Redox reactions in water

Unit 2 — What makes water such a unique chemical?
AOS 1 — How do substances interact with water?



Key knowledge

* Redox (electron transfer) reactions in water

— oxidising and reducing agents, conjugate redox pairs and redox
reactions including writing of balanced half and overall redox
equations with states indicated

— the reactivity series of metals and metal displacement reactions
including balanced redox equations with states indicated

— the causes and effects of a selected issue related to redox chemistry



Redox reactions

* Reactions that undergo reduction or oxidation are called redox
reactions

* Examples include:
— Oxidation of food in our bodies
— Battery reactions
— Photosynthesis
— Combustion, explosions

FIGURE 16.1.1 Potassium burning in chlorine
gas—a spectacular example of a redox reaction.



Early definition

* Oxidation — Combining with oxygen / Addition of oxygen
— e.g. combustion reactions: CH, (g) + 20, (g) =2H,0(g) + CO, (g)

— e.g. metals are exposed to the atmosphere and react with gases and
water to form mineral ores: 4Fe (s) + 30, (g) > 2Fe,O, (s)

* Reduction — Loss of Oxygen
— e.g. extraction of metal from iron ore:
(Fe,O, loses oxygen) Fe,O, (s) + 3CO (g) =>2Fe () + 3CO, (g)

* However, this definition is limited to reactions involving
oxygen ...



The processes of oxidation and reduction always occur
simultaneously

Reduction—loss of oxygen
Undergoes reduction

— therefore is /\

reduced. OXIDANT — Fe,O,(s) + 3C0O(g) — 2Fe(s) + 3CO,(g)

as it oxidises the
other substance

Oxidation—gain of oxygen

Undergoes oxidation —
therefore is oxidised.

REDUCTANT — as it reduces
the other substance.




Electron Transfer

* The current view of redox reactions now includes many other
reactions besides combustion:

e.g. 2Mgi + O, =2 2Mg0yy

* Here magnesium has lost two electrons:

Mg = Mg+ 2e-

* The definition now involves electron transfer




Oxidation: Electron Transfer

* Oxidation is defined as the loss of electrons

— The substance that is oxidised loses electrons and is therefore an
electron donor

Mg, -2 Mg?

I

Oxidised

) T 2e-

(Undergoes Oxidation)



Reduction: Electron Transfer

* Reduction is defined as the gain of electrons

— The substance that is reduced is one that gains electrons and is
therefore an electron acceptor

O,(g) + 4e~ = 207 (s)

I

Reduced
(Undergoes Reduction)



OIL RIG

* Oxidation
°|s

* Loss of electrons

* Reduction

N |S Cannot have
one without

* Gain of electrons the other




Writing half equations

* A half equation is an equation specifically written for the
oxidation OR the reduction reaction

* Electrons are shown in the equation to balance the charges on
either side of the equation

— electrons don’t have states



PRACTICE PROBLEM 1

Explain why the following reaction is described as a redox reaction and identify the species
oxidised and reduced.

Cl; (aq) + 2Br (aq) — Brs (aq) + 2Cl1 (aq)
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PRACTICE PROBLEM 2

For the following equation, write the:

a. lonic equation
b. half-equation
. conjugate pairs.

2AgNO; (aq) + Cu(s) — Cu(NOg3), (aq) + 2Ag(s)
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Example 1

When sodium metal reacts with chlorine gas (Cl,), sodium

chloride (an ionic compound containing Na* ions and Cl- ions) is
formed. The formation of ions can be represented by two half
equations. Write their equations and identify the substances
oxidised and reduced. Hence write the overall redox equation.

Nais)—> Na s +e [Will need to x 2]

oxidised

Clygo+2e —2CI s

reduced



half
halft

overall

Half and overall redox equations

2Nais) — 2Na o+ 2.
Cl, o)+ Qe = 2C1 ()

[ZNa(s) +ClL gy —> 2Na" )+ ZCZ_(S)}
2Nas)+Clye) = 2NaCls)
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Example 2

When a strip of copper wire is suspended in a solution of silver
ions, long crystals of silver metal can be observed. The solution
changes to a pale blue colour, indicating the presence of Cu?*(aq)
lons.

Write half equations for this reaction and identify the substances
oxidised and reduced. Hence write the overall redox equation.

