inflated, the chemical reactions producing the gas that expands the
airbag need to happen extremely quickly. On the other hand, if the car’s painted
surface is scratched to expose the metal beneath, the rusting reactions take place at
a very slow rate.

Saved by a very fast chemical reaction

Imagine the scene. An 18-year-old borrows his parent’s

car to take his girlfriend for a drive to celebrate gaining his
driver’s licence. Roof down, enjoying the beautiful afternoon
and the countryside, the driver rounds a corner to find the
road wet. The car begins to slide on the wet surface. In

his inexperience the driver brakes; the car starts to spin.
Suddenly, the car is leaving the road and heading straight
for a large tree. Then, bang!

Later, the car was estimated to have been travelling at
60 km/h when it hit the tree. The collision was a ‘head-
on’, with the front and passenger side taking most of the
impact. Yet the girl in the passenger seat suffered just a
chipped tooth, and her boyfriend sustained only minor
bruising.

This is the true story of a lucky escape, thanks to a
very rapid chemical reaction. As the collision took place,
airbags were inflating and then deflating as the travellers
were slammed forward towards the windscreen. The driver
described it as being ‘all over in a flash’ and had no clear
recollection of the airbags going off.

Hidden in the car’s steering wheel, dashboard and
windscreen pillars, special nylon bags fill with gas
within 30 milliseconds of impact (see Figure 7.1.2).

As a consequence, the car occupants are prevented
from smashing their heads against the steering wheel,

170

dashboard, windscreen or front pillars, all within the blink
of an eye. As the head and body strike the airbags, the
cushion of gas is forced out of the bag through tiny vents,
and within 100 milliseconds the bag has completely
deflated.

FO43050202]"

FIGURE 7.1.2 Airbags are deployed within 30 milliseconds of an impact.
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Air bags contain a mixture of crystalline solids—sodium
azide (NaN;), potassium nitrate (KNO,) and silica (SiO,)—
stored in a canister. Sensors in the front of the car detect
the difference between a bump and life-threatening impact.
When a response is required, an electronic impulse ‘ignites’
the sodium azide. Sodium metal and hot nitrogen gas are
the products of this energy-releasing redox reaction:

2NaN,(s) — 2Na(l) + 3N,(g)

The pulse of hot nitrogen gas released from this reaction
starts to inflate the nylon bag. The molten sodium metal
immediately reduces the potassium nitrate, generating

FACTORS THAT AFFECT REACTION RATES

Experimental investigations have shown that five main factors can change the rate
of a chemical reaction:

surface area of solid reactants
concentration of reactants in a solution
gas pressure

temperature

the presence of catalysts.

more nitrogen gas, as well as sodium oxide and potassium
oxide, which are white powdery solids.
The equation for this reaction is:
10Na(l) + 2KNO4(s) — K,0(s) + 5Na,O(s) + N,(g)
A filtration system prevents any of the oxides from
entering the nylon bag, while a third reaction ‘captures’
them to produce a harmless glassy solid.

In this reaction they combine with silica:
K,O(s) + 5Na,0(s) + SiO,(s) — alkaline silicate (‘glass’)
Chemical reactions do save lives!

You can probably think of some examples of situations where one or more of
these conditions is changed and a reaction becomes noticeably faster or slower.

Surface area

The surface area of solid reactants can have a significant effect on reaction rate.
Smaller particles have a much larger surface area than the same mass of large
particles. As a result, the smaller particles react much faster.

Manufacturers of fireworks modify the surface area of solid reactants to
control the rate at which fuels in the fireworks burn and create different effects
(Figure 7.1.3). For example, very small pieces of aluminium confined in a shell
explode violently. If larger pieces of aluminium are used, the reaction is slower and
sparks are seen as pieces of burning metal being ejected.

FIGURE 7.1.3 Particle size can be used to control the rate of reaction and create different effects
during fireworks displays.
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FIGURE 7.1.4 This limestone statue has
become pitted in recent years. Limestone
(calcium carbonate) reacts more rapidly with
the increased concentration of hydrogen ions
in rainwater.

FIGURE 7.1.5 Food is stored at low
temperatures in a refrigerator to slow down
the rate of reactions that cause food spoilage.

CHEMFILE

Fireworks and nanoparticles

Studies have shown that the fireworks (see Figure 7.1.6)
associated with celebrations such as New Year's Eve and the
Lantern Festival in China can significantly increase air pollution
levels. Sulfur dioxide and particles of metals are released when
fireworks explode. These can cause breathing problems and

lung disease.

Recent research aimed at lowering the environmental impact of
fireworks has focused on reducing the particle size of chemicals
used as fuels in the fireworks. By using smaller nanoparticles,
reaction rates are increased and smaller amounts of chemicals
are needed for the same performance. Thus, fewer pollutants are

released into the atmosphere.

However, this new approach carries increased risks because

Concentration

The concentration of solutes dissolved in a solution can influence the rate of their
reactions: higher concentrations usually lead to increased reaction rates.

Pollutants such as sulfur dioxide and nitrogen dioxide are released by cars and
many industrial processes. When these compounds react with rainwater, acids such
as sulfurous acid and nitric acid are formed. This causes the rainwater’s hydrogen
ion concentration to increase significantly and it is called acid rain. The increasing
acidity of rain over the past 200 years has caused many famous marble buildings
and statues to deteriorate much more rapidly due to the reaction between marble
and the acids (see Figure 7.1.4).

Pressure

In reactions involving gases, increasing the pressure on a reaction increases the rate
at which the reaction takes place. Increasing the pressure at constant temperature
will result (on average) in the reactant particles becoming closer together.

This will increase the chance of the gas molecules colliding, and therefore
increase the rate of reaction. Increasing the pressure of a reacting gas is the same as
increasing the concentration because you have the same mass in a smaller volume.

For this reason, engineers often employ high gas pressures in their design of
chemical processes that use gas-phase reactions. An example is the production of
ammonia gas by reacting hydrogen gas and nitrogen gas. Increasing the pressure
ensures a faster rate of reaction.

Temperature

As every cook knows, the temperature of an oven affects the rate of the chemical
reactions during baking. The higher the temperature, the more rapidly the reactions
occur.

On the other hand, in hot weather it is wise to store fruit and vegetables in the
refrigerator so that the chemical reactions that cause them to over-ripen and then
spoil will be slowed down at the lower temperatures (Figure 7.1.5).

fireworks made of such small particles could be even more FIGURE 7.1.6 Fireworks on New Year's Eve, Sydney.

explosive.
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Catalysts

Some chemical reactions occur much more rapidly if another substance is added
to the reaction mixture. Such substances are called catalysts. Catalysts allow the
reaction to follow a more energetically favourable pathway.

For example, if you chew a piece of dry biscuit or bread for several minutes, you
may notice it tasting much sweeter. This happens because there is a catalyst present
in your saliva that speeds up the breakdown of starch into sweet-tasting sugars.

In the following sections, you will learn how each of these factors can cause
these changes in reaction rate.

MEASURING RATES OF REACTION EXPERIMENTALLY

The rate of reaction is defined as the change in concentration of a reactant or
product per unit time. The usual unit for a rate of reaction is M s7.

0 The rate of reaction is defined as the change in concentration of a reactant or
product per unit time.

To experimentally determine the rate of reaction, either directly or indirectly,
you need to measure how much of a reactant is being used up or how much of a
product is being formed in a given time period.

When a reaction involves gaseous products, this might involve measuring
changes in mass or gas volume with time.

The graphs shown in Figure 7.1.7 were obtained by measuring the mass of
carbon dioxide produced in the reaction between marble chips and hydrochloric
acid. The experiment was performed twice, first with large marble chips, then with
small marble chips.

CaCO, + 2HCI — CaCl, + CO, + H,0

surface area)

[0}

o

x

9 ,

© large pieces
C

o of marble
'?U (low surface area)
)

o«

o small marble

£ chips (high

=)

(o]

>

Time

FIGURE 7.1.7 As carbon dioxide is produced from the reaction between marble chips and
hydrochloric acid, it is collected in a gas syringe and its volume is recorded.

The steeper initial gradient of the graph with small marble chips indicates that
the rate of production of carbon dioxide gas is faster with the marble chips that
have a higher surface area.

Colour changes and pH changes can also be used to follow the rate of some
reactions, depending on the colour and acidity of reactants and products.
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7.1 Review

» The rate of a reaction is the change in concentration * A range of experimental methods can be used to

of reactants or products over time. measure the rate of a reaction, including measuring
+ The rate of a reaction may be increased by: the following during specific time intervals:
- increasing surface area — mass loss
- increasing the concentration of a reactant — volume of gas produced
in solution — colour change
— increasing the pressure of a gaseous reactant — concentration changes
— increasing temperature - pH change.

— adding a catalyst.

KEY QUESTIONS

1 Which one of the following changes would decrease the rate of the reaction :
between zinc metal and dilute hydrochloric acid? :

A Increasing the temperature of the hydrochloric acid X

B Decreasing the size of the pieces of zinc :

C Decreasing the concentration of the hydrochloric acid |

D Decreasing the volume of hydrochloric acid used E

2 Select the correct response in the statements about the five main ways :
in which reaction rates can be increased. :

a Increasing/decreasing surface area of solid reactants X

b Increasing/decreasing the temperature of a reaction mixture :

¢ Increasing/decreasing the concentration of a reactant in solution |

d Increasing/decreasing the pressure of gaseous reactants :

e Adding/removing a catalyst E

3 The graph in Figure 7.1.8 shows the mass of carbon dioxide gas produced :
during a 4-minute period of a reaction between marble chips (calcium X
carbonate) and 1.0 M nitric acid. X

1

1

1

1

1

1

1

1

1

1

1

1

1

1

[ T N N
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Mass of CO, evolved (g)
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60 120 180 240
Time (s)

S

FIGURE 7.1.8 The mass of carbon dioxide produced in a reaction between nitric acid and
marble chips.

a Write a full chemical equation for this reaction.
b Explain whether the rate of this chemical reaction is increasing or
decreasing over time.
4 Describe one way of increasing the rate of each of the following reactions.
a Wood burning on a camp fire
b Removing excess mortar from between bricks using brick cleaner
¢ Baking a cake in the oven
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7.2 Collision theory

The chemical equation for a reaction indicates the nature of the reactants and
products, but provides no information about the way in which the reaction proceeds.

Look at the equation for the decomposition of hydrogen peroxide:

2H,0,(1 — 2H,0() + O,(g)

This equation gives no indication about whether the reaction proceeds quickly
or slowly; nor can you tell how the products have been formed.

In fact, this reaction normally occurs very slowly, but when a catalyst, such as
crystals of potassium permanganate, are added to the hydrogen peroxide solution,
the reaction occurs rapidly, producing so much oxygen gas and heat that the reaction
mixture foams and that some of the liquid water vaporises (see Figure 7.2.1).

Chemical reactions occur as a result of collisions between the reacting particles.
This idea is part of the collision theory of reaction rates, which will be discussed
in this section.

COLLISION THEORY AND ACTIVATION ENERGY

During chemical reactions, particles (atoms, molecules or ions) collide and are
rearranged to produce new particles. Consider the decomposition reaction of
hydrogen peroxide:

2H,0,1) — 2H,00) + O,(g)

The collision that forms the first step of the reaction occurs between the two
hydrogen peroxide molecules. If this collision is to result in the formation of
molecules of water and oxygen, the collision must occur in such a way that the
covalent bonds in the hydrogen peroxide break.To break bonds, energy is required.

The collision theory of reactions explains why some collisions result in reactions
and others do not. According to collision theory, for a reaction to occur, the reactant
particles must:
¢ collide with each other
¢ collide with sufficient energy to break the bonds within the reactants
» collide with the correct orientation to break the bonds within the reactants and

so allow the formation of new products.

If a collision does not meet all of these requirements, then no reaction occurs.
In fact, most collisions do not result in a chemical reaction. Collision theory
explains why this is the case.

Activation energy

For a reaction to occur between reactant molecules, the molecules must collide with
a certain minimum amount of energy. Unless this minimum amount of energy is
met or exceeded, the colliding molecules will rebound and simply move away from
each other without reacting.

The minimum energy that a collision must possess for a reaction to occur
is called the activation energy, E,. (You learned about activation energy in
Chapter 2.) When the energy of a collision is equal to or greater than the activation
energy, a reaction can occur.

Activation energy can be represented on an energy profile diagram. Energy
profile diagrams for both endothermic and exothermic reactions were looked at
in Chapter 2, page 44. An energy profile diagram represents the potential energies
of the reactants and the products over the course of the reaction.

Energy profile diagrams for both exothermic and endothermic reactions have
a peak that represents the activation energy. This is sometimes referred to as
the activation energy barrier, and represents the minimum energy that must be
absorbed in order to break the bonds of reactants so that a chemical reaction can
progress. The activation energy is measured from the energy of the reactants to the
top of the peak.

FIGURE 7.2.1 The decomposition of hydrogen
peroxide is usually very slow, but the addition
of crystals of potassium permanganate results
in the rapid evolution of oxygen gas and
water vapour.

O Reactant particles must have
energy equal to or greater than
the activation energy before a
reaction can occur.
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You will recall that an exothermic reaction releases more heat energy during the
reaction than it absorbs. An endothermic reaction absorbs more heat energy during
the reaction than it releases. This is represented on the diagram as AH and is the
difference in energy between the reactants and the products.

Transition state

When the activation energy is absorbed, a new arrangement of the atoms known as
the transition state occurs. The transition state occurs at the stage of maximum
potential energy in the reaction: the activation energy (see Figure 7.2.2). Bond
breaking and bond forming are both occurring at this stage, and the arrangement
of atoms is unstable. The atoms in the transition state rearrange into the products

as the reaction progresses.
OOtransition state

Ag Products
v

Potential energy

reactants

Reaction progress

FIGURE 7.2.2 Energy profile diagram for the endothermic reaction H,(g) + 1,(g) — 2HI(g).

Activation energy and reaction rate

The size of the activation energy determines how easy it is for a reaction to occur
and therefore what proportion of collisions results in a successful reaction. For this
reason, the reaction rate is dependent upon the activation energy.

The existence of an activation energy for a reaction means that collisions
between reactants do not always result in a chemical change. For example, nitrogen
(N,) and oxygen (O,) molecules collide frequently in the air around us at room
temperature. However, it is only when energy is provided by a spark, such as in car
engines or during a lightning strike, that the energy of the collisions is increased
enough to overcome the activation energy barrier. This allows nitrogen monoxide
to be produced. The nitrogen monoxide formed in this process can then react to
form brown nitrogen dioxide (NO,), a poisonous gas that is a major contributor to
the formation of the photochemical smog seen in Figure 7.2.3.

FIGURE 7.2.3 Photochemical smog, such as seen here over Barcelona, Spain, in December 2013,
is caused by NO,, a poisonous gas.
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Orientation of colliding molecules

For a reaction to occur, reactants need to collide with enough energy to provide
the activation energy. Reacting molecules must also collide with each other in the
correct orientation in such a way that particular bonds in the reactants are broken
and new bonds are formed in the products.

Figure 7.2.4 shows the importance of collision orientation. In the decomposition
of hydrogen iodide gas into hydrogen gas and iodine gas, two hydrogen iodide
molecules must collide with hydrogen and iodine atoms orientated towards each
other, for a reaction to possibly occur. If the collision orientation is incorrect, the
particles simply bounce off each other, and no reaction occurs.

Unfavourable orientation Favourable orientation
Reaction is unlikely. Reaction is likely.

2HI(g) = H,(g) + L(2)

FIGURE 7.2.4 A reaction between colliding molecules is more likely to occur if the orientation of
the collision is favourable.

CHEMFILE

A little too reactive!

In 1846, the Italian chemist Ascanio Sobrero reacted glycerol
with a mixture of sulfuric and nitric acids to make the explosive small activation energy, E
liquid nitroglycerin. Nitroglycerin is so unstable that even a small ‘
bump can cause it to explode. It decomposes according to the r
equation:

4C,H.N,04(l) — 12C0,(g) + 10H,0(g) + 6N,(g) + O,(g)

Despite being many times more powerful than conventional
gunpowder, it was far too dangerous to be practical. Some years

later, the Swedish scientist Alfred Nobel learned how to manage
nitroglycerin more safely through his invention of dynamite.

Energy

CO,,H,0,N,, O,
The reason for nitroglycerin’s instability is the very H,
small activation energy for its decomposition reaction
(see Figure 7.2.5). Reaction progress

FIGURE 7.2.5 Nitroglycerin has a very low activation
energy, making its rate of reaction very large.
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7.2 Review

» The activation energy of a reaction is the minimum » Collision theory is a theoretical model that accounts
amount of energy required to break reactant bonds for the rates of chemical reactions in terms of
to allow a reaction to proceed. It is the minimum collisions between particles during a chemical
amount of energy that a collision between reactant reaction.
particles must possess for a reaction to occur. « According to collision theory, for a reaction to occur,
» The transition state is an arrangement of atoms the reactant particles must:
that occurs when the activation energy is absorbed. — collide with each other
The transition state is an unstable state in which — collide with sufficient energy to break the bonds
bonds in the reactants are being broken and bonds within the reactants
in the products are starting to form. — collide with the correct orientation to break the
* An energy profile diagram shows the activation bonds within the reactants and so allow the
energy as a peak of highest potential energy formation of new products.

between the energy of the reactants and the energy
of the products.

KEY QUESTIONS

Co1 According to the collision theory, which one of the following is not essential
: for a reaction to occur?

E A Molecules must collide to react.
! B The reactant particles should collide with the correct orientation.

! C The reactant particles should collide with enough energy to overcome

! the activation energy barrier.

' D The reactant particles should collide with double the energy of the

X activation energy.

. 2 Which one of the following is the energy required to produce the transition
: state in a reaction?

: A Activation energy

E B Difference in energy between the products and reactants

! C Difference in energy between the products and the activation energy

' D Transition state energy

. 3 When 1 mol of methane gas burns completely in oxygen, the process of

| bond breaking uses 3380 kJ of energy and 4270 kJ of energy is released

: as new bonds form.

: a Write a balanced chemical equation for the reaction.

E b Calculate the value of the heat of reaction, AH, for the reaction.

! ¢ Draw and label a diagram to show the changes in energy during the

! course of the reaction.

. 4 The formation of hydrogen iodide from its elements is represented by

: the equation:

: H,(8) + 1,(8) > 2HI(g)

' This reaction has an activation energy of 167 kJ mol-! and the heat of

: reaction, AH, is +28 kJ mol-1. What is the activation energy for the reverse
E reaction, the decomposition of 2 mol of hydrogen iodide?

__________________________________________________________________________________________
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7.3 Effect of temperature on rate
of reaction

Earlier in this chapter you saw that the rate of a reaction can be changed by the:
e surface area of a solid reactant

e concentration of reactants in a solution

» pressure of any gaseous reactants

e temperature of the reaction

e presence of a catalyst.

In any given reaction mixture, only a certain proportion of the collisions are
successful. To increase a reaction rate, you can increase the proportion of successful
collisions by:

* increasing the frequency of successful collisions by increasing the number of
collisions that can occur in a given time

e increasing the proportion of collisions that have energy that is equal to or greater
than the activation energy (i.e. overcome the activation energy barrier).

In this section, you will consider how various changes to conditions can affect
the proportion of successful collisions that occur between reactant particles and
hence change the rate of reaction.

INCREASING THE FREQUENCY OF COLLISIONS

The rate of a reaction increases as the frequency of collisions increases. The

frequency of collisions between reactants can be increased by:

e increasing the concentration of the reactants. Collisions occur more frequently
when particles are closer together

* increasing the surface area of a solid reactant.

Changing concentration or pressure

In section 7.1, you learned that the rate of a reaction can be increased by increasing
the concentration of a reacting solution or the pressure of a reacting gas. This can
be explained by collision theory.

The rate of a reaction increases when the frequency of collisions between
reactants increases. When the concentration of a solution increases, there
are more reactant particles moving randomly in a given volume of solution
(see Figure 7.3.1). The frequency of collisions consequently increases and so more
successful collisions occur in a given time.

10% increase in o
. ° °
o) concentration of o
one of the °
)
reactants
°
° ) °
. .

FIGURE 7.3.1 On the left, the concentration of both reactants is low. On the right, the concentration
of one of the reactants has been increased 10-fold, resulting in an increase in collision frequency.

For a reaction in the gas phase, the pressure of the gases can be increased either
by adding more gas to a fixed volume container or by decreasing the volume of a
container with a variable volume, such as a gas syringe. Increasing the pressure
increases the concentration of gas molecules, causing more frequent collisions and
increasing the number of successful collisions in a given time.
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0 When using collision theory

to explain the effect of
concentration, pressure and
surface area on the rate of a
chemical reaction, you must
discuss the effect on either collision
frequency or the number of
successful collisions per unit time.

Changing surface area

When a solid is involved in a reaction, only the particles at the surface of the solid
are involved in the reaction. The number of particles at the surface depends on the
surface area of the substance. As you can see in Figure 7.3.2, breaking a solid into
smaller parts means that more particles are present at the surface and available to
react. The surface area has increased.

As a consequence of the greater number of exposed particles, the frequency of
collisions between these particles and the other reactant particles increases, and so
the reaction occurs more rapidly.

.

granules powde?ed Zn  Zinc powder with large surface

area reacts rapidly with HCI.

Granules of zinc metal
of Zn react slowly with HCI.

FIGURE 7.3.2 The reaction of hydrochloric acid and zinc. As the surface area of zinc increases, the
rate of reaction with hydrochloric acid increases. (The H,0" ion is represented as H* in the diagrams.)

The effect of increasing surface area can be seen when setting up an open fire
at home or on a camp. It is best to first light a pile of kindling rather than trying to
directly light large logs. The kindling has a larger surface area than the logs, so it
catches fire more easily and will then burn rapidly, providing enough sustained heat
energy to make the logs catch fire as well.

Worked example 7.3.1
USING COLLISION THEORY TO EXPLAIN CHANGES IN RATES OF REACTIONS

There have been many explosions in underground coal mines due to the
presence of coal dust. Explain this observation in terms of collision theory.

Thinking Working

Consider the state of the reactants. Coal is a solid. In the mine, there would
be lumps of coal and also powdered

coal.

Relate the state of the reactant to
the factor that affects the reaction
rate and explain in terms of collision
theory.

The surface area of powdered coal is
greater than that of solid coal. When the
surface area increases, the frequency of
collisions increases and so the rate of
reaction increases.

Return to the question to complete
your answer.

An explosion is a very fast reaction.
The very large surface area of the
coal dust allows for an increase in the
frequency of collisions with reacting
particles, which increases the reaction
rate so much that explosions occur.
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Worked example: Try yourself 7.3.1
USING COLLISION THEORY TO EXPLAIN CHANGES IN RATES OF REACTIONS

Iron anchors recovered from shipwrecks at considerable depths can show little
corrosion after years in the sea, whereas anchors recovered from shallow water
are badly corroded. Explain this observation in terms of collision theory.

INCREASING THE ENERGY OF COLLISIONS

As you have seen, a reaction can be made to occur more rapidly by increasing the
concentration of the reactants or, for solids, increasing the surface area. A change
in temperature can also have a major effect on the rate of a reaction. An increase
in temperature not only increases the frequency of collisions, it also increases the
kinetic energy of the particles and hence the energy of their collisions.

Maxwell-Boltzmann distribution

At any particular temperature, the particles in a substance have a range of kinetic
energies. Although most of the particles have similar kinetic energies, there are always
some particles with a high energy or a low energy. This range of energies is shown
on a graph called a Maxwell-Boltzmann distribution curve, also known as a
kinetic energy distribution diagram. Figure 7.3.3 shows how the distribution of
energies is represented in a Maxwell-Boltzmann distribution curve.

Number of particles
with kinetic energy, £

Kinetic energy ()

FIGURE 7.3.3 This Maxwell—Boltzmann curve shows the distribution of energies of particles in a
sample at a particular temperature. The peak of the graph corresponds to the energy of the greatest
number of particles.

During a reaction at a given temperature, only a small proportion of the reactant
particles have kinetic energy that is equal to or greater than the activation energy
and so are able to react. You can see this in Figure 7.3.4 as a small shaded area to
the right of the activation energy, E,.

Particles do not have
enough energy to
cause a reaction.

Number of particles

Activation energy, E,

Particles have enough
energy to react.

Particle kinetic energy

FIGURE 7.3.4 Only a small number of higher energy particles (represented by the shaded area) have
sufficient energy to overcome the activation energy barrier.
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CHEMFILE

Otzi the Iceman

In September 1991, Erika and Helmut
Simon were walking in the Otztal Alps
near the border between Austria and
Italy when they discovered the body
of what they thought was a dead
mountaineer (see Figure 7.3.6). It
was known that, in this region, bodies
decompose very slowly because they
are enclosed in ice. Closer examination
of the body, and the Bronze Age
items with it, eventually established
that he had died approximately 5300
years ago.

FIGURE 7.3.6 Otzi the Iceman was so well
preserved for 5300 years in the ice that
his stomach contents could be identified
and pollen of a spring plant was found on
his clothes.

Effect of temperature and rate of reaction

The relationship between Kkinetic energy and velocity is given by the formula
KE = lmvz. As the temperature of a reaction system increases, the average kinetic
energy of the particles increases and the average speed of the particles in the system
increases as well.

This is illustrated in Figure 7.3.5 in which the range of kinetic energies for a
gas at three different temperatures is shown. Note that the area under the curve,
which is equal to the total number of particles in the sample, stays constant when
the temperature is changed. As the temperature increases, the increasing average
kinetic energy of the particles can be seen by the movement to the right of the peak
in the Maxwell-Boltzmann curve.

0°C

1000°C

Number of molecules

2000°C

Kinetic energy

FIGURE 7.3.5 Kinetic energy distribution for a gas at a range of temperatures.

As the temperature of a reaction increases, the increased speed of particles
causes more collisions, increasing the frequency of successful collisions and the
rate of reaction.

The increased kinetic energy of the particles also means that collisions occurring
at higher temperatures have greater energy than those at lower temperatures. More
particles will have energies that are greater than or equal to the activation energy
and so the proportion of successful collisions also increases.

When the temperature increases, the increase in reaction rate due to the
increased energy of the collisions significantly outweighs the increase in reaction
rate due to the increased frequency of collisions.

A temperature increase of just 10°C causes the rate of many reactions to double
(an increase of 100%), but it can be shown that this is not due to the increased
frequency of collisions. The frequency of collisions only increases by about 3%
when the temperature increases by 10°C. The main reason why the reaction rate
increases is that more particles have sufficient energy to overcome the activation
energy barrier of the reaction.

6 The effect of increasing temperature on the rate of reaction is mainly through
increasing the proportion of reacting particles that have energies equal to or
greater than the activation energy for the reaction. This increases the proportion
of successful collisions.
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7.3 Review

Collision theory can be used to explain the increase * Increase in temperature results in an increase in the:
in rate of reaction by an increase in: — frequency of collisions between reactants

- concentration of a reactant solution - number of successful collisions in a given time

- pressure of a gaseous reactant — most importantly, energy of collisions, so an

— surface area of a solid reactant increased proportion of collisions has an energy
— temperature. larger than the activation energy for the reaction.

Increase in concentration, pressure or surface area
results in an increase in the:

— frequency of collisions between reactants

— number of successful collisions in a given time.

KEY QUESTIONS

1

Which one of the following alternatives correctly explains why a sample

of magnesium reacts more rapidly with 1 M HCI than with 0.1 M HCI?

A The energy of collisions between reactant particles is greater for the
reaction containing 1 M HCI.

B The rate of collisions between reactant particles is greater for the reaction
containing 0.1 M HCI.

C There are more collisions between the magnesium and 1 M hydrochloric
acid.

D The frequency of collisions between reactant particles is greater than for
the reaction containing 1 M HCI.

Which one or more of the following may be true if a reaction is observed to

proceed very slowly?

A The activation energy may be very large.

B The temperature may be low.

C Few collisions may be occurring with the correct orientation.

A number of experiments involving the reaction between 100 mL of

hydrochloric acid and 5 g of calcium carbonate were carried out. Rearrange

experiments A-F to place them in increasing order of rate of reaction (slowest

to fastest).

A Powdered CaCO; and 1 M HCI are mixed at 40°C.

B Small pieces of CaCO; and 1 M HCl are mixed at 15°C.

C Powdered CaCO; and 1 M HCI are mixed at 25°C.

D Large pieces of CaCO; and 0.5 M HCI are mixed at 15°C.

E Powdered CaCO, and 1 M HCI are mixed at 15°C.

F Small pieces of CaCO; and 0.5 M HCI are mixed at 15°C.

Account for the following observations with reference to the collision model of

particle behaviour.

a Surfboard manufacturers find that fibreglass plastics set within hours in
summer but may remain tacky for days in winter.

b A bottle of fine aluminium powder has a caution sticker warning ‘Highly
flammable, dust explosion possible’.

¢ A potato cooks much more slowly in a pot of boiling water on a trekking
holiday in Nepal than a potato boiled in a similar way in the Australian bush.

__________________________________________________________________________________________
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FIGURE 7.4.2 Energy profile diagram of an
exothermic reaction such as burning natural gas.

7.4 Catalysts

In this section, you will learn how catalysts increase the rate of reaction.

The change in reaction rate when a catalyst is present is often very substantial.
The action of a catalyst can be understood using collision theory and the changes
in energy that occur during a chemical reaction. Catalysts play an important role
in industrial chemistry, in limiting air pollution and in controlling biochemical
processes, as shown in the examples in Figure 7.4.1.

FIGURE 7.4.1 (a) A representation of the structure of a synthetic zeolite catalyst that is widely
used in petroleum refineries to break down large hydrocarbon molecules into smaller, more useful
molecules. Zeolite is a silica—alumina mineral. (b) A model of a lipase enzyme. Lipase is a catalyst
that breaks down fats in the digestive system of the human body.

CATALYSTS AND ACTIVATION ENERGY

You have already learned that the potential energy changes associated with a reaction

can be represented as an energy profile diagram of the reaction. An energy profile
diagram for an exothermic reaction is shown in Figure 7.4.2.

The activation energy is the minimum amount of energy required for a reaction
to take place. On the energy profile diagram, the activation energy is measured
from the energy of the reactants to the peak of the energy profile diagram.

The enthalpy change, AH, can also be represented on an energy profile diagram
and is equal to the difference in energy between the products and the reactants.

Some reactions occur very readily because they have very small activation
energies, F,. These reactions need only a small amount of energy to be absorbed
for bonds in the reactants to be broken.

Many reactions occur much more rapidly in the presence of a particular element
or compound. These substances are known as catalysts. Catalysts are not consumed
during the reactions they speed up, and so do not appear as either reactants or
products in reaction equations.

Catalysts are able to cause a reaction to occur more quickly because they
provide a new reaction pathway, which causes the activation energy barrier of the
overall reaction to be dramatically reduced, as seen in the energy profile diagram
in Figure 7.4.3.
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FIGURE 7.4.3 Energy profile diagrams of a catalysed and uncatalysed reaction.

With the catalyst present and a lower activation energy, the colliding particles
are more likely to have energies that exceed this lower barrier, causing the bonds
in the reactants to be broken more frequently. As a result, a greater proportion of
collisions are ‘successful’; that is, they lead to the formation of products. Thus, the
reaction rate is increased.

The Maxwell-Boltzmann curve in Figure 7.4.4 shows the smaller number of
particles with energies that exceed the activation energy in an uncatalysed reaction
(shaded in red) compared with the number of particles with energies that exceed
the activation energy in a catalysed reaction (regions shaded in red and blue).

" catalysed
c 23 PR
o activation
a2 energy
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O c
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FIGURE 7.4.4 A catalyst provides a reaction pathway with a lower activation energy, increasing the
proportion of collisions that exceed the activation energy and lead to a reaction.

CHEMFILE

Routes from Melbourne
to Canberra

Figure 7.4.5 shows two groups of tourists
travelling from Melbourne to Canberra

by two different routes. The slower route
can be likened to the progress of an
uncatalysed reaction; the faster route can
be likened to the progress of a catalysed
reaction.

0 Catalysts only lower the
activation energy for a reaction.
There is no change to AH for
the reaction.

0 Catalysts lower the activation
energy by providing an alternative
reaction pathway for the reaction.
This increases the proportion of
reactant particles with energies
equal to or greater than the lower
activation energy. This increases
the proportion of successful
collisions.

L1
— h 4 T
Melbourne Canberra

FIGURE 7.4.5 An analogy for the role of a catalyst in a chemical reaction.
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TYPES OF CATALYSTS

Depending on the physical state of the chemicals involved in the reaction and the

catalyst, catalysts can be divided into two groups.

« Homogeneous catalysts arc in the same physical state as the reactants and
products of the reaction.

* Heterogeneous catalysts are in a different physical state from the reactants
and products of the reaction.

An example of homogeneous catalysis occurs in the upper atmosphere and
has contributed to the depletion of the ozone layer. Chlorine atoms in the gaseous
state act as catalysts in the decomposition of ozone gas into oxygen gas. The
chlorine atoms may have come from chlorofluorocarbons (CFCs) released into the
atmosphere from refrigerators or air conditioners.

You may be familiar with the catalysed decomposition of a hydrogen peroxide
solution using the black powder manganese(IV) oxide (MnO,). This is an example
of the use of a heterogeneous catalyst.

CATALYSTS IN INDUSTRY

The chemical industry uses catalysts extensively. Chemists prefer to use
heterogeneous catalysts for industrial processes because they are:
* more easily separated from the products of a reaction
* much easier to reuse
» able to be used at high temperatures.

Particles at the surface of some solids of high surface area tend to adsorb (form
a bond with) gas molecules that strike the surface. Adsorption distorts bonds in
the gas molecules or may even break them completely. This allows a reaction to
proceed more easily than it would if the solid were absent.

These solid surfaces provide a new way for the reaction to occur (a new reaction
pathway) that has a significantly lower activation energy.

A powdered or sponge-like form of a solid catalyst is often used to provide the
greatest possible surface area. With a larger surface area, more reactant molecules
can be adsorbed and the reaction is even faster.

EXTENSION

Heterogeneous catalysis and the Haber process

The Haber process is a very important commercial Hydrogen and nitrogen molecules both adsorb onto the

reaction that produces ammonia gas, which is used iron surface (see Figure 7.4.6a). As they attach themselves

to make fertilisers, nylon, explosives and some to the surface, the covalent bonds within their molecules

pharmaceuticals. In the Haber process, hydrogen and break (Figure 7.4.6b).

nitrogen gas are converted to ammonia (NH,), using a The hydrogen and nitrogen atoms now readily combine

catalyst of powdered iron. to form ammonia molecules and move away from the iron
The reaction is represented by the equation: surface (Figure 7.4.6¢). The catalyst remains unaltered by
N,(g) + 3H,(g) — 2NH(g) AH = -91 kJ mol! the reaction.
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FIGURE 7.4.6 Behaviour of a catalyst in ammonia production. (a) Nitrogen and

Molecules are adsorbed on
the catalyst and bonds break.

o

New bonds form to
make ammonia molecules.

hydrogen molecules approach the iron catalyst surface. (b) The nitrogen and hydrogen
molecules adsorb on the surface of the catalyst and their covalent bonds are broken.
(c) The hydrogen and nitrogen atoms readily combine to form ammonia molecules.
The molecules then leave the catalyst surface, and the catalyst remains unaltered by

the reaction.

Without a catalyst, temperatures over 3000°C are
needed for a significant reaction to occur. The catalyst
allows the manufacture of ammonia to proceed at an
economical rate using a temperature of about 500°C.

The iron catalyst provides an alternative reaction
pathway that dramatically reduces the activation energy

CHEMFILE

Catalytic converters in cars

All new cars sold in Australia have a catalyst fitted between
the engine and the exhaust pipe. The purpose of the catalyst
is to clean the exhaust gases from the engine and reduce
the air pollution that could be caused if these gases entered
the atmosphere.

Catalysts in cars convert carbon monoxide and nitrogen oxide,
formed in the engine, to the non-toxic gases carbon dioxide and
nitrogen. Several reactions are involved in this process, including:
2NO(g) — Ny(g) + 0,(g)

2C0(g) + 0,(g) — 2C0,(g)

catalyst
carbon dioxide,
water and

‘barrier'—the energy needed to break the covalent bonds
in the nitrogen and hydrogen molecules. Even though
collisions are less frequent at 500°C than at 3000°C, a
greater proportion of colliding particles have sufficient
energy to successfully react.

Unburnt hydrocarbons are also converted by the catalyst to
carbon dioxide and water:

2CgH 4(g) + 250,(g) — 16CO,(g) + 18H,0(g)

The catalyst is usually a mixture of platinum, palladium and
rhodium metals and aluminium oxide, and it is mounted on a
honeycomb-shaped support (see Figure 7.4.7). Millions of tiny
pores in the metals provide a large surface area.

Exhaust gases enter the catalyst chamber, pass quickly over the
metals, and leave the exhaust pipe in a purified condition. The
catalyst is unchanged by the reaction and can be used without
replacement for many years.

catalyst coated
on a metal
framework

nitrogen
B —

exhaust gases: unburnt
fuel, nitrogen oxides,
carbon monoxide

and air

FIGURE 7.4.7 A catalyst fitted in the exhaust system of a car reduces air pollution.
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7.4 Review

1

Bl KEY QUESTIONS

The rate of a reaction can be increased by using

a catalyst.

A catalyst provides an alternative reaction pathway
that has a lower activation energy.

Energy profile diagrams (see Figure 7.4.8), which 15,
can include catalysed and uncatalysed pathways,
may be used to represent the enthalpy changes
and activation energy associated with a chemical
reaction.

A catalyst provides a new reaction pathway and it is
not used up in the reaction.

When a catalyst is present, a greater proportion of

Energy

uncatalysed reaction

catalysed reaction

E;< E,

H,

the collisions between particles exceed the activation

Reaction progress

energy barrier of the reaction and therefore lead to a  FIGURE 7.4.8 Energy profile diagram of a reaction showing

chemical change. the effect of a catalyst.

Consider the reaction between solutions V and W that produces X and Z

according to the equation:

V(aq) + W(aq) — X(aq) + Z(aq)

The energy profile diagram for this process is shown in Figure 7.4.9.

Which one of the following alternatives describes the change that a catalyst

produces to increase the reaction rate?

A B only is decreased.

B A only is decreased.

C A, B and C are decreased.

D A and C only are decreased.

Explain the meaning of:

a catalyst

b activation energy.

If a sugar cube is held in the flame of a candle, the sugar melts and browns

but does not burn. However, the cube burns if salt is first rubbed into it,

even though the salt does not react. Explain the effect of the salt on the

activation energy of this combustion reaction.

a Explain why surface properties are important to the operation of catalysts.

b Many industrial catalysts are made into porous pellets. What is the reason
for this?

V+W

Energy

X+7Z

Reaction progress

FIGURE 7.4.9 The energy profile
diagram for the reaction between
V(aqg) and W(aq).
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188

AREA OF STUDY 2 | HOW CAN THE YIELD OF A CHEMICAL PRODUCT BE OPTIMISED?



Chapter review

KEY TERMS

acid rain energy profile diagram
activation energy exothermic

adsorption heterogeneous catalyst
catalysis homogeneous catalyst
catalyst kinetic energy

kinetic energy distribution
diagram

collision theory
endothermic

Investigating the rate of chemical reactions

1 Which one of the following is the correct definition of
rate of reaction?
A The time it takes for all of a reactant to be used up
B How fast a reaction is going at the end of 1 minute
C How much a reaction is bubbling
D The change in concentration of reactants or

products over time

2 Which of the following combinations of reactants will
produce the greatest initial reaction rate?
2HCI(aqg) + CaCO,(s) — CaCl,(aqg) + H,0(l) + CO,(g)
A CaCOj, chips and 1 M HCI
B CaCO, chips and 2 M HCI
C CaCO, powder and 2 M HCI
D CaCO, powder and 1 M HCI

3 The following changes are made to a reaction mixture.

Which change will lead to a decrease in reaction rate?
A Smaller solid particles are used.
B The temperature is decreased.
C A catalyst is added.
D The concentration of an aqueous reactant
is increased.
4 Which of the following is the correct unit for
measuring the rate of a reaction?
A mol! L s
B mol Lt s!
C moltL'ls
D mol Ls!

5 A 5.00 g piece of copper was dissolved in a beaker

containing 500 mL of 2.00 M nitric acid. The equation

for the reaction that occurred is:
3Cu(s) + 8HNO,(aq) —

3Cu(NO,),(aq) + 2NO(g) + 4H,0()

The changing mass of the mixture was observed for
a period of time, and the graph in Figure 7.5.1 was
obtained.

Maxwell-Boltzmann
distribution curve
photochemical smog

rate of reaction
reaction pathway
surface area
transition state

Mass of mixture (g)

Time (s)
FIGURE 7.5.1 Mass of reaction mixture over time.

a Explain why the mass of the mixture initially
decreases with increasing time.

b Based on the information provided, determine
which reactant is limiting.

¢ Redraw Figure 7.5.1, then sketch in the expected
curve if 500 mL of 1.00 M nitric acid had
been used instead. Label your new graph line.
Explain the difference in shape.

d Redraw Figure 7.5.1, then sketch in the expected
curve if 5.00 g of powdered copper was used
instead. Label this new graph line. Explain the
difference in shape.

Collision theory
6 According to collision theory, what must happen for
a reaction to occur?
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7 Figure 7.5.2 shows the substitution reaction between b Explain what is meant by the term ‘activation

chloromethane and a hydroxide ion. energy’.
Using collision theory, explain why collision 1 might be ¢ Is the reaction endothermic or exothermic?
successful while collisions 2-4 will not be successful. d Label the transition state in this reaction on your
diagram.
/ e What bonds are beginning to be broken and formed
to produce the transition state?
Q 9 Hydrogen reacts explosively with oxygen to form water.
/ a What chemical bonds are broken in the reaction?

b What chemical bonds are formed?
- Q_ ¢ Explain how the energy changes during bond-
breaking and bond-forming affect the overall energy
change for the reaction.

collision 1 \/ collision2 X d Why is there no reaction until the reaction mixture
o is ignited?
/ Effect of temperature on rate of reaction

10 Which one of the following alternatives correctly
explains why the rate of reaction between 1 M CuSO,

and powdered zinc is greater than with an equal
_o T amount of large zinc pieces.
A The energy of collisions between the Cu?*(aq) ions

and powdered zinc is greater than with the large
collision 3 X collision 4 X zinc pieces.

B The frequency of collisions between the Cu2*(aq)
ions and powdered zinc is greater than with the
large zinc pieces.

C The energy of collisions between the Cu?*(aq)
ions and large zinc pieces is greater than with the
powdered zinc.

D The frequency of collisions between the Cu?*(aq)
ions and large zinc pieces is greater than with the
powdered zinc.

| 11 Which one of the following statements correctly
Cl..C-.-OH describes what must occur when reactant particles
/ \ collide and react?
A Colliding particles must have an equal amount of
H kinetic energy.

H— C— Cl+OH- B Cpllldlng particles must have different amounts of

/ kinetic energy.
H C Colliding particles must have kinetic energy equal
to or greater than the average kinetic energy.
D Colliding particles must have kinetic energy
H equal to or greater than the activation energy of
the reaction.

