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AREA OF STUDY 1
HOW DO SUBSTANCES INTERACT WITH WATER?

14 Redox reactions in water

14.1 Overview
Numerous videos and interactivities are available just where you need them, at the point of learning, in
your digital formats, eBookPLUS and learnON at www.jacplus.com.au.

14.1.1 Introduction

FIGURE 14.1 Fireworks are very rapid redox reactions
Oxidation–reduction, or redox, reactions
continually occur all around us and are
one of the largest groups of chemical
reactions. Redox chemistry is a
fundamental part of life — photosynthesis
and respiration are redox reactions. Our
bodies work by redox reactions — the
food we eat is oxidised to enable us
to obtain the energy we need to live.
If we break a bone, electrical currents
are generated around the damaged
area as part of the healing process. The
conduction of impulses in nerves and the
supply of battery power in our mobile
phones, calculators, computers and cars
rely on spontaneous redox reactions.
Many metals are extracted by reduction reactions and municipal water supplies and swimming pools are
treated with oxidising agents that act as bactericides and algaecides. Bushfires are uncontrolled redox
reactions on a large scale, while fireworks and explosions are very fast redox reactions.

In this topic, you will learn about these types of reactions.

14.1.2 What you will learn

KEY KNOWLEDGE
In completing this topic, you will investigate:
• 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.

Source: VCE Chemistry Study Design (2016–2021) extracts © VCAA; reproduced by permission.

PRACTICAL WORK AND INVESTIGATIONS
Practical work is a central component of learning and assessment. Experiments and investigations, supported by
a Practical investigation logbook and Teacher-led videos, are included in this topic to provide opportunities to
undertake investigations and communicate findings.

Pdf_Folio:1

TOPIC 14 Redox reactions in water 1

UN
CO
RR
EC
TE
D
PA
GE
PR
OO
FS



“c14RedoxReactionsInWater_print” — 2019/7/6 — 8:06 — page 2 — #2

Digital documents Key science skills (doc-30903)

Key terms glossary — Topic 14 (doc-30944)

Practical investigation logbook (doc-30945)

To access key concept summaries and practice exam questions download and print the studyON: Revision and practice
exam question booklet (doc-30946).

14.2 Redox reactions and agents

KEY CONCEPT
• Oxidising and reducing agents, conjugate redox pairs and redox reactions, including writing of balanced
half and overall redox equations with states indicated

14.2.1 Introduction and history of redox reactions

FIGURE 14.2 Steel wool (iron)
burning in air to form iron(lll)
oxide

The word redox is a combination of shortened forms of the words
‘reduction’ and ‘oxidation’. Redox reactions (oxidation–reduction
reactions) were originally defined in terms of loss or gain of oxygen but
are now characterised as electron transfer reactions. Oxidation is the
loss of electrons and reduction is the gain of electrons. The substance
that is being reduced is called the oxidising agent and the substance
being oxidised is called the reducing agent. Although this sounds
confusing, with practice, you will become familiar with these terms.
Equations for redox reactions can be split into separate half-equations,
one showing oxidation and the other showing reduction. These can be
balanced using a series of steps that are demonstrated in this topic. The
reactivity of metals is explored as an example of redox reactions and an
important real-life application, corrosion, is investigated.

Early chemists knew that a gas called oxygen was essential for the
survival of living things. This prompted them to study the reactions
of oxygen with other substances in an effort to find out more about its
behaviour. They found that many substances combined with oxygen,
so the term oxidation was used to describe these reactions. The
combustion reactions of hydrocarbons such as the burning of propane:

C3H8(g)+ 5O2(g) → 3CO2(g)+ 4H2O(g)

and the burning of iron in air:

4Fe(s)+ 3O2(g) → 2Fe2O3(s)

were described as oxidation reactions because a reactant, or some part of it, combined with oxygen.
Conversely, reactions that involved the decomposition of a compound, with the loss of oxygen, were

called reduction reactions because the compound seemed to be ‘reduced’ to something simpler. For
example, copper(II) oxide may be reduced to copper by hydrogen:

CuO(s)+ H2(g) → Cu(s)+ H2O(g)
Pdf_Folio:2
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Similarly, iron(III) oxide is reduced to iron by carbon monoxide in a blast furnace:

Fe2O3(s)+ 3CO(g) → 2Fe(s)+ 3CO2(g)

As one reactant is reduced, the other reactant is oxidised. Oxidation and reduction must occur at the same
time.