Cl/l(s) —> Cu2+ (aq) 2e

oxidised

Ag” wp+e —> Ags [><2]

reduced




Overall Redox Equations

* In order to write a full equation it is usual to write the two half equations first
and then add them to get an overall equation
* The overall equation should not show any electrons
— the electrons lost in the oxidation reaction are gained in the reduction
equation and therefore cancel out
— Often you will need to balance the number of electrons

* So for copper and silver ions:

Cuis)y = Cu @+ 2e” Cuis) = Cu™ @+ 28~
oxidised

Ag  @wpt+e —> Age) [><2] 2Ag  wp)+ & = 2Ags)

reduced

Cus)+2A4g " g = Cu™ @) +2Ags5)



Example 3

Write the oxidation and reduction half-equations for the reaction
with the overall equation: 2Lie)+ BV2 () —> 2LiBr s

2Lis)+ Brya) —> 2LiT (s)+2Br (s
R Lisy—=> RLiT )+ e”
Lisy > LiTs+e oxidation

Br,iy+2e —2DBr (s reduction



Example 4

When sodium is oxidised by atmospheric oxygen, the reaction can be
represented by the following half equations:

Na (s) > Na* (s) + e”
O, (g) + 4e= > 20* (s)

* |dentify the half equation representing the oxidation reaction and write
the balanced overall equation

oxidation ANais)y—> 4Na' sy+4e

O,0+4e — 207 ()

[4Na(s) +0, ) —> dNa" s +20° (s)]

overall 4Nae)+ O, ) = 2Na,Os)



Example 5

Potassium metal is oxidised by oxygen gas in air to form solid
potassium oxide. Write the half-equations for the reaction and
hence write the balanced overall equation.

K> K s+e [><4]
AK sy > 4K )+ XIRP\_
O, )+ 4R —> 207 ()

4K (5)+ O, (e) > 4K (5)+ 207 ()
4K )+ O, e) = 2K,0)



Oxidants and Reductants

An oxidant causes another substance to be
oxidised.

It itself is simultaneously being reduced,
hence undergoing reduction.

A reductant causes another substance to be
reduced.

It itself is simultaneously being oxidised,
hence undergoing oxidation.

Note:
Oxidant = Oxidising agent
Reductant = Reducing agent
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Oxidizing
agent




Exercises:

1. Label the oxidant, reductant, what is oxidised, reduced,
undergoing oxidation & reduction in the following equation:

duct t: + 2+ + -
eductant; 2CU ™)+ Bry ) > 2CuT 7 2BrT
is oxidised: oxidant;
undergoing oxidation is reduced;

undergoing reduction

2. Finish the half equation for:
Zn(s) 2Zn%*(aq) + 2¢ oxidn reaction
2H*(aq) DH,(g) 2H w+2e — H,( redn reaction

Which is the oxidation reaction, reduction reaction?

— What is being oxidised, reduced? Zn, H™ respectively
— What is the oxidant, reductant? H™", Zn respectively
— What is oxidising agent, reducing agent? /", Zn
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Conjugate redox pairs

When a substance is oxidised or reduced, the reactant and the
product it forms are referred to the conjugate redox pair
e.g. Zn(s) 2Zn*(aq) + 2e-
* The conjugate redox pair is Zn?*(aq)/Zn(s)
— The pairs are usually written as oxidant/reductant

TABLE 16.1.1 |dentifying conjugate redox pairs in a redox reaction

Overall equation Fe(s) + Sn2*(aq) — Fe2*(aq) + Sn(s) Cu(s) + 2Ag*(aq) — Cu?*(aq) + 2Ag(s)
Oxidation half-equation Fe(s) — Fe2*(aq) + 2e- Cu(s) — Cu?*(aq) + 2e-

Reduction half-equation Sn?*(aq) + 2e- — Sn(s) Agf(aq) + e — Ag(s)

Conjugate redox pairs Fe2t(aq)/Fe(s) Cu2+(aqg)/Cu(s)

Sn2+(aq)/Sn(s) Ag*(aq)/Ag(s) 23



Balancing More Complex Half Equations — KOHeS

. Balance the Key element

. Balance the Oxygen atoms by adding H,O to the other side

. Balance the Hydrogen in H,0 by adding H* ions to the other side

. Balance the total charge on each side by adding electrons to the more

positive side

. Add the States into the final, balanced equation (electrons do not have states)
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Example:

Oxidation of Fe*" () and reduction of MnO), (permanganate)

* Balance the iron half reaction: - :
e electron configuration

— Fe*" & Fe™
[XS] 1S22522p63sz3p63d64sz}

Fe’ > Fe’ +¢”

* Then balance the manganese half reaction:

1\/111();L —> Ml’l2+ +4H 20 ,sMn electron configuration
15°25*2p°3s*3p°3d>4s”
- 2+
. =8HT — +
YRYe %o e o 2R
7+ 2+

MnO; +8H" +5¢~ — Mn”" +4H,0

} — Mn**




* Finally, combine both half equations for the overall redox
reaction and add states:

SFe”™" > 5Fe” + 3%
MnO; +8H" + 3% — Mn”" +4H,0

MnQO, (ag)+8H " (ag) + S5Fe™ (ag) —> Mn™" (aq) + 4H,0Ou) + S5Fe’" (ag)