FIGURE 7.5.2 Possible collision orientations in the substitution
reaction between chloromethane and hydroxide ion.

8 Figure 7.5.3 is an energy profile diagram for the
substitution reaction between chloromethane and
hydroxide ion.

Energy

AN
H_/C_OH+C17 12 Account for the following observations with reference

H to the collision model of particle behaviour.

a Refrigeration slows down the browning of sliced
apples.

b Hydrogen gas burns in air to produce water vapour.
Using pure oxygen gas instead of air increases the
rate of this reaction.

Reaction progress

FIGURE 7.5.3 Energy profile diagram for the substitution reaction
between chloromethane and the hydroxide ion.

a Copy this diagram and label AH and activation
energy.

190 AREA OF STUDY 2 | HOW CAN THE YIELD OF A CHEMICAL PRODUCT BE OPTIMISED?



Catalysts

13

14

15

16

17

Which one of the following factors would not increase

the rate of decomposition of hydrogen peroxide?
2H,0,(aq) — 2H,0(1) + O(g)

A Increasing the pressure of oxygen gas

B Increasing the concentration of hydrogen peroxide

C Increasing the temperature of hydrogen peroxide

D Adding a potassium iodide catalyst

Which statement is correct for the effects of catalyst

and concentration on the rate of reaction?

Adding a catalyst Increasing the concentration
A Collision frequency

increases

Collision frequency increases

B Activation energy
decreases

Activation energy decreases

C Activation energy
decreases

Collision frequency increases

D Collision frequency
increases

Activation energy decreases

a What are the five factors that influence the rate of
a reaction?

b Classify the five factors from part a according to
whether they increase the proportion of successful
collisions by:

i increasing collision frequency

ii increasing the proportion of collisions that have
energy equal to or greater than the activation
energy.

The Haber process involves the reaction of nitrogen

gas and hydrogen gas to make ammonia gas.

Describe two ways the rate of this reaction could be

increased, at constant temperature. Using collision

theory, explain why rate is increased.

Many major car makers have plans for hydrogen-

powered cars. In the fuel cells of these cars, hydrogen

reacts with oxygen from the air to produce water.
2H,(8) + 0,(8) — 2H,0(g)

Energy changes for the reaction are shown in the

graph in Figure 7.5.4.

1370+

Energy (k) mol-")

|
(9]
~
v

2H,0(g)

FIGURE 7.5.4 Energy changes for the reaction of hydrogen
and oxygen.

a What is the magnitude of the activation energy of
this reaction?

b What is AH for this reaction?

Several groups of scientists have claimed to have split

water into hydrogen and oxygen using a molybdenum

catalyst:

2H,0(g) Moy 2H,(8) + 0,(8)

¢ Sketch energy change graphs for this reaction with
and without the presence of a catalyst.

d What is the value of AH for this water-splitting
equation?

Connecting the main ideas

18

19

a Figure 7.5.5 shows the distribution of energies
of particles in a substance at two different
temperatures, 40°C and 60°C. Indicate the
temperatures represented by graphs A and B.

A

Number of particles

Kinetic energy

FIGURE 7.5.5 Energy profiles at 40°C and 60°C.

b Copy this diagram for temperature B and use
the diagram to show the effect of a catalyst on
a reaction.

¢ Use the diagram you have drawn in part b to
explain in terms of collision theory how a catalyst
increases the rate of a reaction.

Lumps of limestone, calcium carbonate, react readily
with dilute hydrochloric acid. Four large lumps of
limestone, mass 10.0 g, were reacted with 100 mL
0.100 M acid.

a Write a balanced equation to describe the reaction.

b Which reactant is in excess? Use a calculation to
support your answer.

¢ Describe a technique that you could use in a school
laboratory to measure the rate of the reaction.

d 10.0 g of small lumps of limestone will react at a
different rate from four large lumps. Will the rate of
reaction with the smaller lumps be faster or slower?
Explain your answer in terms of collision theory.

e List two other ways in which the rate of this reaction
can be altered. Explain your answer in terms of
collision theory.
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20 Figure 7.5.6 shows the energy profile diagram for the
reaction of hydrogen and iodine to form hydrogen
iodide:

H,(g) + 1,(s) = 2HI(g)

Energy

Time
FIGURE 7.5.6 Energy profile diagram for the production of
hydrogen iodide.

a Copy the diagram and label the following: H,(g) and

I,(s); HI(g); AH; activation energy.

b |s the reaction endothermic or exothermic?

¢ On the diagram draw the energy profile that would
result if a catalyst was used in the reaction.

21 Read the article and answer the questions that follow.

Exploding iron
In 1996, while the Turkish ship MV B. Onal was riding
at anchor in Delaware Bay, near Philadelphia in the
USA, a 2-tonne hatch cover suddenly blew off. As the
ship was carrying a cargo of iron, the surprised crew
asked themselves, ‘Can iron explode?’

As you may be aware, traditionally iron oxide
(Fe,0,) is reduced to molten iron in a blast furnace

A new process that uses less energy has been
developed. Iron oxide is converted directly to solid iron
without having to heat the reactants to the melting point
of iron. Iron oxide is heated to 550°C in the presence
of carbon monoxide and hydrogen gas. The iron oxide
is reduced to iron by both gases with the formation of
carbon dioxide or water.

Fe,0,(s) + 3CO(g) — 2Fe(s) + 3CO,(g) (1)

Fe,0,(s) + 3H,(g) — 2Fe(s) + 3H,0 (g) 2)

The pellets of pure iron that are formed are
extremely porous and full of many tiny holes, in
contrast to the solid formed when the molten iron from
a blast furnace cools. Under the right conditions the
iron pellets can be oxidised back to iron oxide.

In most cases, iron is oxidised slowly by oxygen
back to iron oxide and the resulting heat can readily
escape. If the pellets are more than 1 metre deep, as
in the hold of a ship, the heat cannot escape quickly
enough and the temperature rises. This speeds up the
reaction rate. If the temperature increases sufficiently
and water is present, another reaction occurs and the
oxidation rate is speeded up 100-fold, with the release
of more heat:

Fe(s) + H,0(g) — FeO(s) + H,(g) 3)

Any spark or fire will set off an explosion of
hydrogen gas, and that is what happened on the
MV B. Onal.

a What is the main reason the new reduction process
uses less energy than the old process?

b Write equations showing the oxidation of iron by
oxygen to form iron(ll) oxide and iron(lll) oxide.

c If water is present the oxidation reaction speeds up
100-fold. Is water acting as a catalyst? Explain your
answer.

d Is the reaction shown in equation 3 endothermic
or exothermic?

e List the factors that increased the rate of reaction
in equation 3.

f Firefighters were not able to use water to put out
the fire in the cargo hold. Why not? Suggest how
they could put out the fire.

22 Chemical reactions in the body normally take place at

37°C. Explain how the rate of chemical reactions in the

body can account for the following facts.

a The body often responds to illness by an increase
in temperature, accompanied by a higher pulse rate
and faster breathing.

b People rescued from drowning after 20-30 minutes
in freezing water can sometimes survive and
recover with no brain damage.

23 The first step in most toffee recipes is to dissolve

about 3 cups of sugar in 1 cup of water. Although
sugar is quite soluble in water, this step could be time-
consuming. Use your knowledge of reaction rates to
suggest at least three things you could do to increase
the rate of dissolution without ruining the toffee.

AREA OF STUDY 2 | HOW CAN THE YIELD OF A CHEMICAL PRODUCT BE OPTIMISED?



CHAPTER

' Extent of chemical reactions

In this chapter, you will investigate the ideas of reversibility and irreversibility of
chemical systems. This study of reversible reactions will introduce the concept
of chemical equilibrium.

Various factors can change the position of a chemical equilibrium. Le Chatelier’s
principle enables us to understand the effects of changes in concentrations in
solutions, pressures of gases and temperature on an equilibrium.

The fact that many reactions do not proceed to completion has serious
consequences on the efficiency of chemical manufacturing industries. You will
learn how the reaction conditions chosen for an industrial process can be adjusted
to ensure optimum efficiency, taking into account considerations of rate and
equilibrium yield.

You will also learn how to write a mathematical relationship, known as an
equilibrium law, for an equilibrium system. This law can be used to calculate

the relative amounts of reactants and products present when a reaction is

at equilibrium.

Key knowledge

« The distinction between reversible and irreversible reactions, and between rate
and extent of a reaction
Homogenous equilibria involving aqueous solutions or gases with reference to
collision theory and representation by balanced chemical or thermochemical
equations (including states) and by concentration-time graphs
Calculations involving equilibrium expressions and equilibrium constants
(K, only) for a closed homogeneous equilibrium system including dependence
of value of equilibrium constant, and its units, on the equation used to
represent the reaction and on the temperature
Le Chatelier’s principle: identification of factors that favour the yield of a
chemical reaction, representation of equilibrium system changes using
concentration—-time graphs and applications, including competing equilibria
involved in the occurrence and treatment of carbon monoxide poisoning
resulting from incomplete combustion of fuels

VCE Chemistry Study Design extracts © VCAA (2015); reproduced by permission.
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8.1 Dynamic equilibrium

In this section, you will learn that some reactions can occur in both the forward and
reverse directions. These reactions are called ‘reversible reactions’.

Reversible chemical systems are encountered in many everyday situations,
including chemical manufacturing processes, the reactions of ions within individual
cells in your body and the reactions carbon dioxide undergoes in the environment.

This section also describes how some reversible reactions can reach a point
where they appear to ‘stop’. At this point, the concentrations of the reactants and
products remain constant, even though there are still reactants remaining.

The fact that many reactions do not proceed to completion has serious
consequences for the production of chemicals by industry. The presence of large
amounts of unreacted starting materials in reaction mixtures is wasteful and costly.
The profitability of an industry depends on the yield—the extent of conversion of
reactants into products.

Although these reactions appear to stop, they actually continue to proceed. If
you could see what was occurring at the atomic scale, you would notice that as
rapidly as the reactants are forming products, the products are re-forming reactants.
This situation can be likened to the queue shown in Figure 8.1.1. Although the
length of the queue may seem constant, people at the front are continually leaving
the queue and others are joining it at the back at the same rate.

FIGURE 8.1.1 A queue of constant length can be likened to a reaction that appears to have stopped,
with people leaving the queue at one end at the same rate as others join it at the other end.
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OPEN AND CLOSED SYSTEMS

In previous chapters, you learned that a chemical reaction can be regarded
as a system, with everything else around it (the rest of the universe) being the
surroundings. In an endothermic reaction, the system absorbs energy from
the surroundings, whereas in an exothermic reaction, energy is released to
the surroundings.

Figure 8.1.2 illustrates how you can distinguish between two different types
of systems:
* open systems
¢ closed systems.

The most common situation in everyday life is an open system. In an open
system, matter and energy can be exchanged with the surroundings. In contrast, a
closed system only exchanges energy with the surroundings.

Some everyday examples of open and closed systems are illustrated in
Figure 8.1.3.

FIGURE 8.1.3 Everyday examples of open and closed systems. (a) A bushfire burning through a
forest on 3 February 2014 in Banjip, Western Australia. This is an example of an open system.
Carbon dioxide and water vapour produced by the burning trees are released into the atmosphere.
(b) A nuclear submarine in operation under water—the carefully monitored environment of the
submarine can be regarded as a closed system.

surroundings

e

% matter

Open system

nergy

surroundings

% energy

Closed system

FIGURE 8.1.2 Open systems exchange
energy and matter with the surroundings.
Closed systems only exchange energy with
the surroundings.

0 In a closed system, only
energy can be exchanged
with the surroundings.
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FIGURE 8.1.4 Baking a cake involves a series of
irreversible chemical reactions.

IRREVERSIBLE AND REVERSIBLE SYSTEMS

You may have thought, as a younger student, that when chemical reactions occur,
the reactants form products and these products cannot be converted back to
the reactants. Such reactions, which occur only in one direction, are called non-
reversible or irreversible reactions.

Baking a cake, like the one shown in Figure 8.1.4, involves several irreversible
reactions. Combustion reactions such as the burning of methane are also irreversible:
CH,(g) + 20,(g) — CO,(g) + 2H,0(g)

Once a fuel has burnt, the products, carbon dioxide and water, do not react with
each other under normal conditions.

As you will see, other reactions are reversible reactions where the products,
once formed, can react again, re-forming the reactants.

You are familiar with the idea that a physical change, such as a state change,
can be reversed. The evaporation of water from lakes and rivers leading to cloud
formation and eventually rain is an example of a physical change. Water can
cycle between the different phases of solid, liquid and gas because each process
is reversible.

In chemistry, a double arrow (=) is used when writing a chemical equation to
show a reversible process. In this way, you can show the phase changes associated
with water using the following equation:

H,0() = H,0(g)

Many reversible reactions are essential to our society; for example, the reactions
that power rechargeable batteries.

In reversible reactions, the formation of products as a result of collisions between
reactant particles is not the end of the process. Once some products are formed,
collisions between product particles can result in the reactants being re-formed.

Consider the production of ammonia from hydrogen gas and nitrogen gas,
known as the Haber process.

The equation for the reaction can be written as:

N,(g) + 3H,(g) = 2NH;(g)

Suppose you mix 1 mol of nitrogen gas and 3 mol of hydrogen gas in a sealed
container. From the equation, you might expect that 2 mol of ammonia would
eventually be formed. However, no matter how long you wait, the reaction seems to
‘stop’ when much less than 2 mol of ammonia is present, as shown in Figure 8.1.5.

volume=1L
temperature = 400°C

1.0 mol N2 0.7 mol I\I2
3.0 mol H2 2.1 mol H2
0.6 mol NH,
initially after a long time
(equilibrium)

FIGURE 8.1.5 When 1 mol of nitrogen and 3 mol of hydrogen are mixed, the reaction to form
ammonia appears to stop before all the reactants are consumed.
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The reaction vessel this process occurs in can be thought of as a closed system
from which the reactants and products cannot escape. Reversible reactions in a
closed system eventually reach a situation where the rate of the forward reaction
and the rate of the reverse reaction are equal.

At this point, there appears to be no further change to the observer. In the case
of a chemical reaction, when the reaction appears to have ‘stopped’, the system
is described as having reached equilibrium. At equilibrium, there still may be
significant amounts of reactants in the system.

CHEMFILE

Limestone caves

An example of reversibility in nature is the formation of stalactites and stalagmites in
limestone caves (Figure 8.1.6).

The main mineral in limestone is calcite (CaCO,). Water saturated with carbon dioxide
from the atmosphere drips through the roof of the cave, resulting in the following
reaction:

CO,(g) + H,0(l) + CaCO,(s) — Ca**(aq) + 2HCO,(aq)
As the water seeps through the rocks, it becomes saturated with Ca%* ions and

HCO3‘ ions. The water then evaporates and the reverse reaction produces stalactites
from the ceiling of the cave:

Ca**(aq) + 2HCO,(aq) — CO,(g) + H,0(l) + CaCO,(s)
Some of the solution drips onto the floor of the cave, where more deposits of CaCO,
are produced, forming stalagmites. Stalactites and stalagmites grow in pairs and can

produce beautiful columns like the ones seen in the Buchan cave system shown in
Figure 8.1.6.

FIGURE 8.1.6 Stalactites and stalagmites in the Buchan Caves in Victoria. They are made of
the mineral calcite.

EXPLAINING REVERSIBILITY

The reason why reversible reactions can occur can be understood by referring to an
energy profile diagram like the ones you saw in section 2.2.

When particles collide, the energy associated with collisions can break bonds in
the reacting particles, allowing them to rearrange to form new products. The energy
required to break the bonds of the reactants is known as the activation energy of
the reaction.

0 Reversible reactions can reach
a state of equilibrium where
the overall concentrations of
reactants and products do not
change over time.
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FIGURE 8.1.7 An energy profile diagram for

an endothermic reaction showing the activation
energy required for both the forward (formation
of products) and reverse (re-formation of
reactants) reactions.
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| Time
equilibrium first
established
FIGURE 8.1.8 The variation of the rates of the

forward and reverse reactions with time when
nitrogen and hydrogen are mixed.
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FIGURE 8.1.9 Changes in the concentrations
of N,, H, and NH, as a mixture of nitrogen
and hydrogen gas reacts. As indicated by the
coefficients of the equation for the reaction,
for every mole of N, that reacts, three times
as much H, reacts and twice as much NH,
is produced.

You can see from the energy profile diagram shown in Figure 8.1.7 that once the
products form, it is possible for the reverse process to occur. If the newly formed
product particles collide with enough energy to break their bonds (equal to the
activation energy of the reverse reaction), then it is possible to re-form the original
reactants.

If the forward reaction is endothermic, the reverse reaction is exothermic, and
vice versa.

EXPLAINING EQUILIBRIUM

Because the reaction between nitrogen and hydrogen to form ammonia is a
reversible reaction, it is best written using an equilibrium arrow:
N,(g) + 3H,(g) = 2NH,(g)

Equilibrium arrows indicate that the reaction can occur in both the forward and
reverse directions. These arrows should not be used where the reaction can only
proceed one way.

The idea that processes can be reversed can be used to understand why this
reaction reaches equilibrium. When nitrogen gas and hydrogen gas are added to a
sealed container at a constant temperature, a sequence of events occurs that can be
illustrated by a plot of reaction rate versus time like the one shown in Figure 8.1.8.

If you consider the graph in Figure 8.1.8, you can understand the following.

e Nitrogen and hydrogen gas molecules collide with each other and form
ammonia. As the forward reaction, N,(g) + 3H,(g) — 2NH,(g), proceeds, the
concentrations of nitrogen and hydrogen decrease, so the frequency of collisions
between molecules decreases and the rate of the production of ammonia
decreases.

e Atthe same time as ammonia is being formed, some ammonia molecules collide
and decompose to re-form nitrogen and hydrogen: 2NH, (g) — N, (g) + 3H,(g).

e Eventually the forward and reverse reactions proceed at the same rate. When
this situation is reached, ammonia is formed at exactly the same rate as it is
breaking down. The concentrations of ammonia, nitrogen and hydrogen then
remain constant.To an observer, the reaction now appears to have stopped with
no observable change.

In a closed system at constant pressure and temperature, no further change will
take place. The reaction has reached a point of balance—an equilibrium.

The concentration versus time graph in Figure 8.1.9 shows the changes in
concentrations of the chemicals with time. Equilibrium is established when there is
no longer any change in any of the concentrations.

0 When considering graphs involving equilibrium systems, always check if the
data is presented as a plot of concentration versus time or plot of reaction rate
versus time.

DYNAMIC STATE OF EQUILIBRIUM

Chemical equilibrium can be described as being in a dynamic state because the

forward and reverse reactions have not ceased. Instead, they occur simultaneously

at the same rate.
During dynamic equilibrium:

e the reaction is ‘incomplete’ and all of the substances (that is, the reactants and
products) are present in the equilibrium mixture

e at the molecular level, bonds are constantly being broken and new bonds are
being formed as the reactants and products continue to be converted from one
to another.
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The decomposition of dinitrogen tetroxide (N,O,) to nitrogen dioxide (NO,) _ S
is an example of a reversible reaction that reaches a dynamic equilibrium. The € Ddynamic equilibrium is reached
progression of this reaction from pure N, 0, to the equilibrium mixture containing by reversible physical or chemical
both N,0, and NO, can be monitored through the changing colour of the gases in reactions taking place in a closed

the reaction vessel. N, O, is colourless and NO, is dark brown. system.
The reaction occurs according to the following equation:
N,O,(g) = 2NO,(g)
Figure 8.1.10 illustrates the observations made of a reaction vessel that is
injected with some pure N,O,. As the forward reaction proceeds, the formation of
a dark brown gas is observed. The depth of colour increases until equilibrium is
reached at which point there is no further change in the colour.
3 seconds —= 8 seconds —» 3 hours —=
+
‘o ‘ew
« *"
N,0,(g) N,O,(2) + NO,(g) N,O0,(2) + NO,(g)  N,0,(g) + NO,(g)
FIGURE 8.1.10 The decomposition of dinitrogen tetroxide produces the brown gas nitrogen dioxide.
As the concentration of nitrogen dioxide increases, the colour deepens until equilibrium is reached.
At equilibrium (after 8 seconds), there is no further change in colour regardless of how long the
reaction is allowed to proceed.
EXTENSION
Investigating dynamic equilibrium
Chemists can use radioactive isotopes to add radioactive
investigate systems in dynamic equilibrium. sodium iodide
Radioactive isotopes behave chemically in the l
same way as non-radioactive atoms of the A 1 (
same element, but their presence and location
. . L. saturated
can be easily determined by a radiation sodium iodide
detector. solution radiation
When solid sodium iodide (Nal) is added detector
to water, it dissolves readily at first. As the
concentration of dissolved sodium iodide
increases, a saturated solution forms and no solid
further solid dissolves. The concentrations of sodium \/ \_/

. . . . . iodide
the Na* ions and I~ ions in solution remain

constant and some solid Nal is always present

on the bottom of the test tube.
When solid sodium iodide containing //—\\ /—\\

radioactive iodide ions is added to a saturated b — : ="
solution, the subsequent movement of these no radiation So'ﬂggir;gstci\%“es
‘labelled’ ions can be traced. Figure 8.1.11

shows that although solid sodium iodide FIGURE 8.1.11 This experiment shows that a dynamic equilibrium between the solid

i il elbsamed i (e et of e Tesl substrate and dissolved ions is present in a saturated solution.

the solution quickly becomes radioactive.
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The radioactivity of the solution shows that some of the radioactive
sodium iodide has dissolved. The concentration of sodium iodide
remains constant, so particles that were not radioactive must have

) . . . . lons leave Dissolved
crystallised from the solution at the same rate as the radioactive solid the surface~_| ions return to
was dissolving (Figure 8.1.12). of thesolid ™ the surface of

. . . as they the solid at
Even though we see nothing happening, there must be continual fssaihva. e SEE

activity at the surface of the solid. The process is a dynamic rate.
equilibrium: \/
Nal(s) = Nal(aq)

FIGURE 8.1.12 The cyclic dissolving and
redepositing of ions in a saturated solution
is an example of dynamic equilibrium.

EXTENT OF REACTION

You have seen that reactions are reversible, but do all reactions proceed to the
same extent before they reach equilibrium? This can be answered with a simple
experiment.

Both hydrogen chloride (HCI) and ethanoic acid (CH,;COOH) react with water
to form ions, according to the equations:

HCl(ag) + H,O() = H;0%(aq) + Cl(aq)

CH,COOH(aq) + H,0() = H,0*(aq) + CH,COO(aq)

Solutions of both chemicals conduct electricity because they contain mobile
ions. The relative conductivity of the solutions is proportional to the number of
free ions in the solution. By measuring the electrical conductivity of solutions of the
same concentration, you can compare how much each compound ionises in water.

Figure 8.1.13 shows the results obtained from such an experiment. You can
see that the solution formed when hydrogen chloride dissolves in water (called
hydrochloric acid) is a much better conductor than the ethanoic acid solution. Both
solutions were formed by adding the same number of moles of acid molecules to
identical volumes of water.

high conductivity low conductivity
battery ‘ reading | ‘ reading
e H,0%(aq) e H,0*(aq)
A e Cl(aq) N . e CH,COO(aq)
° ¢ | e CH,COOH(aq)
. °
° . C ° °
° C ¢
° °
L L L o
° ° o
° L ° ¢ ° o o
& J & J
1 M HCl(aq) 1 M CH,COOH(aq)

FIGURE 8.1.13 This experiment compares the electrical conductivity of 1 M solutions of hydrogen
chloride and ethanoic acid.
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As you will remember from Unit 2, ethanoic acid is a weak acid and will therefore
only partially ionise in an aqueous solution. Hydrochloric acid is a strong acid that
almost completely ionises in aqueous solution. The concept of equilibrium allows
us to better explain the idea of strong and weak acids by looking at the extent of the
ionisation reaction.

The difference in conductivity observed in the experiment arises because these
reactions occur to remarkably different extents. At equilibrium in a 1 M solution, at
25°C, almost all the HCI molecules are ionised, whereas only approximately 1% of
the CH,COOH molecules are ionised.

We can conclude that different reactions proceed to different extents. The ratios
of reactants to products are different for different equilibrium systems.

It is important to note that the extent of reaction describes how much product
is formed when the system reaches equilibrium. However, the rate of reaction is
a measure of the change in concentration of the reactants and products with time
and is not directly related to the extent of reaction. The rates of reversible reactions
range from very slow to very fast and determine how long the reaction takes to
reach equilibrium.

0 The extent of a reaction does not
give any information about how
fast a reaction will proceed. It
only indicates how much product
is formed once the system is
at equilibrium.

__________________________________________________________________________________________

8.1 Review

* In a closed system, only energy, not matter, is
exchanged with the surroundings.

products can be converted back to the reactants.
» An irreversible reaction is a reaction in which the reactions.

products cannot be converted back to the reactants. .
» Reversible reactions can reach a point where the

rate of the forward reaction and the rate of the

KEY QUESTIONS

1 Which one of the following statements about the extent of reaction is true?

A The extent of reaction indicates the rate of the reaction, and indicates
the time taken to reach equilibrium.

B The extent of reaction is the point when there are equal amounts of
reactants and products.

C The extent of reaction indicates how far the reaction has proceeded in
the forward direction when equilibrium is achieved.

D The extent of reaction indicates the rate of reaction and is the point
when the rate of the forward reaction is equal to the rate of the reverse
reaction.

2 Hydrogen gas is mixed with iodine gas in a sealed container. A reaction
occurs according to the equation:
H,(@) + 1,(8) = 2HI(g)
On the rate-time graph for this system (Figure 8.1.14), label the lines for
the forward and reverse reactions with the appropriate chemical equation.
Also label the point when equilibrium is first established.

__________________________________________________________________________________________
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reverse reaction are equal. At this point, a dynamic
equilibrium has been achieved.

Equilibrium can be achieved in closed systems but

Different reactions proceed to different extents.

* In an open system, both matter and energy .
are exchanged between the system and not in open systems.
the surroundings. .

+ Avreversible reaction is a reaction in which the .

The relative ratios of reactants to products when
equilibrium is reached are different for different

The extent of reaction indicates how much product
is formed at equilibrium, whereas the rate of
reaction is a measure of the change in concentration
of the reactants and products with time.

Rate

Time
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Fill in the blanks to complete the sentences about dynamic equilibrium.

Ina system, as the concentrations of the reactants decreases,
the rate of the forward reaction also . The collisions between
these reactant molecules occur frequently. Once some product
starts to form, the reaction occurs and the frequency of collisions
between product molecules . At equilibrium, the rates of the
forward and backward reactions are and the concentrations

of all species do not change.

The graph in Figure 8.1.15 shows the concentration versus time plot for the
decomposition of dinitrogen tetroxide: N,0,(g) = 2NO,(g) at 100°CinalL
reaction vessel. N,O, is a colourless gas and NO, is brown. Use the graph to
answer the following questions.

0.10 —
N,0,(g) = 2NO/(g)

NO

M)

0.05

Concentration (

N,O

1 1 1 1 1 1 1
2 4 6 8 10 12 14

FIGURE 8.1.15 Graph showing the reaction progress for the reversible decomposition of
dinitrogen tetroxide.

What is the initial concentration of N,0, in the flask?

What is the initial concentration of NO, in the flask?

What is the concentration of N,O, at equilibrium?

What is the concentration of NO, at equilibrium?

Over the course of the reaction, how many moles of N,O, decompose?
What do the horizontal regions of the graph indicate?

How long does it take for equilibrium to be reached?

A student studying this reaction records her observations over time.
What will she observe as the reaction proceeds?

oM@ 0o o 0 T o

Time (s)
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8.2 The equilibrium law

In this section, you will investigate the relationship between the quantities of
reactants and the quantities of products present when a system reaches equilibrium.

This relationship allows you to qualitatively predict the relative amounts of
reactants and products in individual equilibrium systems.

THE REACTION QUOTIENT

Consider the equilibrium system you were introduced to in section 8.1:
N,(g) + 3H,(g) = 2NH,(g)

An unlimited number of different equilibrium mixtures of the three gases,
nitrogen, hydrogen and ammonia, can be prepared. Table 8.2.1 shows the
concentrations of each of these gases in four different equilibrium mixtures at
[NH,]?

———34— for each
[N,][H,]?

a constant temperature of 400°C. The values of the fraction
mixture are also given.

2
The fraction %]? is called the reaction quotient (Q ) or concentration
2 2

fraction of the mixture.

TABLE 8.2.1 Concentrations of reactants and products present in equilibrium mixtures

Equilibrium [N,] (M) [H,] (M) [NH,] (M) [NH,]?
mixture [N,I[H,13
1

0.25 0.75 0.074 0.052

2 0.25 0.65 0.089 0.052

3 0.0025 0.0055 4.6 x 10 0.051

4 0.0011 0.0011 2.7 x 1077 0.051
[NH,]?

As you can see in Table 8.2.1, the reaction quotient N,] [Hg 2]3 has an almost

constant value of 0.052 for each equilibrium mixture regardless of the concentration
of each component. Note that the coefficients of the reactants and products in the
chemical equation above form the indices of the respective reactant and product
concentrations used in the reaction quotient.

While the reaction quotient can be calculated for any mixture of reactants and
products at any time during a reaction, it is only when the mixture is at equilibrium
that it gives a constant value. At equilibrium, the value of the reaction quotient is
equal to the equilibrium constant, K .

In general, for chemical reactions at equilibrium:

e different chemical reactions have different values of K_

* the size of K_ indicates the proportions (relative amounts) of reactants and
products in the equilibrium mixture

» for a particular reaction, K_ is constant for all equilibrium mixtures at a fixed
temperature.

0 K_ is the equilibrium constant for a reaction. The value of K_is different for
different reactions.
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0 When you write an equilibrium
expression, the concentrations of
the products are always on the
top of the expression.

€ The units of K_ depend on the
reaction equation and can vary.

THE EXPRESSION FOR THE EQUILIBRIUM LAW

By studying a large number of reversible systems such as the one between nitrogen,
hydrogen and ammonia in the previous example, chemists have been able to
develop the concept of the equilibrium law.
The equilibrium law states that the:
* equilibrium constant, K, is the concentrations of products divided by the
concentrations of reactants at equilibrium
e index of each component concentration is the same as the coefficient for the
substances in the balanced chemical equation.
For the general equation aW + bX = ¢Y + dZ at equilibrium at a particular
temperature, the equilibrium expression can be written as:

LA d
K= WPT
where K _is the equilibrium constant.
A useful way of remembering the equilibrium law is that:
[products] coefficients
[rea Ctants] coefficients *

one product or reactant, you must multiply the terms.

K_ can be represented as Remember that if there is more than

Units for equilibrium constants

Units for equilibrium constants depend on the expression used to represent the
chemical reaction. They can be determined by substituting M or mol L™, for
each concentration into the concentration fraction expression. In the case of the
equilibrium between nitrogen, hydrogen and ammonia above, since:

[NH,]?
K =—==
< INGIH
the unit is given by:
MZ
M x M3

Worked example 8.2.1
DETERMINING THE UNITS FOR AN EQUILIBRIUM EXPRESSION

= M2 (or mol? L?)

The decomposition of N,O, is a reversible reaction that occurs according to
the equation:

N,0,(g) = 2NO,(g)
Write the expression for the equilibrium constant K and determine its units.

Thinking Working
Write the expression for K. _[NO,J?
[prod ucts]coeﬁicients ¢ [N204]

[reacta nts] coefficients

Substitute the units of concentration M2
into the expression for K .

Solve to find the units of K..

=M =mol L!
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Worked example 8.2.1: Try yourself
DETERMINING THE UNITS FOR AN EQUILIBRIUM EXPRESSION

Write the equilibrium expression and determine the units for K_ for the
reversible reaction:

250,(g) + 0,(8) = 2505(g)

The reaction quotient and the equilibrium law

An expression for the equilibrium constant, K, can be written for any system at
equilibrium. As you learned earlier, a similar expression can be written, called a
reaction quotient, Q_ (or concentration fraction), for systems that are not necessarily
at equilibrium. For:
aA + bB = cC + dD
_ [C) D)
Qc - [ A]“[B]b

A reaction quotient can be calculated for any mixture of reactants and products
at any time during a reaction. However, it is only when the mixture is at equilibrium
that the reaction quotient is a constant value. At equilibrium, the value of the
reaction quotient is equal to the equilibrium constant, K_.

If the reaction quotient is:
e greater than K, the system ‘shifts to the left’ to achieve equilibrium and more

reactants are formed
* smaller than K, the system ‘shifts to the right’ to achieve equilibrium and more

products are formed
* equal to K, the system is at equilibrium.

"The relationship between Q_and K_is illustrated in Figure 8.2.1. By comparing
the value of Q_ for a reaction to K_ at a given temperature, it is possible to predict
the direction a reaction will proceed in order to reach equilibrium.

equilibrium ---

— —
[products]eosfficients [products]eeficents
[rea cta nts]coefﬁcients [reacta ntS] coefficients

The reaction shifts to the left
toward the reactants to
decrease Q_and reach
eqilibrium.

The reaction shifts to the right
toward the products to
increase Q_and reach
eqilibrium.

Qc<Kc Qc=Kc Qc>K

FIGURE 8.2.1 For any reversible reaction at equilibrium K_= Q_, so comparing these two values for
a reaction can indicate which way a reaction must progress to reach equilibrium.
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CHEMFILE

Equilibrium in the theatre

A yellow solution containing Fe3* ions reacts with a colourless
solution containing SCN~ ions to form a blood-red coloured solution
containing FeSCN2* jons, according to the equilibrium reaction:

Fe¥*(aq) + SCN-(aq) = FeSCN**(aq) K_=9 x 10 M~ at 25°C
An appreciable amount of the product FeSCN?* is present

in an equilibrium mixture, so the mixture appears blood red
(Figure 8.2.2).

This equilibrium reaction is used in theatrical productions to make
fake blood. A layer of colourless SCN™ solution can be painted
onto an actor’s hand prior to the scene. If a plastic knife that has '

been previously dipped in pale yellow Fe3* solution is used to make FIGURE 8.2.2 Chemicals needed to make fake blood. From left to

) S right: a solution containing Fe3*, a solution containing SCN-, and an
3r?gjciilgnagﬁseztﬁjsgaﬁg’ 2 loackizt) @il eppeals eue o i equilibrium mixture of Fe3*, SCN~ and FeSCNZ*.

Homogeneous and heterogeneous equilibria

The chemical reactions discussed so far have involved homogeneous reactions,
in which all reactants and products are in the same state or phase. Homogeneous
equilibria are the focus of this chemistry course. However, some equilibria involve
heterogeneous reactions, in which reactants and products are in different states
or phases. The following extension section describes how to write an equilibrium
law for a heterogeneous equilibrium.

EXTENSION

Equilibria in heterogeneous reactions

The important feature of the equilibrium law for heterogeneous reactions
is that the concentration of a pure solid or a pure liquid is assigned as 1.
This is because these concentrations do not depend on how much of the
pure substance is present.

Because the concentration of the solid in the heterogeneous system
is considered a constant, it is removed from the equilibrium expression.

As a result, the expression for the equilibrium of a heterogeneous system
is often much simpler.
For example, for the equation:
CaCO4(s) = Cal(s) + CO,(g)
the expression for the equilibrium constant is K, = [CO,]. CaO and CaCO, are
both solids and do not appear in the equilibrium law.

The dissolution of a solid into an aqueous solution is another example of
a heterogeneous equilibrium system.

Consider the dissociation of lead chloride (PbCl,) into lead and chloride ions
in solution:

PbCl (s) = Pb?*(aq) + 2Cl(aq)

Because the concentration of the lead chloride is constant, it can be said to
be equal to 1 and simply removed from the expression for the equilibrium law.
This results in the expression:

K. = [Pb?*][CIF]?
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8.2 Review

+ The equilibrium constant, K, is a constant for

a particular chemical reaction at a particular
temperature.
The equilibrium law for the equation:

aW + bX=cY +dZ

i = DLz
¢ [WPLXP
A reaction quotient (concentration fraction) can

The reaction quotient, Q_, has the same
mathematical expression as the equilibrium law.

When a reaction system at a particular temperature

has reached equilibrium, the reaction quotient is
equal to the equilibrium constant.

The unit for an equilibrium constant depends on
the equation for the equilibrium. The unit can be
determined by substituting M (mol L), for each
concentration into the reaction quotient.

be calculated for any stage of a chemical reaction.

KEY QUESTIONS

1
X and chlorine with the equation:

I H,(g) + Cly(g) = 2HCI(g)

. 2 Ata particular temperature, the equilibrium constant for the reaction

E represented by the following equation is 0.667 M=2:

! CO(g) + 3H,(g) = CH,(8) + H,0(g)

: At a specific point in the reaction, the reaction quotient is found to be

: 0.234 M. With reference to the concentration of the products, predict

! which way the reaction will shift in order to reach equilibrium.

. 3 Define:

: a homogenous system

\ b reaction quotient

E ¢ equilibrium constant.

. 4 Consider the reaction represented by the equation:

: Cu?*(aq) + 4NH,(aq) = [Cu(NH,),1%*(aq)

: At 25°C the equilibrium constant is determined to be K, = 0.46 M.

: At a particular time during the reaction, the reaction quotient is 1.2 M4,

E Write an expression for the reaction quotient for this reaction and predict

1
1
1
1
1
1
1
1
1
1
1
1
:
Write an expression for the reaction quotient for the reaction of hydrogen '
1
1
1
1
1
1
1
1
1
1
1
I
what will happen to the system as it moves to equilibrium. E
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0 When comparing values of K,

208

it is important to know the
equation associated with the
equilibrium constant.

8.3 Working with equilibrium
constants

In section 8.2, you learned that an equilibrium law can be written for a chemical
reaction at equilibrium. The mathematical expression for the equilibrium law is a
fraction involving the concentrations of the reactants and products, which has a
value equal to K, the equilibrium constant for the reaction at equilibrium.

The value of an equilibrium constant indicates the extent of a reaction or how
far a reaction will proceed towards the products. In this section, you will learn how
to interpret these values in terms of the relative amounts of reactants and products
present at equilibrium.

You will also discover how temperature affects an equilibrium constant and
what happens to the value of an equilibrium constant when an equation is reversed
or the coefficients of the equation are changed.

DEPENDENCY OF AN EQUILIBRIUM CONSTANT
ON THE EQUATION

The equilibrium law depends upon the chemical equation used for a particular
reaction.

For example, the equilibrium between the gases N,O, and NO, can be
represented by several equations. For each equation provided below, the expression
for the equilibrium constant, K, is also given.

NO,J2
N,O,(g) = 2NO,(g) K.= %N 5]]
24
_ _[N,0]
NO,@=N,0,® K. =5
2
[NO,J*
2N204(g) = 4N02(g) Kc = W
24
INO.(@=NO.(g) K = Ol
2 2 e TS <~ IN,0,5:

You can see from these expressions that if:

e one equation is the reverse of another, the equilibrium constants are the inverse
(or reciprocal) of each other

¢ the coefficients of an equation are doubled, the value of K_ is squared

¢ the coefficients of an equation are halved, the value of K_ is the square root of
the original value of K_.

Therefore, it is important to specify the equation when quoting an equilibrium

constant.

THE MEANING OF THE VALUE OF AN EQUILIBRIUM
CONSTANT

The value of an equilibrium constant is based on the equilibrium concentrations of
the products divided by the equilibrium concentrations of the reactants. Therefore,
it indicates the extent of reaction at equilibrium (how far the forward reaction
proceeds before equilibrium is established) and the equilibrium yield (the
amount of products present at equilibrium).

0 The concentrations used to determine K_ must be the concentration of each
component of the mixture at equilibrium.
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The relationship between the value of K_ and the relative proportions of
reactants and products at equilibrium is shown in Table 8.3.1.

TABLE 8.3.1 The relationship between the value of K_and the extent of a reaction provides
information on the relative amounts of reactants and products in the reaction mixture at equilibrium

Value of K_ Extent of reaction

Between about The extent of reaction is significant. Appreciable concentrations
10* and 104 of both reactants and products are present at equilibrium.
e.g. N,(8) + 3H,(8) = 2NH,(g) K_ = 0.52 M2 at 400°C

Very large; >10* Almost complete reaction occurs. The concentrations of products are
much higher than the concentrations of the reactants at equilibrium.
e.g. HCI(aq) + H,0(l) = H;0%(aq) + Cl-(ag) K.= 107 M at 25°C

Very small; <10*  Negligible reaction occurs. The concentrations of reactants
are considerably higher than the concentrations of products
at equilibrium.
e.g. CH;COOH(aq) + H,0(l) = H;0*(aq) + CH,COO(aq)
K.=1.8x% 105 M at 25°C

When K_ is very large, the numerator of the equilibrium expression must
be large compared to the denominator, which means there is a large amount of
products relative to the amount of reactants.

When K _is very small, the numerator of the equilibrium expression must be very
small compared to the denominator, which means there must be a large amount of
reactants relative to the amount of products.

Effect of temperature on an equilibrium constant

It has been shown experimentally that the value of the equilibrium constant, K,
for a particular reaction depends only upon temperature. It is not affected by the
addition of reactants or products, changes in pressure, or the use of catalysts.

The effect of a change in temperature on an equilibrium constant depends on
whether the reaction is exothermic or endothermic. As temperature increases, for:
* exothermic reactions, the value of K_decreases and so the amount of products

present at equilibrium decreases
* endothermic reactions, the value of K_increases and so the amount of products

present at equilibrium increases.

0 Only a change in temperature will change the value of K_for a given reaction.

Table 8.3.2 summarises the effect on K, when temperature increases. The
opposite is true when temperature decreases.

TABLE 8.3.2 The effect on the value of K when the temperature of the system increases

E N T
Exothermic (-) Increases Decreases

Endothermic (+) Increases Increases

Because the value of K, depends on temperature, it is essential to specify the
temperature at which an equilibrium constant has been measured.
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8.3 Review

+ The equilibrium constant, K, is specific for
an equation.

+ The value of K_ provides a measure of the extent of
reaction and the relative concentrations of reactants
and products at equilibrium.

Value of K_ Extent of reaction

Between about Indicates significant reaction occurs

10* and 10*

>104 Indicates an almost complete reaction
occurs

<10* Indicates negligible reaction occurs

KEY QUESTIONS

1

210

The equilibrium constant for the decomposition of
ammonia is 100 M2 at 255°C for the equation:
2NH;(8) = N,(g) + 3H,(8)
a Write an expression for the equilibrium constant for
the equation:
N,(8) + 3H,(8) = 2NH,(g)
b Calculate the equilibrium constant for the equation
given in part a.
¢ Write an expression for the equilibrium constant for
the equation:
NH,(@) = IN,(@) + SH,(@)
d Calculate the equilibrium constant for the equation
in part c.
e Use your answers to parts a-d to state the effect on
the value of an equilibrium constant when the:
i equation is reversed
ii coefficients of the equation are halved.
Water reacts with chlorine according to the equation:
2H,0(g) + 2Cly(g) = 4HCl(g) + 0,(8)
At a particular temperature the value of the
equilibrium constant for this reaction is determined to
be 4.0 x 10+ M. Assuming no change in temperature,

calculate the value for the equilibrium constant for
the reaction:

a H,0() + Cl,(8) = 2HCI(®) + 20,(@)

b 2HCI(e) + 50,(®) = H,0@) + Cl,(@)

When an equation is reversed, the new equilibrium
constant is the reciprocal, or inverse, of the
original K.