Oxidation is the gain of oxygen; reduction is the loss of oxygen.

14.2.2 Oxidising and reducing agents
In any oxidation–reduction reaction:
• The oxidising agent causes the oxidation of another substance and is itself reduced.
• The reducing agent causes the reduction of another substance and is itself oxidised.
Oxidising agents are also known as oxidants and reducing agents are known as reductants.

The oxidising agent is the species that is reduced. The reducing
agent is the species that is oxidised.

These terms are demonstrated in the reaction C3H8(g) + 5O2(g)→ 3CO2(g) + 4H2O(g) in figure 14.3.

FIGURE 14.3 Oxidation–reduction terminology in the equation C3H8(g) + 5O2(g)→ 3CO2(g) + 4H2O(g)

C3H8(g) + 5O2(g) 3CO2(g) + 4H2O(g)

Reducing agent

is oxidised

OXIDATION

REDUCTION

Oxidising agent

is reduced

Modern definition of oxidation and reduction
The modern definition of oxidation and reduction processes describes redox reactions in terms of electron
transfer. For example, the combustion of magnesium in oxygen to form magnesium oxide involves the
oxidation of magnesium.

2Mg(s)+ O2(g) → 2MgO(s)

A similar reaction occurs when magnesium chloride is formed by the combustion of magnesium in
chlorine, but in this case no oxygen is involved.

Mg(s)+ Cl2(g) → MgCl2(s)

Analysis of these two reactions in terms of a transfer of electrons reveals that they are essentially the
same process. Both products are ionic substances and so contain Mg2+ ions. In the process of oxidation,
each atom of magnesium has lost two electrons.

Mg → Mg2+ + 2e−
Pdf_Folio:3
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In general, a substance that is oxidised is one that loses electrons and is, therefore, an electron donor.
When magnesium reacts in this way with either oxygen or chlorine, these atoms accept these electrons

and become O2− and Cl− anions in the ionic lattice of the products.

O2 + 4e− → 2O2−

Cl2 + 2e− → 2Cl−

In general, a substance that is reduced is one that gains electrons and is, therefore, an electron acceptor.
Redox reactions, therefore, are those in which electrons are transferred from one reactant to another.

Redox reactions are electron transfer reactions.
Oxidation is defined as a loss of electrons to another substance.
Reduction is defined as a gain of electrons from another substance.

This can be remembered using the acronym ‘OIL RIG’:
Oxidation
Is
Loss of electrons
Reduction
Is
Gain of electrons

Oxidation must be accompanied by reduction; that is, oxidation cannot occur unless reduction occurs
simultaneously. When writing equations for redox reactions, we do not show electrons because all electrons
given off during oxidation are taken in during reduction. However, if we are considering oxidation or
reduction reactions separately, it is appropriate (and necessary) to write reactions that do show the electrons,
as has been done in the examples earlier in this section. Such equations are called partial equations
or half-equations. It should be noted that, if you multiply the two half-equations by a factor so the
same number of electrons are on each side, and then add them together, you do, in fact, get the overall
ionic equation.

In summary, the reactant that is losing electrons (undergoing oxidation) is called the reducing agent or
reductant, because it transfers electrons to another substance and causes it to be reduced. The reactant that
is gaining electrons (undergoing reduction) is called the oxidising agent or oxidant, because it accepts the
electrons from the reductant and causes it to be oxidised. This is shown in figure 14.4.

FIGURE 14.4 Oxidation and reduction in terms of
electron transfer

2Mg(s) + O2(g) 2Mg2+ O2−(s)

4e−

OXIDATION

Reducing agent loses

electrons

Reducing agent

is oxidised

REDUCTION

oxidising agent

accepts electrons

Oxidising agent

is reduced
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Video eLesson Redox-electron transfer (eles-2495)

SAMPLE PROBLEM 1

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

Fe(s)+ 2Ag+(aq)→2Ag(s)+ Fe2+(aq)

Teacher-led video: SP1 (tlvd-0576)

THINK WRITE

1. Redox reactions are electron transfer reactions. To
decide if electrons have been transferred, compare
reactants and products and identify the changes.

Fe(s) has become Fe2+(aq).
Ag+(aq) has become Ag(s).

2. Identify which reactant has lost electrons and which
reactant has gained electrons.
The species that has lost electrons is oxidised.
The species that has gained electrons is reduced.
TIP: When naming ions, is it important to refer to them
as ions and not just state the metal. In this case, the
silver ion is reduced.