Another example

Potassium dichromate (K,Cr,O,) reacts with potassium iodide (KI)
in acidified solution. The dichromate ion (Cr,0,*) is reduced to
form Cr3*, and the iodide ion (I7) is oxidised to L.
* Write:

— The half equation for the oxidation of the I"to |,

— The half equation for the reduction of Cr,0.% to Cr**

— An overall ionic equation for the reaction
(the potassium ions are spectators and do not appear in the ionic

equation)



21 (aq) > L(s)+2e”  [x3]

Cr,07 —2Cr™
Cr,0:~ —2Cr™* +7H,0

T M 4

12+

Cr,0:" +14H" + 6¢~ — 2Cr>* + TH,O

61— 3L + 8%
Cr,07 +14H" + 8% —2Cr** +7H,0

Cr,07 (aq)+14H  (ag)+ 61 (ag) —> 2Cr* (aq) + TH,0() + 31, (5)
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PRACT

Write the
solution.

CE PROBLEM 3

ralf-equation for the oxidation of sulfur dioxide gas, SO,, to sulfate ions, SO} , in

29



Practice questions

Complete the questions Ex 12.2 Q 1-10 and
12.2 Quick quiz, pages 473 - 474

30



So far we have looked at redox reactions in aqueous
solutions, or solids/gases involving ionic compounds
that can be separated into their constituent ions

* Write the reaction for the combustion of methane in oxygen:

CH,(g) +20,(g) > CO,(g) +2H,0(g)

* |sit a redox reaction?

Well, yes, we previously said that it was.

* We can’t break the equation into half equations showing
electrons, so how can we tell that it is a redox reaction?
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Oxidation Numbers 12.3

* When groups of atoms form new compounds, for example,
SO, > S0, + ...
it is often difficult to tell if particular atoms (e.g., S) have lost or gained
electrons

* The assigning of Oxidation Numbers (O.N.) to atoms helps to identify
whether they have been oxidized or reduced

* An oxidation number is the imaginary charge an atom would have if it
was an ion. Oxidation numbers have no physical meaning.

" Note: e.g., O% ion has a charge of 2’ (sign goes last)
and an oxidation number of ‘=2’ (sign goes first)



Rules for Oxidation Numbers (O.N.)

. The O.N. of an element is O (zero) e.g. O.N.(Cu) =0, O.N.(O,)=0

. The sum of the O.N. of a compound is O (zero)
e.g. For CO, O.N.(C) +2x O.N.(O)=0

. For simple ions: O.N. = charge on ion
e.g. O.N.(CI-)=-1, O.N.(S*)=-2
. For polyatomic ions, the sum of the O.N. = charge on the ion

. In compounds and polyatomic ions, elements mostly (i.e. not always) have a “fixed”
O.N., except for a few cases:

a. For hydrogen O.N. =+1 (except in metal hydrides = -1)
e.g. Hin NaH hasan O.N.=-1

b. For oxygen O.N. =-2 (except in peroxides = -1)
e.g. Oin H,0, (hydrogen peroxide) or BaO, (barium peroxide)

[Note: barium oxide is BaO]
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Rules for Oxidation Numbers (continued)

5. (continued)

c. O.N. of transition elements and non-metallic elements, in compounds,
may vary considerably (e.g., Nin NH;is—=3, Nin N,O, is +5)

6. The most electronegative element in a compound has the negative
oxidation number:

Electronegativity F> O >C| > N > other elements

a. Therefore, the oxidation number of F is always -1

b. Group 1 metals have an oxidation number of +1, and Group 2 metals +2

34



SO; — SO,
Rule 5b: O.N.(oxygen )= -2

22- +4 -2

SOs — SO
Rule 2: The sum of the O.N. of a compound is 0 (zero)

Rule 4: For polyatomic 1ons, the sum of the O.N. = charge on the 10on
) +4xO.N. (O) -2

N.(S
N.(S)+4x(-2)=-2
( 6 2 4 -

) . 004 &> S 02
The O.N. of S has decreased, therefore S has been reduced.

l.e.
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Exercises

Assign Oxidation Numbers for the elements in:

(a) H,O

(b) HNO,

(c) CO,>
(d) F,O
(e) Mg

+1 -2

H2 O

(2x "1+ 72=0)
(1+3x 2+5=0)
(3x 2+ 74=-2)
(2x 1+ 2= 0)

36



+4 -2 +2 -2

CO, CO

3 41 T

N H,4

+4 -2

Mn 02

7 =2

MnSO4

+2 +6 —2

Mn %)4

polyatomic
sum = —2



('l can have 6 different oxidation numbers

-1,0, +1, +3, +4, +5, +7

+1 -1 0 +1 =2 +3 2
HClI  CL NaClO ClO;

chlorite
+4 =2 +5 +2 +7 2
Clo, ClO; ClO;

chlorate perchlorate
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Using Oxidation Numbers