When coefficients are doubled, K is squared.

As temperature increases, the value of K_ increases
for endothermic reactions and decreases for
exothermic reactions.

For the chemical reaction: PCl(g) = PCl;(g) + Cl(g)
the equilibrium constant is 1.70 M at 250°C.

For each equation, calculate the value of K_ at the
same temperature.

a 4PCly(g) = 4PCl,(g) + 4Cl(g)

b %PCI3(g) = %Cb(g) = %PCIs(g)

¢ 2PCl(®) = SPCL@ + 2Cl,@)
d 2PCl,(g) + 2Cl,(g) = 2PCl,(g)

A chemist investigated three different reactions and
determined the value of the equilibrium constant
for each. In which of the reactions would there be
substantially more products produced compared
to reactants?

A Reaction 1: K_= 0.0057

B Reaction 2: K, = 2.5 x 10°

C Reaction 3: K, = 3.1 x 1073

State whether the equilibrium constants for each
of the following would be increased, decreased or
unchanged by an increase in temperature:
a 2NH,(g) = N,(g) + 3H,(g) AH =+91 kJ mol!
b 4HCI(g) + 0,(g) = 2H,0(g) + 2Cl(g)

AH =-113 kJ mol-!
¢ Hy() + CO,(®) = H,0(e) + CO(g)

AH = +42 kJ mol!
d 2CO(g) + 0,(g) = 2CO,(g) AH =-564 kJ mol!
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8.4 Calculations involving equilibrium

In section 8.3, you saw that for a reversible reaction, an expression for an
equilibrium constant, K, can be written as a ratio of the molar concentrations of
the products to the molar concentrations of the reactants. In this section, you will
learn to determine equilibrium constants given molar concentrations. You will also
learn to calculate the concentration of a reactant or product using the equilibrium
constant at a specified temperature.

Although the calculations in this section will be restricted to chemical equilibria,
the same principles can be applied to other systems in our surroundings. For
example, on the African plains of Tanzania, there is a delicate balance of herbivores
such as zebras and wildebeest, and carnivores such as lions (Figure 8.4.1). If the
populations change through drought or disease, the relative numbers change and
a new balance is established. This new balance can be predicted in much the same
way as occurs for chemical equilibrium.

CALCULATIONS INVOLVING THE EQUILIBRIUM CONSTANT
AND CONCENTRATIONS

Calculating an equilibrium constant

An equilibrium constant can be calculated from the molar concentrations of
reactants and products at equilibrium, as shown in Worked Example 8.4.1.

Worked example 8.4.1
CALCULATING THE EQUILIBRIUM CONSTANT

A 2.00 L vessel contains a mixture of 0.0860 mol of H,, 0.124 mol of |, and
0.716 mol of HI in equilibrium at 460°C according to the equation:
H,(g) + 1,(8) = 2HI(g)
Calculate the value of the equilibrium constant, K, at 460°C.
Thinking Working
Find the molar concentrations for The volume of the vessel = 2.00 L
all species at equilibrium. n(H,)
e _n =Ty
Convert mol to mol L using ¢ = v
_ 0.0860 _
=500 0.0430 M
n(ly)
1=
_0.124 _
=200 0.0620 M
n(HI
[HI] = 7(‘/ )
_0.716 _
=200 0.358 M
Write the expression for K. _ [HI7]2
¢ [HLII,]
Substitute into the expression for K = 0.358?
K. to determine the value of K. ¢ 0.0430 x 0.0620
=48.1
Determine the units of K. M2 _ M2
MxM M2
Units cancel so K_ has no unit.
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lions in Africa can be understood using the

principles of equilibrium.
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Worked example: Try yourself 8.4.1
CALCULATING THE EQUILIBRIUM CONSTANT

A 3.00 L vessel contains a mixture of 0.120 mol of N,0, and 0.500 mol of NO,
in equilibrium at 460°C according to the equation:

N,0,(g) = 2NO,(g)
Calculate the value of the equilibrium constant, K, for the reaction at that
temperature.

Calculating equilibrium concentrations

Another type of calculation involves ‘working backwards’. In this situation, you use
the equilibrium constant to determine the molar equilibrium concentration of one
of the species in the reaction.

Worked example 8.4.2
CALCULATING AN EQUILIBRIUM CONCENTRATION

Consider the following equilibrium with an equilibrium constant of 0.400 M
at 250°C.

PCl;(g) = PCl,(g) + Cl,(g)
An equilibrium mixture contains 0.0020 M PCI; and 0.0010 M PCl, at 250°C.
What is the equilibrium concentration of Cl, in this mixture?

Thinking Working
Write the expression for K.. K = [PCI,][CI,]

¢ [PCI.]
Substitute the known values into the 0.400 = 0.0010 x [C,]
expression for K. ’ 0.0020
Reorganise the expression to make the [Cl] = 0.400 x 0.0020
unknown the subject and calculate the 2 0.0010
concentration of this species. =080 M

Worked example: Try yourself 8.4.2
CALCULATING AN EQUILIBRIUM CONCENTRATION

Consider the following equilibrium with an equilibrium constant of 0.72 M at
250°C.

N,0,(g) = 2NO,(g)

An equilibrium mixture contains 0.040 M N,0, at 250°C. What is the
equilibrium concentration of NO, in this mixture?
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Calculating an equilibrium constant using stoichiometry

For some calculations, stoichiometry is used to calculate the molar equilibrium
concentrations of the reactants and products from the data provided. Once these
are known, the equilibrium constant can then be calculated as you saw in Worked
Example 8.4.1.

A popular way to set out calculations of this type is with the use of a reaction
table (also known as an ICE table). The reaction table shows the initial amounts of
reactants and products, the changes that occur as the system reaches equilibrium

0 An ICE table (reaction table)
sets up the steps for working out
equilibrium calculations where
the equilibrium concentration of
one or more species is unknown.
The first letter of each word
corresponds to the information

and the final values at equilibrium, as Worked Example 8.4.3 illustrates.

Worked example 8.4.3

USING STOICHIOMETRY TO CALCULATE AN EQUILIBRIUM CONSTANT

according to the following equation:

this temperature.

An equilibrium is established between A and B at a specified temperature

A(g) = 2B(g)

0.540 mol of A was placed in a 2.00 L vessel. When equilibrium was achieved,
0.280 mol of B was present. Calculate the value of the equilibrium constant at

Thinking

Working

Construct a reaction table using each
species in the balanced equation as
the headings for the columns in the
table. Insert three rows in the table
labelled ‘I’ (Initial), ‘C’ (Change) and
‘E" (Equilibrium):

Reactants = Products

1
Cc
E

Enter the data provided in the table.
When a species is consumed, the
change is negative; when a species is
produced, the change is positive.

Initially, there is:
* 0.540 mol of A(g)
* 0 mol of the product B(g).

Let x mol of A react; 2x mol of B
is produced.

At equilibrium, there is 0.280 mol
of B(g).

A = 2B(g)
I |0.540 mol |0 mol

C |—x +2x
E |0.540 -x 2x = 0.280 mol

Using the coefficients from the
equation, calculate the moles of all
species at equilibrium.

Initially no B was present, so because
0.280 mol of B has been produced
at equilibrium:

2x = 0.280 mol
x =0.140 mol
We can enter these values in the table:
A(®) = 2B(g)
I |0.540 0
C |x=-0.140 +2x = 0.280
E [ 0.540-x 0.280
=0.540-0.140
=0.400
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that is recorded in each row
of the table: Initial, Change,
Equilibrium.

213



Using the volume of the vessel, The volume of the vessel is 2.00 L.
calculate the equilibrium =2
concentrations for all species 4
at equilibrium. _ 0.400
Use the formula ¢ = 2. 2.00
v =0.200 M
=n
[B] =7
_0.280
2.00
=0.140 M
Write the expression for K K = [B1?
and substitute the equilibrium ¢ [A]
concentrations. _0.1402
Calculate the equilibrium constant, ~0.200
K, and include the units for the =0.0980 M
equilibrium constant.

Worked example: Try yourself 8.4.3
USING STOICHIOMETRY TO CALCULATE AN EQUILIBRIUM CONSTANT

At one step during the synthesis of nitric acid, nitrogen dioxide (NO,) is in
equilibrium with dinitrogen tetroxide (N,O,) at 60°C:

N,0,(g) = 2NO,(g)
0.350 mol of N,0, was placed in a 2.0 L vessel. When equilibrium was achieved,

0.120 mol of NO, was present. Calculate the value of the equilibrium constant at
this temperature.

8.4 Review

* An equilibrium constant for a particular temperature » Stoichiometry may be used to calculate equilibrium

can be calculated from the concentrations of the concentrations of reactants and products and
reactants and products at equilibrium and the hence the value of the equilibrium constant using a
expression for the equilibrium constant. reaction (ICE) table.

» The concentration of a reactant or product can
be calculated if the concentrations of the other
reactants and products and the equilibrium constant
are known.

KEY QUESTIONS

1 Calculate the equilibrium constant for the reaction represented by

the equation:

N,O,(g) = 2NO,(g)
if an equilibrium mixture in a 2.0 L container was found to consist of
0.80 mol of N,O, and 0.40 mol of NO,,

2 Phosgene is a poisonous gas that was used during World War I. It can
be formed by the reaction of carbon monoxide with chlorine gas in the
equilibrium reaction:

CO(g) + Cl(g) = COCl(8)
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The reaction was allowed to proceed at 74°C until equilibrium was reached.
The equilibrium concentrations of each species was determined and
recorded as follows: [CO] = 2.4 x 102 M, [CI,] = 0.108 M and

[COCI,] = 0.28 M. Calculate the equilibrium constant for the reaction

at this temperature.

3 The following reaction was allowed to reach equilibrium at a temperature
of 230°C:

2NO(g) + 0,(8) = 2NOL(g)

The value of the equilibrium constant was determined to be 6.44 x 105 ML,

If the equilibrium concentration of [NO,] = 15.5 M and [NO] = 0.0542 M,

determine the concentration of O, in the equilibrium mixture.

4 4.45 mol of PCl; and 5.50 mol of Cl, were mixed in a 2.00 L vessel.

They reacted according to the equation:

PCly(g) + Cl,(g) = PCly(g)

When equilibrium was reached, it was found that 0.35 mol of PCl; had been

formed. Calculate the value of the equilibrium constant and give the units.

5 5.89 mol of N, and 8.23 mol of H, were mixed in a 5.00 L vessel.

They reacted according to the equation:

N,(8) + 3H,(8) = 2NH;(g)

When equilibrium was reached, it was found that 0.48 mol of NH, had been

formed. Calculate the value of the equilibrium constant and give the units.

6 The equilibrium constant for the following reaction is 48.8 at 455°C.

2HI(g) = H,(®) + 1,(8)

An equilibrium mixture in a 2.0 L vessel at this temperature contains

0.220 mol of H, and 0.110 mol of |,

a Calculate the concentration of HI in this mixture.

b Another mixture was prepared by placing 4.00 mol of Hl in a 2.0 L vessel
at 330°C. At equilibrium, 0.44 mol of H, and 0.44 mol of |, were present.
Calculate the value of the equilibrium constant at this temperature.

¢ A third mixture consisted of 1.0 mol of HI, 0.24 mol of H, and 0.32 mol
of I, ina 2.0 L container at 330°C. Decide if the mixture is at equilibrium
and, if not, predict the direction the reaction will shift to reach
equilibrium.

7 A mixture of 0.100 mol NO, 0.051 mol H,and 0.100 mol of H,0 were
added to a reaction vessel with a volume of 1.0 L at 300°C. The reaction at
equilibrium is given by the equation:

2NO(g) + 2H,(g) = N, (g) + 2H,0(g)

After equilibrium was established, the concentration of NO was found to

be 0.062 M. Determine the equilibrium constant, K, including units for the

reaction at 300°C.

_________

______________________________________________________________________
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FIGURE 8.5.1 The effect of changes on the
equilibrium:

Co(HQO)GZ*(aq) +4Cl(ag) = CoCIf’(aq) +6H,0()
The addition of excess CI~ ions causes a net
forward reaction and the solution turns blue as
more CoCIf‘ is formed. The addition of excess
water causes a net reverse reaction and the
solution returns to the original pink colour as
more [Co(H,0).J*" is formed.

€ The position of equilibrium
should not be confused with
K_. The value of K__is only
ever changed by a change
in temperature.

FIGURE 8.5.2 Henri Le Chatelier.

8.5 Le Chatelier’s principle

In this section, you will learn about some of the effects of changes on chemical
systems at equilibrium.

Your understanding of the underlying principles of chemical equilibrium will
enable you to predict the impact of changes when a reactant or product is added
or removed from an equilibrium system, as seen in the cobalt system described in
Figure 8.5.1.

The effect of changes on a chemical equilibrium is very important to the
chemical industry. Conditions must be carefully selected to ensure that optimum
yields of products are obtained within a reasonable timeframe.

CHANGES TO AN EQUILIBRIUM SYSTEM

You have seen that different reactions proceed to different extents. As a consequence,
the relative amounts of reactants and products differ from one reaction to another
at equilibrium. The relative amounts of reactants and products at equilibrium is
called the position of equilibrium.

The relative amounts of substances present in equilibrium mixtures depend
upon reaction conditions. For any equilibrium system, the position of equilibrium
may be changed by:
¢ adding or removing a reactant or product
e changing the pressure by changing the volume (for equilibria involving gases)

e dilution (for equilibria in solution)
* changing the temperature.

Careful control of the reaction conditions allows chemists to maximise the
equilibrium yield of a desired product by moving the position of equilibrium ‘to the
right’ (and therefore increasing the amount of products formed).

LE CHATELIER’S PRINCIPLE

The effect of a change in conditions on an equilibrium system is summarised in a
useful generalisation called Le Chételier’s principle.

0 Le Chatelier’s principle states that if an equilibrium system is subjected to a
change, the system will adjust itself to partially oppose the effect of the change.

CHEMFILE

Henri Le Chatelier

Henri Le Chatelier (1850-1936), seen in Figure 8.5.2, was a French chemist and engineer.
He is best known for developing the principle of chemical equilibrium, which is now
named after him.

Le Chatelier made an early attempt at synthesising ammonia from nitrogen and hydrogen,
but an error in the design of the experiment resulted in an explosion that nearly killed one
of his laboratory assistants. Le Chatelier also developed the oxyacetylene welding torch
and the thermocouple for accurate temperature measurement.
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When a change occurs to an equilibrium system so that it is momentarily no
longer at equilibrium, a net reaction occurs that partially counteracts the effect of
the change. The system will establish a new equilibrium.

As a result, the position of equilibrium will change. There may be an increase in
the amount of either products or reactants, depending on the nature of the change.
By understanding Le Chatelier’s principle, you can predict the effect of a change
to an equilibrium system.

You will now consider the effect of different changes on equilibrium systems.

Adding extra reactant or product

A sealed reaction vessel of hydrogen and nitrogen gases at a particular temperature
will establish an equilibrium according to the equation:
N,(g) + 3H,(2) = 2NH,(g)
If extra nitrogen gas were added to the container without changing the volume
or temperature, the mixture would momentarily not be in equilibrium.
The events outlined in the rate—time graph in Figure 8.5.3 occur as the
composition of the mixture adjusts to return to a new equilibrium.

2. Theincreased concentration of nitrogen gas causes more frequent
collisions to occur between N, and H, molecules, producing more NH,.
The rate of the forward reaction instantly increases.

4. Ultimately, the rates of the forward and
reverse reactions become equal again and
a new equilibrium position is established.

Rate

1. System initially at
equilibrium. Rates of ST
forward and reverse N
reactions are equal. .

N,(g) + 3H,(g) — 2NH,(2) | 3. As the concentration of ammonia increases
and more frequent collisions occur between
ammonia molecules, the rate of the reverse

reaction to re-form N, and H, increases.

,,,,,,,,,,,,,,,,,,,,, 1

2NH,(g) — N(g) + 3H,(g)

Time

FIGURE 8.5.3 This rate—time graph shows the events that occur as a mixture of nitrogen and
hydrogen gas returns to equilibrium after the addition of extra nitrogen gas.

Once the system has re-established equilibrium, the rates of the forward and
reverse reactions will again be equal. Overall though, a net forward reaction has
occurred with an increase in the concentration of ammonia at equilibrium. The
equilibrium position is said to have shifted ‘to the right’.

It is important to note that, even though the concentration of N, gas decreases
as the system moves to establish the new equilibrium, its final concentration is
still higher than in the original equilibrium. Le Chételier’s principle states that the
change is partially opposed. The system does not return to the initial equilibrium
position following the change in conditions.

The changes occurring to the system can also be shown on a concentration—
time graph. Figure 8.5.4 illustrates the effect on the system when N, gas is added
as described.
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0 Remember, dynamic equilibrium
is a state where the rate of
formation of products is equal to
the rate of formation of reactants.

Concentration (not to scale)

[ ———

initial equilibrium LU
nitrogen _
added new equilibrium

established

FIGURE 8.5.4 A representation of changes
in concentrations that occur when additional
nitrogen gas is added to the equilibrium:

N, (@) + 3H,(2) = 2NH, @)
Note that the y axis shows the concentration,
not rate of reaction.
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Concentration (not to scale)

initial Time
equilibrium new equilibrium
established
NH3added

FIGURE 8.5.5 A representation of changes

in concentrations that occur when additional

ammonia gas is added to the equilibrium:
N,(8) + 3H,(g) = 2NH, (@)

The reaction shifts to the left, forming more N,

and H,.

The value of K, for the equilibrium reaction remains unchanged as the
temperature has not changed.

0 Only temperature changes the value of K_ for an equilibrium system.

If you follow the same reasoning as for N,, you can see that adding extra
amounts of the other reactant, H,, to the system will also increase the concentration
of ammonia produced. However, the addition of more product, NH,, would result
in a net reverse reaction and the equilibrium position shifting to the left, reducing
the overall concentration of ammonia as seen in Figure 8.5.5.

While knowledge of collision theory and reaction rates can be used to determine
the overall effect of changes on an equilibrium as was done above, applying
Le Chatelier’s principle is a simpler way of predicting these effects.

Table 8.5.1 shows how an equilibrium system acts to oppose the addition or
removal of reactants and products.

TABLE 8.5.1 The general effects of a change to a system at equilibrium as predicted by Le Chatelier’s
principle

Adding a reactant Formation of more products—a net forward reaction
Equilibrium position shifts to the right

Adding a product Formation of more reactants—a net reverse reaction
Equilibrium position shifts to the left

Removing a product Formation of more products—a net forward reaction
Equilibrium position shifts to the right

Predicting the effect of a change using the equilibrium law

The effect of adding more reactants or products can also be predicted using the
equilibrium law.
If you again consider the equilibrium formed between nitrogen and hydrogen
as an example:
N,(2)+ 3H,(g) = 2NH,(g)
The expression for the equilibrium law for this reaction can then be written as:
2
K= Nymp
2 2
If extra nitrogen is added, the concentration of N, is increased so the reaction
quotient (Q ) is momentarily less than the equilibrium constant K. The mixture
is no longer at equilibrium. As you saw in section 8.2, when Q_ < K, the reaction
favours the formation of products (a net forward reaction). This increases the
amount of products and decreases the amount of reactants, until the reaction
quotient again becomes equal to K.
Making predictions using the mathematical expression for the equilibrium law
gives the same result as using the qualitative reasoning of L.e Chételier’s principle.
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CHEMFILE

Soft drink and equilibrium

In a sealed bottle of soft drink, CO,(g)
and CO,(aq) are in equilibrium according
to the equation:

CO,(g) = CO,(aq)
When the cap is removed from the bottle,
pressure is reduced and carbon dioxide
escapes to the atmosphere. According
to Le Chatelier’s principle, a net reverse
reaction occurs and carbon dioxide comes
out of solution.

This normally happens slowly, but when
Mentos® mints are added to the bottle of soft
drink, the drink erupts violently as you can
see in Figure 8.5.6. The high surface area of
the mints provides many sites for bubbles to
form, increasing the rate of the reaction, and

quickly producing an eruption of soft drink FIGURE 8.5.6 Erupting soft drink when
from the bottle. mints have been added.

COMPETING EQUILIBRIA—CARBON MONOXIDE POISONING

Haemoglobin is a large protein molecule that is the pigment in red blood cells. It is
responsible for the transport of oxygen from your lungs to the cells in your body.
The haemoglobin complex combines with oxygen to form an equilibrium system
with oxyhaemoglobin:
haemoglobin + oxygen = oxyhaemoglobin

When you inhale, oxygen from the air combines with haemoglobin in the small
blood vessels in the lining of your lungs. According to Le Chitelier’s principle, this
increase in concentration of oxygen in this environment will cause a net forward
reaction, producing greater amounts of oxyhaemoglobin. In your lungs, most
haemoglobin is converted to oxyhaemoglobin as a result of the continual addition
of oxygen from each breath you take.

Carbon monoxide is a colourless, odourless and tasteless gas that is formed as
a product in the incomplete combustion of fuels. Carbon monoxide is present in
cigarette smoke and in the exhaust gases from car engines (Figure 8.5.7).

The high toxicity of carbon monoxide is a result of its reaction with haemoglobin:

haemoglobin + carbon monoxide = carboxyhaemoglobin

The equilibrium constant for the reaction between carbon monoxide and
haemoglobin is nearly 20000 times greater than for the reaction between oxygen
and haemoglobin. The larger equilibrium constant means that the forward reaction
is much more likely to occur. Even small concentrations of carbon monoxide shift
the position of equilibrium well to the right.

- ] ) FIGURE 8.5.7 Carbon monoxide gas is formed
The formation of carboxyhaemoglobin reduces the concentration of  when hydrocarbon fuels, such as petrol, are

haemoglobin, causing the reverse reaction of oxyhaemoglobin formation to occur.  burntin limited supplies of oxygen.
In extreme cases, almost no oxyhaemoglobin is left in the blood and carbon
monoxide poisoning occurs.

Symptoms of carbon monoxide poisoning include drowsiness, dizziness,
headaches, shortness of breath and loss of intellectual skills. ILoss of consciousness
and even death can result from carbon monoxide concentrations as low as 200 ppm.

The reactions of oxygen and carbon monoxide with haemoglobin are described
as competing equilibria, because both oxygen and carbon monoxide ‘compete’
for the same substance, haemoglobin. The equilibrium reaction with the larger
equilibrium constant has a significant effect on the extent of reaction of the other
reaction.
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A common treatment for carbon monoxide poisoning is to give the person pure
oxygen. This is an attempt to shift the equilibria between oxyhaemoglobin and
haemoglobin. Addition of oxygen in this equilibrium:

haemoglobin + oxygen = oxyhaemoglobin
should shift the reaction in the net forward direction.

However, the large value of the carboxyhaemoglobin equilibrium constant and
the relatively slow rate of release of carbon monoxide means that this treatment is
not always successful.

CHEMFILE

Chickens lay eggs with thinner shells in the summer
Chickens, like dogs, do not perspire. Therefore, in hot weather they must resort to panting
to try to maintain a healthy temperature. This means that they exhale more carbon
dioxide gas than when they are breathing normally.
This affects the following series of competing equilibria, which produces eggshells made
from calcium carbonate:

CO,(g) = CO,(aq)

CO,(aq) + H,0(l) = H,CO,(aq)

H,CO,(aq) = H*(aq) + HCO,(aq)

HCO,(aq) = H*(aq) + CO,*(aq)

€0, (aq) + Ca?*(aq) = CaCO,(s) (eggshell) FIGURE 8.5.8 The eggshell dilemma is solved
with the aid of Le Chatelier’s principle.

Removing CO, gas shifts each equilibrium, in turn, to the left. This ultimately results
in less CaCO, being made. So, in summer, chickens lay eggs with thinner shells
(Figure 8.5.8). This means eggs are more easily broken, at great economic cost to
farmers and supermarkets.

Scientists solved the problem by giving the chickens carbonated water to drink. This
increases the concentration of aqueous carbon dioxide and pushes the equilibria to
the right, increasing the amount of calcium carbonate.

Apparently the chickens like the carbonated water and they produce eggs with thicker,
stronger shells. Another victory for chemistry and Le Chatelier!

8.5 Review

« Le Chatelier’s principle states that if an equilibrium * Inhaling carbon monoxide creates competing
system is subjected to change, the system will equilibria in the blood because both oxygen and
adjust itself to partially oppose the change. carbon monoxide react with haemoglobin.

+ The effect of a change on an equilibrium can be » In competing equilibria, the reaction with the larger
predicted from Le Chatelier’s principle. The effects equilibrium constant reduces the extent of reaction

collision theory and the equilibrium law.

Change to system Effect of change on
in equilibrium equilibrium position

Adding extra reactant Shifts to the right
(net forward reaction)

Adding product Shifts to the left

X of changes can also be explained by the use of of the other equilibrium.
: (net reverse reaction)
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KEY QUESTIONS

1 Use Le Chatelier’s principle to predict the effect of adding more hydrogen
gas to the following equilibria.
a Hy(g) + 1,(8) = 2HI(g)
b 2NH,(g) = N,(g) + 3H,(®)
¢ Hy(g + COL(g) = H,0(g) + CO(g)
2 Predict the effect of the following changes on the position of each equilibrium.
a Addition of SO, to the equilibrium:
250,(8) + 0,(8) = 2504(8)
b Removal of CH;COO- from the equilibrium:
CH,COO0H(aq) + H,0(l) = H,0"(aqg) + CH,C00(aq)
3 For each of the equilibrium systems in Question 2, explain your answer
by referring to the mathematical expression for the equilibrium law for
the system.

of the following statements explains this fact?

A Carbon monoxide forms carbon dioxide gas when it reacts with oxygen
gas in the blood.

B Carbon monoxide reacts with the Fe3* ions in the blood to form Fe metal
deposits.

C Carbon monoxide reacts with haemoglobin in the blood, reducing the
formation of oxyhaemoglobin.

D Carbon monoxide reacts with water in the blood, producing an acidic
solution.

1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
5 Fill in the gaps to complete the paragraph about carbon monoxide :

poisoning. :

Carbon monoxide gas is a product of the combustion of fuels.

Competing equilibria are established between carbon monoxide and oxygen :

for in the blood of a person suffering from carbon monoxide :

poisoning. The transport of to the cells in the body is |

prevented. The equilibrium constant for the reaction is 20000 :

________ ! times greater than that of the reaction. A person suffering :
from carbon monoxide poisoning is likely to be treated with :

This treatment aims to shift the position of the —haemoglobin :

equilibrium so more is formed. :

1

1

1

1

1

1

1

1

1

1

1

1

1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
. 4 Carbon monoxide is a poisonous gas, even at low concentrations. Which one
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
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Remember that pressure is a
measure of the force per unit
area, which is proportional to
the number and frequency

of collisions with the sides of
the container. A change in the
number of particles will change
the pressure.

8.6 Further applications of
Le Chatelier’s principle

Le Chatelier’s principle can be used to understand how changes to chemical
equilibria can affect numerous natural systems, as well as to optimise yields of
reactions occurring in industrial processes.

For example, in the oceans, carbon dioxide gas is involved in equilibria that
provide the carbonate ions needed for the growth of seashells, coral reefs and other
marine organisms.

Using Le Chatelier’s principle, scientists predict that increasing levels of carbon
dioxide in the atmosphere will affect the pH of the Earth’s oceans. This will put
marine ecosystems and organisms at risk, including the cuttlefish in Figure 8.6.1,
whose shells are made of calcium carbonate.

FIGURE 8.6.1 Cuttlefish have an internal shell made of calcium carbonate. Cuttlefish and other
marine animals could be affected by the decreasing pH of oceans.

In this section, you will continue your study of the effects of changes on chemical
systems at equilibrium. Your understanding of chemical equilibrium will enable
you to predict the impact of changes in gas pressure, solution concentration and
temperature, and the addition of a catalyst on an equilibrium system.

The impacts of such changes are significant in industrial processes. In the next
section, you will learn how the principles of equilibrium can be applied to predict
the optimum conditions for the production of chemicals, by considering both rate
and yield as well as costs and energy requirements.

CHANGING PRESSURE BY CHANGING VOLUME

The pressure of a gas is inversely proportional to the volume of its container. So
the pressure of gases in an equilibrium mixture can be changed by increasing or
decreasing the volume of the container while keeping the temperature constant.
Consider the effect of increasing the pressure on the equilibrium between sulfur
dioxide gas, oxygen and sulfur trioxide gas for the following reaction:
250,(g) + O,(g) = 2S0,4(g)
3 gas particles 2 gas particles
You can see that the forward reaction involves a reduction in the number of
particles of gas from three to two. The formation of products would cause an overall
reduction in pressure of the system. The reverse reaction involves an increase in
the number of gas particles from two to three. So a net reverse reaction causes an
overall increase in pressure of the system.
You can predict the change in the position of this equilibrium by either applying
Le Chatelier’s principle or analysing the equilibrium law for the reaction.
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Applying Le Chatelier’s principle
Le Chaételier’s principle tells you that an equilibrium system will respond to an
increase in pressure by adjusting to reduce the pressure. The position of equilibrium
will therefore move in the direction of the fewest gas particles.

In the example:

250,(g) + O,(g) = 2S0,4(g)

an increase in pressure will cause a net forward reaction to occur in order to reduce
the overall pressure (three gaseous reactant particles become two gaseous product
particles). The amount of SO, present at equilibrium will increase, as represented
in Figure 8.6.2.

increased
H i pressure
® €
o . .
" N @ SO, molecules: 5 s Q @ SO, molecules: 1
@ ® O, molecules: 3 & ® O, molecules: 1
°* &

s & 8 SO, molecules: 1 N & 8 SO, molecules: 5
© total 9 total 7

FIGURE 8.6.2 A representation of the effect of increased pressure on the equilibrium:
250,(g) + 0,(g) = 250,(g)

The effect of the change can also be illustrated graphically (Figure 8.6.3). When
the system is initially at equilibrium and there is an increase in pressure, the partial |
pressures of all gases increase simultaneously, as do the concentrations.

As the system adjusts, there is a gradual change in concentration of each of the
species until the new equilibrium is established. At the new equilibrium position,
the individual partial pressures and concentrations are different from at the first
equilibrium. However, the equilibrium constant, K, has not changed. The ratio of
products to reactants in the equilibrium law still equals K_ at the new equilibrium
position.

SO

0 An increase in pressure will favour the side of the reaction with the least
number of particles.

Concentration (not to scale)

T

SO

Applying the equilibrium law

You can also predict and explain the effect of a change of pressure on the equilibrium i

system above in terms of the equilibrium law. “initial
For the equilibrium system: equilibrium

250,(8) + 0,(8) = 250,(g) eresse | estaplshed |

Time

the expression for the equilibrium constant is: ,
[SO.]? FIGURE 8.6.3 The effect of increased pressure
K = 37 on the equilibrium 2S0,(g) + O,(g) = 2S0,(g).
¢~ [SO,I’[0,] — :
Suppose the volume of the closed system is halved. The partial pressures of all
reactant and product gases double, as does their concentrations.
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Momentarily, the reaction quotient, Q_, becomes:
@ISO 2 (SO
(2[SO,D*2[0,]) ~ 22 x 27 [SO,J’[O,]

The reaction quotient is now lower than K_. Accordingly, there will be a net
forward reaction to increase the value of the reaction quotient until it becomes
equal to K, just as was predicted earlier using L.e Chételier’s principle.

Pressure changes do not affect the equilibrium position of systems in the
liquid or solid phases. Particles in these systems are too tightly packed for an
increase in pressure to have a noticeable effect on volume. This means that there is
negligible change in the concentration of the species involved and no effect on the
concentration fraction.

_1
= 5K,

Further examples
The effect of a change of pressure or concentration, by changing the container
volume, depends on the relative number of particles on both sides of the equation.
When there are equal numbers of reactant and product particles, a change in
pressure will not shift the position of equilibrium. This is the case for the reaction
between hydrogen and iodine in the following equilibrium:
H,(g) + 1,(g) = 2HI(g)
2 gas particles 2 gas particles
It does not matter which way the system shifts; the number of particles in the
container will remain constant. The system is unable to oppose the change applied.

Worked example 8.6.1

USING LE CHATELIER’S PRINCIPLE TO DETERMINE THE SHIFT
IN EQUILIBRIUM POSITION FOR A VOLUME DECREASE

Consider the equilibrium:

CH,(g) + H,0(g) = CO(g) + 3H,(g)

Predict the shift in equilibrium position and the effect on the amount of CO
when the volume is halved at constant temperature.

Thinking

Working

Determine the immediate effect of the
change of volume on the pressure.

Halving the volume will double the
pressure of all species at equilibrium.

The system will try to partially oppose
the change in pressure by reducing or
increasing the pressure of the system.

(For a volume decrease, the system
will shift in the direction of the fewest
particles, and vice versa for a volume
increase.)

Decide how the equilibrium will
respond.

There are 2 molecules of gas on the
reactant side and 4 molecules of gas
on the product side, so the system
will shift to the left.

This decreases the amounts of the
products, including CO.

(Note that the CO concentration will
still be higher than it was at the initial
equilibrium. The shift in equilibrium
position only partially compensates
for the change.)

Worked example: Try yourself 8.6.1

USING LE CHATELIER’S PRINCIPLE TO DETERMINE THE SHIFT IN
EQUILIBRIUM POSITION FOR A VOLUME INCREASE

Consider the equilibrium:

PCl,(g) + Cl,(g) = PCl;(g)

Predict the shift in equilibrium position and the effect on the amount of Cl,
when the volume is doubled at constant temperature.
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CHANGING PRESSURE BY ADDING AN INERT GAS

The total pressure of an equilibrium mixture of gases may also be changed, without
changing the volume of the container, by adding a non-reacting gas such as helium,
neon or argon (Figure 8.6.4).

[ J ® o ©
[ o o
Addition of He(g)e
e ®
® o
e e
L ® o
System at equilibrium System still in equilibrium but at
Volume 1L higher pressure. Volume 1 L
[®]=5 particles L [e]=5 particles L!
[®] =5 particles L [®] =5 particles L!

FIGURE 8.6.4 The equilibrium of a gaseous system is unaffected by the addition of an inert gas.
The total pressure of the system increases without changes in concentrations of reactants or
products, so there is no change to the concentration fraction according to the equilibrium law.

Because the presence of the additional gas does not change any of the
concentrations of the reactants and products, there is no effect on the position of
equilibrium or the equilibrium constant.

DILUTION

For equilibria in solution, the situation is similar to the one you saw with pressure
and gases. The focus is on the number of particles per volume of solvent.

For an equilibrium occurring in solution, dilution by adding water reduces the
number of particles per volume. This results in a shift in the position of equilibrium
towards the side that produces the greater number of dissolved particles.

For example, consider the equilibrium system:

Fe3*(aq) + SCN-(aq) = FeSCN?*(aq)
2 particles in solution 1 particle in solution

The addition of water momentarily lowers the concentration of each species. In
terms of Le Chatelier’s principle, a net reverse reaction will occur, increasing the
total concentration of particles in solution.

Figure 8.6.5 shows the changes of concentrations that occur. Note that there is
an instantaneous decrease in the concentration of all species at the time of dilution.

0 Dilution of an aqueous equilibrium system has no effect on the value of K_ for
the reaction.

SCN-

F63+

FeSCN? |

Concentration (not to scale)

A—
—

N

initial

equilibrium

dilution

Time

new equilibrium
established

FIGURE 8.6.5 Effect of dilution on the
equilibrium Fe**(aq) + SCN~(ag) = FeSCN?*(aq).
Although the equilibrium position shifts to
the left, note that the concentrations of Fe3*
and SCN™ at the new equilibrium are lower

than their concentrations prior to dilution, as
the equilibrium shift only partially opposes

the change.
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0 Changing the temperature of an

Concentration (not to scale)

1

NO,

:

—'—I
initial Time

equilibrium
new equilibrium
established
temperature
increase

equilibrium in a closed system
affects both the equilibrium
position and the value of the

equilibrium constant.

N,O

24

G

R

FIGURE 8.6.6 The effect of heating on the

equilibrium 2N02(g) = N204(g)-
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CHANGING TEMPERATURE

In section 8.3, you saw that the effect of a temperature change on an equilibrium
reaction depends upon whether the reaction is exothermic or endothermic, as
shown in Table 8.6.1.

TABLE 8.6.1 The effect on the value of K when the temperature of the system is increased

E T
Exothermic (-) Increase Decrease

Endothermic (+) Increase Increase

The overall effect on equilibrium position due to temperature can also be
predicted according to Le Chatelier’s principle.

An example of this is the conversion of brown nitrogen dioxide gas (NO,) to
colourless dinitrogen tetroxide gas (N,O,). The reaction is exothermic, releasing
energy to the environment. You could (but wouldn’t usually) write an equation for
the reaction that includes the energy released:

2NO,(g) = N,0,(g) + energy

Increasing the temperature of the system increases the energy of the substances
in the mixture. Applying Le Chitelier’s principle, you can see that the reaction
can ‘oppose’ an increase in energy by absorbing energy. As the reverse reaction is
endothermic, this favours a net reverse reaction. This can be seen in Figure 8.6.6
where there is a gradual decrease in the concentration of N,O, as the system moves
to produce more reactants, NO,. Note that with a change in temperature, there is
no instantaneous change in concentration.

Because the reactants and products of the system are different colours, you can
monitor the change in this equilibrium visually. When a new equilibrium is attained,
there is less dinitrogen tetroxide and more nitrogen dioxide present so the mixture
appears a darker brown (Figure 8.6.7).

FIGURE 8.6.7 Equilibrium mixtures of NO, and N, O, in hot water and ice. Heating the mixture
favours the formation of brown NO, gas.

Heating an endothermic reaction causes the opposite result to occur. Applying
Le Chatelier’s principle, you can see that the reaction opposes an increase in energy
by absorbing energy, resulting in a net forward reaction.

In summary, increasing the temperature of an equilibrium mixture results in a:
e net reverse reaction (fewer products) for exothermic reactions, and a decrease

in K,

e netforward reaction (more products) for endothermic reactions, and an increase

in K.

Decreasing the temperature has the opposite effect.

AREA OF STUDY 2 | HOW CAN THE YIELD OF A CHEMICAL PRODUCT BE OPTIMISED?



EFFECT OF A CATALYST ON EQUILIBRIUM

As you have seen in Chapter 7, a catalyst lowers the activation energy of the forward
and reverse reactions by the same amount. This can be seen in the energy profile
diagram shown in Figure 8.6.8.

The energy needed
to break bonds
(activation energy)
is less if a
catalyst is used.

without catalyst

_.-7"~. with\catalyst

Energy

reactants

products

Reaction progress

FIGURE 8.6.8 Energy changes in a catalysed and uncatalysed reaction.

The lower activation energy causes an increase in the number of effective
collisions. As a result, there is an increase in the rate of both forward and reverse
reactions. This occurs because more particles have energies greater than the
activation energy barrier of the reaction.

A catalyst increases the rate of the forward and reverse reactions equally.

Therefore, it will not change the relative concentrations of the reactants and products 0 Addition of a catalyst does not

in the equilibrium law expression. Consequently the presence of a catalyst does not change the position of equilibrium
change the position of equilibrium or the value of the equilibrium constant, K. of a system, just how quickly

A catalyst will increase the rate at which an equilibrium is attained. It is for this equilibrium is attained.

reason that catalysts are used in many industrial and biological systems.

| CHEMISTRY IN ACTION |

Equilibria in a swimming pool

The water in swimming pools is used again and again.
Even though it is filtered, the water can quickly become
contaminated with microscopic algae and bacteria. Some
interesting chemistry involving chemical equilibria is
involved in keeping swimming pools clean, clear and safe
to swim in (Figure 8.6.9).

Swimming pools are ‘chlorinated’ to prevent the growth
of harmful microorganisms. Chlorination produces
hypochlorous acid (HOCI), which is a very efficient
antibacterial agent and algicide.

Commercially available ‘pool chlorine’ powder
(Figure 8.6.10, page 228) consists of calcium hypochlorite
(Ca(0OCl),), which dissolves in water to release hypochlorite
ions (OCI). The hypochlorite ions then react with
hydronium ions in the water to form hypochlorous acid:

/ o 5 ey

Ca(OCl),(s) = Ca2*(aq) + 20CI-(aq) FIGURE 8.6.9 Chemical equilibria are responsible for keeping the water

0CH(aq) + H,0%(aq) = HOCI(aq) + H,0() in backyard swimming pools hygienic and safe for swimmers.

CHAPTER 8 | EXTENT OF CHEMICAL REACTIONS

227



100 0

90 - 10
80 - -20
& 70+ -30
0 60- | i
S 60 : 40
Z 504 ! 50 §
=) i | =4
% 40 ! 60 o
30- : -70 9
201 80 8
FIGURE 8.6.10 Commercial ‘pool chlorine’ contains the hypochlorite 104 i -90
ion (OCI), which forms an equilibrium with H,0" ions in water. o 100
45 6 7|8 910 H
The H,O" is available from the self-ionisation of water, desirable pH range for P
another equilibrium reaction, this time between water swimming pools
molecules, forming H,0* and OH- ions: FIGURE 8.6.11 The effect of pH on the proportion of HOCI and OCI™ in
H,0(l) + H,0(l) = H,0*(aq) + OH(aq) water means that the position of the equilibrium can be monitored by

changes in pH of the water.

The relative amounts of HOCI, OCI- and H,0* in a
swimming pool need to be controlled carefully. This is
done by monitoring the pH of the swimming pool and
adding either more pool chlorine or more acid as needed
to maintain a pH in the range 7.2-7.8. Figure 8.6.11 shows
the relationship between the three substances. Remember,
pH measures the concentration of H;0* ions.

On the other hand, as pH falls, the concentration of
H;0*(aq) increases.

Le Chatelier’s principle tells you the position of
equilibrium will move to the right and more HOCI will
be formed. Although pH values below around 7.2 result
in greater amounts of HOCI in the pool, if the pool is too

h el ieeasiss, e Coneenietiion o7 AFSr @) acidic, the water can irritate eyes and skin.

decreases. Le Chatelier’s principle tells you that the
position of equilibrium will move to the left, consuming
some of the HOCI. If the pH rises above about 7.8, the
concentration of HOCI will be insufficient to control the
growth of bacteria and algae.

Thus, maintaining a pool so that it is hygienic and
comfortable for swimmers involves carefully maintaining
an optimum equilibrium position in the reaction mixture.

8.6 Review

+ The effect of a change on an equilibrium can be predicted using
Le Chatelier’s principle. Alternatively, the effects of some changes can be
predicted on the basis of collision theory and also the equilibrium law.