Fe has lost two electrons to become
Fe2+.
Ag+ has gained an electron to
become Ag.
Fe is oxidised
Ag+ is reduced; that is, the silver
ion is reduced.

3. Electron transfer has occurred This is a redox reaction because
electron transfer has occurred from
Fe to Ag+.

PRACTICE PROBLEM 1
Explain why the following reaction is described as a redox reaction and identify the species oxidised
and reduced:

Cl2(aq) + 2Br−(aq)→Br2(aq) + 2Cl−(aq)

14.2.3 Redox equations
Redox reactions can often be described using half-equations. For more complex redox reactions, the half-
equations need to be balanced and then added together to correctly capture the reaction.

Half-equations
Half-equations are a useful way of understanding the processes involved in a redox reaction. The following
example describes how half-equations are written.

When an iron nail is placed in a blue copper sulfate solution, the nail becomes coated with metallic
copper and the blue colour of the solution fades. A redox reaction has taken place because electrons have
been transferred from the iron nail to the copper ions in the solution, allowing solid copper to form. The full
equation for the reaction is as follows:

Fe(s)+ CuSO4(aq) → FeSO4(aq)+ Cu(s)

Pdf_Folio:5
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Since copper sulfate and iron sulfate are in solution, we can write an equation for this reaction showing
all of the ions present.

Fe(s)+ Cu2+(aq)+ SO2−
4 (aq) → Fe2+(aq)+ SO2−

4 (aq)+ Cu(s)

Then eliminating the sulfate spectator ions, the ionic equation becomes:

Fe(s)+ Cu2+(aq) → Fe2+(aq)+ Cu(s)

FIGURE 14.5 An iron nail placed in copper sulfate solution

iron nail

copper sulfate

solution

coating

on nail

Although the oxidation and reduction
reactions occur simultaneously, it is possible
to consider the two reactions separately. To
do this we separate the conjugate pair of
oxidant and reductant. A conjugate redox
pair is made up of two species that differ by a
certain number of electrons. Each has its own
half-equation.

So for the oxidation conjugate pair, we can
write:

Fe(s) → Fe2+(aq)+ 2e−

and for the reduction conjugate pair, we can write:

Cu2+(aq)+ 2e− → Cu(s)

These half-equations are balanced with respect to both atoms and charge. Combining these two
half-equations will yield the ionic equation already provided for the reaction as a whole. The conjugate
redox pairs are:

Fe2+(aq)/Fe(s)
Cu2+(aq)/Cu(s)

TIP: To remember which sides of the half-equations the electrons are on:

+e−
RED/

+e−
OX

This shows the electrons are on the left for reduction and the right for oxidation.

SAMPLE PROBLEM 2

For the following reaction, write the:
a. ionic equation
b. balanced half-equation
c. conjugate pairs.

2NaBr(aq)+ Cl2(g) → 2NaCl(aq)+ Br2(l)

Teacher-led video: SP2 (tlvd-0577)
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THINK WRITE

a. 1. Show all ions and other
species present in the full
equation.

2Na+(aq)+ 2Br−(aq)+ Cl2(g) → 2Na+ + 2Cl−(aq)+ Br2(l)

2. Write the ionic equation,
omitting spectator ions (in
this case, Na+).

2Br−(aq) + Cl2(g)→ 2Cl−(aq) + Br2(l)

b. 1. Write the half-equation for
the first reactant, balancing
the charges by adding
electrons to the appropriate
side.

2Br−(aq)→ Br2(l) + 2e−

2. Write the half-equation for
the second reactant,
balancing the charges by
adding electrons to the
appropriate side.

Cl2(g) + 2e− → 2Cl−(aq)

c. Identify the conjugate pairs
from each equation.

Br2(l)/Br−(aq)
Cl2(g)/Cl−(aq)

PRACTICE PROBLEM 2
For the following equation, write the:
a. ionic equation
b. balanced half-equation
c. conjugate pairs.