* Oxidation involves an I in oxidation number

* Reduction involves a { in oxidation number

+1 0 +2 -1
€.8. 2 Cl/l+(aq)‘|‘ Br2 (g)—> 2 Cl/l2+ (aq)‘|‘2 Br (aq)

* Oxidation numbers are used in naming of compounds
— iron(lll) chloride (FeCl,), i.e., Fe3* = +3
— tin(lV) oxide (Sn0,), i.e., Sn* = +4
— tin(ll) oxide (Sn0O), i.e., Sn?* = +2

— a permanganate is the general name for compounds containing the

manganate(VIl) ion, MnO -, i.e., Mn = +7



ldentifying Redox Reactions

* |f the oxidation numbers of substances have changed, then the
reaction is a redox reaction

* HINT: first look for elements - their oxidation numbers are O
(easiest)
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Which reactions are redox?

|dentify if redox or not, and give reason:
(a) BaCl, + H,50, = BaSO, +2HCI

+2 -1 +1 +6 2 +2 +6 2 +1 -1

BaCl,+ H> S04 —> BaSOs+ 2HC(CI
(b) 2Ag+Cl — 2A49CI

+1 -1

2Ag+ Clz —2Ag Cl Redox

(¢) 2FeCl, + SnCl, = 2FeCl, + SnCl,

+3 -1 +2 -1 +2 -1 +4 -1

2FeCl;+5SnCl, > 2FeCl,+ SnCly

NOT Redox

Redox
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Review

Complete the following half equations:
Al(s) 2AlP*(aq) Alsy— AP wp+3e”  oxidn
2H*(aq) 2H,(g) 2H  @p+2¢ — H,» redn
— Which is the oxidation reaction, reduction reaction?

— What is being oxidised, reduced? A/, H"
— What is the oxidant, reductant?

-H™, Al

— What is oxidising agent, reducing agent?
— Write the full redox reaction 2 4/) > 2 A" (a)+ &%~
6H+ (aq) + &\@\_ —> 3H2 (&)

2Al(s) + 6H+ (ag) —> 2Al3+ (ag) + 3H2 (g)



Complete the questions Ex 12.3 Q 1-5 and
12.3 Quick quiz, pages 479 - 480



12.4 Reactivity of metals

* Sodium, magnesium and
iron are metals that can
be easily oxidised

* Other metals do not -_ ._ /4
oxidise (corrode) as _ y _ | 1 )

- B !
i

easily Sy A

| — R
MAGNESIUM S ZinG = B IRON .l L EAD | I

FIGURE 16.2.1 Same melals react with dilute acid to form a salt and hydrogen gas. The reaction
betwaen magnesium and dilute acid is extremely vigarous. The reaction betwaen dnc and dilube acid
i5 less vigarous. The reaction between iron and dilule acid is very slow. Thare is no reaction between
lead and dilute acid. Based on this information, the arder of melal reactivity from most reactive to
least reactive is magnesium, zine, iran and lead. 1



Reactivity series

* The reactivity series, or ‘electrochemical series’, lists metals in
order of their reactivity
— |t lists the reduction half equations for metal cations

* As you go down the reactivity series:

— Metal cations (on the left side) become harder to reduce and
therefore less likely to react

— Metals (right side) become more reactive



UHERDSTIEY LIALA 15K

1. Elecirochemical series

Not only metals, but we will just

focus on metals for the moment.

CHEMISTEY DATA BOOK

2. Electrochemical series

4

Reaction

Standard electrode potential
(E?) in volts at 25 °C

F,(g) +2e — 2F(aq)

+2.87

H,0,(aq) + 2H"(aq) + 2¢- = 2H,0(1)

+1.77

AuT(aq) te — Au(s)

+1.68

Cly(g) + 26 — 2ClI«(aq)

+1.36

0,(g) + 4H*(aq) + 4= = 2H,0(1)

+1.23

Br,(l) +2e — 2Br(aq)

+1.09

Agi(aq) te — Ag(s)

+0.80

Fe¥*(aq) + e« — Fe*(aq)