Change on equilibrium

Effect of change on equilibrium position

Decreasing pressure by increasing volume (for gases) Shifts in the direction of the most particles
Adding a catalyst No change

Adding an inert gas (container volume remains constant)  No change

Adding water (dilution of solutions) Shifts in the direction of the most particles
Increasing the temperature for exothermic reactions Shifts to the left
Increasing the temperature for endothermic reactions Shifts to the right
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KEY QUESTIONS

1 In which one the following systems will the position of equilibrium
be unaffected by a change of volume at constant temperature?
A N,(g) + 3H,(8) = 2NH,(g)

B Cly(g) + H,(g) = 2HCI(g)
C 2NO(g) + 0,(g) = 2NOL(g)
D 2C, H.(g) + 70,(g) = 4CO(g) + 6H,0(g)

2 Predict the effect of the following changes on the position of each
equilibrium.

a Halving the volume (doubling the pressure) of the equilibrium:
N,(8) + 3H,(8) = 2NH,(g)

b Increasing the pressure of the equilibrium:
H,(8) + 1,(8) = 2HI(g)

¢ Increasing the temperature of the endothermic equilibrium:
N,(g) + 0,(8) = 2NO(g)

3 Consider the following equilibria.

i H,(g) + COLg) = H,0(g) + CO(g) AH =+42 kJ mol!
i N,O,(g) = 2NO,(g) AH = +58 kJ mol!
i H,(g) + F(g) = 2HF(g) AH = -536 kJ mol-

How would you alter the:

a temperature of each equilibrium mixture in order to produce a net
forward reaction?

b volume of each equilibrium mixture in order to produce a net forward
reaction?

4 An equilibrium mixture consists of the gases N,0, and NO,:

N,0,(8) = 2NO,(g)
The volume of the container is increased at constant temperature and a
new equilibrium is established. Predict how each of the following quantities
would change at the new equilibrium compared with the initial equilibrium.
a Concentration of NO,
b Mass of NO,

5 The International Space Station uses waste hydrogen and the carbon
dioxide released by astronauts during respiration to form water according
to the reaction:

COL(g) + 4H,(g) = CH,(g) + 2H,0(g) AH =-165 kJ mol-!
a How would you alter the temperature in order to produce a net forward
reaction?
b How would you alter the volume in order to produce a net forward
reaction?
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FIGURE 8.7.1 A chemical engineer at work.

It is critical to select reaction conditions that

carefully balance the demands of equilibrium
yield, reaction rate and other factors, such as
costs and safety.

8.7 Optimising the yield of industrial
processes

The chemical industry is central to the world economy. The companies in this
sector convert raw materials (oil, natural gas, air, water, metals and minerals) into
tens of thousands of different products, including dyes and pigments, ammonia,
chlorine, caustic soda, sulfuric and nitric acids, and organic chemicals.

The extent of the reactions in these industrial processes and the rate of conversion
of reactants to products are influenced by reaction conditions such as temperature,
pressure and concentration. In order to avoid waste and reduce costs, conditions
are carefully selected to ensure that acceptable yields of product are obtained.

It is essential to select the optimum conditions for an efficient reaction process
to make the production of useful chemicals economically viable (Figure 8.7.1).

In this section, you will learn how industrial chemists maximise the reaction rate
and product yield of chemical reactions by manipulating the position of equilibrium
and controlling reaction rate.

CONFLICTS IN CHEMICAL MANUFACTURING

A chemical process must operate efficiently if it is to be economically viable. At
the same time, companies must operate in a responsible manner that minimises
hazards to employees and damage to the environment. At times, the need to be
efficient can conflict with the need to be environmentally responsible.

A similar conflict can occur when an industrial chemist tries to increase the
reaction rate and also to convert a high proportion of reactants to products.

The dependence of the composition of equilibrium mixtures on reaction
conditions is very important to chemical industry. As you learned in previous
sections, L.e Chatelier’s principle predicts how changes that are made to a system
at equilibrium affect the overall position of equilibrium. The conditions for a high
reaction rate must also be optimised to ensure that a chemical plant is operating at
full capacity.

A temperature increase will increase the reaction rate but decrease the
product yield of an exothermic reaction because of the effect of temperature on
the equilibrium of the system. In such a situation, a moderate temperature and a
catalyst can be used to increase the rate to obtain satisfactory yields.

The selection of an appropriate pressure is also difficult for some processes that
occur in the gas phase. High pressures that favour rapid reaction will sometimes
give low equilibrium yields of product, depending on the equilibrium reaction.

Table 8.7.1 summarises the conditions that favour fast reaction rates and those
that favour high equilibrium yields.

TABLE 8.7.1 Conditions for high rate of reaction versus high equilibrium yield

For fast rates For high equilibrium yields

High concentrations/pressures Pressures depend on the relative numbers of
reactant and product particles

High temperatures Low temperatures for exothermic reactions
High temperatures for endothermic reactions

High surface area of solids Addition of excess reactant

Use of a catalyst Removal of product as it forms

By careful control of reaction conditions, chemists can maximise the equilibrium
yield and reaction rate for a desired product.
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PERCENTAGE YIELD

The mass of product that is expected to be formed if all reactants react fully
according to the equation is known as the theoretical yield and it can be calculated
using stoichiometry.

However, when reactants are mixed together, even in the correct mole ratio, the
amount of products will not always be exactly as predicted from stoichiometric
calculations. The actual yield obtained for industrial processes is often less than
the theoretical yield because of:

e formation of an equilibrium

e aslow reaction rate

¢ loss of reactants and products during transfers between reaction vessels and in
separation and purification stages.

The percentage yield compares the actual yield to the theoretical yield. It tells
you how much product is formed in a particular reaction or process. The greater the
value of the percentage yield, the greater is the degree of conversion from reactants
to products. A high percentage yield is desirable in industry in order to reduce
waste and maximise profits. Percentage yield can be calculated using the formula:

actual yield , 100
theoretical yield 1

CASE STUDY—OPTIMISING AMMONIA PRODUCTION

Ammonia (NH,) is one of the most commonly produced industrial chemicals. Most
of the ammonia produced by industry is used in agriculture as fertiliser. Ammonia
is also used in the manufacture of plastics, explosives, textiles, pesticides, dyes and
other chemicals.

percentage yield =

Ammonia is produced in large industrial plants, such as the one north of
Newcastle in New SouthWales (Figure 8.7.2), where Orica produces 360 kilotonnes
of ammonia annually.

FIGURE 8.7.2 Orica produces ammonia at its Kooragang Island plant in New South Wales. It also
produces nitric acid and ammonium nitrate.

Ensuring a high yield gives the plant greater productivity and reduces waste and
energy use. Maintaining a high reaction rate ensures the product is generated in a
timely manner so that the plant can be economically viable.

Ammonia is manufactured from nitrogen gas (obtained from air) and hydrogen
gas in the Haber process. The reaction is reversible and exothermic, and can be
represented by the equation:

N,(g) + 3H,(g) = 2NH,(g) AH = -92 k] mol™!

0 The percentage yield compares

the stoichiometric theoretical
yield to the actual yield of
a reaction.
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FIGURE 8.7.3 The percentage of ammonia

present when a mixture of nitrogen and
hydrogen has reached equilibrium.

Rate considerations

According to collision theory, the rate of reaction will be increased by increasing the
frequency of collisions between reactant particles and by increasing the proportion
of collisions that have energies equal to or greater than the required activation
energy. This means that a higher reaction rate can be achieved when:

e the temperature is higher

e a catalyst is present

¢ the partial pressures of the gaseous reactants are higher (higher pressure overall).

Equilibrium considerations

Changing the temperature in the reactor will change the equilibrium constant of
the reaction. Because the reaction in the Haber process is exothermic, lowering the
temperature will increase the value of the equilibrium constant and increase the
equilibrium yield of ammonia by favouring the net forward reaction.

The equilibrium yield of ammonia can also be increased by changing the pressure
in the reactor. According to Le Chaételier’s principle, increasing the pressure will
cause the system to partially oppose this pressure change by shifting to the side of
the equation with fewer gaseous particles to reduce the pressure.

Because the equation for the Haber process has four gaseous reactant particles
and two gaseous product particles, increasing the pressure will cause a shift to the
right and increase the amount of ammonia present at equilibrium.

The effects of changing temperature and pressure on the equilibrium yield
are shown in Figure 8.7.3. As pressure is increased, the proportion of ammonia
present at equilibrium increases. As the temperature is decreased, the proportion of
ammonia present at equilibrium increases. Therefore, a high yield is obtained at a
low temperature and high pressure.

Table 8.7.2 summarises the effects of changing conditions on the reaction rate
and the equilibrium yield of the reaction.

TABLE 8.7.2 Effect of changing reaction conditions on the equilibrium yield and rate of reaction in
the Haber process

Effect on equilibrium yield Effect on reaction rate

Catalyst No effect Increases
Increasing temperature Decreases Increases
Increasing pressure Increases Increases

Increasing the pressure of a system, especially on an industrial scale, is a costly
and potentially hazardous process. However, in the production of ammonia, a
high pressure favours both a high yield and high reaction rate. In this process,
the economic benefits from the increased rate and yield outweigh the cost of
maintaining high pressures.

A conflict arises in the choice of temperature: a low temperature is desirable for
a high equilibrium yield, whereas a high temperature gives higher reaction rates.
The actual conditions used to overcome the conflict between rate and yield in the
production of ammonia are:

e high pressures of 100-250 atm
e moderate temperatures of 350-550°C
* aporous iron/iron oxide (Fe,O,) catalyst.

ﬂ In industry it is essential to balance the reaction conditions for high equilibrium
yield and reaction rate for the best economic outcome.
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CHEMFILE

Fritz Haber

Fritz Haber (1868-1934), seen in Figure 8.7.4, was a German chemist who invented
the process for producing ammonia that now bears his name. The reaction produces
ammonia from atmospheric nitrogen and hydrogen according to the equation:

N,(g) + 3H,(g) = 2NH,(g)

The Haber process made it feasible to produce fertilisers with a high nitrogen content.
This allowed for better crop yields in agriculture. Easy access to reasonably priced
fertilisers has saved lives and reduced starvation in many areas across the world.

This fact was acknowledged when Haber was awarded the Nobel Prize in Chemistry

in 1918, following the end of the World War I.

However, Haber’s involvement in the production and use of chemical weapons by
the German army in World War | meant that the award of a Nobel Prize was seen as
controversial by many scientists who considered him to be guilty of war crimes.

Pl

e

FIGURE 8.7.4 Fritz Haber (1868-1934)
invented a process for producing ammonia
from atmospheric nitrogen and hydrogen.

He was awarded the Nobel Prize in Chemistry
in 1918.

| CHEMISTRY IN ACTION |

Improving the catalyst for ammonia synthesis

The effectiveness of the catalyst in the converter in the
Haber process is critical to its efficiency. Fritz Haber and
his colleague Carl Bosch tested nearly 2000 different
materials as catalysts when developing their process

for ammonia synthesis. Haber used rare elements such
as osmium and even suggested uranium as a potential
catalyst in his earlier research.

By good fortune, the iron ore that they tested was
from Sweden and contained traces of group 1 metal
compounds that act as ‘promoters’, increasing the
efficiency of the catalyst. A promoter creates many small
pores in the catalyst, exposing iron crystals and providing
a greater surface area and more sites for reaction.

The catalyst widely used today is not very different—
iron oxide with a potassium hydroxide promoter.

An alternative catalyst is ruthenium metal supported on
high-surface-area carbon. This material began to attract
considerable interest from industry in the 1990s. While
this catalyst is much more expensive, it is 45 times more
active per square metre of surface, allowing the use of a
lower operating temperature of about 400°C and 40 atm
pressure. It has been installed in a number of ammonia
plants.

Even more recently, a Danish company has announced
the discovery of a new catalyst based on metal nitrides
such as Fe;MozN; and Co;Mo;N. This catalyst is two to
three times as effective as commercial iron oxide catalysts
but less expensive than the ruthenium-based ones.

A dream for many chemists has been to devise a
catalyst with the efficiency of nitrogenase, the enzyme
found in nitrogen-fixing bacteria in legumes such as

broad beans (Figure 8.7.5). Nitrogenase enzymes convert
atmospheric nitrogen to ammonia without the need for the
high pressures and temperatures of the industrial process.
Harnessing this process would allow for the efficient
production of ammonia at ambient temperatures and
atmospheric pressure.

FIGURE 8.7.5 Sections through root nodules from broad

beans, stained to show the presence of nitrogen-fixing bacteria.
Chemists developing new catalysts for the production of ammonia

at atmospheric temperature and pressure hope to mimic the pathways
used by bacteria.

Nitrogenase contains clusters of iron, molybdenum and
sulfur. Research is continuing to develop similar artificial
clusters that could allow low-cost ammonia synthesis at
normal temperatures and pressures. The area of catalysis
for the production of ammonia remains an active field;
recent research includes the use of photocatalysts
developed from osmium-gold nanoparticles.
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8.7 Review

» The theoretical yield is the mass of product that would » Conditions for the reaction in any chemical process

be formed if the limiting reagent reacted completely. need to be selected carefully to ensure that both a
« To calculate the percentage yield, divide the actual reasonable yield and reaction rate are achieved.

yield obtained by the theoretical yield that would » A compromise is often needed to resolve a conflict

be obtained, if all the limiting reactant reacted between rate and yield.

completely:

14 — _ actual yield 100
percentage yield theoretical yield>< 1

KEY QUESTIONS

1 In the industrial production of methanol, the conditions are adjusted to
maximise the rate and the yield. The reaction is exothermic and represented
by the equation:

CO(g) + 2H,(g) = CH;0H(g)
Fill in the blanks in the following sentences to complete the description of
the effects of conditions on this process.
In the production of methanol, both a higher reaction rate and a higher

equilibrium yield could be achieved with a pressure. However, a
moderate needs to be used to ensure that a reasonable reaction
rate and equilibrium yield are achieved. A is used to further

increase the
2 In the endothermic reaction below, specify what conditions for temperature
and pressure will maximise the equilibrium yield of SO,
2505(g) = 230,(g) + O4(8)
3 Consider the reaction:
H,0(g) + Cl1,0(g) = 2HOCI(g)
If 2.85 g of Cl,0 is converted into 2.00 g of HOCI, what would be the
percentage yield of this process?

4 A step during sulfuric acid production is the oxidation of sulfur dioxide to

sulfur trioxide:
2S0,(g) + 0,(g) = 2S0,4(g) AH =-197 kJ mol!

a Outline the conditions that would increase the equilibrium yield of
sulfur trioxide.

b Outline the conditions that would increase the rate of production of
sulfur trioxide.

¢ The actual conditions used for the production of sulfur trioxide are
a temperature of 450°C and a pressure of 1 atm. Explain why this
compromise is made for the production process.

5 At 200°C, nearly twice as much ammonia forms when a 3:1 hydrogen/nitrogen
mixture under 250 atm pressure reaches equilibrium as is formed at 400°C.
Why then are temperatures above 400°C used to manufacture ammonia?

6 During the Haber process described on page 196, as a gas passes through
the catalyst in the converter its temperature increases.

a Why does the temperature of the gas rise?

b The gases leaving the converter are cooled and liquid ammonia is removed
before unreacted nitrogen and hydrogen are pumped back into the
converter. Why is this gas mixture cooled before re-entry into the reaction?

__________________________________________________________________________________________
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Chapter review

KEY TERMS

activation energy equilibrium law

actual yield equilibrium yield
closed system exothermic

competing equilibria extent of reaction
concentration fraction heterogeneous reaction
dynamic equilibrium homogeneous reaction
endothermic irreversible reactions
equilibrium isotope

equilibrium constant Le Chatelier’s principle

Dynamic equilibrium
1 What are the characteristics of a homogeneous
reaction system at equilibrium?
2 Consider the following equilibrium.
H,0(l) = H,0(g)

a Explain what is meant by the ‘dynamic nature’
of equilibrium and why wet clothes in a closed
laundry bag do not dry.

b When the bag in part a is opened, the clothes begin
to dry. Is this because of an equilibrium process?
Explain your answer.

The equilibrium law
3 Write the expression for K_ for the following
equilibrium system:
2Fe3*(aq) + Sn2*(aq) = 2Fe?*(aq) + Sn**(aq)
4 Write balanced equations for the reactions with the
following equilibrium laws.

_ [H,1°[C0]

¢ = [CH,OH]
_ ISP

b K= s,
_INOF
c K. = INO, ]

5 Explain the difference between the terms ‘reaction
quotient’ (Q.) and ‘equilibrium constant’ (K).

6 The value of K_ for the following reaction is equal to
4 at 25°C.
C,HzOH(l) + CH;COOH(l) = CH;COOC, H(l) + H,O(I)
At time t, the reaction quotient, Q_, for a mixture of
ethanol, water, ethyl ethanoate (CH,COOC,H,) and
ethanoic acid is equal to 6. Assuming that the mixture
is also at 25°C, and referring to the values of K_and
Q., describe what will happen to the concentration of
ethyl ethanoate as the system reaches equilibrium.

open system
partial pressure
percentage yield

position of saturated solution
equilibrium surroundings

rate of reaction system

reaction quotient theoretical yield

reaction table
reversible reaction

Working with equilibrium constants

7 Complete the following statements about the
equilibrium constant K_.

a

If K. = 0.0001 for a particular reaction, at
equilibrium the concentrations of products will
be the concentrations of reactants.
For the reaction with the equation:

2H,(g) + 2NO(g) = 2H,0(g) + N,(g)
the expression for the equilibrium constant, K,
is .
When the reaction quotient is smaller than K,
the reaction to establish equilibrium.

8 The equilibrium constant for the following reaction
at 25°Cis 10710,

2Fe?*(aq) + Sn**(aq) = 2Fe3*(aq) + Sn2*(aq)

Explain whether a significant reaction would occur
when solutions of tin(lV) chloride and iron(ll)
chloride are mixed.
Determine the value of the equilibrium constant
for the reaction:

2Fed*(aqg) + Sn?*(aq) = 2Fe?*(aqg) + Sn**(aq)
Explain whether a significant reaction would occur
when solutions of tin(ll) chloride and iron(lll)
chloride are mixed.

9 Consider the following equilibrium at 227°C:

a

b

2BrCl(g) = Br,(g) + Cl,(g)
Write the expression for K_ for the equilibrium
system.
Given that the value of K_ at 227°C for the

expression in part a, is 32. Deduce the equilibrium

constant for each of the following.
i BrCi(g) = Y2Br,(g) + YCl,(g)

i Cl(g) + Br,(g) = 2BrCl(g)

iii 4BrCl(g) = 2Br,(g) + 2Cl,(8)
iv 15Cl,(g) + Y2Br,(g) = BrCI(g)

CHAPTER 8 | EXTENT OF CHEMICAL REACTIONS

235




Calculations involving equilibrium

10

11

12

13

14

15
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The reaction used to manufacture ammonia is
represented by the equation:
N,(8) + 3H,(8) = 2NH(g)

The equilibrium constant for the reaction is 0.052 M2
at 400°C.
A gas mixture contains 1.0 mol of N, gas, 1.0 mol
of H, gas and 0.25 mol of NH; gas in a 1.0 L vessel
at 400°C. Decide if the mixture is at equilibrium
and, if not, predict the direction it will shift to reach
equilibrium.
An equilibrium mixture contains 0.020 mol of H,0
gas, 0.030 mol H, gas, 0.040 mol CO gas and
0.050 mol of CO, gas in a 2.0 L container. The gases
react according to the equation:

H,(g) + CO,(g) = H,0(g) + CO(g)
Calculate the equilibrium constant at 900°C.

At a specified temperature the reaction between
solutions of Sn?* and Fe3* reaches equilibrium
according to the equation:

2Fe3*(aq) + Sn2*(aq) = 2Fe?*(aq) + Sn**(aq)
The equilibrium concentrations are 0.30 M Fe3*,
0.40 M Fe2*, 0.20 M Sn** and 0.10 M Sn2*.
Calculate the equilibrium constant at this temperature
with the correct units.

Acetone (C;H,O) is used to remove nail polish.

It can be prepared from propan-2-ol (C;H;0) using a

copper-zinc catalyst, according to the equation:
C3HgO(®) = C5H0(g) + H,(8)

If an equilibrium mixture of these gases consists of

0.018 mol of propan-2-ol, 0.082 mol of acetone and

0.082 mol of hydrogen in a 20 L vessel, calculate the

value of the equilibrium constant.

Consider the equilibrium:
PCly(g) = PCly(g) + Cl(@)

A 3.00 L vessel contained 6.00 mol of PCI;, 4.50 mol

of PCl; and 0.900 mol of Cl, at equilibrium at 250°C.

a Write an expression for the equilibrium constant for
this reaction.

b Calculate the equilibrium constant for the reaction
at 250°C.

¢ Another equilibrium mixture contains 0.0020 M
PCl; and 0.0010 M PCl; at 250°C. What is the
concentration of Cl, in this mixture?

d Determine the equilibrium constant at 250°C for
the reaction:

PCl,(g) + Cl,(g) = PCl4(g)
At one step during the synthesis of nitric acid,
dinitrogen tetroxide is in equilibrium with nitrogen
dioxide:
N,0,(8) = 2NO,(g)

16

0.540 mol of N,O, was placed in a 2.00 L vessel.
When equilibrium was achieved, 0.280 mol of NO,
was present. Calculate the value of the equilibrium
constant at this temperature.
Consider the reaction:

A+3B=2C+D
Analysis of an equilibrium mixture in a 2.0 L container
shows that 2.0 mol of A, 0.50 mol of B and 3.0 mol
of D are present. If the equilibrium constant of the
reaction is 0.024 M1, calculate the:
a concentration of A, B and D at equilibrium
b concentration of C in the equilibrium mixture
¢ amount of C, in mol, in the equilibrium mixture.

Le Chatelier’s principle

17

18

19

20

How will the concentration of hydrogen gas in each of
the following equilibrium mixtures change when the
mixtures are heated and kept at constant volume?
a N,(g) + 3H,(g) = 2NH,(g) AH =-91 kJ mol!
b CH,(g) + H,0(g) = CO(g) + 3H,(g)

AH = +208 kJ mol!
The following equations represent reactions that are
important in industrial processes. Predict the effect on
the equilibrium position if each reaction mixture were
compressed at constant temperature.
a C;H 0(g) = C;H0(g) + H,(g)
b CO(g) + 2H,(g) = CH;0H(g)

¢ Ny(8) + O,(g) = 2NO(g)

Elderly people, especially women, can become very
susceptible to bone breakages. It is thought that as
people age they absorb Ca?* from food inefficiently,
reducing the concentration of these ions in body
fluids. An equilibrium exists between calcium
phosphate in bone and calcium ions in body fluids:
Cay(PO,),(s) = 3Ca?*(aq) + 2P0 ,*<(aq)
Use your understanding of equilibrium to explain
why inefficient absorption of Ca?* ions could cause
weakness in bones.
Carbon monoxide is used as a fuel in many industries.
It reacts according to the equation:
2C0(g) + 0,(8) = 2C0,(g)
In a study of this exothermic reaction, an equilibrium
system is established in a closed vessel of constant
volume at 1000°C.
a Predict what will happen to the equilibrium position
as a result of:
i adecrease in temperature
ii addition of a catalyst
iii addition of more oxygen.
b What will happen to the equilibrium constant as
a result of each of the changes in part a?
¢ If carbon monoxide can be used as a fuel, comment
on the magnitude of the equilibrium constant for
the reaction.
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21 A step during nitric acid production is the oxidation iii The temperature is increased at constant

of nitrogen oxide to nitrogen dioxide: volume.
2NO(g) + 0,(g) = 2NOL(g) AH =-114 kJ mol! iv A catalyst is added.
Nitrogen dioxide is a brown gas and nitrogen oxide v Argon gas is added at constant temperature
and oxygen are colourless. An equilibrium mixture and volume.
was prepared in a 1 L container at 350°C. Copy the b How will each of the changes in part a affect the
following table, and for each of the changes listed, rate at which the reaction achieves equilibrium?
indicate if the reaction mixture would become darker 25 Methanol is manufactured for use as a fuel for racing
or lighter. Give a reason for your choice. cars. It can be made by reaction between carbon
Colour change | Explanation monoxide and hydrogen:
(lighter or CO(g) + 2H,(g) = CH,0H(g) AH =-103 kJ mol!
darker) a What conditions of temperature and pressure would
a The temperature is be required for a:
increased to 450°C at i fast reaction rate?
constant volume. ii high equilibrium yield of methanol?
b The volume of the b Will a compromise be needed in the choice of
container is increased at temperature or pressure?
constant temperature. ¢ Suggest another method that could be employed
¢ A catalyst is added at a manufacturing plant to increase the rate of
at constant volume methanol production.
and temperature. d As part of an investigation of this process, the
d More oxygen is added concentration of a mixture of CO, H, and CH,0H
at constant volume was monitored continuously. The mixture was
and temperature. initially at equilibrium at 400°C and constant
volume. After 10 minutes, additional CO was added
22 Carbon monoxide (CO) is a colourless, odourless gas to the mixture, as shown in Figure 8.8.1.

that can be toxic at concentrations above 35 ppm.
Describe the treatment commonly used when a
person experiences carbon monoxide poisoning.
Explain the effect on the haemoglobin equilibrium
that the treatment utilises.

23 Carbon monoxide and oxygen compete with each
other when reacting with haemoglobin. Which of the
following statements is true?

CO

Concentration (not to scale)

H.OH
A CO displaces O, and the production of CH,0
oxyhaemoglobin is increased.
B CO displaces O, and the production of :
carboxyhaemoglobin is increased. 10 Time (min)
C 0, displaces CO an_d t_he_ produeden o FIGURE 8.8.1 Concentration versus time graph for the production
carboxyhaemoglobin is increased. of methanol.
D O, displaces CO and the production of
oxyhaemoglobin is increased. i Sketch a graph to show how concentrations
Optimising the yield of industrial processes Wfoggd ClEITEE &5 & BRTBEEUESE of i aeiiier
o .

24 Ethene gas is produced from ethane gas in an

endothermic reaction represented by the equation:
C,H(@ = C,H,(8) + H,(g) AH = +138 kJ mol™!

a State whether the following changes will result
in the equilibrium percentage yield of ethene
increasing, decreasing or not changing.
i The volume is reduced at constant temperature.
ii More hydrogen gas is added at constant

temperature and volume.

ii Following the addition of the CO the mixture
again reaches equilibrium. Sketch a second
graph to show the effect on the concentrations
if the temperature were then increased to 450°C.
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During the process for sulfuric acid manufacture,

sulfur dioxide is converted to sulfur trioxide at

temperatures of 400-500°C:
2S0,(g) + 0,(8) = 2S04(g) AH =-197 kJ mol!

a What would be the effect of increasing the
pressure on:
i reaction rate?
ii equilibrium yield?

b In practice, this step is usually performed at
atmospheric pressure. Suggest a reason why.

¢ During the process, sulfur trioxide is removed from
the reaction mixture by converting it to sulfuric
acid. The remaining gases are then recycled to the
reaction vessel. Explain the reason for recycling
the gases.

d What factors would have influenced the choice
of the reaction temperature?

Connecting the main ideas

27

28

29
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The reaction used to manufacture ammonia is
represented by:

N,(8) + 3H,(8) = 2NH;(g)
The equilibrium constant for the reaction is 0.052 M2
at 400°C.
Each of the following gas mixtures is contained in a
1.0 L vessel at 400°C. Decide if each mixture is in
equilibrium. If not, predict the direction the reaction
will shift in order to reach equilibrium.
a 0.20 mol of N,, 0.20 mol of H,, 0.20 mol of NH,
b 0.050 mol of N, and 0.50 mol of H, only

a The equilibrium constant is 0.67 M2 at a particular

temperature for the reaction:
CO(g) + 3H,(g) = CH,(g) + H,0(g)

A mixture of 0.100 M CO, 0.200 M H,, 0.300 M CH,,
and 0.400 M H,0 is heated to this temperature.
Predict whether the concentration of the following
would increase, decrease or not change.
i CO
i H,
iii CH,
iv H,0

b When the temperature of the reaction mixture is
increased by 10°C, the equilibrium constant for
the reaction becomes 0.71 M=2. What conclusion
can you make about the enthalpy change of this
reaction?

Carbon disulfide gas (CS,) is used in the manufacture
of rayon. CS,(g) can be made in an endothermic
gas-phase reaction between sulfur trioxide gas (S0O,)
and carbon dioxide. Oxygen gas is also produced in
the reaction.
a Write a balanced chemical equation for

the reaction.
b Write an expression for the equilibrium constant

of the reaction.

¢ An equilibrium mixture of these gases was made
by mixing sulfur trioxide and carbon dioxide. The
equilibrium mixture consisted of 0.028 mol of CS,,
0.022 mol of SO, 0.014 mol of CO, and an unknown
amount of O, in a 20 L vessel. Calculate the:
i amount of O,, in mol, present in the equilibrium
mixture
ii value of the equilibrium constant at that
temperature.
d Predict how each of the following changes to an
equilibrium mixture would affect the yield of CS..
i Removal of O, (at constant total volume)
ii Increasing the temperature
iii Adding a catalyst
iv Increasing the pressure by decreasing the
volume of the reaction vessel (at constant
temperature)
v Increasing the pressure by introducing argon
gas into the reaction vessel (at constant volume)

30 Sulfur dioxide gas and oxygen gas were mixed at

600°C to produce a gaseous equilibrium mixture:
250,(g) + 0,(g) = 2S04(g)

A number of changes were then made, including the

addition of a catalyst, resulting in the formation of

new equilibrium mixtures. Figure 8.8.2 shows how

the concentrations of the three gases changed.

(

0.100—\\— SO,

o.oso—i SO,

Concentration (M)

0.000 , , ,
10 20 30 40

Time (min)

FIGURE 8.8.2 Graph of concentration versus time.

a Write an expression for the equilibrium constant, K,
of the reaction.

b During which time intervals was the reaction
at equilibrium?

¢ Calculate the value of K_ at 18 minutes.

d At what time was the catalyst added? Explain your
reasoning.

e Calculate the value of K_ at 25 minutes.

f What changes were made to the system at
20 minutes?
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@@ Production of chemicals
by electrolysis

A large number of chemicals are produced through electrolysis. Some of these
chemicals are often difficult to obtain by other means. This makes the process of
electrolysis important. Electrolysis is used in a number of important applications in
the chemical industry, such as plating a thin film of metal on the surfaces of other
metals to improve their appearance or prevent corrosion, extracting reactive metals
from their ores, and the production of copper and zinc.

Throughout this chapter, you will explore the reactions that occur in electrolytic
cells and compare them to the reactions that occur in galvanic cells.

Key knowledge

» Electrolysis of molten liquids and aqueous solutions using different electrodes

« The general operating principles of commercial electrolytic cells, including basic
structural features and selection of suitable electrolyte (molten or aqueous) and
electrode (inert or reactive) materials to obtain desired products (no specific
cell is required)
The use of the electrochemical series to explain or predict the products of an
electrolysis, including identification of species that are preferentially discharged,
balanced half-equations, a balanced ionic equation for the overall cell reaction,
and states
The comparison of an electrolytic cell with a galvanic cell with reference to the
energy transformations involved and basic structural features and processes
The application of stoichiometry and Faraday’s laws to determine amounts
of product, current or time for a particular electrolytic process

VCE Chemistry Study Design extracts © VCAA (2015); reproduced by permission.
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FIGURE 9.1.1 During electrolysis, electrical
energy is used to make redox reactions occur.
In this experiment, electricity passing through
dilute sodium chloride solution creates bubbles
of hydrogen gas at the left-hand electrode

and bubbles of oxygen gas at the right-hand
electrode. The gases are being collected in the
test tubes.

power |~
supply

ielectron flow

anode cathode

sodium
metal
forms

chlorine
gas forms

molten sodium
chloride (electrolyte)

FIGURE 9.1.2 Electrolysis of molten sodium
chloride.

0 In an electrolytic cell:
e oxidation occurs at the anode,
which is the positive electrode
e reduction occurs at the
cathode, which is the negative
electrode.

9.1 Electrolytic cells

Electrolysis involves the passage of electrical energy from a power supply, such
as a battery, through a conducting liquid. The electrical energy causes redox
reactions that are normally non-spontaneous to occur. An example of this is shown
in Figure 9.1.1, where an electric current is being passed through a dilute sodium
chloride solution, causing water to decompose into hydrogen gas and oxygen gas.

In this section, you will learn about the principles of electrolysis. You will also see
that the electrochemical series that you used in Chapter 5 can enable you to identify
the reactions that occur at the electrodes in electrolytic cells.

ELECTROLYSIS OF MOLTEN SODIUM CHLORIDE

A diagram showing the process of electrolysis of molten sodium chloride in a
simple electrolytic cell is shown in Figure 9.1.2.

Platinum metal or graphite is used for the electrodes because they allow the passage
of electrons to and from the power supply. Because platinum and graphite are inert
(unreactive), the electrodes do not react with the contents of the cell. The molten
sodium chloride is described as the electrolyte because it is a conducting liquid.

Sodium chloride melts at 801°C, so this electrolysis reaction occurs at a high
temperature. No water is present. The species present in the electrolyte in the cell
are Na* ions and CI~ ions.

During electrolysis, reactions occur at the surface of both electrodes. The
electrical energy required for these reactions to occur is provided by the power
supply. The power supply can be regarded as a type of ‘electron pump’, pushing
electrons onto one electrode and withdrawing them from the other. The electrode
connected to the negative terminal of the power supply is the negative electrode; the
positive electrode is connected to the positive terminal of the power supply.

At the negative electrode
The power supply pushes electrons towards the negative electrode. Na* ions in the
electrolyte are attracted to the negative electrode, where they accept electrons and
become sodium atoms:
Na*(l) + e — Na(l)

Because this is a reduction reaction, by definition this electrode is known as
the cathode.

Sodium is solid at normal temperatures, but it is liquid at the temperatures
required to melt sodium chloride. It is less dense than molten sodium chloride and
floats to the top of the cell.

At the positive electrode

Chloride ions in the electrolyte migrate towards the positive electrode to give up
electrons and form chlorine atoms. These atoms quickly form molecules of CI, and
bubbles of chlorine gas appear at the electrode:

2Cr (1) — Cl(g) + 2e”

The electrons from the chloride ions move through the electrode towards the
power supply. Because this is an oxidation reaction, by definition this electrode is
known as the anode.

The overall reaction that takes place in the cell is:

2NaCl() — 2Na(]) + Cl(g)

This is a non-spontaneous reaction—a reaction that would not occur
naturally. In such reactions, the supply of electrical energy from a power supply is
converted into chemical energy in the products of electrolysis. The reverse reaction,
between sodium and chlorine, is a spontaneous reaction.

In galvanic cells, the chemical energy in the cells is converted to electrical energy.
The opposite occurs in electrolytic cells, where electrical energy supplied from an
external power source is converted to chemical energy.
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The electrolytic process usually takes place in one container. Unlike galvanic
cells, there is no need to locate the electrodes in separate containers because a non-
spontaneous reaction is involved. However, the products do need to be kept apart
as they are produced. Otherwise, they would spontaneously react with each other
to re-form the original reactants.

COMPETITION AT ELECTRODES

Unlike the electrolysis of molten sodium chloride, in some electrolytic cells there

may be several chemicals present at each electrode that might be able to react.

Water is often a potential reactant. Even the material used for the electrodes may

participate in the reaction.

In these cases, you can use the electrochemical series (Table 5.2.1, page 135)
to predict which of the possible reactions would be most likely to occur.
Remember:
e an oxidation reaction occurs at the anode
e areduction reaction occurs at the cathode.
During electrolysis the:

e strongest oxidising agent usually reacts at the cathode (i.e. the highest reaction
in the electrochemical series that can occur in the forward direction is likely to
occur at the cathode)

e strongest reducing agent usually reacts at the anode (i.e. the lowest reaction in
the series that can occur in reverse is likely to occur at the anode).

ELECTROLYSIS OF AQUEOUS SODIUM CHLORIDE

Consider the electrolysis of a 1.0 M solution of sodium chloride using inert
electrodes (Figure 9.1.3). With water present in the cell as well as Na*(aq) and
CI (aq), there are a number of species that might be able to react.

* H,O() could be oxidised or reduced.

e Na" ions could be reduced.

¢ (I ions could be oxidised.

At the cathode

The power supply pushes electrons towards the negative electrode and Na*
ions are attracted to the negative electrode. If you look on the left-hand side of
the electrochemical series (Table 5.2.1, page 135), you will see that there are two
species in the cell that can act as oxidising agents and therefore could react at this
electrode. These two species are H,0O and Na*:
2H,0() + 2e~ — H,(g) + 20H (aq) E°P=-083V
Nat*(aq) + e — Na(s) E°=-271V
Reactions higher in the electrochemical series involve stronger oxidising agents
and are more likely to occur as reduction reactions. Therefore, water will be reduced
at the cathode and hydrogen gas will form:
2H,0() + 2e~ — H,(g) + 20H (aq)
The sodium ions will not react and will remain in solution as spectator ions.

At the anode
Electrons are withdrawn from this electrode by the power supply. On the right-
hand side of the electrochemical series ('Table 5.2.1) are two species in the cell that
can act as reducing agents and could react at this electrode, CI" and H,O:
ClL(g) + 2¢- — 2CI (D E=-136V
0O,(g) + 4H*(aq) + 4e” — H,O() EP=-123V
Reactions lower in the series involve stronger reducing agents and have a greater
tendency to occur as oxidation reactions. While the two reactions are close together
in the series, the predicted anode reaction is:
2H,0() — O,(g) + 4H"(aq) + 4e”

o Just as in a galvanic cell, the
strongest reducing agent reacts
at the anode and the strongest

oxidising agent reacts at

the cathode.
*[ power |~
supply
anode
oxygen
gas forms

cathode

hydrogen
gas forms

sodium chloride solution

FIGURE 9.1.3 Electrolysis of aqueous sodium

chloride solution.
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The overall reaction is:
6H,0() — 2H,(g) + O,(g) + 4H*(aq) + 4OH (aq)
If the H*(aq) ions formed at the anode are allowed to come in contact with the
OH~(aq) formed at the cathode, they react to form water. The overall equation can
then be written as:
2H,0(1) — 2H,(g) + O,(g)

Therefore, water is being broken up into its elements in this process.

In practice, it is possible for either of the anode reactions to occur when sodium
chloride solution is electrolysed, depending on conditions such as the concentration
of the solution. In some cases, O, and H* are formed and in others Cl, is produced.

Recall that the electrochemical series was determined for reactions under
standard conditions (concentrations of 1 M, gas pressures of 1 bar and a temperature
of 25°C). When the conditions are not standard and the concentration of sodium
chloride is high, chlorine gas is produced at the anode.

Comparing molten and aqueous electrolytes

Table 9.1.1 summarises differences between the electrolysis of molten and aqueous
sodium chloride.

TABLE 9.1.1 A comparison of the electrolysis of molten NaCl with aqueous NaCl

_ Molten NaCl Aqueous dilute NaCl

Temperature High Room temperature
Anode reaction 2CI(l) = Cl(g) + 2e~ 2H,0(l) — 0,(g) + 4H"(aq) + 4e”
Cathode reaction  Na*(l) + e= — Na(l) 2H,0(l) + 2e~— H,(g) + 20H-(I)

Overall reaction 2Na*(l) + 2CI(l) » 2Na(l) + Cl,(g)  2H,0(l) — 2H,(g) + 0,(g)

The products formed at each electrode depend on the state and, in the case of
aqueous NaCl, the concentration of the electrolyte.

| CHEMISTRY IN ACTION |

Producing hydrogen for the hydrogen economy

As discussed in Chapter 6, scientists predict that one day
our society will transition to a hydrogen economy, where
the main source of energy for transport and other sources
comes from hydrogen.

Currently, the major source of hydrogen is the steam
reforming process, which requires fossil fuels. We need
a greener process that does not rely on fossil fuels or
produce greenhouse gases.

As discussed in this section, hydrogen is produced
through the electrolysis of water with the addition of an
electrolyte such as NaCl. The electrolytic process can be
made greener by using renewable electricity sources.
However, the efficiency of the process ranges from 50 to
70%. Efficiency can be increased by the use of electrodes
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with catalytic abilities, such as platinum, but this is
prohibitively expensive. Scientists are currently working on
developing cheap and effective catalytic electrodes from
materials such as molybdenum sulfide, carbon nanotubes
and nickel/nickel oxide.

Electrolysis is still an energy-intensive way of producing
hydrogen. Another area of scientific research is ‘artificial
photosynthesis’, which aims to replicate the process of
splitting water molecules using light, just as green plants
do. Titanium dioxide and other titanium-based compounds
form a group of materials that can split water in the
presence of light to produce hydrogen.

With these scientific developments, the prospect of
a future hydrogen economy is looking much brighter.
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ELECTROLYSIS INVOLVING REACTIVE ELECTRODES

In the examples of electrolysis that you have encountered so far, the electrodes
do not take part in the reaction and are described as inert electrodes. However,
in many electrolytic cells, the electrodes are consumed in the cell reaction. Such

electrodes are called reactive electrodes.

Worked example 9.1.1

PREDICTING THE PRODUCTS OF ELECTROLYSIS

Use the electrochemical series to predict the products of the electrolysis of
1 M nickel(ll) sulfate solution with copper electrodes at 25°C. A diagram of
this electrolytic process is shown in Figure 9.1.4.

Thinking

Working

Identify which species are
present in the solution.

Ni2*(aq), SO,>(aq) and H,0(l)

Identify what the electrodes
are made of.

Copper

Refer to the electrochemical
series and identify the
possible reactions.

Write these half-equations
in the order they appear in
the series.

By referring to the electrochemical series,
you can see that a number of reactions need
to be considered because the cell contains
two oxidising agents, Ni2* and H,0, and two
reducing agents, Cu and H,0.

0,(g) + 4H*(aq) + 4e-=2H,0()  1.23V
Cu?*(aq) + 2e- = Cu(s) 034V
Ni2*(aq) + 2e~ = Ni(s) -0.24V

2H,0(l) + 2e-=H,(g) + 20H(agq) -0.83V
The 8042‘ jons are not involved in the reaction.

Determine the reactions that
could occur at the anode.

At the anode (+), oxidation reactions that could
occur are:

2H,0(l) - 0,(g) + 4H*(aq) + 4e”
Cu(s) = Cu?*(aq) + 2e-

Determine the most likely
reaction at the anode.

The strongest reducing agent, Cu(s), will
be oxidised:

Cu(s) = Cu?*(aq) + 2e-

Determine the reactions that
could occur at the cathode.

At the cathode (-), reduction reactions that
could occur are:

Ni2*(aq) + 2e- — Ni(s)
2H,0() + 26~ — H,(g) + 20H~(aq)

Determine the most likely
reaction at the cathode.

The strongest oxidising agent, Ni2*(aq), will
be reduced.

Nic*(aqg) + 2e~ — Ni(s)

Combine the two half-
reactions to obtain the
overall reaction in the
electrolysis cell.

The overall equation is:
Ni2*(aq) + Cu(s) — Ni(s) + Cu?*(aq)

power
supply
copper copper
anode cathode
nickel(ll)
sulfate
solution

FIGURE 9.1.4 Electrolysis of nickel(ll) sulfate
solution using copper electrodes.
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Worked example: Try yourself 9.1.1
PREDICTING THE PRODUCTS OF ELECTROLYSIS

Use the electrochemical series to predict the products of electrolysis of 1 M
zinc sulfate solution with copper electrodes at 25°C.

The electrochemical series can be used in this way to make predictions. The series
is based on standard conditions. However, most of the electrolysis reactions that
occur in the laboratory and in industry are not at standard conditions. Experiments
are the only sure way to find out what products form in a particular instance. In
practice, reactions are affected by factors such as electrolyte concentration, gas
pressures, current, voltage and the use of different electrodes.