2AgNO3(aq) + Cu(s)→Cu(NO3)2(aq) + 2Ag(s)

Digital document Experiment 14.1 Simple redox equations (doc-30862)

Teacher-led video Experiment 14.1 Simple redox equations (tlvd-0635)

Writing more complex redox reactions
At first glance, the statement that MnO4

– is reduced to Mn2+ seems incorrect because, according to the
charges on the ions, there appears to be a loss, rather than gain, of electrons:50pt

MnO4
−(aq) → Mn2+(aq)

It is only when the entire half-equation for the change is written that its true nature as reduction becomes
obvious, with five electrons being accepted by each permanganate ion:

MnO
4

−(aq)+ 8H+(aq)+ 5e− → Mn2+(aq)+ 4H2O(l)

The steps involved in obtaining such equations in an acidified solution are provided here.Pdf_Folio:7

TOPIC 14 Redox reactions in water 7

UN
CO
RR
EC
TE
D
PA
GE
PR
OO
FS



UN
CO
RR
EC
TE
D
PA
GE
PR
OO
FS

“c14RedoxReactionsInWater_print” — 2019/7/8 — 5:13 — page 8 — #8

These equations must be split into two half-equations and then these half-equations need to be balanced
before being added together.

To balance half-equations: balance all elements except hydrogen and oxygen. Next, balance the oxygen
atoms by adding water molecules, balance the hydrogen atoms by adding hydrogen ions, and balance the
difference in charge by adding electrons. Multiply each half-equation by factors that will lead to the same
number of electrons in each half-equation.

In summary, to balance each separate half-equation, use the following KOHES procedure:
1. Balance the Key element; that is, the one undergoing oxidation or reduction.
2. Balance the Oxygen atoms by adding water molecules.
3. Balance the Hydrogen atoms by adding hydrogen ions.
4. Equalise the charges on both sides of the equation by adding electrons to the more positive side.
5. Add symbols of State.

Video eLesson Balancing redox equations (eles-2489)

SAMPLE PROBLEM 3

Write the half-equation for the reduction of permanganate ions, MnO4
–(aq), to manganese ions,

Mn2+(aq).

Teacher-led video: SP3 (tlvd-0578)

THINK WRITE

1. To balance the key element, state the
conjugate pair and write it as a skeleton
equation, then balance the equation, except
for hydrogen and oxygen, which will be
balanced later.

MnO4
–(aq)/Mn2+(aq)

MnO4
–→Mn2+

Manganese atoms are already balanced.

2. Balance oxygen atoms, where needed, by
adding water.

MnO4
–→Mn2+ + 4H2O

3. Balance hydrogen atoms, where needed, by
adding H+.

MnO4
– + 8H+→Mn2++ 4H2O

4. Equalise the charge of each half-equation by
adding electrons. The total charge on the left
is –1 + 8 = +7. On the right side the total
charge is +2. So, five electrons must be
added to the left side.
TIP: Take care when balancing electrons
because this is commonly where mistakes
are made.

MnO4
– + 8H++ 5e–→Mn2+(aq) + 4H2O

5. Add states; these reactions generally occur in
aqueous solutions so the states are usually
aqueous but be aware of common gases(g)
and water, which is (l).

MnO4
–(aq) + 8H+(aq) + 5e– →Mn2+(aq) + 4H2O(l)
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PRACTICE PROBLEM 3
Write the half-equation for the oxidation of sulfur dioxide gas, SO2, to sulfate ions, SO4

2ˉ, in solution.

The method described here is used to determine one of the two half-equations required to write an overall
ionic equation for a redox reaction. The same method can be used to find the other half-equation; in this
case, the reduction reaction. If the number of electrons is different in each half-equation, it is necessary to
multiply one or both by a factor before adding them together. Electrons should never be in the final overall
ionic equation, however, and nor should any spectator ions.

If water molecules or hydrogen ions are on both sides, cancel the same number of each from both sides to
get the lowest number. For example, for the reaction of dichromate ions, Cr2O7

2−, and nitrite ions, NO2
−, to

form chromium, Cr3+, and nitrate ions, NO3
−, the following half-equations are obtained.

Cr2O
2−
7 (aq)+ 14H+(aq)+ 6e− → 2Cr3+(aq)+ 7H2O(l)

NO2
−(aq)+ H2O(l) → NO3

−(aq)+ 2H+(aq)+ 2e−

There are 6e– in the first equation and 2e- in the second. To ensure that the electrons cancel out when
these equations are added, the second equation must be multiplied by three:

3NO2
−(aq)+ 3H2O(l) → 3NO3

−(aq)+ 6H+(aq)+ 6e−

Now the first and the third equations can be added together:

Cr2O
2−
7 (aq)+�

�18 4H+(aq)+��6e− + 3NO2
−(aq)+����3H2O(l) →

2Cr3+(aq)+ ��7
4 H2O(l)+ 3NO3

−(aq)+����6H+(aq) +��6e−

By cancelling out common terms — that is, 6e−, 3H2O(l) and 6H+(aq) — we are left with the final ionic
equation:

Cr2O
2−
7 (aq)+ 8H+(aq)+ 3NO2

−(aq) → 2Cr3+(aq)+ 4H2O(l)+ 3NO3
−(aq)

Digital document Experiment 14.2 Complex redox reactions (doc-30866)

Teacher-led video Experiment 14.2 Complex redox reactions (tlvd-0636)

14.2 EXERCISE
To answer questions online and to receive immediate feedback and sample responses for every question go to
your learnON title at www.jacplus.com.au.