+0.77

Feaction Standard elecirede potential
{E™) in voliz 2t 15 °C
Fug + 2o = IF-{ag) +2.87
HoOu{ag) + 2H (ag) + 2o~ = 2H, 1) .77
Az'fag)+e — Anfs) +1.68
Chigl+1a~ = XIag) +1.36
Culg) +4H (ag) + 4~ = 2H,O(1) +1.13
Bry{l) + 2a- — 2Brag) +1.0%
Ag'(ag) +e° — Agfs) +0.80
Fa''{ag) + & = Fa*'{ag) 0.3
Of=) + IH (aq) + 2o~ = H,D,(=q) .68
L)+ e — IIag) +0.54
04z) + TO0 + 40~ = 40HTa) .40
Co*{ag) +2a~ — Culs) +0.34
Sn*'fag)+2e- = En*'(ag) .15
S(x) 26 ag)+ 2o = E.S(g) =0.14
IH'(ag) + 260 = Hig 0.00
Poi'fag)+2a” = Phis) —0.13
Sn*'fag)+2e- = 3Enfs) -0.14
Nit'{ag) + 2o~ = His) 025
Co*'{ag) + 2~ = Cafs) —0:28
Cd*H{ag) + 3~ — Cafs) —0.40
Fa''{ag) + 2o~ = Fais) -0.34
Zn™'{ag)+ 2o~ = Znls) .76
IHO{) + 2o~ = Hale) + 20H{aq) -0.B3
Mn*'{ag)+ 2o~ = Mnfs) -1.18
AM{ag) + 3~ = Al -1.66
Mg*'{ag)+ 2o~ = Mg(sh -1.37
Na'(ag) +e~ = Hals) -7
Ca*'{ag)+ 26~ = Cais) -1.B7
Eaq)+e — E3) -2493
-3.04

0,(g) + 2H*(aq) + 2= = H,0,(aq)

+0.68

Li'{ag) +& — Li{s)

I(s) + 2= = 2I(aq)




Strongest oxidising agent

(reduced) AuT(aq) +e”
Ag*(aq) + e~ — Ag(s)

Cu**(aq) + 2e~ — Cu(s)
Pb**(aq) + 2e~ — Pb(s)

Weakest reducing agent
(oxidised)

Sn**(aq) + 2e”~ — Sn(s)

Least reactive metal

Ni2*(aq) + 2e~ — Ni(s)
Co™(ag) + 2¢~ — Co(s)
Fe’*(aq) + 2e~ — Fe(s)
Cr'*(aq) + 3e~ — Cr(s)
Zn**(aq) + 2e~ — Zn(s)
Mn**(aq) + 2e~ — Mn(s)
AP*(aq) + 3¢~ — Al(s)
Mg*(aq) + 2e~ — Mg(s)

Na*(aq) + e~ — Na(s)
Ca’*(aq) + 2e~ — Ca(s)

K*(ag) + e — K(s
Li*(aq) + e~ @

Weakest oxidising agent \ Strongest reducing agent

FIGURE 16.2.2 Reactivity series of metals. Most reactive metal 4




Predicting redox reactions

* A more reactive metal (lower right
of electrochemical series) tends to
be oxidised and donate electrons
to the cation of a less reactive
metal (top left of the
electrochemical series)

* This is called a metal displacement
reaction as metals will displace
other metals from solutions of
their ions

* [tis aspontaneous reaction

Oxidising IS reduce.q:lr
reacts with

N

is oxidised Reducing

i

agent

agent

FIGURE 16.2.4 Predicting the reaction between
an oxidising agent and a reducing agent.

Note reverse ‘Z’ shape
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Example - Predict if zinc will displace copper from a solution
containing copper (Il) ions

Strongest oxidising agent Weakest reducing agent
Aut{ag) + e~ — Au(s)
Aotlag) +e” — Ag(s)

Cu”{ar‘} + 2e” — Cu(s}

is reduced
LT e e

+ 2e~ — Cuis)

raacts with

N

Znttaq) + 28~ «
is oxidised

Zn™(aq) + 2e” - Eﬂ{ﬂ}
Mn'*{ag) + 2e~ — Mn(s)
APtag) + 3e- — Al(s)
Mg**(aq) + 2e~ — Mg(s)
Na'(aq) + e~ — Na(s)
Ca'*(aq) + 2e~ — Cafs)
K'(ag) + e~ — K(s)
Li*{aq) + e~ — Li(g)

Wealkest oxidising agent Strongest reducing agent

FIGURE 16.2.2 Reactivity series of metals. 49



Write the half equations and overall redox equation for the
Redox reaction involving Zinc metal and Copper ions

LIk

Znis) = Zn™t g + 2e”
Cu2+ (ag) + 2 > C?/l(s)
Overall F

Znis)+ Cu™t ap) = Zn* ) + Cucs)

\

FIGURE 16.2.7 A brown deposit of copper metal
is ohserved forming on the zinc and the blue

copperill) sulfate solution gradually becomes
colourless as the concentration of Cu® jons
decreases.
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Predicting redox reactions

When a piece of nickel (Ni) is placed in a solution of silver nitrate

(Ag*), will there be a reaction?