COMPARISON OF ELECTROLYTIC AND GALVANIC CELLS

Galvanic cells and electrolytic cells are types of electrochemical cells. While both
cells involve the conversion between electrical energy and chemical energy, there
are important differences between them.

Table 9.1.2 and Figure 9.1.5 summarise the similarities and differences between
galvanic and electrolytic cells.

TABLE 9.1.2 A summary of the similarities and differences between galvanic and electrolytic cells

Galvanic cells Electrolytic cells

Produce electricity Consume electricity

Have spontaneous reactions Have non-spontaneous reactions
Convert chemical energy to electrical energy ~ Convert electrical energy to chemical energy

Oxidation occurs at the anode and reduction  Oxidation occurs at the anode and reduction

occurs at the cathode occurs at the cathode
Anode is negative and cathode is positive Anode is positive and cathode is negative
b _
(b) + power
supply
T i electron flow
Oxidation anode cathode p.quction
) occurs at occurs at
|_cathode anode 3 g cathode

l ~<—anions
cations - -
o _ | /
v |
o ) electrolyte
Oxidation occurs Reduction occurs
at anode at cathode

FIGURE 9.1.5 General construction of (a) a galvanic cell and (b) an electrolytic cell.
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9.1 Review

Electrolytic cells convert electrical energy to + While several reactions may be possible at the
chemical energy, whereas galvanic cells convert anode of a particular cell, generally the strongest
chemical energy to electrical energy. reducing agent undergoes oxidation.

Non-spontaneous redox reactions occur in « While several reactions may be possible at the
electrolytic cells. cathode of a particular cell, generally the strongest
The anode is defined as the electrode at which oxidising agent undergoes reduction.

oxidation occurs; the cathode is the electrode at + The electrochemical series can be used to predict
which reduction occurs. the products of electrolysis.

In electrolytic cells, the anode is the positive » The electrodes used in electrolysis can be either
electrode and the cathode is the negative electrode. inert or reactive.

+ Both molten and aqueous electrolytes can be
used in electrolysis.

KEY QUESTIONS

Which one of the following applies to both galvanic and electrolytic cells?

A Oxidation occurs at the anode and reduction occurs at the cathode.

B The anode is negative and cathode is positive.

C Both cells convert chemical energy to electrical energy.

D Both cells have non-spontaneous reactions.

What are the products of electrolysis of molten potassium iodide using

inert electrodes?

A Potassium at the anode and iodine at the cathode

B Potassium at the cathode and iodine at the anode

C lodine at the negative electrode and potassium at the positive electrode

D lodine at the anode and hydrogen at the cathode

Select the correct words to complete the following statements.

In electrolytic cells:

» the reactions are spontaneous/non-spontaneous

» chemical/electrical energy is converted into chemical/electrical energy

» the anode is negative/positive and the cathode is negative/positive

» oxidation/reduction occurs at the anode and oxidation/reduction occurs
at the cathode.

In an electrolysis experiment, a student is provided with an aqueous solution

of nickel(ll) nitrate (Ni(NO,),). The student sets up an electrolytic cell using

an unreactive carbon rod as the positive electrode and a nickel rod as the

negative electrode.

a During operation of the cell, a nickel coating will appear on which rod?

b Write the half-equations for the reactions that occur at each electrode.

¢ Write an equation for the overall reaction.

A student sets up an electrolysis experiment using a cell made of a lead

anode, an iron cathode and a magnesium nitrate solution as the electrolyte.

a Refer to the electrochemical series and identify the possible reactions
that could occur. Write these half-equations in the order they appear in
the series.

b Identify the correct equations for the reactions that occur at the anode
and cathode.

¢ Write an equation for the overall reaction.

__________________________________________________________________________________________
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9.2 Commercial electrolytic cells

Although chemical industries tend to avoid using electrolysis for the manufacture
of chemicals because of the relatively high cost of electrical energy, this process
enables some chemicals to be produced that could not be readily produced any
other way.

In an electrolytic cell, the transformation of electrical energy into chemical
energy results in non-spontaneous reactions in which reactive chemicals are
products, rather than reactants.

In this section, you will look at the use of molten and aqueous electrolytes in
commercial electrolytic cells and the advantages and disadvantages of each type of
electrolyte. You will also study the use of inert and reactive electrodes in these cells.

MOLTEN ELECTROLYTES

One of the best examples of the use of molten electrolytes in commercial electrolytic
cells is in the Downs cell (Figure 9.2.1). This electrolytic cell is used to produce
sodium and chlorine in commercial quantities.

chlorine gas
sodium chloride T

added \
I B

molten
sodium

—

—— cylindrical iron
cathode

I~

I~ molten sodium
chloride/calcium
chloride mixture

iron mesh screen + carbon anode

FIGURE 9.2.1 Diagram of a Downs cell, which produces chlorine gas and sodium.

The electrodes used in this cell are inert (unreactive). The anode is made of
a conducting material, such as graphite or platinum, and is not consumed in the
reaction. The cathode is made of iron, which is effectively inert because electrons
are pumped onto this electrode, preventing the iron from reacting. The reactions
occurring at each electrode were discussed in the previous section on page 240.

At the cathode (-):

Na*(l) + e — Na(l)
At the anode (+):
2Cr (1) — Cl(g) + 2e”

An overall equation may be written for the cell reaction by adding the half-

equations:
2(Na*(l) + e — Na(l))
2Cr(1) — Cl(g) + 2e”

2Na*(l) + 2CI-(l) — Na(l) + CL(g)
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The advantage of using a molten electrolyte in the Downs cell is that there is no
water present to interfere with the desired reactions. Water is a stronger oxidising
agent than Na* ions. If aqueous sodium chloride were used as the electrolyte instead
of molten sodium chloride, water would react at the cathode and form hydrogen
gas, according to the equation:

2H,0(D) + 2e” — H,(g) + 20H (aq)

In general, the main disadvantage of using a molten electrolyte is that the process
requires much more energy. Energy must be expended to maintain the electrolyte
in a molten state and at the temperature needed for the electrolysis to proceed
efficiently.

Heat energy is produced when an electric current passes through a resistor. In
the Downs cell, the electrolyte provides a resistance and the flow of electricity keeps
the electrolyte molten. A mixture of sodium chloride/calcium chloride in a 1:2 ratio
is used as the electrolyte because the presence of the calcium chloride lowers the
melting point of sodium chloride from 801°C to about 600°C. This saves on energy
costs.

An iron mesh screen is used in the cell to keep the products at the anode and
cathode apart. Since Cl, is a strong oxidising agent and Na is a strong reducing
agent, there must be no contact between them. Otherwise, they will react to re-form
sodium chloride and the products from the electrolysis will be lost. The construction
of the Downs cell minimises contact between the two products.

o In the electrolysis of a molten electrolyte:
e anions are oxidised at the anode (positive)
e cations are reduced at the cathode (negative)
e water is not present to interfere with the desired reactions.

AQUEOUS ELECTROLYTES

Where possible, aqueous electrolytes are used in preference to molten electrolytes.
It takes energy to maintain an electrolyte in a molten state and so a cell that uses an
aqueous electrolyte is more cost-effective. The membrane cell is an example of a
modern industrial electrolytic cell that uses an aqueous electrolyte.

Membrane cells

Sodium hydroxide, chlorine and hydrogen are produced through the electrolysis
of a concentrated sodium chloride solution, also known as a brine. This occurs
in a membrane cell, so named because the two compartments are separated by
a semipermeable membrane (Figure 9.2.3). The membrane helps to prevent
contact between the reactive products.

chlorine <—= + - -+ hydrogen
brine in —
1l Na*
| ¢
spent L puresodium
b?ine th— / =" hydroxide solution

semipermeable plastic membrane

FIGURE 9.2.3 A membrane cell produces chlorine and hydrogen gas and aqueous sodium hydroxide.

CHEMFILE

Sodium first isolated
by electrolysis

Sodium is one of the most reactive
metals. Few substances are capable
of reducing Na* ions to the metal,
Na. Because of this, sodium was not
isolated until 1807 when Humphry
Davy (1778-1829), shown in

Figure 9.2.2, electrolysed molten
sodium hydroxide.

The following year, Davy discovered
five elements—barium, magnesium,
strontium, boron and calcium—and
reported news of his discoveries in two
entertaining public lectures in London.
Davy was renowned for the flair of his
lectures and demonstrations.

FIGURE 9.2.2 Humphry Davy used
electrolysis to be the first person to isolate
potassium, calcium, barium, magnesium,
sodium and strontium.
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In a membrane cell, water is

not oxidised. Instead, because

a concentrated sodium chloride
solution is used, chloride ions are
oxidised at the anode to produce
chlorine gas.

The membrane is made from a polymer that only allows positive ions to
pass through it. The polymer prevents the mixing of the products formed at the
electrodes and allows only Na* ions to move from one electrode chamber to the
other. Chloride and hydroxide ions are unable to move through the membrane.
This results in a very pure sodium hydroxide product with very little chloride
ion contamination.

At the cathode (-), water is reduced by electrons from the power supply to
produce hydrogen gas and hydroxide ions:

2H,0() + 2e~ — H,(g) + 20H (aq)

At the anode (+), even though water is a stronger reducing agent, through the
use of a concentrated sodium chloride solution, chloride ions are oxidised instead:
2CI(aq) — Cl(g) + 2e”

The advantages of the membrane in this cell are that the:

e sodium hydroxide solution produced does not become contaminated with
sodium chloride solution

e use of an aqueous electrolyte allows the process to occur between 80 and 90°C,
so there is no need to heat the electrolyte and the cost of production is reduced.

REACTIVE ELECTRODES

The cells described so far use inert electrodes. Inert electrodes are used in many
commercial electrolytic cells. Note that cathodes made of metals such as iron are
always inert (they cannot be oxidised) because they are connected to the negative
terminal of the power supply and receive a continual supply of electrons.

Reactive electrodes have benefits in certain situations. As you will see in the
Extension on page 250, metals such as copper can be purified using an electrolytic
cell in which the anode is made of the impure metal. The pure metal is then
deposited on the other electrode.

You will now examine how aluminium metal is produced by electrolysis. This
process involves the use of both an inert and a reactive electrode. The low density
and high strength of aluminium make it particularly useful for many applications,
including cooking foil, drink cans, car engines, gutters, caravans, acroplanes,
window frames and boats (Figure 9.2.4).

FIGURE 9.2.4 Boats made from aluminium are light, strong and resistant to corrosion.
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Electrolytic production of aluminium

Aluminium metal is obtained from aluminium oxide (also known as alumina,
AlO,) by electrolysis. Pure alumina is extracted from the mineral bauxite, which
is found in large deposits in the Darling Ranges in Western Australia, Weipa in
northern Queensland and Gove in the Northern Territory.

Alumina melts at the very high temperature of 2050°C. However, it is soluble
in molten cryolite (Na,AlF,). By dissolving alumina in cryolite, electrolysis can be
performed at 950-1000°C, avoiding the much higher energy costs that would be
involved if pure molten alumina were used as the electrolyte. Figure 9.2.5 shows a
diagram of the Hall-Héroult cell, which was used in this electrolytic process.

aluminain
\ r»carbon dioxide
alumina dissolved + 4 . molten aluminium
in molten cryolite is collected by
vacuum siphon
molten —_ | — carbon anode

aluminium

—— carbon cathode

FIGURE 9.2.5 The Hall-Héroult cell used to extract aluminium from alumina.

At the cathode (=), AI** ions from the alumina are reduced by electrons from
the power supply to produce aluminium metal:

ARP*(in cryolite) + 3e~ — Al()

The aluminium, which is molten at the temperatures used, sinks to the bottom
of the cell and is periodically removed by siphoning.

At the anode (+), the oxide ions of the alumina are oxidised to oxygen gas:

20% (in cryolite) — O,(g) + 4e~
The oxide ions then react with the carbon anodes to produce carbon dioxide gas.
The electrode reaction may therefore be written as:
C(s) + 20%(in cryolite) — CO,(g) + 4e
The overall equation for the extraction of aluminium is:
2A1,0,(in cryolite) + 3C(s) — 4Al{) + 3CO,(g)

Unlike in the other electrolytic cells described so far in this section, the carbon
anodes take part in the reaction. Therefore, the carbon anodes need to be replaced
regularly. Chemists are investigating alternative inert electrode materials to avoid
the production of carbon dioxide and the cost of replacing the electrodes. Metals
such as platinum and gold could be used as inert electrodes, but they are not
economical on an industrial scale.
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EXTENSION

Electrorefining of copper

Copper metal is extracted from its ores by smelting.
The process involves several stages in which the copper
ore is heated strongly in air to produce impure copper
metal.

As hot gases escape, the copper surface becomes
blistered and it is commonly known as ‘blister copper’.

It contains about 2% of impurities such as sulfur, iron,
antimony, silver and gold.

Blister copper is purified by electrolysis. Sheets of blister
copper are placed in a large tank of sulfuric acid and
thin sheets of pure copper are positioned between them.
An external power source is connected so that the blister
copper acts as a positive electrode (anode) and the pure
copper acts as a negative electrode (cathode), as shown
in Figure 9.2.6.

At the anode (+) electrons are drawn away from the
blister copper anode to the positive terminal of the power
source. Copper and impurities such as nickel and zinc that
are more reactive (stronger reducing agents) than copper
are oxidised and enter the solution as ions:

Cu(s) — Cu?*(aq) + 2e-

Impurities less reactive than copper, such as silver, gold
and platinum, are not oxidised and simply fall from the
anode, collecting at the bottom of the tank. This anode

0.2 Review

+ The design features of industrial electrolytic cells
must consider the:
— chemical nature of the reactants and products
— physical conditions under which the electrolysis

takes place

— energy requirements of operating the cell.

» To obtain the desired products from electrolysis
reactions, industrial cells may use:
— aqueous or molten electrolytes

— reactive or inert electrodes (the cathode is
always inert).

residue is sometimes called ‘anode mud’. The precious
metals are later recovered from the valuable mud.

+ power |~
supply

pure copper

impure copper cathode

anode

pure copper
forms

sulfuric acid

‘mud’: contains
silver and gold

FIGURE 9.2.6 Electrorefining of copper metal by electrolysis.

At the pure copper cathode, copper metal is deposited
as electrons from the power source are accepted by metal
ions from solution. Since copper ions are the strongest
oxidising agents present in solution, copper is the only
metal formed:

Cu?*(aq) + 2e- — Cu(s)

» Cells that use molten electrolytes require a higher
energy input than aqueous electrolytic cells because
the electrolyte must be kept in a molten state.

» Cells are designed to keep the products at each
electrode separate. They would spontaneously react
if they came in contact with each other.

» The electrochemical series is useful for predicting
the products and selecting the reactants for a
particular industrial cell.
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KEY QUESTIONS

1 Chemists are investigating the possibility of replacing the carbon anodes in
the electrolytic cell used for aluminium extraction from alumina (AL,O,) in
a molten electrolyte. The cell is normally constructed so that the electrodes
take part in the reaction and form carbon dioxide.
Which one of the following would not be an advantage of changing to
unreactive anodes?
A Carbon dioxide would not be produced.
B The frequent replacement of the anodes would be avoided.
C The gas produced at the anodes would not be a greenhouse gas.
D The cell could use an aqueous electrolyte.

2 Potassium can be produced in the cell represented in Figure 9.2.7 by using
molten potassium bromide as the electrolyte. Complete the missing labels
for this cell.

gas produced:

KBr added
j\ [

molten
o0 oy potassium
—_ DD OD
— ] o° % —1— cylindrical cathode half-equation:
o? %o iron cathode

™ molten KBr

7

/

iron mesh screen T carbon anode | anode half-equation:
+

FIGURE 9.2.7 Electrolysis of molten potassium bromide.

3 Zinc can be extracted from its compounds by electrolysis at room anode ES;VS; cathode
temperature with the cell shown in Figure 9.2.8. pure zinc
a Explain whether an inert or reactive electrode would be suitable for use electrode
as an anode.
b Explain why an aqueous solution of zinc nitrate, instead of molten zinc \ ( zinc that
nitrate, is used as the electrolyte in this cell. i has been
¢ ldentify the gas formed at the anode. i E _?rxotrrsi;eed
4 Account for the fact that: Lo solution
o forms at

a most chlorine is produced by electrolysis of sodium chloride solution,
rather than by electrolysis of the molten salt gas — o9

b fluorine was first isolated from fluorine compounds by electrolysis forms

¢ although calcium chloride is present in the electrolyte in the Downs cell,
calcium metal is not formed at the cathode.

the cathode

~
electrolyte

—_———

FIGURE 9.2.8 Electrolytic cell for extracting zinc.
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FIGURE 9.3.1 Tin cans are used as packaging
for a wide range of products. The tin coating on
the can prevents it from corroding.

+ power |~
supply
T l electron flow
anode + -
tin rod
Sn2+
o object
NO," being
plated
/ (cathode)

/
tin(ll) nitrate solution (electrolyte)
FIGURE 9.3.2 A cell used for electroplating tin.

Tin ions

accept electrons
and become ie*

tin metal. (

- object
being
plated

Sn**(aq) + 2e” — Sn(s)

FIGURE 9.3.3 A representation of the reaction
at the cathode in the process of tin plating.

9.3 Faraday’s laws

Industrial chemists monitoring the operation of commercial electrolytic cells need
to know the relationship between the amount of product produced by the cell, the
size of the electric current and the operating time of the cell.

In this section, you will learn about the laws that Michael Faraday discovered
in 1834 that allow chemists to understand relationships such as these. You will also
learn how these laws can be applied to an electrolytic process called electroplating.

ELECTROPLATING

One commercially important application of electrolysis is electroplating. During
this process, a thin surface coating of metal, only a fraction of a millimetre thick, can
be applied over another surface.

A common application of electroplating is the coating applied to ‘tin’ cans
(Figure 9.3.1).Tin cans are used extensively for packaging food items as varied as
soups, fruit and fish. Although they are commonly called ‘tin’ cans, they are mainly
composed of steel, which is an alloy of iron and carbon. There is just a thin layer of
tin plated over the surface of the steel can. Tin corrodes very slowly and prevents
contact between the iron, moisture and air. Effectively, the tin prevents the iron
from rusting.

Electroplating cells

Electroplating is performed in electrolytic cells, such as the simplified one shown
in Figure 9.3.2 for tin plating. The object to be plated is connected by a wire to the
negative terminal of a power supply. This object becomes the negative electrode in
the cell.

The object is immersed in an electrolyte solution, such as tin(Il) nitrate solution,
which contains ions of the metal to be plated. The Sn?* ions in the solution move
towards the negative electrode (the object to be plated) and NO, ions move
towards the positive electrode, allowing current to pass through the cell.

An electrode of tin metal is connected to the positive terminal of the power
supply.

When the cell is in operation, the power supply acts as an ‘electron pump’,
pushing electrons onto the negative electrode and removing electrons from the
positive electrode.

At the negative electrode (cathode)
As shown in Figure 9.3.3, tin ions are attracted to the negative electrode, where they
accept electrons and are converted to tin metal:
Sn?*(aq) + 2¢” — Sn(s)
A coating of tin is formed on the object. Because reduction of the tin ions (Sn?*)
occurs, the negative electrode is acting as a cathode.

At the positive electrode (anode)
As shown in Figure 9.3.4, the positive terminal of the power supply withdraws
electrons from the tin electrode, causing an oxidation reaction to occur. Tin metal
slowly dissolves as Sn?* ions are formed:
Sn(s) — Sn?*(aq) + 2e~

This reaction replaces Sn?* ions in solution that were consumed by the reaction
at the negative electrode. The overall concentration of tin ions in the electrolyte
remains constant.

Because an oxidation reaction is involved, the positive electrode is acting as
an anode.

Several key factors determine the amounts of products that will form in an
electrolytic cell, such as an electroplating cell, including the:
e charge on the ion involved in the electrode reaction
e current flowing through the cell
e length of time that the current flows.
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Faraday described the relationship between these factors. You will now apply
your knowledge of electroplating cells to learn about Faraday’s laws.

tin rod
0 The set-up of an electroplating cell can be summarised as follows.

e The object being plated is at the cathode (negative).
¢ An electrode of the metal is at the anode (positive).

FARADAY'’S FIRST LAW OF ELECTROLYSIS

An electroplating cell can be constructed as shown in Figure 9.3.5. Sn(s) — Sn2*(aq) + 2¢
power supply FIGURE 9.3.4 A representation of the reaction
J{ | ‘ - at the anode in the process of tin plating.
ammeter i
(for current A) \r/:sr;gttzf
measurement)

electroplating cell

FIGURE 9.3.5 Experimental apparatus used to investigate electroplating. The variable resistor is used
to keep the current constant.

This cell can be used to study the relationship between the mass of metal formed
at the cathode and the quantity of charge that passes through the cell. While the
mass of metal formed is easily measured by weighing the cathode, electric charge
is determined indirectly.

Electric charge, symbol Q, is measured using the unit coulomb. The electric
charge passing through a cell may be calculated from measurements of the current,
I, through the cell and the time, ¢, for which the current flows.

The relationship is:

charge (coulombs) = current (amps) X time (seconds)

O=1Ixt

Experimental data from a silver-plating cell

An experiment was set up using the equipment shown in Figure 9.3.5 to determine
the relationship between the amount of charge and the mass of silver formed in a
silver-plating cell.

AsTable 9.3.1 shows, the experimental data indicates that the more charge that
passes through the cell, the more metal is formed at the cathode.

TABLE 9.3.1 The relationship between charge and the mass of silver in a silver-plating cell

Current (A) Charge (C)Q=1xt Mass of silver formed (g)
2.0 200 400

0.45
2.0 400 800 091
2.0 600 1200 1.34
2.0 800 1600 1.79
2.0 1000 2000 2.24
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FIGURE 9.3.6 The variation with charge of mass
of silver formed at the cathode in a silver-plating
cell.
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FIGURE 9.3.7 Variation with charge of the mass
of metal formed at the cathode for different
metal-plating cells.
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FIGURE 9.3.8 Variation with charge of amount
of metal (in moles) formed at the cathode for
different metal-plating cells.

The graph in Figure 9.3.6 shows the relationship between charge and the mass
of metal formed. The mass of metal produced at the cathode is directly proportional
to the electrical charge passed through the cell. This is Faraday’s first law of
electrolysis. It may be written symbolically as:

me< Q
FARADAY’S SECOND LAW OF ELECTROLYSIS

The previous experiment can be repeated using electroplating cells for metals other
than silver. Results from experiments with cells using electrolytes containing Cu?*,
Sn?*, Pb?*, Cr3* and Ag* ions are shown in the graph in Figure 9.3.7.

While the data for each metal obeys Faraday’s first law, at first inspection there
seems little relationship between the graphs for each metal. However, if the amount
of each metal, measured in moles, is graphed against charge, the results are more
interesting (Figure 9.3.8). All the data lies along just three lines. One mole of silver
is produced by about 96 500 coulombs of charge, whereas one mole of copper, tin
or lead is produced by 193000 (which is 2 x 96 500) coulombs.

An underlying pattern is now evident. In order to deposit 1 mole of silver from
a solution of Ag™ ions, just 1 mole of electrons is required:

Agt(aq) + e — Ag(s)

The charge on 1 mole of electrons must be 96 500 C.

The charge on 1 mole of electrons is known as a faraday, and has the symbol E
Therefore, 1 F = 96500 C.

The charge on a given number of moles of electrons, n(e”), can be readily
calculated. For example, 2 moles of electrons has a charge of 193000 C. We can
express this mathematically by:

O=n(e)xF
or O =mn(e) x 96500

where Q is charge (in coulombs), z(e”) is number of moles of electrons and F is
Faraday’s constant (96500 C mol™). The electrode reactions when copper, tin or
lead are electroplated are:

Cu?*(aq) + 2e” — Cu(s)

Sn?*(aq) + 2e” — Sn(s)

Pb2*(aq) + 2e” — Pb(s)

For 1 mole of each of these metals to be deposited, 2 moles of electrons are
required. Therefore, 2 faradays of charge (193000 C) must be passed through
the cell.

To deposit 1 mole of chromium, 3 faradays of charge (289500 C) are required,
because the equation for the electrode reaction is:

Cr3*(aq) + 3¢~ — Cr(s)

This is just what you can observe in the graph in Figure 9.3.8. Three different
lines on the graph arise because of the different charges on the metal ions.

Faraday’s second law of electrolysis states that in order to produce 1 mole of
a metal, 1, 2, 3 or another whole number of moles of electrons must be consumed.

Although Faraday’s laws were developed by studying the deposition of metal
at the cathode in electroplating cells, the laws apply just as well to the production
or consumption of any substance at the electrodes of either electrolytic cells or
galvanic cells. Calculations are based on the two relationships:

e O=1Ixt
e O=nle)xF

ﬁ Faraday’s laws can be restated more generally as follows.
e The mass of any substance deposited, evolved or dissolved at an electrode
in an electrochemical process is directly proportional to the electrical charge
passed through the cell.
e For 1 mole of a substance to be deposited, evolved, or dissolved at an electrode,
the passage of 1, 2, 3 or another whole number of moles of electrons is required.
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CHEMFILE

Michael Faraday’s electrolysis experiments

Michael Faraday (1791-1867) was an English scientist who made great contributions to
the fields of electromagnetism and electrochemistry (see Figure 9.3.9). His experiments

on the decomposition of tin(ll) chloride revealed that the amounts of tin and chlorine gas

that were produced were always in proportion to the amount of electric charge that was
passed through the cell. He also played a key role in popularising the use of the terms
‘anode’, ‘cathode’, ‘electrode’ and ‘electrolyte’.

CALCULATIONS USING FARADAY'’S LAWS

Worked Examples 9.3.1 and 9.3.2 show you how to calculate the mass of a chemical

produced at an electrode of an electrolytic cell.

Worked example 9.3.1

CALCULATING MASS OF A PRODUCT AT AN ELECTRODE

FIGURE 9.3.9 A painting of Michael Faraday
working on an electrolysis experiment.

A silver-plating cell operates with a steady current of 30.0 A for 20.0 minutes.
What mass of silver is plated on the object at the cathode? The equation for the

reaction is:

Ag'(aq) + e” — Ag(s)
Thinking Working
Calculate the quantity of charge QO=1Ixt
passing through a cell using the = 30.0 x (20.0 x 60)
formula: Q =1/ x t. =360 x 104 C
Remember that time must be
expressed in seconds.
Calculate the number of moles of n(e) = Q
electrons that passed through the cell F
using the equation: _3.60x 104
O=n(e)xF 96500

=0.373 mol

Use the mole ratio from the equation
to determine the amount, in moles, of
metal plated at the cathode.

The cathode reaction is:
Ag'(aq) + e” — Ag(s)

1 mole of electrons will deposit 1 mole
of silver metal.

Calculate the mass of metal plated at
the cathode.

Mole ratio:
nAg) - 1
nte) 1
n(Ag) = n(e”)
=0.373 mol
The molar mass of Agis 107.9 g mol-L.
m(Ag) =nxM
=0.373x 1079
=403 ¢g
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Worked example: Try yourself 9.3.1

CALCULATING MASS OF A PRODUCT AT AN ELECTRODE

the reaction is:

A copper-plating cell operates with a steady current of 20.0 A for 15.0 minutes.
What mass of copper is plated on the object at the cathode? The equation for

Cu?*(aq) + 2e- — Cu(s)

Faraday’s laws can also be used to calculate the time it would take to produce a
specific amount of product at an electrode.

Worked example 9.3.2

CALCULATING TIME TO PRODUCE A PRODUCT AT AN ELECTRODE

How long would it take, in hours, to deposit 50.0 g of copper at the cathode of
a copper-plating cell operating at a current of 8.00 A? The half-equation for the

reaction is:
Cu2*(aq) + 2e- —» Cu(s)
Thinking Working
Calculate the amount of substance nCuy="
that was deposited or consumed at M
the electrode using the formula: 500
n=m 63.5
M =0.787 mol

Calculate the number of moles
of electrons that passed through
the cell using the mole ratio from
the equation.

The cathode reaction is:
Cu?*(aq) + 2e- — Cu(s)

2 mol of electrons will deposit 1 mol
of copper metal.

ne) _2
n(Cu) 1
so: n(e”) = 2 x n(Cu)
=2x0.787
=1.57 mol
Calculate the quantity of charge Q=ne)xF
which passed through the cell using =1.57 x 96500
the formula: =152 x105C
0=n(e)xF
Calculate the time required using t= Q
the formula: /
t= Q _152x10°
/ 8.00
=190x 10%s
Convert seconds to hours by dividing t= 1.90 x 104
by (60 x 60). 60 x 60
=528h

Worked example: Try yourself 9.3.2

CALCULATING TIME TO PRODUCE A PRODUCT AT AN ELECTRODE

reaction is:

How long would it take, in hours, to deposit 20.0 g of silver at the cathode of
a silver-plating cell operating at a current of 6.50 A? The half-equation for the

Ag'(aq) + e — Ag(s)
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1

9.3 Review

Electroplating is an application of electrolysis. « The charge on one mole of electrons is called

It involves the deposition of a thin surface coating a faraday (F), where 1 F = 96500 C.

of metal over another surface to improve the + The charge on an amount of electrons can be

appearance of an object, its resistance to corrosion, calculated from:

or both. charge (coulombs) =

The charge passing through an electrochemical cell amount of electrons (moles) X 96500

can be calculated from the formula: Q=n(e)xF

charge (coulombs) = « Faraday’s laws can be used to calculate the:
current (amps) x time (seconds) - mass of a product formed in a cell, given the

Q=1Ixt current and operating time
Faraday’s first law states that the mass of metal — current passing through a cell, given the mass
produced at the cathode is directly proportional to of product and the operating time

the electrical charge passed through the cell. — time required for a cell to operate, given the mass
Faraday’s second law states that in order to produce of product and the current through the cell.
1 mole of a metal, 1, 2, 3 or another whole number

of moles of electrons must be consumed.

KEY QUESTIONS

How many faradays of charge are required to produce:
a 1 mole of silver atoms from a silver nitrate solution?
b 1 mole of zinc atoms from a zinc nitrate solution?
¢ 1 mole of chlorine molecules (Cl,) from molten potassium chloride?
d 1 mole of hydrogen molecules (H,) from sodium chloride solution?
A nickel-plating cell with NiSO,(aq) electrolyte operates with a current of
10.0 A for 55.0 minutes. What mass of nickel is plated on the object at
the cathode?
A car’s lights are left on and the battery discharges at a current of 1.2 A.
How long would it take, in hours, for 15.6 g of lead to be lost from the
anode? The electrode reaction is represented by the half-equation:

Pb(s) + SO,%(aq) — PbSO,(s) + 2e"
Figure 9.3.10 shows an electroplating cell that was devised by a student

to place a silver coating onto a key. An electric current is passed through a Ve °“\e_
solution of 1.0 M silver nitrate (AgNO;) using an inert carbon electrode as ¢
Agt
NO,

power source

the anode.

a Write a half-equation for the reaction that occurs at the electrode
connected to the negative terminal of the power source.

b What current is required if 0.055 g silver is deposited on the surface of

b
the key when a current is passed through the cell for 7.0 minutes? arbon

block
Electrolysis of a molten ionic compound with a current of 0.50 A for key  silver nitrate (anode)
30.0 minutes yielded 0.700 g of a metallic element at the cathode. If the (cathode)  solution

element has a relative atomic mass of 150.0, calculate the charge on the

FIGURE 9.3.10 Electroplating a key with silver.

metal ions.

__________________________________________________________________________________________
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Chapter review

KEY TERMS

anode electroplating

brine faraday

cathode Faraday’s first law of
coulomb electrolysis
electrochemical cell Faraday’s second law of
electrochemical series electrolysis
electrolysis galvanic cell

electrolyte inert

electrolytic cell inert electrode

Electrolytic cells

1

258

For electrolytic and galvanic cells, compare the:

a polarity of the anode and cathode

b direction of electron flow

¢ energy transformation occurring in the cells

d tendency of the cell reaction to occur
spontaneously.

Write the electrode reactions and overall reaction for

when molten ZnCl, is used as the electrolyte in an

electrolytic cell with inert electrodes.

Two electrolytic cells were set up for the electrolysis

of aqueous copper(ll) sulfate. One cell contained
copper electrodes and the other contained platinum
electrodes. Determine the reactions that would occur
at the electrodes of both cells.

An electrochemical cell (shown in Figure 9.4.1) is set
up to produce potassium metal. Label the parts of

the cell using the following options (options may be
used more than once): CI-, molten potassium chloride,
platinum, K*.

anode cathode

T !

—
potassium
metal forms
/’  — S
chlorine
gas forms

FIGURE 9.4.1 Electrochemical cell for producing potassium metal.

non-spontaneous
reaction

reactive electrode

semipermeable
membrane

smelting

spontaneous reaction

5 A student attempts to electroplate magnesium onto
an iron electrode using a cell made of a magnesium
anode, an iron cathode and a magnesium nitrate
solution as electrolyte (see Figure 9.4.2). The student
discovered that no magnesium has plated onto the
cathode, despite careful checks of all the electrical
connections in the electrolytic cell. Describe why the
magnesium did not plate onto the cathode and what
reaction occurred instead at the iron electrode.

magnesium
. anode
iron

cathode  magnesium
nitrate solution

FIGURE 9.4.2 Electrolytic cell for plating an iron cathode with
magnesium as constructed by a student.

6 An aqueous zinc sulfate solution was electrolysed
using copper electrodes.

a Refer to the electrochemical series and identify
the possible reactions that could occur. Write
these half-equations in the order they appear
in the series.

b Identify the correct half-equations for the reactions
that occur at the anode and cathode.

¢ Write an equation for the overall reaction.
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7 Using the electrochemical series, complete the table
by predicting the initial products of each of the
following electrolysis experiments.

Electrodes | Cathode | Anode
reaction | reaction
a

Molten Platinum
potassium
iodide

b Copper(ll) Platinum

sulfate

solution

c Potassium
bromide
solution

Copper

d A mixture of Carbon

copper(ll)
nitrate and
nickel(ll)
nitrate
solutions

e Lithium Platinum

fluoride
solution

Commercial electrolytic cells

8 Sodium and chlorine are manufactured by passing
direct current through molten sodium chloride.
Why is it necessary for the electrolyte to be molten
and not aqueous?

9 A membrane cell is used to produce sodium hydroxide
through electrolysis of a concentrated sodium chloride
solution (brine).

a Write half-equations for the reactions that occur
at each electrode.

b What is the purpose of the semipermeable
membrane in the cell?

10 Early attempts to produce aluminium by electrolysis
of aqueous solutions of aluminium compounds
were unsuccessful. Use the electrochemical series
to explain why.

Faraday’s laws

11 Zinc-air cells have been developed for a range of
different uses, including electric vehicles, heart
pacemakers and laptop computers. In the cells, zinc
metal is oxidised at the negative electrode and oxygen
gas is reduced to water at the positive electrode.

a Write a half-equation for the reaction occurring at
the negative electrode of the cell.

b A zinc-air cell used for a pacemaker operates
with a steady current of 3.5 x 1075 A. If the cell
will continue to operate until 1.5 g of zinc in the
negative electrode has been used up, determine
how many years the pacemaker will last before it
needs replacing.

12 A copper-plating cell operates with a current of 5.0 A
for 75.0 minutes. What mass of copper is plated on
the object at the cathode?

13 Iron is plated with tin in an electrolytic cell containing

K,Sn(OH), as the electrolyte. A cell operates for 5.00 h

at a current of 25.0 A.

a What is the charge on the tin ions in the electrolyte?

b How many faradays of charge are required to
produce 1.00 mole of tin?

¢ Calculate the mass of tin deposited during this
period.

14 A charge of 0.400 faraday was passed through 1.00 L
of 1.00 M copper(ll) sulfate solution using carbon
electrodes.

a Write half-equations for the reactions that occur
at each electrode.

b Calculate the concentration of the copper(ll) ions
in solution after electrolysis.

15 Three electrolytic cells containing silver nitrate
solution, copper(ll) sulfate solution and chromium(lll)
sulfate solution, respectively, were connected in
series so that the same amount of electric charge
passed through each cell (see Figure 9.4.3).

Metal was deposited at the cathode of each cell.

power supply
+‘| —
‘ I

silver nitrate
solution

copper(ll) sulfate
solution

chromium(lll)
sulfate solution

FIGURE 9.4.3 Three electrolytic cells in series.

a Write half-equations for the reduction reaction that
occurs in each cell.

b If 10.0 g of silver was obtained from one cell, what
mass of metal would be obtained from each of the
other cells?

16 A nickel teapot, with a surface area of 0.0900 m?, is to
be silver plated.

a Which electrode should the teapot be connected to?

b What is the polarity of this electrode?

c If the plating is to be 0.00500 cm thick and the
density of silver is 10.5 g cm=3, how long should
the pot be put in a silver-plating cell with a current
of 0.500 A?
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18

19

260

A student wishes to copper-plate a nickel medallion
and sets up an electrolytic cell using 250 mL of
1.00 M copper(ll) sulfate solution and a large copper
anode. The student runs a current of 10.0 A through
the cell for 20 minutes.
a What mass of copper will be plated onto
the medallion?
b What will be the concentration of copper(ll) sulfate
remaining in solution?
The student replaces the copper anode with an inert
graphite electrode and runs the same current through
the cell for a further 20 minutes.
¢ What gas will be produced at the anode?
d What will be the concentration of copper(ll) sulfate
remaining in solution?
A number of important metals are produced by
electrolysis of molten salts. In one such process a
current of 25000 A produces 272 kg of metal in
24 hours. If the cation in the salt has a 2+ charge,
what is the identity of the metal?
Two electrolytic cells are connected in series as
shown in Figure 9.4.4. A current of 5.00 A flows for
15.0 minutes.
[=5.00A

+ -
|1 ®

A B C D
C Fe Cu Fe

1.0 M AL(SO,), 1.0 M H,SO,
solution solution

FIGURE 9.4.4 Electrolytic cells in series.

a Calculate the charge flowing through each cell.

b Write half-equations for the reactions occurring at
each electrode (A-D) when the current commences
to flow.

¢ Calculate the change in mass of electrode C after
15 minutes.

d Calculate the volume of gas, measured at STP,
that is formed at electrode B after 15.0 minutes.

e As the current flows through the cells, how does
the reaction at electrode D change?

Connecting the main ideas

20

21

22

23

24

25

Sodium and chlorine are produced by electrolysis of
molten sodium chloride in the Downs cell. A typical

Downs cell runs at 600°C, 7 V and with a current of

30 KA. In a 24-hour period, what:

a mass of sodium metal will be produced?

b volume of chlorine gas (at STP) will be produced?

An electrolytic cell for the extraction of aluminium

operates at a current of 150000 A.

The electrode reactions are:

Al;*(in cryolite) + 3e~ — Al(l)

C(s) + 20,7(in cryolite) — CO,(g) + 4e-

In order to produce 1.00 tonne (10° g) of Al, calculate:

a how long the cell must operate

b the mass of carbon consumed at the anodes

¢ the volume of carbon dioxide gas produced,
measured at STP.

Commercial operation of an aluminium smelter

depends upon the availability of cheap electric power.

a Calculate the electric charge required to produce
1.00 tonne of aluminium from alumina (Al,0,)
by electrolysis.

b If the cell operates at 5.00 V, calculate the energy
needed to make 1.00 tonne of aluminium.
(1 volt = 1 joule per coulomb)

¢ Calculate the cost of the electricity required to
make 1.00 tonne of aluminium if the smelter
purchased electricity at the domestic rate of
12 cents per kilowatt hour. (1 kilowatt hour =
3600000 J)

Construct a concept map that includes the terms
electrolysis, electrolytic cell, chemical energy, electrical
energy, anode, cathode, reducing agent, oxidising
agent, reduction, oxidation, electrolyte and non-
spontaneous reactions.

When constructing a galvanic cell in the laboratory,

why are two half-cells usually used whereas the

reactants of an electrolysis cell are often placed

in a single container?

Rutile is a mineral composed of titanium and oxygen.

In a trial electrolytic cell running at 100%, efficiency,

a potential difference of 4.0 V was applied and used

463.2 kJ of electricity to produce 14.37 g of titanium

metal.

a Calculate the amount of titanium produced, in mol.

b Calculate the total charge of the electrons (Q) used
to produce the titanium metal. (1 volt = 1 joule per
coulomb)

¢ Calculate the amount of electrons, in mol, needed
to produce the titanium metal.

d Calculate the charge of the titanium ion in rutile.

e Determine the empirical formula of rutile.
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REVIEW QUESTIONS

How can the yield of a chemical product be optimised?

Multiple-choice questions

1 Which of the following requires involvement of a
reversible chemical reaction?
A Combustion of a fuel to produce heat for cooking
B An electric car powered by a fuel cell
C The rechargeable battery in a mobile phone
D The setting of a two-part epoxy glue after the parts

are mixed
Questions 2 and 3 refer to the following information.

The energy profile diagram shown below is for the
following reaction.

CO,(g) + NO(g) = CO(g) + NO,(g)

390 kJ mol™! [
260 kJ mol™!

Ak

Reaction progress

Energy

2 The AH of the forward reaction, in kJ mol, is:
A -170
B +130
C +230
D +260
3 The activation energy of the reverse reaction, in
kJ mol, is:
A 40
B 130
C 230
D 360

4 Consider the following reactions.
I A(g + B(g) = 2C(g) AH = +180 kJ mol!
Il D(g) + 3E,(g) = 2F(g) AH =-90 kJ mol?
I 2G(g) = H(g) + I(g) AH =-180 kJ mol!

From a comparison of the enthalpy changes, AH, which

of the following is definitely true?

A Activation energy of equation | > activation energy of
equation |l

B Activation energy of equation | < activation energy of
equation |l

C Activation energy of equation | = activation energy
of equation Il

D No information about activation energy can
be deduced.

The diagram below shows the typical Maxwell—
Boltzmann distribution of kinetic energies of the
particles in a reaction mixture.

Number of particles

E, Energy

If E, represents the activation energy for the reaction,

then what does the shaded area represent?

A The total amount of energy that will be released
when the reaction reaches equilibrium

B The proportion of reactant particles that are moving
fast enough at a given instant for a collision to result
in the formation of products

C The energy that must be added to the reactant
mixture to initiate the reaction

D The proportion of reactant particles that will be
converted to products when the reaction reaches
equilibrium
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Two changes are made to the reaction mixture from
Question 5, affecting both the distribution curve and
the activation energy, as shown in red in the diagram

below.

Number of particles

a

Energy

Which of the following gives changes in conditions that
are consistent with these effects?

Change in distribution
curve

Change in activation
energy

Higher temperature

Catalyst added

Higher temperature

Lower pressure

Higher pressure

Lower temperature

o 0 w >

Higher pressure

Catalyst added

Which of the following statements about a catalyst is

not true?

A A catalyst is not consumed in the course of a reaction.

B A catalyst alters the reaction pathway between
reactants and products.

C A catalyst reduces the energy released or absorbed
by a reaction.

D The proportion of molecules with sufficient energy
to react is increased by a catalyst.

Water vapour reacts with chlorine according to the

following equation.