1. State two situations where redox reactions might occur.
2. Identify each of the following half-equations as either oxidation or reduction.

(a) K(s)→ K+(aq)
(b) Cu2+(aq)→ Cu(s)
(c) Br–(aq)→ Br2(l)
(d) H2(g)→ H+(aq)
(e) Sn4+(aq)→ Sn2+(aq)
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3. Complete the following for the redox reaction Pb(NO3)2(aq) + Zn(s)→ Zn(NO3)2(aq) + Pb(s).
(a) Write the ionic equation.
(b) Write the two half-equations.
(c) Name the substance that has been oxidised.
(d) Name the substance that has been reduced.
(e) State the oxidising agent.
(f) State the reducing agent.

4. The equation for the reaction between magnesium and hydrochloric acid is

Mg(s)+ 2HCl(aq) → MgCl2(aq)+ H2(g)

This is actually a redox reaction and not an acid–base reaction. Explain why it does not fit the definition of
acid–base and how it can be correctly described as a redox reaction. Identify the substances oxidised and
reduced, and include the half-equations to support your explanation.

5. The balanced ionic equation for the displacement of silver from an aqueous silver nitrate solution by
metallic lead is as follows.

2Ag+(aq)+ Pb(s) → 2Ag(s)+ Pb2+(aq)

(a) Write balanced oxidation and reduction half-equations for the reaction.
(b) Which reactant accepts electrons?
(c) Which reactant is oxidised? What is it oxidised to?
(d) Which reactant is the reducing agent?
(e) From which reactant are electrons taken?
(f) State the conjugate pairs.

6. The reaction of aluminium with hydrogen ions in a dilute solution of hydrochloric acid can be represented
by the following half-equations:

Al(s) → Al3+(aq)+ 3e−

2H+(aq)+ 2e− → H2(g)

(a) Which reactant accepts electrons?
(b) Which reactant is reduced? What is it reduced to?
(c) Which reactant is the reducing agent?
(d) From which reactant are electrons taken?
(e) Which reactant is oxidised? What is it oxidised to?
(f) Which reactant is the oxidising agent?
(g) State the conjugate pairs.
(h) Write the balanced ionic equation.

7. Write balanced half-equations for the following reaction and state the conjugate pairs.
(a) Ca(s) + Cl2(g)→ CaCl2(s)
(b) Mg(s) + S(s)→ MgS(s)
(c) Al(s) + 3Ag+(aq)→ Al3+(aq) + 3Ag(s)

8. Balance the following half-equations using the half-equation method (use KOHES, from section 14.2.3, for
each).
(a) NO3

−(aq)→ NO2(g)
(b) ClO−(aq)→ Cl−(aq)
(c) BrO3

−(aq)→ BrO2(aq)
9. For the reaction of dichromate ions, Cr2O7

2−, and nitrite ions, NO2
−, to form chromium, Cr3+, and nitrate

ions, NO3
−, explain how each of the half-equations were obtained.

10. Balance the following equations by first separating them into half-equations.
(a) I2(s) + H2S(g)→ I−(aq) + S(s)
(b) SO3

2−(aq) + MnO4
−(aq)→ SO4

2−(aq) + Mn2+(aq)
(c) Cu(s) + NO3

−(aq)→ NO(g) + Cu2+(aq)
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To answer practice exam questions online and to receive immediate feedback and sample responses for every
question go to your learnON title at www.jacplus.com.au.

studyON: Practice exam questions

Fully worked solutions and sample responses are available in your digital formats.

14.3 Oxidation numbers

BACKGROUND KNOWLEDGE
The use of oxidation numbers to identify if a redox reaction has occurred.

14.3.1 Using oxidation numbers in redox reaction investigations
An oxidation number, sometimes called oxidation state, is a theoretical number that corresponds to the
charge that an atom would have if the compound was composed of ions.