Yes, Ni, being a
more reactive
metal, will donate
electrons to Ag* to
become oxidised

Strongest oxidising agent

Weakest oxidising agent

Au'iag) + e — Au(s)
Ag'(aq)--e” — Ag(s)

Cu™iay == Cu(9)
Pbﬂ(aq&m)
Sn*t{ag) + 2e~ SQSnis)

Nit(aq) + 26" - - Ni(s)
Co*(aq) + 2e~ — Co(s)
Fe*(ag) + 2e~ — Fe(s)
Cr't{ag) + 3e™ = Cr(s)
Zn™(agq) + 2e” — Zn(s)
Mn*(ag) + 2e~ — Mn(s)
AFt(ag) + 3e- — Al(s)
Mg*(ag) + 2e” — Mg(s)
Na'{ag) + e~ — Na(s)
Ca™(ag) + 2e~ — Ca(s)
K*(aq) + &~ — K(s)
Li*(aq) + ¢ — Li(s)

FIGURE 16.2.2 Reactivity series of metals.

Weakest reducing agent

Strongest reducing agent
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Equations

Ag wp+e —> Ages  |x2] NO; is a spectator ion

Nisy = Ni™ g+ 2e”

Overall: 2AgNO;,(ag)+ Nits) > Ni(NO;), g+ 2Ag ()



Chapter 12.4 questions

Complete 12.4 Quick Quiz and Exercise 12.4Q 1 -
10, pages 484 - 485
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Galvanic cells

Chapter 12.5



Zn(s) + Cu®t(aq) — Zn?*(aq) + Cu(s)



Explanation

When a zinc rod is inserted into a beaker that contains an
aqueous solution of copper(ll) sulfate, a spontaneous redox
reaction occurs: the zinc electrode dissolves to give Zn?*(aq) ions,
while Cu?*(aq) ions are simultaneously reduced to metallic
copper. The reaction occurs so rapidly that the copper is
deposited as very fine particles that appear black, rather than the
usual reddish colour of copper.



Recall - zinc metal will spontaneously displace copper from
a solution containing copper (Il) ions

Strongest oxidising agent Weakest reducing agent
Aut{ag) + e~ — Au(s)
Aotlag) +e” — Ag(s)

Cu”{ar‘} + 2e” — Cu(s}

is reduced
LT e e

+ 2e~ — Cuis)

raacts with

N

Znttaq) + 28~ «
is oxidised

Zn™(aq) + 2e” - Eﬂ{ﬂ}
Mn'*{ag) + 2e~ — Mn(s)
APtag) + 3e- — Al(s)
Mg**(aq) + 2e~ — Mg(s)
Na'(aq) + e~ — Na(s)
Ca'*(aq) + 2e~ — Cafs)
K'(ag) + e~ — K(s)
Li*{aq) + e~ — Li(g)

Wealkest oxidising agent Strongest reducing agent

FIGURE 16.2.2 Reactivity series of metals. >/



Galvanic cells

* The reaction, Zn(s) + Cu?*(aq) - Zn?*(aq) + Cu(s), involves
electron transfer and charged particles (ions)

* We can make use of this flow of charged particles to construct
a galvanic cell (battery) ...



Cu
cathode

salt bridge,

1 M Zn(NO;),(aq) / \ 1 M Cu(NO3),(aq) g
Zn anode Cu cathode
oxidation half-reaction: reduction half-reaction:
Zn(s) — Zn**(aq) + 2e~ Cu?*(aq) + 2~ — Cu(s)

overall reaction: Zn(s) + Cu®*(aq) — Zn**(aq) + Cu(s)
(a) (b)



[\

Zn2+

' E

NO?*

Zinc chloride
solution

O

KNO,

Copper(ll) sulphate
solution

B
.Cu

60



In the cell

When the switch is closed to complete the circuit, the zinc
electrode (the anode) is spontaneously oxidized to Zn?* ions in
the left compartment, while Cu?* ions are simultaneously
reduced to copper metal at the copper electrode (the cathode).

As the reaction progresses, the Zn anode loses mass as it
dissolves to give Zn?*(aq) ions, while the Cu cathode gains mass

as Cu?*(aq) ions are reduced to copper metal that is deposited on
the cathode.