2H,0(g) + 2Cl(g) = 4HCI(g) + O(g)
At a particular temperature, the value of the
equilibrium constant, K, for this reaction is
4.0 x 10 M. At the same temperature, the value
of the equilibrium constant for the reaction:

2HCI(g) + %Oz(g) = H,0(g) + Cl(g)

is equal to:

A 2x10*M>
B 2x102M>
C 25x10°M>
D 50 M

10

11

12

Consider the following equation.
A+3B=2C+4D

The correct expression for the equilibrium constant is:
5 [AISBY:

[2C]’[4D]*

[CI’[D]*

[AI[BF®

[A][B]®

[CI’[D]*

[2C][4D]

[AI[3B]

Consider the following equation:

2W + 2X=2Y + nZ
which, at a particular temperature, has an equilibrium
constant of K= 5.0 M2. From this information we can
conclude that the coefficient n in the equation is:
Al

B2
Cc3

D 4

Examine the concentration-time diagram shown below.

A
1.0 1

c

D

0.8

0.6

0.4

Concentration (mol L)

0.2+

0.0 Time >

This graph could represent the concentrations of A
and B in the equation:

AA-B

BB—>A

C2A—>B

DA—-2B

In a sealed vessel, nitrogen monoxide, oxygen and
nitrogen dioxide form the following equilibrium:
2NO(g) + O,(g) = 2NOL(g); AH =-114 kJ mol™
Which one of the following sets of conditions is likely to
lead to the highest yield of nitrogen dioxide gas?

A 200°C and 1 atm pressure

B 200°C and 2 atm pressure

C 300°C and 1 atm pressure

D 300°C and 2 atm pressure
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13 A sample of NOCI is allowed to come to equilibrium
according to the following equation:
2NOCI(g) = 2NO(g) + ClL(g)
The volume of the mixture is halved and the mixture is
allowed to come to a new equilibrium, the temperature
remaining constant. At the new equilibrium the
chlorine has:
A decreased in amount and decreased

in concentration

B increased in amount and decreased in concentration
C decreased in amount and increased in concentration
D increased in amount and increased in concentration.

14 The reaction between nitrogen monoxide and ozone is:
NO(g) + O,(g) = NO,(g) + O,(g) K=6x10%at 25°C
Equal amounts of NO and O, are used. Which of the
following statements cannot be inferred from the
magnitude of the equilibrium constant?

A At equilibrium, [NO,][0,] — [NO][O,].

B The equilibrium of the reaction lies well to the right.
C The reaction has a low activation energy.

D Very little ozone will remain at equilibrium.

15 Carbon dioxide gas dissolves to a small extent in water,
forming carbonic acid in an exothermic reaction.
COL(® + H,0() = H,CO,(aq); AH negative
H,CO,(aq) + H,0(l) = HCO, (aq) + H,0*(aq)

This is the reaction involved in forming fizzy drinks.

Which of the following strategies would not be effective
at increasing the amount of dissolved carbon dioxide?

A Decreasing the pH of the solution
B Decreasing the temperature of the solution
C Increasing the concentration of carbon dioxide in
the gas
D Increasing the pressure of the carbon dioxide gas
16 The self-ionisation of water is affected by temperature
as shown below.
H,O() + H,0(l) = H,0*(aq) + OH(aq)
K, = [H;0"][OH]

Temperature (°C) lonisation constant for water, K,
5 1.85 x 1015
15 451 x 1071®
25 1.00 x 10-#
35 2.09 x 1014

From the data it can be inferred that:

A the pH of pure water at 35°C is greater than 7

B self-ionisation of water is an exothermic reaction

C equilibrium for the reaction lies well to the left with
mainly reactants present

D in pure water at 15°C, [OH] is lower than [H,0%].

The following information relates to Questions 17 and 18.
The diagram shows an electroplating cell that was devised
by a student to place a silver coating onto a key. An electric
current is passed through a solution of 1 M silver nitrate,
AgNO,, using an inert carbon electrode as the anode.

power source

/—O O~‘\

carbon
block
key (anode)
(cathode) silver nitrate

solution

17 What reaction occurs at the electrode connected to the
negative terminal of the external power supply?
A Ag'(aq) + e — Ag(s)
B 2H,0(l) + 2 — H,(g) + 20H(aq)
C 2CI(aq) —» Cl(g) + 2e
D 2H,0(l) — O,(g) + 4H*(aq) + 4e-

18 If 0.055 g silver is deposited on the surface of the
key when a current is passed through the cell for
7.0 minutes, what current is required?
A 012 A
B 0.75 A
C70A
D 49 A

19 Three beakers contain solutions of 1.0 M chromium(lil)
nitrate, 1.0 M copper(ll) nitrate and 1.0 M silver nitrate.
Each solution has 0.60 F of electric charge passed
through it, using carbon electrodes and a power pack.
In each beaker a different metal is deposited onto the
cathode. In decreasing order, the amount of metal (in
moles) deposited onto the cathode in each beaker
will be:
A Cr<Cu<Ag
B Ag <Cu<Cr
C Cr<Ag<Cu
D the same in all three beakers.
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20 A series of experiments is described below.
I Adding zinc granules to a solution of tin(ll)
chloride
Il Adding copper turnings to tin(ll) chloride solution
Il Electrolysis of molten tin(ll) chloride
IV Electrolysis of an aqueous solution of tin(ll)
chloride
The experiments that would result in the production of
metallic tin, Sn, are:
A all of them
B |, lll and IV
C landll
D only Ill.

Short-answer questions

21 A student investigated the factors affecting the rate of
reaction between a solution of sodium thiosulfate and
hydrochloric acid:

Na,S,0,(aq) + 2HCl(ag) —

2NaCl(aqg) + SO,(g) + S(s) + H,0(l)
The reaction was carried out in a conical flask placed
on top of a piece of white paper with a dark cross
marked on it. The rate of reaction was determined by
measuring the time taken for the cross to be masked
by the suspension of sulfur formed during the reaction,

as shown.

hydrochloric acid I I
Cross cross
visible not visible

cross marked
on sheet of

paper

cloudy

sodium thiosulfate
solution
(colourless)

At the start After t seconds

The rate was determined for different concentrations
of sodium thiosulfate and for different temperatures.
The volume of each solution and the concentration of
hydrochloric acid was kept constant. The results are
summarised in the table below.

Experiment | [Na,S,0.(aq)] | Temperature | Time taken
number (M) °C) for the
cross to be
masked (s)
1 0.1 20 36
0.2 20 20
3 0.1 25 28
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23

Explain, in terms of collision theory, why the

rate in experiment 2 is higher than the rate in
experiment 1.

Explain, in terms of collision theory, why the

rate in experiment 3 is higher than the rate in
experiment 1.

What factors, other than the two investigated in this
experiment, may affect the rate of a reaction?

The activation energy for the decomposition of
hydrogen peroxide to oxygen was measured under
two different conditions.

2H,0,(aq) — 2H,0(l) + 0,(g)

I The activation energy for the decomposition
reaction when an enzyme was added was found
to be 36.4 kJ mol. The temperature of the
reaction mixture increased.

Il When platinum was added to another sample
of the hydrogen peroxide solution, the activation
energy was 49.0 kJ mol-l. The temperature of the
reaction mixture increased.

What is the function of the enzyme and platinum in

each these reactions?

Sketch, on the same set of axes, the energy profiles

for the decomposition of hydrogen peroxide with the

enzyme and the decomposition using the platinum.

Which reaction system, | or Il, would be faster?

Explain your answer.

Consider the following readily reversible gas-phase
reaction.

W(g) + 2X(g) = Y(g) + Z(8)

The graph below shows the changes to the rates of the
forward and reverse reactions when some additional
reactant, W, is added to an equilibrium mixture of
these gases at time T.

Rate

a

b

forward

reverse

Time
Explain how this graph shows that the mixture was
at equilibrium before time T.
Use collision theory to account for the changes in
the rates of the forward and reverse reactions from
time T.



The process was repeated several times, each time with
a different change occurring at time T. Changes tested
included:

¢ removing W from the mixture

e removing Y

e addingY

e adding an inert gas (argon)

¢ adding a catalyst

¢ increasing the volume of the container.

¢ For each of the graphs below, select a change from
this list that is consistent with the rate changes
depicted. In each case, briefly justify your choice.

i
[0}
g
)
[a' 4
Time
ii
REEEEEEEEE
° forward___ 1
= |_-reverse
o |
I
I
Time
iii
g forward
]
[a 4
reverse
Time
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The graph below shows the rate changes after lowering
the temperature at time T.

forward

Rate

reverse—_, s

[
1
s

Time

d Why does lowering the temperature cause an initial
drop in both reaction rates?

e Considering the period during which the rates are
unequal, in which direction does the equilibrium
shift?

f Is the reaction exothermic or endothermic? Explain.

The gases dinitrogen tetroxide, N,O,, and nitrogen(IV)
oxide, NO,, coexist according to the following
equilibrium reaction.

N,O,(g) = 2NO,(g)
A concentration-time graph for the system coming to
equilibrium is shown below.

A
— 0.10- =
.
©
£
C
2 B
© (.05
€
It
C
(o]
@)

0.0 B

Time

a lIdentify A and B.

b Write an expression for the equilibrium constant of
the decomposition of N,0O,.

¢ On the graph provided, sketch the line showing the
effect on A if a catalyst had been present in the
mixture from the beginning.

d Calculate K for the reaction at equilibrium according
to this concentration graph.

REVIEW QUESTIONS 265



o
/ .

UNIT 3 ¢ Area of Study 2 ..

25 Carbon monoxide and iodine pentoxide react to form
iodine and carbon dioxide in the equilibrium reaction.
5CO(g) + 1,0,(s) = I(g) + 5CO,(g) AH=-1175kJ
Use your knowledge of Le Chatelier’s principle to
predict the effect (decrease, increase or no change) of
the change (column 1) on the designated quantity
(column 2). Assume that the change listed is the only
one taking place (e.g. if |, is added, the volume and the
temperature are kept constant).

Change Quantity Increase/decrease/
no change
a | IncreaseT K
b | Decrease T Amount of 1,0,(s)
c | Add I (g) K
d | Add COL(g) Amount of 1,(g)
e | Double Amount of CO,
volume
f Double Concentration
volume of CO,

g | Remove CO Amount of CO,

h | Add catalyst | Amount of I.(g)

i Add inert K
gas Ar

26 The reaction between hydrogen and iodine in the
gaseous phase to produce hydrogen iodide is
described by the following equation:

H, (g + 1(g) = 2HI(g) AH negative
The following diagram shows the change in
concentration of gaseous hydrogen, iodine and
hydrogen iodide as the equilibrium is reached
and disturbed.

Concentration

»
|

, C
Time
a At point A, a sudden change occurs to the system.
What has happened?
b At point B, another change has occurred. What
has happened?
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On the graph provided, mark an X on the time
axis to indicate a point when the system as
at equilibrium.

d Extend the graph past point C, until equilibrium
is re-established, to show what would happen
to the concentration of the gases if the volume
of the reaction vessel was doubled. Assume the
temperature remains constant.

27 Methanol is used as a fuel for some racing cars.

The synthesis of methanol from methane involves

two reactions.

I A reaction of methane with steam to yield carbon
monoxide and hydrogen

Il An exothermic reaction between carbon
monoxide and hydrogen to produce methanol

a Write equations for the two reactions that
are described.

b The reaction of carbon monoxide with hydrogen is
performed at about 250°C and 100 atm pressure.
Copper, zinc oxide and alumina are also present.

i What is the likely function of the copper, zinc
oxide and alumina in the reactor?

ii How would the yield be affected if the reaction
were performed at a higher temperature?

iii State two advantages of using such a high
pressure.

¢ Any process involving carbon monoxide presents
hazards because of its toxicity, which arises because
of its ability to bind very strongly to haemoglobin in
competition with oxygen.

Hb, + CO = Hb,.CO

Hb, + 0, = Hb,.0,

i Referring to these competing equilibria, explain
why exposure to carbon monoxide leads to
decreased levels of oxyhaemoglobin (Hb,.0,) in
the blood.

ii Treatment for carbon monoxide poisoning often
includes hyperbaric oxygen (pure oxygen at a
pressure well above 1 atm). Explain how this
helps remove Hb,.CO from the blood.

d Another source of carbon monoxide is the
incomplete combustion of many fuels. Write a
balanced equation for the incomplete combustion
of methanol to form carbon monoxide and water.



28 A series of electrolyses are carried out in a U-tube as

shown in the diagram.

-+ - -
€ IIII €

The electrolyte solution in each case, along with the
electrode materials used, are listed below. Refer to an

electrochemical series and for each

i Write half-equations for the reactions predicted to

of the electrolyses.

occur at the positive and negative electrodes.
ii State one visible change you could look for to

confirm the formation of your

predicted products.

Solution | Electrode materials
Positive electrode Negative electrode
Kl(aq) Carbon Carbon
b | PbCl,(ag) | Carbon Carbon
¢ | AlCl,(aq) | Copper Copper

29 A 100 mL solution containing a mixture of magnesium
chloride (MgCl,) and tin(ll) chloride (SnCl,) is prepared
by dissolving 0.025 mol of each salt in water. Platinum
electrodes are placed in the solution and a small
current is passed through it, as shown in the diagram
below.

Pt electrode— —77] [ —__—Ptelectrode
T
L 7/ MgCl, and SnCl,

30

31

a Write half-equations for the electrode reactions
occurring just after the electrolysis is started at the:

i anode
ii cathode.

b After electrolysis has been occurring for a
considerable period of time, all of the metal that
was first plated on the cathode will have been used
up and a new electrode reaction will occur at the
cathode. Write a half-equation for the next electrode
reaction that occurs at the cathode.

¢ What major difference would occur in the cell if
the solution that was used had been a saturated
solution of tin(ll) chloride?

In an electrolysis experiment, a student is provided

with a solution of nickel(ll) nitrate (Ni(NO,),).

The electrodes to be used were a carbon rod as the

positive electrode and a metal spatula as the negative

electrode.

a Will the nickel coating appear on the carbon rod
or on the metal spatula during the experiment
described?

b Write equations for the half-reactions that occur
at each electrode.

¢ A current of 2.5 A was passed through this nickel-
plating cell for 15 minutes. Calculate the mass of
nickel that could be plated on the cathode.

Lithium metal is prepared by electrolysis of a molten
mixture of lithium chloride and potassium chloride.

a

Write a half-equation for the reaction occurring at
the cathode in this cell.

Write a half-equation for the reaction occurring at
the anode in the cell.

Why is it not possible to produce lithium metal by
the electrolysis of an aqueous solution of lithium
chloride?

Suggest why a mixture of lithium chloride and
potassium chloride is used, rather than pure lithium
chloride, in this electrolytic process.

Assuming that lithium reacts in a similar way to
sodium, describe two precautions that would need
to be taken in this preparation.
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32 This question requires you to compare galvanic cells
with electrolytic cells.

a List two structural features (components) that both
types of cell possess.

b Compare the energy transformations occurring
in a galvanic cell with those occurring in an
electrolytic cell.

¢ Explain why the negative electrode of a galvanic
cell is the site of oxidation, whereas the negative
electrode of an electrolytic cell is the site
of reduction.

d Explain why a galvanic cell is always constructed to
keep its reacting oxidant and reductant apart, while
in an electrolytic cell they are usually combined in
the same electrolyte mixture and instead steps are
taken to keep the cell products apart.

33 Some industrially important chemicals are produced
by the electrolysis of a molten electrolyte while others
are produced by electrolysis of an aqueous solution.

i a molten electrolyte
ii an aqueous solution.
b For each chemical that you have selected:

i write an equation for the reaction occurring at
the anode

ii write an equation for the cathode reaction

iii describe one feature of the electrolytic cell used
to manufacture of each selected chemical.

¢ Explain why some chemicals can be produced by
the electrolysis of a molten electrolyte but not from
the electrolysis of an aqueous solution.

d Suggest three properties of graphite that account
for its frequent use as an electrode material in
commercial electrolytic cells.

e Steel cathodes are often used in commercial
electrolytic cells but never steel anodes. Account
for this.

34 Write equations to represent the anode and cathode

through:

a a dilute solution of sodium chloride

b a concentrated solution of sodium chloride
¢ molten sodium chloride.

a Name one chemical produced by the electrolysis of:

reactions that occur when an electric current is passed

35 The half-equations occurring in a nickel-zinc (NiZn)

cathode (+): 2H,0(l) + 2NiOOH(s) + 2e™ —
2Ni(OH),(s) + 20H(aq)
anode (-): 20H(aq) + Zn(s) — Zn(OH),(s) + 2e~

The NiZn battery is rechargeable.

a Write the half-equation for the reaction occurring
at the negative and positive electrodes when the
battery is being recharged.

b Why is recharging a secondary cell such as this
classed as a type of electrolysis?

¢ One issue with this cell is that zinc hydroxide is
slightly soluble, allowing small quantities to migrate
away from the electrode during discharge. Explain
how this will affect the performance of the cell.

In testing a new type of secondary cell, the capacity

of the cell when fully charged was measured against

the number of discharge-recharge cycles at different

operating temperatures. The results are shown in the
graph below.

1
1
1
1
1
1
battery as it discharges are as follows. !
1

2
® 25°C
Q.
3
e
2
o
@ 50 °C

75 °C

Number of recharge cycles

d Suggest a reason for the different battery life
observed at different temperatures.

e What other factors contribute to the fact that no
rechargeable cell survives unlimited recharge-
discharge cycles?
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How are organic
compounds categorised,
analysed and used?

| AREA OF STUDY 1 |

How can the diversity of carbon compounds be explained
and categorised?

Outcome 1: On completion of this unit the student should be able to compare
the general structures and reactions of the major organic families of compounds,

deduce structures of organic compounds using instrumental analysis data, and
design reaction pathways for the synthesis of organic molecules.

| AREA OF STUDY 2 |
What is the chemistry of food?

Outcome 2: On completion of this unit the student should be able to distinguish
between the chemical structures of key food molecules, analyse the chemical

reactions involved in the metabolism of the major components of food including
the role of enzymes, and calculate the energy content of food using calorimetry.

| AREA OF STUDY 3 |

Practical investigation

Outcome 3: On the completion of this unit the student should be able to design
and undertake a practical investigation related to energy and/or food, and present
methodologies, findings and conclusions in a scientific poster.

To achieve this outcome the student will draw on the key knowledge outlined in
Area of Study 3 and the related key skills.
VCE Chemistry Study Design extracts © VCAA (2016); reproduced by permission.

The key skills to complete Area of Study 3 Practical investigation can be found in Heinemann
Chemistry 2 5th Edition ProductLink.







CHAPTER

Structure and nomenclature
of organic compounds

Scientists know of more than 7 million organic compounds, and more of these
compounds are being discovered or synthesised all the time. Organic compounds
exhibit an enormous range of properties, which allows chemists to develop
materials for applications as diverse as fuels, fibres, plastics, detergents, dyes,
paints, medicines, perfumes and insecticides. Organic compounds also form the
basis of every cell in all living organisms.

This chapter looks at the groups, structures and names of a range of different
organic compounds. It also looks at the element carbon and why such a vast range
of organic compounds is possible.

Key knowledge

« The carbon atom with reference to valence number, bond strength, stability of
carbon bonds with other elements and the formation of isomers (structural and
stereoisomers) to explain carbon compound diversity, including identification of
chiral centres in optical isomers of simple organic compounds and distinction
between cis and trans isomers in simple geometric isomers
Structures including molecular, structural and semistructural formulas of
alkanes (including cyclohexane), alkenes, alkynes, benzene, haloalkanes,
primary amines, primary amides, alcohols (primary, secondary, tertiary),
aldehydes, ketones, carboxylic acids and non-branched esters
IUPAC systematic naming of organic compounds up to Cg with no more than
two functional groups for a molecule, limited to non-cyclic hydrocarbons,
haloalkanes, primary amines, alcohols (primary, secondary, tertiary), carboxylic
acids and non-branched esters

VCE Chemistry Study Design extracts © VCAA (2015); reproduced by permission.




Homologous series

The study of organic chemistry is simplified by grouping
the millions of different molecules that exist into families
called homologous series. Members of the same
homologous series have:

» asimilar structure

» a pattern to their physical properties
» similar chemical properties

» the same general formula.

Each member of a homologous series differs by a -CH—
unit from the previous member.

Alkanes

Alkanes are a homologous series of molecules that consist
entirely of carbon and hydrogen atoms. They have the
general formula C H, ... The other distinguishing feature of
alkanes is that their molecules contain only single bonds.

Alkanes are saturated molecules. A saturated molecule is
defined as one that contains only single bonds. The carbon
atoms in alkanes are ‘saturated’ because they cannot bond
with any more atoms. When a molecule contains one or
more double or triple bonds, it is described as unsaturated.
An unsaturated molecule has the potential to bond with
more atoms.

Naming simple alkanes

In the systematic name of simple ‘straight-chain’ alkanes,
the prefix, or first part, of the name refers to the number of
carbon atoms in one molecule of the alkane. The prefixes
used are listed in Table 10.1.1.

TABLE 10.1.1 Prefixes used to name molecules with between one and
eight carbon atoms

Number of carbon atoms Prefix (parent/stem)

1 Meth-
Eth-
Prop-
But-
Pent-
Hex-

Hept-

0 N o o B w N

Oct-

The names of all alkanes have the suffix (ending) ‘-ane’ to
indicate that the carbon-carbon bonds are all single bonds.
Combining the prefix and suffix, you can see that methane
is a hydrocarbon that contains one carbon atom, ethane

is a hydrocarbon that contains two carbon atoms and
propane is a hydrocarbon that contains three carbon
atoms, and each of the carbons have four bonds with
different atoms. The structures are shown in Figure 10.1.1.

H H H H H H

H—C—H H—C—C—H H—C—C—C—H

H H H H H H
methane ethane propane

FIGURE 10.1.1 Structural formulas of methane, ethane and propane.

Isomers of alkanes

Methane, ethane and propane are the smallest alkanes.
There is only one possible arrangement for the carbon
and hydrogen atoms in these small molecules. Once
alkane molecules are above a certain size, their carbon
and hydrogen atoms can be arranged in different ways.
These molecules are called isomers.

Butane (C,H,,) has two structural isomers as shown in
Figure 10.1.2. One isomer has the carbon atoms in a chain,
while the other has a branched arrangement.

H

H—C—H
H H

H H H H
FP S S PR S
R )]

H H H
branched arrangement

H H H
chain arrangement

FIGURE 10.1.2 Structural isomers of butane (C,H, ).

Naming simple structural isomers
Alkyl groups

Branched alkanes are named systematically to provide
information about the number and size of branches on the
molecule. Branches, also called side chains, can be thought

of as alkane molecules that have lost a hydrogen atom.
The side chain is called an alkyl group.
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Alkyl groups are named in the following way.

e The prefix indicates the number of carbon atoms in
the side chain.

* The suffix “-yl’ is used.

Alkyl groups and the alkanes from which they are derived
are shown in Table 10.1.2.

TABLE 10.1.2 Alkanes and their derivative alkyl groups

Semistructural

(condensed)
formula

Methane CH, Methyl- -CH,

Ethane CH,CH, Ethyl- —CH,CH,
Propane CH,CH,CH, Propyl- -CH,CH,CH,
Butane CH3(CH,),CH, Butyl- —CH,(CH,),CH,
Pentane CH5(CH,);CH, Pentyl- —-CH,(CH,),CH,
Hexane CH,(CH,),CH, Hexyl- —CH,(CH,),CH,
Heptane CH,(CH,);CH, Heptyl- —-CH,(CH,);CH,
Octane CH3(CH,),CH, Octyl- —CH,(CH,),CH,

Branched alkanes

The systematic naming of structural isomers of alkanes

that contain branches requires the following steps.

1 Identify the parent name or stem name by finding the
longest continuous chain of carbon atoms.

2 |dentify any alkyl side chains by counting the number
of carbon atoms in any branches.

3 Number the carbon atoms by starting from the end of
the chain closest to a side chain.

4 |dentify the number of the carbon atom to which an alkyl
group is attached.

5 Name the isomer.

An example of the naming of a branched isomer of C.H,,

is shown in Figure 10.1.3.

AN

H,C— CH,— CH,— CH — CH,

methyl group

5 4 3 2 1
FIGURE 10.1.3 The name of this hydrocarbon is 2-methylpentane.

CHAPTER 10 | STRUCTURE AND NOMENCLATURE OF ORGANIC COMPOUNDS

The steps in naming this molecule are as follows.
1 There are five carbon atoms in the longest chain
so the parent name is pentane.
2 The only branch is a methyl group, -CH,.
3 The methyl group is nearest to the right end.
4 The methyl group is attached to the second carbon.
5 The name of the molecule is therefore 2-methylpentane.

Functional groups

Alkanes are hydrocarbons. This means they are compounds
in which carbon atoms are covalently bonded only to other
carbon and hydrogen atoms. However, in other compounds
carbon can form covalent bonds with other atoms or
groups of atoms called functional groups.

A functional group is an atom or group of atoms that gives
a characteristic set of chemical properties to a molecule
containing those atoms.

For example, alkenes are molecules that contain a carbon—
carbon double bond as their functional group. Alcohols
contain a functional group that consists of an oxygen atom
covalently bonded to a hydrogen atom.

Table 10.1.3 summarises the functional groups found in
some different homologous series.

TABLE 10.1.3 Functional groups in some homologous series

Semistructural
(condensed)

Name of functional
group

Homologous
series

formula of the
functional group

Aldehydes Carbonyl (aldehyde) -CHO
Alkenes Carbon-carbon -C=C-
double bond
Alkynes Carbon-carbon -C=C-
triple bond
Alcohols Hydroxy! -OH
Amides (primary) Amide -CONH,
Amines (primary) Amino -NH,
Carboxylic acids Carboxyl -COOH
Esters Ester -CO0C-
Haloalkanes Halo X (X=FCl,Brl)
Ketones Carbonyl -CO-
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FIGURE 10.1.4 Different types of organic
molecules form the basis of all living systems,
including the child, tomatoes, timber and plants
in this photograph.

Carbon compounds make up more than 90% of all chemical compounds and
form the basis of living systems. The association of carbon compounds with living
systems led to the study of carbon compounds being called ‘organic chemistry’
and the molecules of carbon compounds being referred to as ‘organic molecules’
(Figure 10.1.4). Organic molecules can be defined as compounds containing
carbon atoms linked to each other, and to other non-metallic atoms, by covalent
bonds.

In its many millions of compounds, carbon is almost always associated with
hydrogen, giving organic molecules a hydrocarbon skeleton. Organic molecules
also commonly contain the elements oxygen, nitrogen, sulfur and chlorine.

In this section, you will learn about the diversity of carbon compounds and
the factors that contribute to carbon being the element upon which all life forms
are based.

BONDING IN CARBON COMPOUNDS

Carbon atoms contain six electrons—two electrons in the first shell and four in the
second. The electronic configuration of a carbon atom can be written as 2,4 or
1s22s%2p2. This means the following.

e Each carbon atom has four valence electrons, which gives it a valence number
of four. The valence number of an element is equal to the number of valence
electrons in an atom of the element. All four of carbon’s valence electrons are
available for bonding with other atoms.

e A carbon atom can form four covalent bonds with up to four other carbon
atoms, each of which in turn can bond with up to four other carbon atoms,
potentially forming long, branched chains and even rings.

e A carbon atom can form four covalent bonds with up to four other non-metal
atoms.

e Single, double or triple bonds can be formed between two carbon atoms.
A molecule that contains only single carbon—carbon bonds is described as a
saturated molecule. A molecule that contains one or more double or triple
bonds is described as an unsaturated molecule.

The wide variety of compounds formed by carbon is due to its ability to form
strong covalent bonds with other carbon and hydrogen atoms and also by forming
covalent bonds with atoms of other elements such as oxygen, nitrogen, sulfur,
phosphorus and the halogens.

HYDROCARBONS

Carbon is a very versatile atom because it can form four covalent bonds in different
ways, for example:
e four single bonds with four other atoms
e one double bond and two single bonds with three other atoms
e one triple bond and one single bond with two other atoms.

Hydrocarbons are formed solely from carbon and hydrogen. Despite
consisting of only two types of atoms, there are an incredible number of hydrocarbon
compounds with different structures. Look at Figures 10.1.5-10.1.10 to learn about

some of the different types of hydrocarbon compounds encountered in everyday
life.
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(b)

@ H
H—l—H
!

FIGURE 10.1.5 (a) Methane (CH,) contains one carbon atom with four
single covalent bonds to four hydrogen atoms. (b) Methane is the gas
used in most laboratory Bunsen burners and household gas stoves. FIGURE 10.1.6 (a) Propane (C,Hy) contains only single bonds.
(b) Propane is the fuel contained in many portable gas bottles.

(b)
(a)
H H @
c=—cC H—C=C—H
/ \
H H

FIGURE 10.1.7 (a) Carbon can form compounds that contain carbon—

carbon double bonds. These compounds include ethene (C,H,). FIGURE 10.1.8 (a) Carbon can form hydrocarbons that contain carbon—
(b) Among other uses, ethene is used to make the polymers in these carbon triple bonds, such as ethyne (C,H,). (b) Ethyne is commonly
food storage containers. used as fuel for welding torches.

(b)

FIGURE 10.1.9 (a) Hydrocarbons can form ring structures with single FIGURE 10.1.10 (a) Some molecules containing rings are unsaturated,
bonds, such as cyclohexane (C,H,,). (b) Cyclohexane is used by industry such as benzene (C,H,), which is found in crude oil. (b) In this image,
to make the starting materials f60r the manufacture of nylon. a textile is dyed using a dye based on benzene.
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FIGURE 10.1.11 The structure of a molecule
of methane (CH,) showing the tetrahedral
geometry. The solid wedge represents a bond
coming out of the page, whereas the dashed

wedge represents a bond going into the page.

STABILITY OF CARBON BONDS WITH OTHER ELEMENTS

The covalent bonds between carbon and other atoms each have a bond energy.
Bond energy is a measure of bond strength and is the amount of energy required
to break the covalent bond. The higher the bond energy, the stronger the bond.

The bond energies of a number of covalent bonds are listed in Table 10.1.4.
You can see that a carbon—carbon triple bond has a higher bond energy, and so is
a stronger bond than a carbon—carbon single bond. You can also see that there is
wide variation in the bond energies of single covalent bonds between carbon and
other elements.

TABLE 10.1.4 Bond energies in common organic molecules

Covalent bond Bond energy (kJ mol-1)

C=C 839
c=C 614
c-C 348
C-F 488
C-H 413
C-0 360
C-Cl 330
C-N 308
C-S 272

A single covalent bond between two carbon atoms, C-C, is very strong,
particularly compared to covalent bonds between other atoms of the same type; for
example O—0O, Si-Si and P-P. This is one of the reasons why only carbon tends to
form chain-like structures at the temperatures and pressures found on Earth, and
why it is carbon upon which life is built.

REPRESENTING ORGANIC MOLECULES

Before exploring organic molecules further, you should revise the different ways
that the formulas of molecules can be represented. The formulas used in this
course are:

¢ molecular formulas

¢ structural formulas

¢ condensed or semistructural formulas.

Molecular formulas

Molecular formulas such as C,H,O and C H O, indicate the number and type of
atoms of each element present in a molecule. However, they do not indicate how
the atoms are actually arranged.

Structural formulas

Structural formulas show the spatial location of atoms relative to one another in
a molecule, as well as the number and location of covalent bonds. Non-bonding
electrons (lone pairs) are often omitted for convenience.

When four single bonds are formed around a carbon atom, the pairs of electrons in
each bond act as a negatively charged cloud. Valence shell electron pair repulsion
(VSEPR) theory tells you that these electron pairs repel each other so the bonds are
as far apart as possible, at an angle to each other of nearly 109.5°. The structure of
methane, shown in Figure 10.1.11, is described as a tetrahedral shape because the
four single bonds are pointing to the corners of a tetrahedron (shown in red).

Molecules consisting of long chains of carbon atoms joined by single bonds
are often referred to as ‘straight-chain’ molecules. Because of the tetrahedral
distribution of each carbon’s bonds the chain actually has a zig-zag shape.
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Structural formulas showing a tetrahedral arrangement of bonds around carbon
atoms can become complicated and difficult to interpret. To make the structure
of these molecules clearer, the bonds are often drawn at right angles. These two
representations are shown in Figure 10.1.12.

(@) H H H H H H
x/ \/ \/ ,
0 N N N

/N /N /N
H HH HH H

STl
U
H H H H H H
FIGURE 10.1.12 (a) The six carbon chain of hexane (C,H, ). There is a tetrahedral arrangement of

bonds around each carbon atom. (b) The chain can be drawn in a straight line for convenience.

Semistructural formulas

A semistructural formula is used to indicate the connections in the structure of a
compound without showing the three-dimensional arrangement of atoms. The term
‘condensed formula’ is also used to describe this type of formula.

In a semistructural formula, the carbon chain is represented on one line of text.
The carbon atoms in the chain, and all the atoms attached to each of them, are
listed in the order that they appear in the structural formula. Single bonds are not
shown but double and triple carbon—carbon bonds are often shown. Groups of
atoms that form branches in a molecule are written in parentheses after the carbon
atom to which they are attached. Some examples of structural, semistructural and
molecular formulas are shown in Table 10.1.5.

TABLE 10.1.5 Examples of structural, semistructural and molecular formulas

Structural formula and name Semistructural Molecular
(condensed) formula formula

P|1 1|{ 1|{ I|{ CH,CH,CH,CH, C,Hyo
H—C—C—C—C—H
I .
H H H H
Butane
I]I T CH,=CHCH,CH, C,Hg
H—C—C—C—C—H
I
H H H H
But-1-ene
T CH,CH,CH(CH;)CH,NH, CsH 5N
H—C—H

T
— o
—

2-Methylbutan-1-amine
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ISOMERS

Isomers are molecules that contain the same number and type of atoms, arranged

in different ways. The existence of isomers is a major reason why there are so many

different carbon compounds. Isomers have the same molecular formula but they

can have different physical and chemical properties and so behave differently.
There are two main types of isomers:

e structural isomers

e stereoisomers. (Stereoisomers are discussed in section 10.2, page 281.)
Structural isomers form when the atoms in molecules with the same molecular

formula bond together in different arrangements. Two types of structural isomers

are chain isomers and positional isomers.

Chain isomers

Chain isomers are a consequence of the branching that is possible in the carbon
chains that form the backbone of any large organic molecule. Chain isomers of
alkanes can contain more than one alkyl group; some molecules may also have
more than one alkyl group attached to the same carbon atom.

Hexane is an example of an alkane with no branches. It has the molecular
formula C;H,, and its structure is shown in Figure 10.1.13.

H H H H H H

H—C—C—C—C—C—C—H

H H H H H H

FIGURE 10.1.13 Hexane is a single-chain hydrocarbon with single bonds that contains six carbon
atoms and fourteen hydrogen atoms.

Three of the chain isomers of hexane are shown in Figure 10.1.14. Each isomer
has a different name that represents their exact molecular structure. The naming of
chain isomers is described in the next section.

H
H H H H H_l_H
S asansduiEE
—C—C—H H H H H—C—C—C—C—H
| H—C—H | .
H | H H H
H—(|j—H H—C—H H—C|1—H
! ! !
CH,CH,CH,CH(CH,), CH,CH,CH(CH,)CH,CH, (CH,),CCH,CH,

FIGURE 10.1.14 Three chain isomers of hexane.

Positional isomers

Positional isomers can occur for organic molecules that contain functional
groups. Two molecules with the same carbon chain and functional group but
with the functional group attached to a different location in the molecule are called
positional isomers.

Alcohols are organic molecules that contain a hydroxyl (-OH) functional
group. A number of positional isomers can be drawn for an alcohol with the
molecular formula C,H, O. Like chain isomers, each positional isomer is given
a different name. Figure 10.1.15 shows two positional isomers, butan-1-ol and
butan-2-ol.
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H H H H
PR S S S
(:) o

H H
FIGURE 10.1.15 Two positional isomers of an alcohol with the formula C,H, 0.

It is important to realise that alkenes and alkynes also contain functional
groups—their double and triple carbon—carbon bonds. This means that positional
isomers can be formed when the multiple bond is located in different locations.
Figure 10.1.16 shows the two positional isomers of butene.

H H H H

H—C—C—C—C—H H—C—C—C—C—H
H

H H H H H H

Z—O0

but-1-ene but-2-ene

FIGURE 10.1.16 The two positional isomers of butene: but-1-ene and but-2-ene.

Positional isomers only exist for molecules that contain a functional group and
have a long enough carbon chain that different positions of the functional group
are possible. When drawing positional isomers, be careful that you do not just draw
the same molecule from a different perspective. You can see that the two structural
formulas of ethanol in Figure 10.1.17 do not represent positional isomers.

H H

(0] H H (6]

H—C—C—H H—C—C—H
- "

FIGURE 10.1.17 Two representations of the structure of ethanol (C,H.0). These are not positional
isomers; if the first structure is flipped over, it is identical to the second.

It is possible for structural isomers to form both positional and chain isomers.
Figure 10.1.18 shows two more isomers of an alcohol with the formula C,H, ,O.
They are chain isomers of the molecules shown previously in Figure 10.1.15, and
positional isomers of each other.

H
H H H H (|) H
PRSP 0 SRR S
Vo Vo
H—C—H H—C—H
! !

FIGURE 10.1.18 Two more molecules that are alcohols with the molecular formula C,H, 0.
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10.1 Review

Carbon has a valence number of four.

Carbon atoms form covalent bonds with each
other and with other non-metallic atoms such as
hydrogen, oxygen and nitrogen.

Carbon atoms can form single, double or triple
bonds with other carbon atoms.

Bond strength is the amount of energy required to
break a bond. The covalent bonds between carbon
and other non-metal atoms have different bond
strengths.

KEY QUESTIONS

Which of the following bonds is the most stable?
A C-S

B C-F

C C-CI

D C-O

Define:

structural formula
semistructural formula
saturated

unsaturated

positional isomer.

® o 0 T

The bonds with the highest strength also have the
highest stability.

Carbon compounds can have structural isomers and
stereoisomers. Structural isomers include chain and
positional isomers.

Chain isomers have the same molecular formula but
different branching of the carbon chain.

Positional isomers have the same molecular formula
but at least one functional group in different
positions on the carbon chain.

Which one or more of the following semistructural formulas represent

an alkane?

A CH,CH,

B CH,CHCHCH,

C CH,CH,CH,CH,
D CH,CH,CHCH,

a Which is the shortest alkane that can have chain isomers?

b Draw structural formulas for all the chain isomers of this alkane.

Explain why carbon chains in alkanes are not straight as commonly drawn

in structural formulas.

280
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10.2 Stereoisomers

Stereoisomers are isomers in which the atoms in two molecules are connected in
the same order, but have different arrangements in space. Stereoisomers differ in
their three-dimensional shape, so the name of this type of isomer begins with the
stem ‘stereo-’. Molecules that are stereoisomers can have very different chemical
properties.

There are two types of stereoisomers, called optical isomers and geometric
isomers, and they can be formed by a range of organic molecules. In this section,
you will learn about some simple examples of optical and geometric isomers.

OPTICAL ISOMERS

Optical isomers are a type of stereoisomer in which there is a different placement
of groups around one atom in a molecule. The molecules have exactly the same
molecular and semistructural formula.

These isomers are called optical isomers because they were first noticed by the
different way they interact with plane-polarised light. (You can read more about
this in the Extension box on page 285.)

Chirality

Substances that are optical isomers are said to be chiral. Two objects are chiral
when they are mirror images of each other and the mirror images cannot be
superimposed on top of each other.

The term ‘chiral’ comes from the Greek word for hand. Your hands are chiral
objects. One hand is a mirror image of the other. A left and right hand are not
superimposable in three dimensions. It is even simpler to think about your feet.
Again, your left and right feet are mirror images but cannot be superimposed.
Your left shoe does not fit on your right foot, as shown in Figure 10.2.1.

FIGURE 10.2.1 Your feet are chiral. They are mirror images but cannot be superimposed or fit in the
same three-dimensional space, meaning that a right foot does not fit in a left shoe.
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Another example of chiral objects is shown in Figure 10.2.2. The shell on the
right is a mirror image that cannot be superimposed onto the shell on the left.

.e'-f-‘fg‘,

FIGURE 10.2.2 These shells are chiral. The shell on FIGURE 10.2.3 This chair and butterfly each have a plane
the right is the mirror image of the shell on the left. of symmetry. The left side is exactly the same as the right.
It cannot be superimposed on the left-hand shell. This means the chair and the butterfly are achiral.

Achiral objects (objects that are not chiral) are objects whose mirror images
can be superimposed on the original. Chiral objects lack a plane of symmetry,
whereas objects that are achiral have at least one plane of symmetry. A plane of
symmetry exists when a three-dimensional figure can be divided into two halves
that are mirror images. You can see some examples in Figure 10.2.3.

Chirality in organic molecules

Organic molecules that are chiral include molecules with a carbon atom joined to
four different groups in a tetrahedral arrangement. A pair of chiral molecules are
called enantiomers.

In Figure 10.2.4, you can see that molecule A is a mirror image of molecule B.
The mirror image cannot be superimposed on the first molecule as the arrangement
of the four groups in space is different. When molecule A is rotated so that the red
and green groups are in the same position as in molecule B, the purple and yellow
groups are in different places. The two molecules are chiral.

rotation

/\

009 (s 3 v

mirror
A B A

FIGURE 10.2.4 The molecules A and B represented by these ball and stick models are a pair of
enantiomers.
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A carbon atom attached to four different groups is called a chiral centre.
A chiral molecule must contain at least one chiral centre. However, molecules with
more than one chiral centre are not always chiral molecules. A chiral molecule must
contain no planes of symmetry overall.

The molecule in Figure 10.2.5 is chiral and a pair of enantiomers is shown.
The carbon in the centre is attached to four different groups, which makes it the
chiral centre. Often the chiral centre is marked with an asterisk. The bonds from the
carbon to the hydrogen and chlorine are shown as simple lines to show that these
are flat against the page. The wedged line represents a bond coming out of the page
and the dashed wedge represents a bond going into the page. A rotated view of
enantiomer A is shown with the hydrogen and chlorine atoms in the same position
as enantiomer B. This results in the bromine and fluorine atoms being in different
places and shows that the mirror image is not the same.

rotation
H /i Ty, B Br ™ : T ~ H F e ‘ ~ H
F F Br
mirror
A B A

FIGURE 10.2.5 Bromochlorofluoromethane is a chiral molecule and has two enantiomers.

The molecule in Figure 10.2.6 does not contain a chiral centre because there
are two identical groups bonded to the carbon atom. It is an achiral molecule. The
mirror image of the molecule can be rotated to produce a structure that can be
superimposed on the original. They are the same molecule and are not enantiomers.

rotation

(|?1 Tl Tl

F F F
mirror

A B A

FIGURE 10.2.6 Chlorodifluoromethane is an achiral molecule because its mirror image can
be superimposed.

Identifying chiral centres

To identify a chiral centre, you need to determine if any of the carbon atoms in a
molecule have four different groups attached. As Worked Example 10.2.1 illustrates,
you often have to look further than just the next atom to see if the groups are
the same.
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Worked example 10.2.1
IDENTIFYING CHIRAL CENTRES IN ORGANIC MOLECULES

Identify any chiral centres in the following molecule. H
H (0] H
O
L/
H—C—C—C—C/
Ll No—n
H H H
Thinking Working
Eliminate the carbon atoms H This leaves one carbon atom that may
that cannot be chiral centres. | or may not be a chiral centre.
This includes all -CH; and H O H 0
—-CH,~ groups and any atom | | | V4
that is part of a double or triple H—EK—~C—g—
bond, because these carbon | | | AN
atoms cannot be bonded to H H H O—H
four different groups.
For each remaining carbon atom, H The remaining carbon atom has the
examine the groups attached | following groups attached:
to the atom. If there are four H (0] H 0 -CH,
different groups, the atom is a | | | / —H
chiral centre. H—C—C—C—C _OH
1711 No—n oncoom
The four groups are different so this
carbon atom is a chiral centre.
\ y Worked example: Try yourself 10.2.1
IDENTIFYING CHIRAL CENTRES IN ORGANIC MOLECULES
\ ( Identify any chiral centres in the following molecule.
|
P T
T
O H H H
| H—C—H
. |
H

Properties of enantiomers

Enantiomers have identical physical properties, apart from the way they rotate
plane-polarised light. For example, they have the same melting and boiling points
and the same solubility in water.

However, enantiomers usually interact differently with other chiral molecules.
The human body contains mainly chiral molecules, so molecules that are chiral
FIGURE 10.2.7 Carvone is a chiral molecule have different effects in the body. Figure 10.2.7 shows the example of the compound
with two enantiomers. The enantiomer on the carvone. One enantiomer of carvone has the odour of spearmint, whereas the other
left has the adour of spearmint. The enantiomer enantiomer has the odour of caraway seeds. Many pharmaceutical drugs exist as
on the right has the odour of caraway seeds. . . . . .

enantiomers, with only one enantiomer having a beneficial effect on the body.
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Rotation of plane-polarised light

Optical isomers were first discovered because of the different ways they rotate
plane-polarised light. This type of light is produced when light passes through
polaroid glass or film, which is used in some sunglass lenses. Plane-polarised
light contains waves that oscillate in a single plane.

When plane-polarised light shines through a chiral substance, its plane of
polarisation is rotated. Different substances rotate the light to different extents
and in different directions (clockwise or anticlockwise). A pair of enantiomers
rotate plane-polarised light by the same amount but in opposite directions
(Figure 10.2.8).

rotated
unpolarised plane-polarised plane-polarised
light light light

¥ =g

high-ir;censity chiral substance
light bulb fixed movable
polaroid lens polaroid lens

— o

detector

FIGURE 10.2.8 A chiral substance rotates plane-polarised light. The angle and direction of the
rotation between the fixed and movable polaroid lenses allow the different enantiomers to
be identified.

GEOMETRIC ISOMERS

Geometric isomers are another form of stereoisomer. These isomers can occur
when there is restricted rotation somewhere in a molecule. Restricted rotation can
occur about a carbon—carbon double bond or a ring.

cis—trans isomers

cis—trans isomers of alkenes occur because the atoms associated with the carbon—
carbon double bond are fixed in position.

Two atoms joined by a single bond can rotate freely around the single bond.
You might think that the two models shown in Figure 10.2.9 show different
molecules, but they are models of the same molecule because there is free rotation
around the single bond. The first structure can rotate around the central single
bond to look exactly the same as the second.

free rotation about this single bond

FIGURE 10.2.9 These two models represent the same molecule because the groups on either end
can rotate around the single bond.
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However, because of the way that the electrons are arranged in a double bond,
groups attached to carbons on either side are unable to rotate freely. The models
in Figure 10.2.10 represent two molecules that cannot be rotated to form the same
structure because a double bond is present.

Q

no rotation about this double bond

FIGURE 10.2.10 These two models represent different molecules because the groups on either end
cannot rotate around the double bond.

cis—trans isomers can occur when there are two different groups attached to each
carbon atom involved in the double bond. The different groups can be functional
groups or hydrocarbon chains of different lengths. There are two possible
arrangements: the groups can be on the same or opposite sides of the double bond.
If the groups are on the same side, the isomer is called the czs isomer. If the groups
are on opposite sides, the isomer is called the trans isomer.

Figure 10.2.11 shows the three possible structures of dibromoethene (C,H,Br,).
If both bromine atoms are attached to the first carbon atom, then it is called
1,1-dibromoethene. This molecule does not have geometric isomers. If the bromine
atoms are attached to different carbon atoms, then it is called 1,2-dibromoethene,
which has the semistructural formula BrCH=CHBr. There are two isomers that
may form: cis-1,2-dibromoethene and trans-1,2-dibromoethene.

Br H Br Br Br H
c—c¢ c—cC c—c¢C
Br H H H H Br
H H H CH, no geometric isomers cis isomer trans isomer
\ / \ / ’ 1,1-dibromoethene 1,2-dibromoethene
c—C c—C FIGURE 10.2.11 The possible structures of dibromoethene (C,H,Br,). Note the position of the
/ \ / \ bromine atoms in the cis and trans isomers.
H,C CH, HC H
cis-but-2-ene trans-but-2-ene When considering longer alkenes, it is the longest alkyl groups attached to the

carbon atoms in the double bond that are used to decide if the molecule is a cis

FIGURE 10.2.12 The two isomers of .
or trams 1SOmer.

but-2-ene both have the semistructural
formula CH,CH=CHCH,. The two methyl e In cis isomers, the longest alkyl groups on each carbon are located on the same

groups are on the same side of the double side of the double bond.
bond in the cis isomer. The methyl groups e In trans isomers, the longest alkyl groups on each carbon are located on opposite
are opposite each other in the trans isomer. .

sides of the double bond.
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10.2 Review

Stereoisomers are a type of isomer in which the
atoms in two molecules are connected in the same
order, but have different arrangements in space.
Optical isomers are stereoisomers in which there is
a different placement of groups around one or more
atoms in a molecule. The different arrangements of
atoms interact differently with plane-polarised light
and different chiral environments.

An object is achiral if it can be superimposed on its
mirror image.

An object is chiral if it cannot be superimposed

on its mirror image. A pair of chiral molecules are
called enantiomers.

A chiral centre is a carbon atom that is attached

to four different groups.

KEY QUESTIONS

1 Consider the nail and screw in Figure 10.2.13. Explain why one of the two

objects is chiral and the other is achiral.
\

FIGURE 10.2.13 Explain chirality using a nail and a screw.

—

Geometric isomers are stereoisomers that can occur
when there is restricted rotation somewhere in a
molecule. Restricted rotation can occur about a
carbon-carbon double bond or a ring.

cis—trans isomers are geometric isomers of alkenes
that occur when there are two different groups
attached to the carbon atoms at each end of a
carbon-carbon double bond.

In cis-trans isomers of alkenes, the atoms in the
isomers are joined in the same order, but have a
different arrangement in space (see Flgure 10.2.12
on page 286).

In cis isomers, the longest alkyl groups are attached
to the same side of the double bond.

In trans isomers, the longest alkyl groups are
attached to the opposite sides of the double bond.

Which numbered carbon in the molecule shown in Figure 10.2.14 is a

chiral centre?

LT
V4
H—lc—oi@ﬁc—“c/
| N
H H

FIGURE 10.2.14 Locate a chiral centre.
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a H O H b H Cl H
L L,
I 1
c H d H H H

N R o
BEERIEERE
H—C—C—C—C—C—H IL
N
JI

4 Look at the following alkenes.
a Which alkenes have cis—trans isomers?
b Which alkenes are cis isomers?
¢ Which alkenes do have not cis—trans isomers? Explain why.

i H H i H CH

N/ \ 3
C— C=—
/N /N
CH, CH,— TH— CH, H CH,
I
CH,
i H H v H CH,
N/
/N
CH, CH,CH, CH,CH, H
Cl H
N/
C—
/N
H Cl

5 Draw the enantiomer of the following molecule and show that it is a
non-superimposable mirror image of this molecule.
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10.3 Hydrocarbons

The simplest organic molecules are the hydrocarbons. Although they only contain
the elements carbon and hydrogen, the different ways their atoms can be arranged
to form molecules results in an enormous diversity of compounds. Crude oil, the
source of many hydrocarbons used in industry, contains a mixture of different
hydrocarbons and is shown in Figure 10.3.1.

In this section, you will learn about the molecules in the hydrocarbon families
of alkanes, alkenes and alkynes. You will learn about their molecular, structural
and semistructural formulas, as well as some of their isomers and the ways they
are named.

HOMOLOGOUS SERIES

The study of organic chemistry is simplified by grouping the millions of different
molecules that exist into families called homologous series. Compounds that are
members of the same homologous series have:

e similar structures

e similar chemical properties

¢ the same general formula

e a pattern to their physical properties.

Homologous series contain members that have increasingly longer chains.
These chains grow by the addition of a —CH,~ unit to the previous member of
the series. The hydrocarbons consist of three homologous series: the alkanes, the
alkenes and the alkynes.

ALKANES

Alkanes are saturated molecules, which means all of the carbon atoms in a molecule
have four single bonds. The Review section at the beginning of this chapter describes
the naming of alkanes. Alkanes have the general formula C H, ..

The molecular, structural and semistructural formulas of the first three members
of the homologous series of alkanes are shown in Table 10.3.1. You can see that
successive members differ by a ~-CH,— unit.

TABLE 10.3.1 Formulas of the first three members of the alkane homologous series

Structural formula Semistructural
formula

Methane H CH,
.
|
H

Ethane H H CH,CH,
I
Vol

Propane H H H CH,CH,CH,
0 S
VL

FIGURE 10.3.1 Crude oil burning in a Petri dish.
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Alkanes with more than three carbon atoms can form chain isomers. The

isomers are named according to the steps shown in Figure 10.3.2.

Identify the longest
continuous chain of
carbon atoms.

Number the carbon
Identify any atoms in the chain to give

alkyl side chains. — ™| thelowestnumberto [

attachment points.

Name the isomer.

FIGURE 10.3.2 The steps used to name isomers of alkanes.

In the naming of an isomer, the following conventions are also used.
Place the name of each alkyl group before the parent molecule name.

If there is more than one type of alkyl group, list the groups in alphabetical
order.

If there is more than one of the same type of alkyl group, use the prefix ‘di-’, ‘tri-’
or ‘tetra-’.

Specify the carbon atom to which each alkyl group is attached by a number
before the alkyl group.

Choose the direction of numbering to give the smallest possible number to each
alkyl group.

Do not have spaces in the name.

Use dashes to separate numbers from words.

Use commas to separate numbers from other numbers.

Worked Example 10.3.1 takes you through these steps for alkanes with more

than one alkyl branch.

Worked example 10.3.1
NAMING AN ISOMER OF AN ALKANE WITH MORE THAN ONE ALKYL BRANCH

Write the systematic name of the molecule with the following structure.

|
H—C—H
H—(|I—H
H H H H H
S S
A
H—C—H
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Thinking Working

Identify the parent name longest continuous chain
by counting the longest
continuous chain of carbon H
atoms. |
H— (|‘,—H
H—C—H
NN
S B A
H H H H H
H—T—H
H

There are six carbon atoms in the longest continuous chain,
so the parent name is hexane.

Identify any alkyl side
chains by counting the
number of carbon atoms in
any branches.

ethyl group

methyl group

There is one carbon atom in the first alkyl group, so it is a methyl
group. The second alkyl group has two carbon atoms, so it is an

ethyl group.
Identify the number(s) of H
the carbon atom(s) to which |
any alkyl group is attached. H—C—H
Count from the end that |
will give the lowest possible H—C—H
number to the carbons the
groups are attached to. T H T }|I T
T
H H H H H
H—(|Z—H
H
The methyl group is attached to carbon number 2 and the ethyl
group is attached to carbon number 3.
Assemble the name of the The name of the isomer is 3-ethyl-2-methylhexane.

isomer, listing alkyl groups
in alphabetic order with the
number of the carbon atom
before each group.
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Worked example: Try yourself 10.3.1
NAMING AN ISOMER OF AN ALKANE WITH MORE THAN ONE ALKYL BRANCH

Write the systematic name of the molecule with the following structure.
|
H—C—H
AEEEEy
R
H H H H H
H H

Cyclohexane

Cyclohexane is a hydrocarbon that is used as a solvent, in paint stripper and to
make other chemicals such as nylon. Figure 10.3.3 shows that the carbon atoms
in the cyclohexane molecule form a ring. Molecules that form rings are known as
cyclic molecules.

Although cyclohexane can be drawn as a hexagonal ring, it does not have
this shape in reality. The ability of the carbon atoms to rotate to a limited extent
around the single bonds means that the ring can take on different shapes. The most
common arrangement (or conformation) is known as the ‘chair’ conformation as it
is said to resemble the shape of a chair.

H H H L H
H—C ACH H\C//C}lI\T/H
AN | o

4 . H H

FIGURE 10.3.3 The structural formula of cyclohexane (C.H,,) and a representation of the most
common ‘chair’ conformation formed by the ring.

Just like straight-chain hexane, cyclohexane is a saturated molecule that contains
six carbon atoms. Because of the extra carbon—carbon bond that closes the ring
structure, there are two less hydrogen atoms, making the formula of cyclohexane
C¢H,,, whereas hexane is C.H,,. Cyclohexane is a member of the cycloalkane
homologous series.

ALKENES AND ALKYNES

Alkenes and alkynes are unsaturated hydrocarbons and contain at least one multiple
carbon—carbon bond. Because this bond is shared by a pair of carbon atoms, all
alkene and alkyne molecules must have two or more carbon atoms.

The homologous series of hydrocarbons that contains a carbon—carbon double
bond is called the alkenes. The molecular, structural and semistructural formulas
of the first three members of the homologous series of alkenes are shown in
Table 10.3.2.You can see that successive members differ by a ~CH,— unit. Alkenes
have the general formula C H, .

Alkenes with four or more carbon atoms can have structural isomers, where
the location of the double bond changes, as well as cis—trans isomers, where the
geometry of groups around the double bond changes.
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TABLE 10.3.2 Formulas of the first three members of the alkene homologous series

Molecular Structural formula Semistructural
formula formula
C,H, H /H

Ethene CH,=CH,
C=—=
H H
Propene C;Hg H H CH,=CHCH,
St
—C—H
7
H—C
| H
H
But-1-ene C,Hg H H H CH,=CHCH,CH,
St
—C—C—H
7
i—c” ||
| H H
H

The homologous series of hydrocarbons that contain a carbon—carbon triple
bond are called alkynes. They have the general formula C H, .

Just as with alkenes, alkynes with four or more carbon atoms have structural
isomers. However, alkynes do not form cis—trans isomers.

Representations of the first three members of the homologous series of alkynes

are shown in Table 10.3.3.

TABLE 10.3.3 Formulas of the first three members of the alkyne homologous series

Molecular Structural formula Semistructural
formula formula

Ethyne C,H, H—C=C—H CH=CH
Propyne C;H, H CH=CCH,

H—C=C—C——H

H
But-1-yne C,Hg T T CH=CCH,CH,
H—C=C—C— T—H
H H

Naming alkenes

The rules for naming alkenes follow the rules used for alkanes. In addition, the
following conventions are applied.

¢ Use the ending ‘-ene’ for the parent name.

¢ Number the carbon atoms from the end of the chain closest to the double bond.

¢ Specify the position of the double bond by the number of the lowest-numbered
carbon atom in the double bond.

¢ Insert the number into the name immediately before ‘-ene’.
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e Indicate cis and rrans isomers by writing ‘cis-> or ‘trans-"in front of the compound’s
name.
The flowchart in Figure 10.3.4 shows the steps involved in naming an alkene.

Identify the longest Identify any

continuous chain of >

carbon atoms. alkyl side chains.

Number the chain

by identifying the

lowest numbered
carbon in the
double bond.

Identify if the molecule
is a cis or trans
isomer.

Name the isomer.

)
)

FIGURE 10.3.4 The steps used to name alkenes.

Worked example 10.3.2
NAMING A cis-trans ISOMER OF AN ALKENE

Write the systematic name of the following alkene.

H\ /CH3
C=C\
H,C—CH, H
Thinking Working
Identify the parent name by counting the longest H leH
continuous chain of carbon atoms. \ / }
o ——)
C—C\
Hie==CH, H

There are five carbon atoms in the longest continuous chain, so the
parent name is pentene.

Identify any alkyl side chains by counting the
number of carbon atoms in any branches.

There are no alkyl side chains.

Number the chain from the end closest to the
double bond and identify the lowest numbered
carbon atom in the double bond.

IcH

3

4

HC—CH H

H
)
o,
The lowest numbered carbon atom in the double bond is 2, so the
parent name becomes pent-2-ene.

Number any alkyl side chains using the numbers
of the carbon atoms to which they are attached.

There are no alkyl side chains.

Identify whether the molecule is a cis or trans
isomer.

H,C—CH, H

Both of the carbons in the double bond are attached to a hydrogen
atom and another carbon in the chain. The carbon atoms are on
opposite sides of the double bond so this is a trans isomer.

Name the isomer.

The name of the isomer is trans-pent-2-ene.
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Worked example: Try yourself 10.3.2
NAMING A cis-trans ISOMER OF AN ALKENE

Write the systematic name of the following alkene.

N_/
C=—=
\
CH, CH,— TH—CHz
L
CH

Naming alkynes

The rules used for naming alkynes also follow the rules used for alkanes and alkenes.
In addition, the following conventions are applied.

¢ Use the ending ‘-yne’ for the parent name.

¢ Number the carbon atoms from the end of the chain closest to the triple bond.

e Specify the position of the triple bond by the number of the lowest-numbered
carbon atom in the triple bond.

¢ Insert the number into the name immediately before ‘-yne’.

BENZENE

Benzene is an unsaturated cyclic hydrocarbon molecule. Its structure consists of six
carbon atoms arranged in a ring. Three of the four outer-shell electrons from each
carbon atom form normal covalent bonds, but the fourth electron is delocalised
(shared) around all six carbons.

The structure of benzene, shown in Figure 10.3.5,is sometimes represented with
alternating double and single bonds. Due to the shared nature of the delocalised
electrons, it is more correct to describe each carbon as having one and a half
bonds to each neighbour. For this reason, the bonds are often represented as a ring
of normal single bonds with a circle inside the ring.

(a) (b) (c)

H
H | H
O 0-0 ©
SN
H | H
H

FIGURE 10.3.5 Representations of benzene’s (C,H,) molecular structure showing (a) the delocalised
electrons in green, (b) a shorthand representation with alternating double and single bonds,
(c) the delocalised electrons represented as a circle inside the hexagon of carbon atoms.
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10.3 Review

Alkanes are the simplest hydrocarbons. Their
molecules contain carbon and hydrogen atoms and
all bonds between atoms are single covalent bonds.
Alkanes have the general formula C H,, ..
Alkanes can have structural isomers.

Cyclohexane is a saturated cyclic hydrocarbon with
the molecular formula C.H, .

The naming of isomers of alkanes follows a set

of rules.

Alkenes are a homologous series of hydrocarbons
that contain a carbon—carbon double bond.

Alkenes have the general formula C H,,.

Alkenes can have both structural and cis-trans
isomers.

cis—trans isomers occur when there are two different
groups attached to each carbon atom in the carbon-
carbon double bond.

Alkynes are a homologous series of hydrocarbons
that contain a carbon-carbon triple bond.

Alkynes have the general formula C H, ..

KEY QUESTIONS

Name the following molecules.

a H H CH b H
I — e |
H—(|J—C|‘,—C|—CEC—H T
CH, H CH, H\C/C
H/|
H

Draw the structure of:

a 2,3-dimethylpent-2-ene

b cis-4-ethylhex-2-ene

¢ 5-ethyl-2-methylhept-3-yne
d 2,2-dimethyloct-3-yne.

» Alkynes can have structural isomers, but not
cis—trans isomers.

» The naming of isomers of alkenes and alkynes
follows these additional rules:

— Identify the longest unbranched carbon chain.
This gives the parent name for the molecule.

The ending of the parent name is ‘-ene’ or ‘-yne’.

— Number the carbons in the chain from the end
of the chain that gives the smallest numbers
to the double- or triple-bonded carbons.

— A number is used to indicate the location of the
double bond in alkenes and the triple bond in
alkynes if there is more than one possible location
for the group in the molecule.

— The number and position of any alkyl side chains
are given at the beginning of the molecule’s
name.

Benzene is an unsaturated cyclic hydrocarbon with

the formula CH,.

c H H

— H H \C//H
|/H H H \c/ Ho
. \/H/\ \/

Which two of the molecules in Question 2 are structural isomers?

Draw all of the possible structural isomers with the formula C,H,,.

__________________________________________________________________________________________
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10.4 Functional groups—Part 1

Most organic compounds can be regarded as derivatives of hydrocarbons which
have one or more hydrogen atoms replaced by other atoms or groups of atoms
called a functional group. You can revise the concept of functional groups in the
Review section at the beginning of this chapter (page 272).

The presence of a particular functional group in a molecule gives a substance
certain physical and chemical properties. For example, vinegar and wine
(Figure 10.4.1) both contain organic molecules based on ethane. The difference
between their tastes and other properties is due to the different functional groups
in each molecule.

In this section, you will explore three homologous series:
¢ haloalkanes
¢ alcohols
* primary amines.

You will learn about the functional groups in each of these families of molecules
as well as how to name them.

HALOALKANES

Haloalkanes are a homologous series derived from alkanes, in which one hydrogen
atom is replaced with a halogen atom.

Haloalkanes are used widely in industry as flame retardants, refrigerants,
propellants, pesticides (Figure 10.4.2), solvents and pharmaceuticals. Some
haloalkanes are ozone-depleting chemicals and their use has been phased out in
many applications.

[ R N 1 NS e T SRR e AR e
FIGURE 10.4.2 Bromomethane (CH,Br) is a colourless, odourless, non-flammable gas that was used

as a pesticide in the past. This photo shows a field covered in plastic sheeting to minimise loss of the
pesticide from the soil.

(b)

FIGURE 10.4.1 (a) Vinegar and (b) wine contain
molecules with two carbon atoms. Vinegar
contains ethanoic acid with a carboxyl functional
group and wine contains ethanol with a hydroxyl
group.
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The halogen elements are in group 17 of the periodic table. All halogen atoms
have seven valence electrons, which means they can form a single covalent bond
with carbon atoms. The halogen elements that commonly form halo functional
groups in organic compounds are fluorine, chlorine, bromine and iodine.
Table 10.4.1 includes the names, structures and uses of some haloalkanes.

TABLE 10.4.1 Names, structures and uses of some haloalkanes

Structural formula Semistructural
formula

Chloromethane | CH,CI Refrigerant
H—C|—H
H
Bromochlorodifluoromethane Cl CBrCIF, Fire
| extinguishers
Br—C|I—F
F
lodoethane 1 H CH,CH, Production of
| | chemicals
H H
1-Bromopropane H H Br CH,CH,CH,Br  Industrial
| | | solvent
T
H H H

Naming haloalkanes

The names of haloalkane functional groups are derived from the name of the
halogen, as shown in Table 10.4.2.

TABLE 10.4.2 Names of the haloalkane functional groups

Fluorine Fluoro-
Chlorine Chloro-
Bromine Bromo-
lodine lodo-

The rules for naming haloalkanes follow the rules for naming alkanes. In

addition, the following conventions are applied.

e Place the name of the specific halo functional group at the start of the parent
alkane’s name.

e If positional isomers are possible, use numbers to indicate the carbon to which
the halo function group is attached.

¢ Number the carbons of the parent chain, beginning at the end of the first halo
group or alkyl side chain.

e If there is more than one of the same type of halogen atom, use the prefix ‘di-’,
“tri-’ or ‘tetra-’.

e If more than one type of halo functional group is present, list them in alphabetical
order.
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TABLE 10.4.3 Examples of haloalkanes and their names

m Semistructural formula Structural formula

Bromomethane CH,Br H
H—C—H
Br
1,1-Dichloroethane CH,CHCI, Cl H

1-Chlorobutane CH,CH,CH,CH,CI H E H H
o

ey

2-Chloro-2-fluorobutane  CH,CCIFCH,CH, H C H H
S S

U

ALCOHOLS

Ethanol is a member of the homologous series of alcohols. Alcohols contain
a hydroxyl (-OH) functional group attached to a saturated carbon atom.
A representation of the hydroxyl group is shown in Figure 10.4.3.

Figure 10.4.4 shows the structural and semistructural formulas of three alcohols.
You can think of the hydroxyl group as taking the place of a hydrogen atom in
an alkane.

H
H H H (‘) H
N R i I 0
| RN
methanol butan-2-ol
CH,OH CH,CH,CHOHCH,
CH, CH, CH,

CH,— CH— CH,— CH—CH,—CH—CH,— CH— CH,— O——H

CH

3
2,4,6,8-tetramethylnonan-1-ol
(CH,),CHCH,CH(CH,)CH,CH(CH,)CH,CH(CH,)CH,0H

FIGURE 10.4.4 Structural and semistructural formulas of three alcohols. Each contains the hydroxyl
functional group (shown in red). Note that the non-bonding electron pairs on the oxygen atom are
often omitted in structural formulas.

lone electron
| / pairs
_(lj .0 H

FIGURE 10.4.3 Alcohols contain the hydroxy!
functional group, —OH (in red above). There

are two pairs of non-bonding electrons on the
oxygen atom.
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Types of alcohols
Alcohols are classified according to the number of alkyl groups attached to the
carbon bonded to the hydroxyl group. The three different types of alcohols are:
e primary alcohols
¢ secondary alcohols
e tertiary alcohols.
The definition of each type and examples are shown in Table 10.4.4. Alkyl
groups are represented by the general symbol R.

TABLE 10.4.4 The three different types of alcohols. The hydroxyl group is shown in red

Type of Definition General formula
alcohol

Primary The carbon
bonded to the
—-OH group is only
bonded to one

H

C—OH H—C—C—0—H
alkyl group.
H

Secondary The carbon
bonded to the
—-OH group is also
bonded to two
alkyl groups.

|
R_

|

R

|
H—C— OH
l

Tertiary The carbon atom R
bonded to the |
—OH group is also
bonded to three R— C—OH H—C—H

alkyl groups. | H H T

Naming alcohols

Alcohol names follow the rules used for alkanes, except that the ‘-¢’ at the end of the

parent alkane’s name is replaced with the suffix ‘-ol’.
The following rules also apply.

e Identify the parent name from the longest carbon chain containing the hydroxyl
group.

e If positional isomers are possible, a number is inserted before the ‘-ol’ to indicate
the carbon to which the hydroxyl functional group is attached.

e Number the carbon chain commencing at the end closest to the hydroxyl group.
Table 10.4.5 shows some examples.
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TABLE 10.4.5 Examples of naming alcohols. These three structures are all isomers of C,H,,0

m Semistructural formula | Structural formula

Butan-1-ol CH,CH,CH,CH,OH H H H H
RRREE
(0] H H H
H
This is an example of a primary alcohol.
Butan-2-ol CH,CHOHCH,CH, H H H H

H—C—C—C—C—H

H (0] H H

H

This is an example of a secondary alcohol.

(CH,),COH H

H—C——H
H H

H—C—C—C—H

H (0] H

H

This is an example of a tertiary alcohol.

2-Methylpropan-2-ol

PRIMARY AMINES

Amines are a homologous series of organic compounds that contain the amino
functional group. An amino functional group consists of one nitrogen atom
covalently bonded to two hydrogen atoms as shown in Figure 10.4.5.

Amino functional groups with two hydrogens and one alkyl group are called
primary amines. Unlike alcohols, amines are classified as ‘primary’, ‘secondary’ and
‘tertiary’ according to the number of alkyl groups attached to the nitrogen atom.
Secondary and tertiary amines exist, but these compounds are not covered in this
course. Some primary amines are shown in Figure 10.4.6.

H H H

H H H H H H H H
methanamine ethanamine butan-2-amine
CH,NH, CH,CH,NH, CH,CHNH,CH,CH,

FIGURE 10.4.6 Structural and semistructural formulas of three primary amines. The amino functional
group is shown in red. Primary amines have one carbon atom bonded to the nitrogen atom.

CHAPTER 10 | STRUCTURE AND NOMENCLATURE OF ORGANIC COMPOUNDS

—C—N—H

H

FIGURE 10.4.5 Primary amines contain the
amino functional group, —=NH, (in red above).
There are two non-bonding electrons on the
nitrogen atom.
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CHEMFILE

Amines, chocolate and happiness

An active ingredient in chocolate (Figure 10.4.7) is the primary amine
2-phenylethanamine.

2-Phenylethanamine is also produced in the pleasure centres of the brain and has the
effect of generating a general sense of wellbeing or happiness, as well as temporarily
raising blood pressure and blood glucose levels.

Eating chocolate provides you with a boost of 2-phenylethanamine, so the reason
eating chocolate might make you feel happy is partly due to organic chemistry!

FIGURE 10.4.7 Chocolate contains an amine that makes humans feel happy.

Naming amines

Amines are named in a similar way to alcohols. The ‘-¢’ at the end of the parent
alkane’s name is replaced with the suffix ‘-amine’. If positional isomers are possible,
a number is inserted before ‘-amine’ to indicate the carbon to which the amino
functional group is attached. Table 10.4.6 shows two examples.

TABLE 10.4.6 Examples of naming amines

m Condensed formula Structural formula

Ethanamine CH,CH,NH, H H
H_H_“
H H H
Butan-2-amine  CH,CHNH,CH,CH, H
-
H H H
P S0 S S
kb
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10.4 Review

* Organic molecules containing functional groups + Haloalkanes, alcohols and primary amines can be
include: regarded as being derived from alkanes. The name
- haloalkanes, which contain the halo groups -F, of the parent alkane is used as the basis for
—Cl, -Br and - their names.
- alcohols, which contain hydroxyl (-OH) groups — Haloalkanes are named by adding the prefix for
- primary amines, which contain amino (-NH,) the halogen.
functional groups. — Alcohols are named by replacing the ‘-e’ at the

end of the parent alkane with the suffix ‘-ol’.

— Primary amines are named by replacing the ‘-e’
at the end of the parent alkane with the suffix
‘-amine’.

— When isomers exist, a number is used to specify
the position of the functional group.

KEY QUESTIONS

1 Give the systematic name for the molecule in Figure 10.4.8.

H H Br F

H

FIGURE 10.4.8 Molecule structure.

2 Write the semistructural formula of 3-chloro-2-fluoro-2-iodohexane.

3 Draw the structure and then write the name of a tertiary alcohol with the

molecular formula CH,,0.

4  Give the systematic names of:
a CH,CH,CH,Br
b (CH,),CHCH,CHCICH,
¢ CH;(CH,),CH,0OH
d CH,(CH,);CHNH,(CH,),CH,
5 Explain why the names 1-chloroethane and propan-3-amine are not used.
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FIGURE 10.5.1 The strong and often pleasant
odours of organic chemicals are used
in perfumes.

L ..
O
||

PN

FIGURE 10.5.2 The carbonyl functional group.

The non-bonding pairs of electrons shown
on the oxygen atom are often not included in
structural formulas.

10.5 Functional groups—Part 2

In this section you will look at five more homologous series:
¢ aldehydes
* ketones
e carboxylic acids
e primary amides
* esters.
You will learn about the functional groups and structures of the molecules of
each homologous series, as well as the rules for naming carboxylic acids and esters.
The molecules in these homologous series are responsible for many natural
fragrances as well as in essential oils and pheromones (Figure 10.5.1). They are
also synthesised commercially to produce particular smells and flavourings.

ALDEHYDES AND KETONES

Molecules of aldehydes, ketones, carboxylic acids, amides and esters all contain
a carbonyl functional group as shown in Figure 10.5.2. A carbonyl functional
group consists of a carbon atom connected to an oxygen atom by a double bond.
All atoms bonded to the carbon atom are in a plane and the angles between bonds
are 120°. The naming of aldehydes and ketones is not covered in this course.

Aldehydes

In aldehydes, the carbonyl group is always at the end of the hydrocarbon chain.
As shown in Figure 10.5.3, the carbon atom of the carbonyl group is bonded to a
hydrogen atom. The carbonyl functional group in an aldehyde is always written as
—CHO at the end of the semistructural formula of aldehydes.

The simplest aldehyde, HCHO, is commonly known as formaldehyde and is
used to preserve biological specimens, including embalming human remains.

H o H H H o O

. . u
H—C—C H—C—C—C—C C

Y IR o

H H H H

CH,CHO CH,CH,CH,CHO CH.CHO

FIGURE 10.5.3 Structural and semistructural formulas of three aldehydes. Each contains a carbonyl
functional group with a hydrogen atom attached, shown in red.

Ketones

In ketones, the carbonyl carbon is attached to other carbon atoms. This means
that the carbonyl group is never at the end of the molecule, as you can see in
the examples in Figure 10.5.4. In semistructural formulas, the carbonyl functional
group in a ketone is simply written as —CO—.

The simplest ketone, CH,COCHy,, is commonly called acetone and is a useful
polar organic solvent, frequently found in nail polish remover and paint thinner.
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A—O

\
V% H/
AN

/\

N

’ H el
(0]

H H H
C,H,COCH, CH,CH,COCH, CH,COCH(CH,)CH,CH,

FIGURE 10.5.4 Structural and semistructural formulas of three ketones. Each contains a carbonyl
functional group (shown in red) attached to two hydrocarbon groups.

CARBOXYLIC ACIDS //o

Carboxylic acids are a homologous series that contain the carboxyl functional
group. The carboxyl functional group (Figure 10.5.5) consists of a carbonyl group
attached to a hydroxyl group. 0O—H

The carboxyl functional group is represented in a semistructural formula FIGURE 10.5.5 Structure of the carboxyl
as ~COOH and is always located at one end of a hydrocarbon chain. Figure 10.5.6  fynctional group.
shows the structural and semistructural formulas of three carboxylic acids.

—C

Naming carboxylic acids (@)
Carboxylic acid names also follow the rules used for alkanes, except that the ‘-¢’ at ‘ ‘
the end of the parent alkane’s name is replaced with the suffix ‘-oic acid’. As the

carboxyl group is always on the end of a chain, the carbon atom in the carboxyl

group is always carbon number 1. Table 10.5.1 shows three examples. HCOOH
TABLE 10.5.1 Examples of naming carboxylic acids (b)
H H H (0}
m Semistructural formula | Structural formula | | | ‘ ‘
Ethanoic acid CH,COOH I|{ 0 H—C—C—C—C—0—H
- Ll
1|{ 0—H CH,CH,CH,COOH
Butanoic acid CH,CH,CH,COOH H H H 0 ©
L7 HooHoo
N L
H—C—C—C—0—H
H H H O—H |
2-Methylbutanoic ~ CH,CH,CH(CH,)COOH H H H 0 H
acid ‘ ‘ ‘ // He—Cc—n
H—C—C—C—C |
| N i
HH (CH,),CHCOOH
H—C—H

FIGURE 10.5.6 Structural and semistructural

‘ formulas of three carboxylic acids. Each

H contains a carboxyl functional group shown in
red. Note that molecules (b) and (c) are isomers
with the molecular formula C,H,0,.
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FIGURE 10.5.7 Structure of the amide functional
group in a primary amide.

PRIMARY AMIDES

0 Primary amides contain a carbonyl functional group attached to an amino functional
|| group. They are similar to carboxyl groups, except that the —OH is replaced with
— C—N—H -NH, (Figure 10.5.7).

| The nitrogen atom in primary amides is bonded to two hydrogen atoms.
Secondary and tertiary amides exist, but these compounds are not covered in this
course. The amide functional group is represented in a semistructural formula
as —CONH, and is always located at one end of a hydrocarbon chain. The structural
and semistructural formulas of three primary amides are shown in Figure 10.5.8.

H

306

ﬁ H H H ﬁ (6]

H—C—N—H H—C—C—l—C—N—H ! H
| oY

H H |

H

H H H
HCONH, CH,CH,CH,CONH, C,H.CONH,

FIGURE 10.5.8 Structural and semistructural formulas of three amides, with the amide functional
group shown in red.

CHEMFILE

Urea and organic chemistry

Urea ((NH,),CO) is a small amide, which is the end product of the breakdown of
proteins by mammals and is excreted in urine. This naturally produced urea can be
used as a source of nitrogen to promote plant growth (see Figure 10.5.9).

Friedrich Wohler, a German chemist, synthesised urea in his laboratory in 1828 by
treating silver cyanate with ammonium chloride. In a letter to a colleague Waohler
excitedly wrote: ‘I must tell you that | can make urea without the use of kidneys,
either man or dog.’

Wohler's synthesis of urea was remarkable because it was the first time someone had
made an organic molecule. This discovery established the field of synthetic organic
chemistry, which is responsible for millions of products in our society.

FIGURE 10.5.9 Urea is used commercially in fertiliser.
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ESTERS

Esters are produced by the reaction of a carboxylic acid with an alcohol. The ester 0
functional group (Figure 10.5.10) contains a carbonyl group attached to an //
oxygen linked to another carbon. It is similar to a carboxylic acid group, but the —C
hydrogen of the —OH is replaced by an alkyl group. \
Figure 10.5.11 shows the structural and semistructural formulas of three esters. o—
In semistructural formulas, the ester functional group is usually written as —-COO-.  FIGURE 10.5.10 Structure of the ester functional
group.

H H O H H
H—C—C—C—0—C—C—H CH,CH,COOCH,CH,

H H H H

H H (0] H H H H
H—C—C—C—0-—C—C— C— C—H CH,CH,COOCH,CH,CH,CH,

H H H H H H

H (0] H
H—C—0—C—C—H CH,COOCH,

H H

FIGURE 10.5.11 Structural and semistructural formulas of three esters. Each contains the ester
functional group shown in red.

Naming esters

The names of esters consist of two words. The name is built up from the names of
the alcohol and carboxylic acid that reacted to form it. The first part is based on the
number of carbon atoms in the chain attached to the singly bonded oxygen (-O-).
The second part of the name is based on the number of carbon atoms in the chain
containing the carbonyl group.

In the example in Figure 10.5.12, the chain attached to the single —O- contains
one carbon atom, while the chain containing the carbonyl is three carbon atoms long.

The —O- section of an ester is derived from an alcohol and contributes the first
word of the name. The name of the alcohol is adapted by changing the ‘-ol’ suffix
to “-yl’.

The section containing the carbonyl group is derived from a carboxylic acid
and contributes the second word of the name. The name of the carboxylic acid is
adapted by changing ‘-oic acid’ to ‘-oate’.

methyl propanoate,

. . CH.CH,COOCH
Using these rules, you can work out that the name of the ester shown in 3T 3
Figure 10.5.9 is methyl propanoate. FIGURE 10.5.12 Esters are named using
The names, semistructural and structural formulas of some other esters are mg nvzglrgcsutl)jsed on the two alkyl chains in

shown in Table 10.5.2 (page 308), with the part of each molecule derived from
an alcohol in red and the part of each molecule derived from the carboxylic acid
in blue.
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TABLE 10.5.2 The names, semistructural and structural formulas of three esters

m Semistructural formula | Structural formula

Ethyl ethanoate CH,COOCH,CH, H (0} H H

Propyl propanoate  CH,CH,COOCH,CH,CH,

Propyl ethanoate CH;COOCH,CH,CH, H (o)

CHEMFILE

Esters, sweet flavours and strong aromas

Esters are responsible for some of the natural and synthetic flavours and smells found in
ice creams, lollies, flowers and fruit (Figure 10.5.13). Table 10.5.3 lists the names of some
esters with distinctive smells or flavours.

Your favourite perfume or cologne is likely to contain esters that are responsible for its
distinctive and appealing odour.

TABLE 10.5.3 Some sweet smelling esters

Pentyl propanoate  Apricot

Ethyl butanoate Pineapple
Octyl ethanoate Orange

2-Methylpropy! Raspberry
methanoate

Ethyl methanoate  Rum

Pentyl ethanoate Banana

FIGURE 10.5.13 Esters are responsible for many of the flavours and odours of fruit.

308  AREA OF STUDY 1 | HOW CAN THE DIVERSITY OF CARBON COMPOUNDS BE EXPLAINED AND CATEGORISED?



10.5 Review

The carbonyl group (-CO-) is a component of a
number of functional groups.

Aldehydes and ketones are homologous series that
contain a carbonyl group on its own.

The carbonyl group is at the end of a hydrocarbon
chain in aldehydes and within a hydrocarbon chain
in ketones.

Carboxylic acids are a homologous series of
molecules that contain the carboxyl group (-COOH)
at the end of a hydrocarbon chain.

Carboxylic acids are named using the suffix

Primary amides are a homologous series of
molecules that contain the amide group (-CONH,)
at the end of the hydrocarbon chain.

Esters are a homologous series of molecules

that contain an ester group (-COO-) within the

hydrocarbon chain.

Esters have a two-word name.

— The first part of the name comes from the section
derived from an alcohol and the ‘-ol’ suffix is
changed to ‘-yl'.

— The second part of the name is derived from the

‘-oic acid’. section that comes from a carboxylic acid and the

suffix ‘-oic acid’ is changed to ‘-oate’.

KEY QUESTIONS

1 What homologous series do each of the following molecules belong to?

|| /

a 0] b H
C 0O—~C
N AN
H,C C|H2 /CH2
CH H,C
VRN
H,C CH,
c 0 d ¢}
C C
N RN
HN CH, HC (|)
CH CH
VRN PN
H,C CH, H,C CH,
2 Write the systematic name for the following molecules.
a HCOOCH,
b HCOOH

¢ CH,CH,CH,COOCH,CH,CH,
d CH;COOCH,
e CH;(CH,),COOCH,CH,
3 Draw and name an isomer of HCOOCH,,
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FIGURE 10.6.1 According to the IUPAC rules,
the active ingredient in the antiseptic Dettol has
the name 4-chloro-3,5-dimethylphenol.

OH
Cl
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10.6 An overview of IUPAC
nomenclature

In the early 1960s, the International Union of Pure and Applied Chemistry
(IUPAC) endorsed a common naming system for carbon compounds. These rules
are regularly updated and are used worldwide to enable scientists to communicate
with each other. The rules ensure that a carbon compound is given a unique name
that provides useful information about its structure and distinguishes it from
any isomers.

The rules specify the names for different parts of an organic molecule and may
include both words and numbers to indicate locations of functional groups and
alkyl branches (for example, see Figure 10.6.1).

This section will summarise and extend your knowledge of the rules that you
learnt in the previous sections for naming organic compounds. You will also learn
how to name organic molecules that contain two different functional groups.

IUPAC NOMENCLATURE

IUPAC nomenclature is the term used to describe the set of rules by which
chemists can name a given compound. The rules can be used in reverse to derive a
structure from the JUPAC name. IUPAC names of organic molecules can be short
or very long, but, whether simple or complex, most [UPAC names follow the same
basic pattern.

All organic molecules can be thought of as being derived from a hydrocarbon
parent molecule, which provides the basis for the name of the molecule. Part of the
TUPAC name reflects which alkane is the parent molecule.

The TUPAC name also indicates which functional groups are present in the
molecule by adding a suffix to the end of the name or a prefix to the beginning
of the name. The positions of functional groups are indicated by numbers. As an
example, the meaning of each part of the name butan-2-ol, an alcohol, is shown in
Figure 10.6.2 along with its structural formula.

The 2 indicates the functional
group is on the second carbon

The but indicates the atom in the hydrocarbon chain.

parent molecule has
4 carbon atoms.

butan-2-ol «— The ol indicates the
molecule is an alcohol.