Role of the salt bridge

Completes the electrical circuit by carrying electrical charge, and maintains electrical
neutrality in both solutions by allowing ions to migrate between them

The type of salt in a salt bridge is unimportant, as long as the component ions do not
react or undergo a redox reaction under the operating conditions of the cell

Without such a connection, the total positive charge in the Zn?* solution would
increase as the zinc metal dissolves, and the total positive charge in the Cu?* solution
would decrease

The salt bridge allows charges to be neutralized by a flow of anions into the Zn?*
solution and a flow of cations into the Cu?* solution. In the absence of a salt bridge or
some other similar connection, the reaction would rapidly cease because electrical
neutrality could not be maintained.
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1. Elecirochemical series

- — - - n -

Co*'{ag) + s~ — Cuis]

— e m

sn” (ag) +1a- — So{ag]

.13

S(a) + 1 (ag) + 26 = H.3(E)

+1.14

TH'ag) + 2 = Hig)

.00

Ph¥'(ag) + 26" = Phis)

-0.13

S0 "{aq) + e~ = Sns) -0.14
Nit'(ag) + 2o~ = Nis) ~0.25
Co*'(ag) +2¢ = Cofi) —0.23

Cd-{aq) + Ja-

1l
ey
5

Fo''(ag) + 2o~ = Fas)

Zn''(ag)+ 2~ = Znls)

Feaction Standard elecirede potential
{E™) in voliz 2t 15 °C

Fug + 2o = IF-{ag) +2.87
HoOu{ag) + 2H (ag) + 2o~ = 2H, 1) .77
Az'fag)+e — Anfs) +1.68
Chigl+1a~ = XIag) +1.36
Culg) +4H (ag) + 4~ = 2H,O(1) +1.13
Br,l)+ 2o~ = IBriag) 109
Azfag+e = Agly) +0.80
Fa''{ag) ++ = Fe*'[ag) H.IT
Of=) + IH (aq) + 2o~ = H,D,(=q) .68
L)+ e — IIag) +0.54
04z) + TO0 + 40~ = 40HTa) .40
Cui'fag) +2e- = Cufs) 034
Sn*'fag)+2e- = En*'(ag) .15
S(x) 26 ag)+ 2o = E.S(g) =0.14
IH'(ag) + 260 = Hig 0.00
Poi'fag)+2a” = Phis) =013
Sn*'fag)+2e- = 3Enfs) -0.14
Nit'{ag) + 2o~ = His) 025
Co*'{ag) + 2~ = Cafs) —0.28
Cdag) + 2e- = Cdx) -0.40
Fa''{ag) + 2o~ = Fais) -0.34
Zn™'{ag)+ 2o~ = Znls) .76
IHO{) + 2o~ = Hale) + 20H{aq) -0.B3
Mno*'ag)+ 2a- = Mnfs) -1.18
AM{ag) + 3~ = Al -1.66
Mg*'{ag)+ 2o~ = Mg(sh -1.37
Na'(ag) +e~ = Hals) -7
Ca*'(ag)+ 2~ = Cais) -1.87
E'fag)+e = Eft) 193

-104

Li'{ag) +& — Li{s)

BEE T e e = LD L L TR e R

7n — 7Zn* +2e

E’=+0.76 V
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Voltmeter + 1.10 ¥ |+0.34+(+0.76)=1.10 V

Copper
(cathode) + Salt bridge

,/f 2 Na* EEJ,,‘E‘_?
&

Zinc
{anode)

: anode 1s
cathode 1s

i ' where
where :

. oxidation
reduction

OCCUTIS

OCCUrIS

- -: :- -l- -
B fel
Rt i
1o -
i A s
£ o =] R -
P - s

Cu®* 4 2 g=—» Cu(s) +0.34 Znis) —»= Znft +2e” + 0.T6

Cu®* + Znls) —= Zn2t + Cu(s)


http://www.google.com.au/url?sa=i&rct=j&q=galvanic+cells&source=images&cd=&cad=rja&uact=8&ved=0CAcQjRw&url=http://chemwiki.ucdavis.edu/Analytical_Chemistry/Electrochemistry/Electrochemistry_2:_Galvanic_cells_and_Electrodes&ei=jvFRVaCWOcaB8QWk0oGgBQ&bvm=bv.92885102,d.dGc&psig=AFQjCNGDrI4lrAGOGsMveGSxkpUEdnUzrQ&ust=1431520011743329
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Only charging a little currency for this show

Talk about coning a new art form., US artist Jonathan Keats pits virtually worthless US and Chinese coins against each other
o produce power at New York's Rockefeller Plaza. A US centis r coated, while a Chinese fen is aluminium. He places
the two coins in saltwater, links them, and the different metals begin to exchange ions, creating electric cument.  Picture: AFP
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Chapter 12.5 Quick quiz
Chapter 12.5 Exercise questions 1 - 10, pages 496 - 497
Review Q 12.6 Q1 - 10 Page 499 - 500

Lemon battery, and some questions to answer



http://www.dynamicscience.com.au/tester/solutions1/magicofsci/lemonbat.html

16.3 Corrosion
(theory not covered in class time)

70



Two types of corrosion

* Dry corrosion (sometimes referred to as ‘direct corrosion’)

* Wet corrosion

71



Dry Corrosion

* Occurs as a consequence of a metal reacting with the oxygen in
air, to form a metal oxide

—e.g. 4Na(s)+ 0, (g) = 2Na,O (s)