The an indicates the parent
molecule is an alkane.

H
H (|) H H
RN
H—C—C—C—C—H
L b

FIGURE 10.6.2 The name and structural formula of butan-2-ol. The colours of each part of the name
correspond with the section of the structure that it represents.
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SUMMARY OF IUPAC RULES FOR NOMENCLATURE

The following conventions are used for naming organic molecules.

¢ There are no spaces in a name, apart from the two-word names of esters and
carboxylic acids.

e The longest carbon chain is used to derive the parent name. The longest
chain must include the functional group for alkenes, alkynes, alcohols, amines,
carboxylic acids and esters.

¢ The names and locations of branches and additional functional groups are
added to this parent name.

¢ Numbers are used to identify the carbon atom that groups are attached to.

¢ Numbers and letters are separated by dashes.

¢ Numbers are separated from other numbers by commas.

¢ The names of branch alkyl groups are added before the parent name.

e If there is more than one type of functional group to be listed at the beginning
of a name, they are listed in alphabetical order.

e If there is more than one of the same type of functional group, the prefixes
‘di-’, “tri-’ or ‘tetra-’ are used. Each group is still given a number to indicate its
position on the carbon chain.

The presence of a particular functional group identifies the homologous series

a molecule belongs to and changes the molecule’s name, as shown in Table 10.6.1.

TABLE 10.6.1 The identity, functional groups and naming conventions of the homologous series.

Homologous Functional Semistructural | Naming convention
series group name formula

Alkane Not applicable Not applicable  Suffix -ane
Alkene Carbon-carbon  -C=C- Suffix -ene
double bond
Alkyne Carbon-carbon  -C=C- Suffix -yne
triple bond
Haloalkane Halo -F, -Cl, -Br, - Prefix fluoro-, chloro-, bromo- or
iodo-
Alcohol Hydroxyl -OH Suffix -ol
Occasionally prefix hydroxy-
Amine Amino -NH, Suffix -amine
Occasionally prefix amino-
Carboxylic acid  Carboxyl —-COOH Suffix -oic acid
Ester Ester -CO0- Two-word name with suffixes -yl
and -oate
Aldehyde Carbonyl -CHO Not covered in this course
(aldehyde)
Ketone Carbonyl -CO- Not covered in this course
Amide Amide —-CONH, Not covered in this course

Naming organic molecules with a functional group and alkyl

side chain

Organic molecules with functional groups can also have alkyl side chains. The
names of alkyl groups are placed in alphabetical order in front of the parent name.
The carbon chain is numbered from the end closest to the functional group to give
the lowest possible number to the functional group.

This procedure is illustrated in Table 10.6.2 (page 312) with the naming of the
structural isomers of an alcohol with the molecular formula C H,,O .
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TABLE 10.6.2 Names of isomers of an alcohol with the molecular formula C,H,,0

H H H H Butan-1-ol
e,
A
H Butan-2-ol
H H (|) H
D D
ook
T 2-Methylpropan-1-ol
H—C—H
H H
| |
H—C—C—C—0—H
I
H H H
H 2-Methylpropan-2-ol
H—(|3—H
H H
H—(|J—C—(|J—H
I
!

Naming organic molecules with two functional groups

Many organic molecules have more than one functional group. If the functional
groups are the same, a multiplier (di-, tri- etc.) can be used. If the molecule has
different functional groups, you will need to know which one has the highest priority
in order to work out what numbers and names to use.
TUPAC has designated a priority system for functional groups (Table 10.6.3).
In an organic molecule with two functional groups, the following naming
conventions are used.
e The functional group with the highest priority is assigned the lowest possible
number and the suffix for this functional group is used in the name.
e The lower priority functional group is indicated by a prefix or alternative name.
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TABLE 10.6.3 IUPAC functional group priorities

Functional group Alternative name
(when needed)

Highest priority carboxy! -oic acid
hydroxyl -ol hydroxy-
amino -amine amino-
alkene -ene -an- becomes -en-
alkyne -yne -an- becomes -yn-
Lowest priority halo - halo-

This priority system is illustrated in Table 10.6.4 with the naming of molecules
with two functional groups.

TABLE 10.6.4 Naming molecules with two functional groups

N

H H H (0) 3-Hydroxybutanoic acid
b
L
|
H
H H 2-Aminoethanol
H—O0— l — l —N—H
L
T }|I I|{ }|I C|1 5-Chloropentan-2-ol
H—C—C—C—C—C—H
L
H (0] H H H
|
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Worked example 10.6.1
NAMING AN ORGANIC MOLECULE WITH TWO FUNCTIONAL GROUPS

Name this molecule according to IUPAC rules.

H H H H

H—C—C—C—C—H

H OH H NH,

Thinking

Working

Identify the parent name by counting
the longest continuous chain of
carbon atoms.

There are four carbons in the longest
chain, so the parent name is butane.

Identify the functional groups present.

The two functional groups present are
hydroxyl and amino.

Determine which functional group has
the higher priority and determine the
prefixes and suffixes to use.

The hydroxyl group has the higher
priority, so the molecule will end in -ol.
The amino group has lower priority
and so the prefix amino- will be used.

Number the carbon chain, giving
the highest priority group the lowest
number possible.

H H H H

1| 2| 3| 4|
H—C—C—C—C—H

H OH H NH

Determine the number of the carbon
each functional group is attached to.

The —OH is attached to carbon 2 and
-NH, is attached to carbon 4.

Use the functional group names and
carbon numbers to construct the
full name.

The name of the molecule is
4-aminobutan-2-ol.

Worked example: Try yourself 10.6.1
NAMING AN ORGANIC MOLECULE WITH TWO FUNCTIONAL GROUPS

Name this molecule according to IUPAC rules.
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10.6 Review

« IUPAC nomenclature is a set of rules for naming an
organic compound.
+ The naming of organic molecules follows a series
of steps.
— ldentify the longest unbranched carbon chain to
determine the parent name.

— Number the carbon chain so that the carbon
attached to the highest priority functional group
has the lowest number.

— Insert numbers before each functional group.

— When multiples of a functional group are present,
use a multiplier (e.g. ‘di-").

— Name functional groups by prefixes or suffixes,
depending on their priority.

KEY QUESTIONS

1 Draw the structural formula of the functional group of each of the following
homologous series.

a Alkyne b Carboxylic acid

¢ Aldehyde d Amide

e Alcohol f Ester

2 Write the systematic name for the following molecules.

a H b H NH, H H H
© e u o B S S S S S
Ll | .

H—C—C—C—C—0—H H H H H
] H—C—H
H H H |

H
F

H H H H H H
H—C——H
H—l—H
L

3 Draw the structure of:

a but-3-ynoic acid

b 4-chloropent-1-en-2-amine

¢ trans-6-bromohept-4-en-2-ol

d 3,4-diethylhex-3-ene.

a Write the semistructural formulas based on the following incorrect names.
i 3-Aminoprop-1-ene
ii 2-Chloropentan-5-oic acid
iii 1-Ethyl-1-hydroxyprop-2-ene

b Explain why each name is incorrect and give the correct name.
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Chapter review

KEY TERMS

achiral

alcohol

aldehyde

alkane

alkene

alkyl group

alkyne

amide

amide functional group
amine

amino functional group
benzene

bond energy

bond strength

carbonyl functional group

chain isomers

chiral

chiral centre

cis isomer

cis-trans isomers
cyclic molecule
delocalised electrons
electronic configuration
enantiomer

ester

ester functional group
functional group
geometric isomer
halo functional group
haloalkane

hydrocarbon
hydroxyl functional
group
isomers
IUPAC nomenclature
ketone
molecular formula
optical isomers
organic molecule
parent molecule
plane of symmetry
positional isomer
primary alcohol
primary amine
saturated molecule

side chain

stem name

stereoisomer

structural formula

structural isomers

tertiary alcohol

tetrahedral

trans isomer

unsaturated molecule

valence number

valence shell electron pair
repulsion (VSEPR) theory
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carboxylic acid
carboxylic functional group

halogen
homologous series

Diversity of carbon compounds

1 The structure of 1-chloropentane is shown in
Figure 10.7.1.

FIGURE 10.7.1 1-Chloropentane

a How many positional isomers can be drawn of this
structure?
b Draw and name all the possible isomers of this
structure.
2 How is a chain isomer different from a positional
isomer?
3 Structures with the molecular formula C,Hg can
be both chain and positional isomers. Write three
semistructural formulas of C,Hg to explain the
relationship between positional and chain isomers.

Stereoisomers

4 Draw the structures of the chiral molecules named
below and label the chiral centres with an asterisk.
a Butan-2-amine
b 1-Chloropropan-2-ol
¢ 4-Bromopentan-2-ol

5 Draw the structure of cis-but-2-en-1-ol.

6 What types of isomers exist for pent-3-en-2-ol?

secondary alcohol
semistructural formula

Hydrocarbons
7 What is the molecular formula of:

a an alkane with molar mass 72 g mol-1?

b an alkene with molar mass 84 g mol-1?

¢ an alkyne with molar mass 54 g mol-1?

d a hydrocarbon with molar mass 98 g mol-1?
8 How many isomers of pentane exist?

9 Explain why 2-ethylpentane is an incorrect name
for the alkane.

Functional groups—Part 1
10 What elements are present in the following functional
groups?
a Amino
b Chloro
¢ Hydroxyl
11 Use propan-1-ol and propan-2-ol to explain the
difference between a primary and secondary alcohol.
12 Determine the systematic name of each of the
following compounds.
a CH,CHNH,CH,OH
b CH,CHOH(CH,).CH,CI
¢ CH,;CH,CH,CH,CHNH,CHICH,

Functional groups—Part 2

13 What is the structural difference between an aldehyde,
a ketone, a carboxylic acid and an amide?

14 Why are carboxyl and primary amide groups only
found at the end of a carbon chain?
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An overview of IUPAC nomenclature Connecting the main ideas
15 Name each of the following molecules. 16 Draw the structure of:
a heptyl propanoate

a H (0) .
| || b trans-4-iodo-3-methylpent-2-ene
H c c ¢ cis-oct-4-enoic acid
N 2 YN d 3-methylbutan-1-amine.
(|: /C\ OH 17 Write the semistructural formulas of:
H H H a cis-oct-3-enoic acid
b methyl hexanoate
b 0 ¢ 3-fluoropropan-1-ol
| d 4-hydroxybutanoic acid
o e 2,3-dimethylpentan-1-amine.
H\ /H | 18 Convert the following structures to semistructural
. c c formulas.
H
NN N 2w w4 ow  m
| /\H | Dmn i N/ | _w
BeooHOH o w SO SO N,
c 0 H H H H H ¢ i
I N/ \/ A
NN I . :
.
n | 7N [TE | _n
H H H H C
d H \ / |/H
H | H SO O H
AN g ~
C H HO C C\
| | | _w /N | TH
H C c c” H H !
\C/ | \C/ \C/ g
c H H H
VAN \/ ]
H H
/NN
e H /C C H
| n | I
F—C H (0)
>C—CEC—H d H
H | H\ |/Cl
H H—C—C
/ AN .
f H H /C—C:C—H
B / "
C—H H H
NS T
D \/ |
H H C 0 C
| N N N\
H
| I /N
H o) H H
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19 Explain why each of these names is incorrect, then 21 For each of the substances whose molecular formulas

determine its correct name. are given below:
a But-4-ene i draw a structural formula of a molecule with this
b 2-Hydroxyethanamine formula
¢ 4-Chlorohex-5-yne ii name the molecule you have drawn.
d 2-Chloro-3-ethylbutane a C,H,,Cl
e 2,2-Dimethylpent-3-ene b CH,,0
f 1-Bromo-1,1-dipropylmethane ¢ C,H.O,
20 The semistructural formulas of some organic d C,Hg0,
compounds are given below. For each compound: e C;H; N

i identify the homologous series to which
it belongs

ii give its systematic name.

CH4(CH,);CH,OH

CH,(CH,),CHCI(CH,),CH,

CH;CHOH(CH,);CH,

CH,(CH,);CO0H

CH,CH,CHNH,CH,

(CH,),CH(CH,);CH,

(CH,),C=CH,

m =~ 0® Q 0 T 9
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CHAPTER

Properties and reactions
of organic compounds

Life on Earth is often referred to as being carbon based. This is because the
structures of living things on Earth are based mainly on organic compounds.
The growth and decay of living things involve a series of reactions in which
these organic compounds are made, decomposed or changed from one form
into another.

For example, photosynthesis and respiration in plants are processes that involve
organic reactions. Building muscle and other tissues, digesting food and decaying
of dead organisms all involve reactions of organic compounds. Therefore, the
reactions of organic compounds are vital to life.

The industrial production of many chemicals also involves organic reactions.
These include the manufacture of paints, plastics, pharmaceuticals and even
some foods.

At the end of this chapter, you will be able to describe some specific chemical
reactions involving organic compounds, including oxidation, addition and
condensation reactions.

You will learn that the functional groups of compounds are usually involved in
chemical reactions and, as a result, members of a homologous series usually
undergo similar reactions because they have the same functional group.

Key knowledge

« An explanation of trends in physical properties (boiling point, viscosity) and
flashpoint with reference to structure and bonding
Organic reactions, including appropriate equations and reagents, for the
oxidation of primary and secondary alcohols, substitution reactions of
haloalkanes, addition reactions of alkenes, hydrolysis reactions of esters,
the condensation reaction between an amine and a carboxylic acid, and
the esterification reaction between an alcohol and a carboxylic acid
The pathways used to synthesise primary haloalkanes, primary alcohols,
primary amines, carboxylic acids and esters, including calculations of atom
economy and percentage yield of single-step or overall pathway reactions

VCE Chemistry Study Design extracts © VCAA (2015); reproduced by permission.




11.1 Boiling points and solubilities
of organic compounds

The functional groups that are present in organic compounds are responsible for
many of their chemical and physical properties. For example, the properties of
methanoic acid (formic acid) HCOOH (Figure 11.1.1) are largely determined by
the presence of the polar, acidic carboxyl functional group in its molecules.

FIGURE 11.1.1 Green tree ants weave leaf nests in the Gardner Plateau on the Kimberley Coast in
Western Australia. Weaver ants can inflict painful bites and often spray methanoic acid directly at
the bite wound, resulting in intense discomfort.

In this section and section 11.2, you will consider the effect of functional groups
on physical properties such as boiling point, solubility and viscosity. Differences in
chemical properties will be discussed in sections 11.3 and 11.4.

PHYSICAL PROPERTIES OF ALKANES, ALKENES, ALKYNES
AND HALOALKANES

Boiling points of alkanes

Table 11.1.1 lists the boiling points of the first six alkanes from methane to hexane.
The boiling points increase as the size of the alkane molecule increases.

TABLE 11.1.1 Boiling points of the first six alkanes

_ Molecular formula Boiling point (°C)

Methane CH, -162
Ethane C,Hg -89
Propane C;Hg -45
Butane C Hio 0.3
Pentane CHy, 36
Hexane CeHi 69
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Because alkane molecules are non-polar, the only intermolecular forces of
attraction between them are weak dispersion forces. As the length of the carbon
chain increases, the overall forces of attraction between molecules also increase
(Figure 11.1.2). The dispersion forces between molecules increase because of the
increased strength of temporary dipoles within the molecules. Because the boiling
point of a molecular substance is determined by the strength of the intermolecular
forces, boiling point increases as alkane chain length increases.

H H H H H H H
PR P S S S0 S
| I
H H H H H H H

H H H

H H H H
PR S SR S S S S
] ]

H H H H H H

FIGURE 11.1.2 Dispersion forces are the strongest forces between alkane molecules. As molecules
become longer, the dispersion forces become stronger.

Molecular shape also influences the strength of dispersion forces and, therefore,
boiling points. Straight-chain alkanes are able to fit together more closely and tend
to have higher boiling points than their corresponding branched-chain isomers,
which are unable to come as closely together in the bulk substance.

Figure 11.1.3 shows how the shapes of butane and its branched isomer
methylpropane influence the strength of the dispersion forces between the
molecules. Butane (CH,CH,CH,CH,) boils at —0.5°C, whereas methylpropane
((CH,);CH) boils at —11.7°C. Although both molecules have the same molecular
formula of C,H, ,, molecules of CH,CH,CH,CH, have a greater surface area and
can fit more closely together, allowing more contact between the molecules and
forming stronger intermolecular bonds.

o The strength of dispersion forces between molecules depends on the size and
shape of the molecules.

Boiling points of alkenes, alkynes and haloalkanes

Alkenes and alkynes, like alkanes, are hydrocarbons. These molecules are non-polar
and the forces of attraction between them are only weak dispersion forces. As you
can see in Table 11.1.2, members of these homologous series have relatively low
boiling points similar to those observed for the alkanes with the same number of
carbon atoms.

Like the alkanes, the boiling points of alkenes and alkynes increase with molecular
size as the strength of dispersion forces between molecules increases.

TABLE 11.1.2 Boiling points of molecules containing four carbons with different functional groups

Butane (C,H,.) -0.5
But-1-ene (C,Hg) -6.3
But-1-yne (C,H,) -8.1
Chlorobutane (C,H,Cl) 78

CH CH
CH3/ . 2 CHZ/ . 3

© _CH._ ° CH
cH  ’T~cH

butane

+ less compact molecule
* molecules are closer

* boiling point —0.5°C

methylpropane

* more compact molecule

* molecules are further apart
* boiling point -11.7°C

FIGURE 11.1.3 Molecular shape affects boiling
point. Dispersion forces between butane
molecules are stronger than those between
methylpropane molecules because butane
molecules are less compact and can come
closer together.
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H H

|6+ o—
H —.,C—Cl

|6+ d—
H—C—Cl H

| ...'. |5+ 6_ |
H H—C—C \H

H dipole-dipole
interaction

FIGURE 11.1.4 The carbon—chlorine bond in
chloromethane is polar because the chlorine
atom is more electronegative than the carbon
atom. The presence of this permanent dipole
allows for the formation of dipole—dipole
attractions between chloromethane molecules.

€ The addition of polar functional
groups to a hydrocarbon increases
the boiling point for molecules of
a similar size when compared to
purely non-polar families.

FIGURE 11.1.5 Water molecules are held to
each other by hydrogen bonding.
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Haloalkanes contain bonds that are quite polar. Chloromethane is a member
of the haloalkane homologous series and contains a polar carbon—chlorine bond as
shown in Figure 11.1.4. Like all alkanes, chloromethane contains weak dispersion
forces between molecules. However, the presence of the carbon—chlorine dipole
allows dipole-dipole attractions to also occur. Because the dipole—dipole
attractions are stronger than the dispersion forces, the boiling points of the
haloalkanes are generally higher than those of alkanes with a similar number of
carbon atoms, as seen in Table 11.1.2 (page 321).

Solubility in water

The non-polar nature of alkanes, alkenes and alkynes makes them insoluble in
water. You will recall from Unit 1 Chemistry that water molecules are polar and
held together by strong hydrogen bonds (Figure 11.1.5). The weak dispersion
forces between water molecules and hydrocarbon molecules are not strong enough
to overcome the strong attraction between water molecules so the two substances
remain separate and do not mix.

For example, when hexane is added to water, it simply forms a layer on top
of the water because hexane is less dense than water and the two liquids cannot
dissolve in each other. Liquids that do not mix are said to be immiscible.

As a result of the polar halogen—carbon bond in haloalkanes, haloalkanes are
slightly more soluble than hydrocarbons in water. However, the solubility is still
very low because the overall influence of the dipole—dipole interaction is small. The
influence of the halogen decreases as the length of the carbon chain increases.
Many haloalkanes are denser than water and, unlike the hydrocarbons, these liquids
settle to form a layer on the bottom when added to water.

Crude oil is a mixture of many different compounds. Most of these compounds
are hydrocarbon compounds of varying lengths. While there are some alkenes in
crude oil, many of the hydrocarbons are alkanes. Because alkanes are generally
less dense than water, when crude oil spills occur at sea the crude oil floats on the
surface, forming a thick insoluble layer. As the oil layer is moved by the waves of
the sea, the oil can spread over many hundreds of square kilometres. The presence
of the thick oil layer can have disastrous consequences for marine and bird life. Oil
that reaches the shore, like the oil spill shown in Figure 11.1.6, has drastic effects
on beaches and wildlife.

FIGURE 11.1.6 Qil spills at sea can contaminate shorelines and are very difficult to clean due to the
lack of solubility of the oil in water. Other non-polar solvents or physical methods are required to
disperse or remove the oil.
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Solubility in organic solvents

Alkanes mix with other non-polar liquids such as alkenes and symmetrical
haloalkanes. This is because the forces of attraction between molecules of these
liquids are also weak dispersion forces and of similar strength to the alkane—alkane
forces of attraction. Therefore, these liquids are miscible; that is, they are soluble
in each other.

Many commercial cleaning agents contain non-polar liquids that are useful for
removing oil stains. White spirit is a mixture of alkanes and other hydrocarbons
obtained by the refining of crude oil. White spirit is a useful cleaning agent because
it can dissolve other non-polar liquids, such as oils and greases. It is used as a
solvent in aerosols and in the home as a degreasing solvent. White spirit is also used
for cleaning paintbrushes and as a general cleaning agent (Figure 11.1.7).

FIGURE 11.1.7 White spirit contains a mixture of
alkanes. It is a useful solvent for other non-polar
liquids.

EXTENSION

A non-polar haloalkene

Tetrachlorethene is a solvent commonly used by commercial dry cleaners Cl Cl

in Australia. It is also known as perchloroethene or ‘perc’. This compound is \ /

a haloalkene as seen by the structure shown in Figure 11.1.8. The molecule C=—C

contains polar carbon-chlorine bonds, but the molecule is symmetrical, so the / \

dipoles cancel each other. This makes the overall molecule non-polar. The non- Cl Cl

polar liquid can dissolve oil and grease from fabrics without the use of water FIGURE 11.1.8 Tetrachlorethene is symmetrical

or detergents. An advantage that chloroethene has over hydrocarbon solvents and therefore non-polar. It is commonly used
is that it is also non-flammable as a solvent in the dry-cleaning industry.

PHYSICAL PROPERTIES OF ALCOHOLS, CARBOXYLIC
ACIDS, AMINES AND AMIDES

Compounds from the four homologous series alcohols, carboxylic acids,
amines and amides will be considered together because their molecules contain
functional groups that can form hydrogen bonds. The ability of molecules to form
hydrogen bonds has a significant effect on their properties.

Boiling points

Hydrogen bonds are the strongest of the intermolecular forces and, as a result,
molecules that can form hydrogen bonds generally exhibit higher boiling points.
You can see in Table 11.1.3 that alcohols, carboxylic acids, amines and amides have
higher boiling points than alkanes of similar molecular mass.

TABLE 11.1.3 Comparison of boiling points of compounds with different functional groups based on
molecular mass

58 -1

Alkane Butane Cirlhg

Alcohol Propan-1-ol C;H,0H 60 97.2
Carboxylic acid Ethanoic acid CH,COOH 60 118
Amine Propan-1-amine C;H, NH, 59 49
Amide Ethanamide CH,CONH,, 59 210
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FIGURE 11.1.9 The red dotted line shows the
hydrogen bonds that form between molecules
such as ethanol that contain the polar hydroxyl
functional group.
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FIGURE 11.1.10 Hydrogen bonding between
(a) amine molecules and (b) amide molecules.

Boiling points of alcohols

The higher boiling points of the alcohols are due to the presence of hydrogen bonds
between neighbouring alcohol molecules. In contrast, the only type of bonding
present between non-polar alkane molecules is much weaker dispersion forces.

You will recall from Unit 1 Chemistry that oxygen is a more electronegative
atom than hydrogen, so the oxygen—hydrogen bond in the hydroxyl functional
group is a polar bond. Figure 11.1.9 shows how hydrogen bonding occurs between
the partially charged hydrogen atom in the —OH group on one alcohol molecule
and a non-bonding electron pair on the oxygen atom of a neighbouring alcohol
molecule. The presence of the hydrogen bonds results in the higher boiling points
observed.

Boiling points of amines and amides

The presence of highly polar nitrogen—hydrogen bonds in amine and amide
molecules means that these molecules can also form hydrogen bonds. The formation
of hydrogen bonds between amines and amides is illustrated in Figure 11.1.10.

In amines, the hydrogen bonds form between the non-bonding pair of electrons
on the electronegative nitrogen atom and the partially positive hydrogen atom
on another amine molecule. In amides, hydrogen bonds form between the non-
bonding electron pairs on the oxygen atoms of one molecule and the partially
positive hydrogen atom on a neighbouring molecule. The strength of the hydrogen
bonding between molecules explains the relatively high boiling points of amines
and amides when compared to hydrocarbon molecules of similar size.

Boiling points of carboxylic acids

Hydrogen bonding also has a marked effect on the boiling points of carboxylic
acids. Figure 11.1.11 shows how two molecules of a carboxylic acid in the liquid
state can form dimers in which two hydrogen bonds occur between the molecules.

5 8+
O:+H—O
V4 \
HC—C C— CH,
\ 7
O—H - 0O
-

FIGURE 11.1.11 Hydrogen bonding between two ethanoic acid molecules results in the formation
of a dimer.

The dimer produced is a stable species that has a molar mass that is double
that of a single carboxylic acid molecule. The increase in size that results from
the formation of the dimer increases the strength of the dispersion forces between
one dimer and its neighbours. The higher dispersion forces combined with the
hydrogen bonds between molecules results in the higher boiling point observed for
carboxylic acids when compared to most other organic molecules of similar size.

Figure 11.1.12 highlights the higher boiling points of the carboxylic acid
homologous series compared to alcohols.
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FIGURE 11.1.12 Boiling points of the carboxylic acid homologous series increases with increasing
molar mass. The boiling points are higher than the boiling points of alcohols because of the
formation of dimers stabilised by hydrogen bonds between molecules.

Effect of chain length on boiling point

The boiling points of alcohols, amines, amides and carboxylic acids increase as
molar mass increases. For example, in alcohols the intermolecular hydrogen
bonding between the —OH groups results in the higher boiling points. As the length
of the hydrocarbon chain or ‘tail’ increases from one member of the homologous
series to the next, the molar mass of the alcohols increases. With the increase in
molecular size, the dispersion forces between molecules also get stronger. So the
boiling points of alcohols increase as molar mass increases (Figure 11.1.12).

The three-dimensional structure of molecules can also affect the boiling point of
a compound. In the case of alcohols, in addition to the impact of branching on the
strength of dispersion forces, the position of the hydroxyl within the molecule affects
the hydrogen bonding. Figure 11.1.13 shows molecular models for three isomers
of butanol: butan-1-ol, butan-2-ol and 2-methylpropan-2-ol. These isomers are
examples of primary, secondary and tertiary alcohols, respectively.

You can see from the models that the hydroxyl group becomes increasingly
‘crowded’ from the primary alcohol through to the secondary and tertiary alcohol
isomers. The presence of the alkyl groups restricts a molecule’s ability to form
hydrogen bonds with other molecules. For this reason, the boiling points of these
alcohols decrease in the sequence from primary to secondary to tertiary alcohol, as
seen inTable 11.1.4.

TABLE 11.1.4 The boiling point of primary to secondary and tertiary alcohols with the formula C,H,0H

Butan-1-ol Primary 118
Butan-2-ol Secondary 100
2-Methylpropan-2-ol Tertiary 82

FIGURE 11.1.13 Molecular models of the
three isomers of butanol: (a) butan-1-ol,
(b) butan-2-ol, (c) 2-methylpropan-2-ol.
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Solubility
Solubility in water

Small alcohols and amines dissolve well in water because hydrogen bonds can form
between the polar functional groups of the molecules and adjacent water molecules.
For alcohols, the hydrogen bonds form between the partially positive hydrogen atom
of the hydroxyl group and the lone-pair electrons of an adjacent water molecule
(Figure 11.1.14a). There is also attraction between the partially positive hydrogen
within the water molecules and the lone-pair electrons on the alcohol. This is how
ethanol dissolves in water in alcoholic drinks, such as beer or wine.

When amines interact with water molecules (Figure 11.1.14b), hydrogen bonds
can form between the lone-pair electrons of the nitrogen and the partial positive
hydrogen of an adjacent water molecule or between the hydrogen of an amine
group and an oxygen of an adjacent water molecule.

(a) (b)
[ |
o}
H—C—C—H HLO:
| | oo
- oes S5— .
H 3§ P —H6+ :06—H6+ H .O.: .H6L°N'6_ CH,
LN ]
5+ |
H H H6+
0=
H

FIGURE 11.1.14 Hydrogen bonding between water molecules and (a) an ethanol molecule and
(b) an amine molecule.

Small amide and carboxylic acid molecules are also soluble in water. When
carboxylic acids dissolve in water, hydrogen bonding occurs between water
molecules and both the C=0 group and the —OH group, making these compounds
more soluble than alcohols in water (Figure 11.1.15).

The high solubility of carboxylic acids and alcohols explains why they are
frequently found in solutions, such as citric acid and vitamin C in orange and
lemon juice (see Figure 11.1.16).

5+
H
s & |
H O:+-H—O
N/ 8-
H—C—C
AN - o+
H O—H:--- O—H
65— 6+
H 0 O—H
5+ FIGURE 11.1.16 The presence of a large number
FIGURE 11.1.15 A small carboxylic acid of polar carbonyl and hydroxyl functional
molecule, such as ethanoic acid, is soluble in groups in a molecule of vitamin C makes
water due to hydrogen bonding between the it highly soluble in water. (Carbon atoms in
carboxyl functional group and water molecules. the structure have been omitted for clarity.)
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Solubility and chain length

The graph in Figure 11.1.17 shows the solubility of three alcohols. The solubility
of alcohols, amines, amides and carboxylic acids in water decreases with increasing
length of the carbon chain.

87 — CH,CH,CH,CH,0H
7.9 g/100 g H,0
o, 67
o
o0
=
=
4
>
5 CH,CH,CH,CH,CH,OH
5 I
3 5 2.3 g/100 g H,0
CH,CH,CH,CH,CH,CH,0H
0.6 g/100 g H,0
I I I I I
70 80 90 100 110

Molar mass (g mol™)

FIGURE 11.1.17 The solubility of alcohols in water decreases with increasing carbon chain length.
This trend is also observed for other polar hydrocarbons such as amines, amides and carboxylic
acids.

The longer hydrocarbon chains disrupt the hydrogen bonds between water
molecules. While the hydroxyl group of an alcohol, for example, can form hydrogen
bonds with water molecules, the hydrocarbon ‘tail’ cannot. Only dispersion forces
occur between the hydrocarbon chain and water molecules, which are not as strong
as hydrogen bonds, opposing the tendency for the molecule to dissolve. As the
chain length increases, the non-polar nature of the molecule also increases and the
alcohol becomes less soluble.

Solubility in organic solvents

In contrast to their solubility in water, alcohols become more soluble in organic
solvents as they get larger. This is because organic solvents—such as hexane,
benzene and toluene—are non-polar. Only relatively non-polar alcohols with long
hydrocarbon chains dissolve well in non-polar solvents.

Small alcohols such as ethanol, which are very soluble in water, do not dissolve
as well in organic solvents. The dispersion forces between their hydrocarbon chains
and the solvent are not strong enough to disrupt the hydrogen bonds that hold the
alcohol molecules together. Therefore, the alcohol molecules do not separate and
disperse throughout the solvent.

The solubilities of amines, amides and carboxylic acids in organic solvents show
similar trends to those of alcohols.
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FIGURE 11.1.18 (a) A carbonyl bond is polar.
(b) Dipole—dipole attractions between ketone
molecules.
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FIGURE 11.1.19 Hydrogen bonds form between
the negatively charged electron pair on the
oxygen atom in a carbonyl group and the
positively charged hydrogen atom in a water
molecule.
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PHYSICAL PROPERTIES OF ALDEHYDES, KETONES
AND ESTERS

Aldehydes, ketones and esters can be considered together because they are
composed of molecules that are held together by dipole—dipole attractions. Their
molecules cannot form hydrogen bonds with each other because they do not have
a hydrogen atom bonded to an oxygen atom or a nitrogen atom in their molecules.

Boiling points

Aldehydes, ketones and esters all contain a carbon—oxygen double bond. Oxygen
is much more electronegative than carbon, so the carbon—oxygen double bond
is polar. This means that molecules of aldehydes, ketones and esters contain a
permanent dipole, which can form dipole—dipole attractions with nearby molecules.
The dipole—dipole interactions that arise between ketone molecules are shown in
Figure 11.1.18.

The strength of these dipole—dipole bonds between molecules give aldehydes,
ketones and esters higher boiling points than similar sized alkanes. However, their
boiling points are not as high as similar-sized alcohols because dipole—dipole bonds
are not as strong as hydrogen bonds.

A comparison of the boiling points of members of each of these homologous
series with that of an alkane is shown in Table 11.1.5.

TABLE 11.1.5 Comparison of boiling points of similar mass organic molecules from different
homologous series

Homologous Semistructural formula Molar mass (g mol) Boiling point
series (%)

Alkane CH,CH,CH,CH, -05
Alcohol CH,CH,CH,0H 60 97
Aldehyde CH,CH,CHO 58 48
Ketone CH,COCH, 58 56
Ester HCOOCH, 60 32

Effect of chain length on boiling point

As the hydrocarbon chain lengths of aldehydes, ketones and esters increase, their
boiling points increase because the strength of the dispersion forces between
molecules also increases. This trend is similar to that observed for alcohols and
other compounds described earlier.

Solubility
Solubility in water

Molecules of aldehydes, ketones and esters cannot form hydrogen bonds with each
other. However, Figure 11.1.19 shows how hydrogen bonds can form between a
lone pair of electrons on the oxygen atom of the carbonyl group and the partially
positive hydrogen atoms in water molecules. The strength of this interaction is
enough to make small aldehydes, ketones and, to a lesser extent, esters quite soluble
in water.

As for other soluble organic compounds such as alcohols, when the non-polar
hydrocarbon chain length of aldehydes, ketones and esters increases, their solubility
in water decreases.

Solubility in organic solvents

As the non-polar hydrocarbon chain length of aldehydes, ketones and esters
increases, they become more soluble in non-polar solvents. This is opposite to the
trend observed in water.
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11.1 Review

The boiling points of organic molecules are
determined by intermolecular forces. Dispersion
forces are always present and there may also be
dipole—dipole attractions or hydrogen bonds.

The strength of dispersion forces between alkane
molecules depends on the size and shape of

the molecules.

The only forces of attraction between molecules of
the alkane, alkene and alkyne homologous series
are dispersion forces. Molecules of haloalkanes are
attracted to each other by dipole-dipole attractions,
as well as by dispersion forces.

Molecules of aldehydes, ketones and esters have
polar carbonyl functional groups and they are
attracted to each other by dipole-dipole attractions.
Molecules of alcohols, carboxylic acids, amines and
amides contain functional groups that can form
hydrogen bonds with other molecules.

KEY QUESTIONS

1 Complete the following paragraph by filling in the gaps with the appropriate

words.
Butane is a member of the

Alkanes are
between water molecules and alkane molecules are
between water molecules.

Comparing molecules of similar size in different
homologous series, it is generally true that their
boiling points increase in the order:

alkanes, alkenes, alkynes < aldehydes, ketones,
esters < alcohols, carboxylic acids, amines, amides.
The solubility of organic molecules in water is
determined by the way the water molecules interact
with the molecules of the solvent. This is affected
by the polarity of functional groups and the length
of the non-polar hydrocarbon tails.

Alkanes, alkenes, alkynes and haloalkanes are
insoluble in water.

The smaller members of the aldehyde, ketone,
ester, alcohol, amine and amide homologous series
are generally soluble in water. Solubility rapidly
decreases as the chain length increases.

Alkanes, alkenes and alkynes are soluble in non-
polar organic solvents.

The solubility of aldehydes, ketones, esters, alcohols,
amines and amides in non-polar organic solvents
increases as the chain length of the molecules
increases.

homologous series. The forces
of attraction holding butane molecules to each other are

As the chain length of alkanes increases, their boiling points .
in water. This is because the forces of attraction

than the

Arrange the following compounds in increasing order of boiling point.

Provide reasons for your answer.

CH,CH,CH,CH,, CH,CH(CH,)CH,, CH,CH,CH,CH,CH,CH,CH,CH.,

CH,CH,CH,CH,CH,CH(CH,)CH,

Arrange the following compounds in increasing order of boiling point.
CH,CH,CH,CH;, CH,CH,CH,CH,CI, CHCH, CH,CHCH,, CH,CH,CH,CH,OH,

CH,CH,CH,COOH

Identify each of the following pairs of compounds as either miscible

or immiscible.

a Hexane and hex-2-yne

b Pentane and pent-1-ene

¢ Pent-1-yne and water

d 3-Bromobutane and 3-chloropentane

__________________________________________________________________________________________
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11.2 Viscosities and flashpoints
of organic compounds

In the previous section you saw how two physical properties of organic compounds,
boiling point and solubility, were affected by the structure and size of the molecules
of the compounds. Two other physical properties of organic compounds—
viscosity and flashpoint—are very important in the transport fuel and lubricating
oil industries.

In this section you will see how the structures of organic molecules affect
viscosity and flashpoint.

VISCOSITY

The viscosity of a liquid is its resistance to pouring or flowing. A liquid that pours
slowly, such as honey, is said to be viscous or to have a high viscosity (Figure 11.2.1).
Vegetable oil is less viscous than honey, but more viscous than water, and petrol is
less viscous than all of these liquids.

€)]

FIGURE 11.2.1 (a) Engine oil and (b) honey are both highly viscous liquids.

Honey is not a pure substance. It is made up of a mixture of different
compounds. About 80% of honey is made up of glucose, fructose and other sugars.
The molecules of these compounds have many hydroxyl groups (Figure 11.2.2)
and so the molecules are held to each other by hydrogen bonds between these
hydroxyl groups. The number and strength of these interactions is a major reason
for the high viscosity of honey.

CH,OH

.,

H/| \H CHOH

L l /\|
OH H

N | I\I |/|

HO C C OH T—(|: CH,OH
| |

H OH OH H

glucose fructose

FIGURE 11.2.2 Glucose and fructose molecules contain many hydroxyl functional groups.
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The viscosity of a liquid depends on the interactions between molecules. Like
boiling point, viscosity increases as the forces of attraction between the molecules
increase. As the chain length of organic molecules increases, the strength of
dispersion forces between molecules also increases and, therefore, the viscosity
increases.

0 The viscosity of a liquid depends on the interactions between molecules.

Table 11.2.1 shows different fractions obtained by the fractional distillation
of crude oil. Crude oil is a mixture of hydrocarbons of different molar mass and
chain length. During the fractional distillation process, molecules of approximately
the same size are separated into different fractions. Molecules with 18-20 carbon
atoms in their chains form fractions that are suitable for use as lubricating oils
for motors.

TABLE 11.2.1 Fractions obtained from the fractional distillation of crude oil and their uses

C,-C, Heating fuel, LPG

Petrol C.—C,, 30-250 Motor fuel/petrol

Kerosene C,—Ci¢ 250-300 Jet and diesel fuel

Heating fuel oils C.e=Cis >300 Diesel fuel, heating fuel oil,
material for cracking

Lubricating oils C,5-Cy >350 Lubrication, material for
cracking

Paraffin waxes C % Candles, wax

Bitumen Above C,q Roofing tar, road surfaces

The viscosity of motor engine oils enables them to protect an engine from
wear. The high viscosity of oil makes it ‘cling’ to the metal. The oil forms a thin
layer over bearings and gears, which prevents direct contact between metals and
so reduces friction and wear (Figure 11.2.3). As the temperature of the engine
increases, the viscosity of the engine oil decreases due to the disruption of the
intermolecular forces. Engine oils must be specially formulated with a mixture of
organic compounds of different viscosity and additives to produce oils that are
effective in both cold and hot engines.

FIGURE 11.2.3 Lubricating oil protects gears from friction and wear.
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FIGURE 11.2.4 A sample of pitch at room
temperature appears solid and shatters when
hit with a hammer.

FIGURE 11.2.6 Close observation of a candle
shows that it is the candle-wax vapour rather
than the solid wax that burns.
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CHEMFILE

Have you got the patience for slow science?

The longest running laboratory experiment in the world was set up in 1927 at the
University of Queensland in Brisbane. The long-running ‘pitch drop’ experiment is
designed to show that pitch, the name given to a mixture of highly viscous hydrocarbons,
is actually a liquid. Pitch, otherwise known as bitumen (Figure 11.2.4), appears solid on
first inspection and shatters if you strike it with a hammer.

Professor Thomas Purnell set up the pitch experiment as shown in Figure 11.2.5 by
placing a sample of pitch into a funnel encased in a sealed container. He wanted to
demonstrate to students that pitch was indeed a liquid—;just a very, very viscous one.
Over time, the pitch has settled and slowly flowed through the funnel producing a drop
on average once every decade. The ninth drop was recorded in April of 2014.

Today bitumen is used extensively, forming the main component of road surfaces.
Under normal conditions, the road surface appears solid. However, heating reduces
the viscosity and road workers are able to work the pliable bitumen.

1927 Poured into funnel
1930 October Glass stem cu*
1938 December 1st Drop fi e
1947 February 2nd Drop ffk :
1954 April 3rd Drop fell
1962 May 4th Drop fell
1970 August 5th Drop fell
! 1979 April 6th Drop fell
| 1988 July 7th Drop fell
2000 November 8th Drop fell

-~
-

FIGURE 11.2.5 Professor Thomas Purnell set up the famous University of Queensland pitch drop
experiment in 1927. Professor John Mainstone, shown here, oversaw the experiment for many years.

FLASHPOINT

When a candle burns, the solid candle wax must be converted to a vapour before
it will ignite. The match used to light the candle first melts some of the wax soaked
into the candlewick and vaporises it. It is the wax vapour, rather than the solid
candle wax, that ignites and actually burns. Close observation of a burning candle,
such as the one shown in Figure 11.2.6, confirms that this is the case.

Similarly, for liquid fuels such as petrol and methylated spirits, it is the vapour

that burns, rather than the liquid. As the temperature of a liquid fuel increases,
the concentration of vapour above the surface of the liquid rises. At a certain
temperature, there will be enough fuel vapour mixed with the air for the fuel to
burn. The temperature at which a vapour ignites is called the flashpoint.

AREA OF STUDY 1 | HOW CAN THE DIVERSITY OF CARBON COMPOUNDS BE EXPLAINED AND CATEGORISED?



FIGURE 11.2.7 This apparatus measures the flashpoint of fuels. The fuel is heated steadily in a metal
cup and, at intervals, a flame is brought above the liquid in the cup. The flashpoint is the lowest
temperature at which the fuel will ignite when the flame is brought above it.

The flashpoint is defined as the lowest temperature at which a liquid forms
sufficient vapour to ignite when an ignition source (such as a flame) is applied
(Figure 11.2.7). The flashpoints of some common fuels are shown in Table 11.2.2.

TABLE 11.2.2 Flashpoints of some common fuels

m 6 The flashpoint of a liquid is the
16

Ethanol lowest temperature at which it
will produce a vapour that will

Petrol -43 o

_ ignite to produce a flame when
Diesel >52 an ignition source is applied.
Jet fuel >38

The flashpoints of hydrocarbon fuels, such as petrol, diesel and kerosene, are
related to the boiling points of the fuels. The boiling point