* Dry corrosion of aluminium can be useful to protect the metal in
situations where maintenance is difficult

— e.g. Aluminium oxide coating on an aluminium window frame
(called ‘anodising’)

* Dry corrosion in iron, however, forms a coating of iron oxide that
flakes off easily, leaving the metal exposed



@

Wet Corrosion

Can occur in moist
air, or through direct
iImmersion in water

FIGURE 16.3.3 Wet corrosion. {a) A piece of steel woal ({iron) does not corrode on supermarket

shelves. However, once it becomes wet through use, it corrodes quickly. (b) Aniron barbecue grill

that has been coated with grease shows little sign of corrosion, even after being exposed to the rain

for some time. (c) Rust in a car generally starts inside door frames, under mudguards, or in places

where the paint has been chipped. {d) Shipwrecks corrode rapidly and will eventually disintegrate.

(2) Corrosion occurs maore rapidly in cities with a pollution problem, particulardy where the pollutants

include acidic oxides such as nitrogen dioxide and sulfur dioxide. 73



Wet Corrosion

In general, corrosion is accelerated by:
—the presence of water

—impurities such as salt, and acidic pollutants that dissolve in
water



The wet corrosion process

Step 1: Iron is oxidised to form Fe?* ions at one region on the iron surface:
Fe(s) — Fe?*(aq) + 2e”
At the same time at another region on the surface, using the electrons produced
by the oxidation process, oxygen 1s reduced in the presence of water to hydroxide

10NS:
O,(aq) + 2H,0() + 4¢” — 40H (aq)
"The overall equation for step 1 1s:
2Fe(s) + O,(aq) + 2H,0() - 2Fe?*(aq) + 40H (aq)
Step 2:The formation of a precipitate of iron(Il) hydroxide:
Fe**(aq) + 20H (aq) — Fe(OH),(s)
Step 3: Further oxidation of iron(II) hydroxide occurs in the presence of oxygen
and water to produce iron(IIl) hydroxide, a red-brown precipitate:
4Fe(OH),(s) + O,(aq) + 2H,O() — 4Fe(OH),(s)
Step 4: In air, the iron(Ill) hydroxide loses water to form hydrated iron(III)
oxide (Fe,0,.xH,0), which 1s known as rust. 75



Prevention of corrosion

There are several ways to prevent, or reduce, corrosion:

— Surface protection, e.g. covering the metal surface to prevent contact
with oxygen and moisture: we can use paint, plastic, oil, grease, etc.

— Alloying: oxidation still occurs but will form a protective layer

— Electroplating: e.g. iron is coated with a thin layer of a less reactive
metal such as tin

— Electrochemical protection:

* Cathodic protection - uses low voltage DC to give the iron a negative charge.
Iron will be gaining electrons, therefore oxidation is inhibited.

* Sacrificial protection - galvanised iron (iron coated in zinc), used for e.g.
roofing. Zinc is more readily oxidised than iron so will undergo oxidation first
(it is ‘sacrificed’)



H

O {“)
C +20H @ —> -\ +2H,00+2¢
H (ketone group)
[secondaly alcohol] X "
(from sugar) MnO , @pte —> MnO 42_ (aq)
i e
+7 +5
Redox intermediate stage MnO, @ap+2¢ — MnO 43‘ @y then loses an electron
permanganate hypomanganate
. (purple) (blue)
demonstration
(lollypop)
+6 +4
Mn 042_ @p +2H, 00 +2¢” > MnO,s +40H @g
(green)




Prac 22 - Petri dish A

Iron tends to corrode more rapidly at places where the metal lattice

has been deformed by stress (bending).

Fe(s) — E@z(ﬁ) +2¢e”

blue/black

O* (aq) + 2H,0(1) + 4¢” - AQH (aq)

pink
Overall :
2Fe(s) + O* (aq) + 2H,0(1) — 2Fe* (aq) + 4OH (aq) |—> eventually Fe,O, ]



Prac 22 - Petri dish B

Fe(s) = Fe’"(aq) + 2e

O* (aq) + 2H,0(1) + 4¢- — 40H (aq) (This reaction occurs at the surface of the copper,
which can be a bit harder to see.)

Overall :

2Fe(s) + O* (aq) + 2H,0(l) — 2Fe’"(aq) + 40H (aq) — eventually g%g

orange-brown rust colour

The 1ron corrodes in preference to the copper

Zn(s) > Zn”"(aq) + 2e”

O’ (aq) + 2H,O(l) + 4¢” — 40H (aq) (This reaction occurs at the surface of the 1ron)
Overall :

27n(s) + O (aq) + 2H,0(1) — %%nﬁ W) +40H (aq)

white Zn(OH )2
Zn0O

The zinc corrodes (sacrificially) in preference to the iron
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