When determining oxidation numbers, they are written above the atom and are not to be confused with
the charge on an ion. A set of rules can be used to determine the oxidation number of an atom or ion. These
are summarised with examples in table 14.1.

TABLE 14.1

Oxidation number rule Oxidation number example

1. The oxidation number of an element is 0.
0

Zn,
0

S,
0

O2,
0

N2

2. In monatomic ions, the oxidation number is the
same as the charge on the ion.

+2
Mg2+,

−2
O2−,

+1
Na+

3. In all compounds of hydrogen, the oxidation number
of hydrogen is +1.
Except in metal hydrides, where the oxidation
number of hydrogen is –1.

4. The oxidation number of oxygen in a compound is
usually –2. Except:
• peroxide compounds, where the oxidation

number is –1
• compounds with oxygen bonded to fluorine,

where the oxidation number is +2.

+1
H2

−2
O

Peroxide compounds:
+1
H2

−1
O2

Oxygen difluoride:
+2
O

−1
F 2

5. Fluorine always has oxidation number of –1 because
it is the most electronegative element.

−1
F

6. In a neutral compound, the sum of all the oxidation
numbers must equal 0.

In H2S, the oxidation number of hydrogen is +1. When
adding oxidation numbers, you need to multiply the
oxidation number by the number of atoms present, so
the total is +2 for the hydrogen atoms. The overall total
must add to zero, so the oxidation number of sulfur is –2.

(Continued)
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TABLE 14.1 (Continued)

Oxidation number rule Oxidation number example

7. In a polyatomic ion, the sum of the oxidation
numbers must equal the charge on the ion.

The oxidation number of the chromate ion, Cr2O7
2–, is

–2. If the oxidation number of oxygen is –2, the total is
–14 so the oxidation numbers of the two chromium
atoms must add up to 12 so that the overall total is –2.
Each chromium atom must have an oxidation number

of +6; that is,
+6
Cr2

−2
O

2−

7 .

8. In ionic compounds, it is often easier to separate the
compound into its ions first and calculate the
oxidation numbers of each ion separately.

NaCl→ Na+ + Cl−
+1
Na,

−1
Cl

9. In covalent compounds that do not involve oxygen
or hydrogen, the more electronegative element has
the negative oxidation number. This is equal to the
charge that it would have if it were a negative ion.

In ICl3, the chlorine is the more electronegative atom. It
is, therefore, assigned an oxidation number of –1,
because this is the charge on a chloride ion. (Note: this
is just the way the oxidation number is worked out. This
molecule is a covalent, neutral molecule; it does not
contain chloride ions.) Using rule 6, we can now
calculate that the oxidation number of the iodine in ICl3
is +3.

SAMPLE PROBLEM 4

Determine the oxidation numbers of each element in the following examples.
a. Br2 b. Cu2+ c. Na2O d. HSO4

–

Teacher-led video: SP4 (tlvd-0579)

THINK WRITE

For each of the examples determine if the
species is an element, monatomic ion,
molecule or polyatomic ion.

a. Br2 is an element, so its oxidation number
is 0. (Rule 1)

0
Br2

b. Cu2+ is a monatomic ion, so its oxidation
number will be the charge on the ion. (Rule 2)

+2

Cu2+

c. Na2O is a compound, so the oxidation
numbers must add up to zero. (Rule 6)

Na2O
+1
Na2

−2
O because (2 × (+1)) + (−2) = 0

d. HSO4
– is a polyatomic ion, so the oxidation

numbers must add up to the charge, which in
this case is –1.
The oxidation numbers of hydrogen and
oxygen are known, so it is necessary to find
the oxidation number of sulfur, S. (Rule 7)
Then the oxidation numbers can be stated.

+1
HS

−2
O4

−

Let oxidation number of S be x
+1 + x + (4 × −2) = −1

+1 + x − 8 = −1
x − 7 = −1

x = +6
The oxidation number of S is +6.
+1
H
+6
S

−2
O4

−
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PRACTICE PROBLEM 4
Find the oxidation numbers of the following elements.
a. P2O5

b. NO3
–

c. Cl–

d. K

Metallic elements always have positive oxidation numbers. Non-metallic elements can have positive
or negative oxidation numbers, and the highest oxidation an element can have relates to its group in the
periodic table.

The use of oxidation numbers greatly simplifies the identification of redox reactions and the subsequent
identification of oxidants and reductants. If oxidation numbers change during a reaction, it indicates that the
reaction is a redox reaction.

If an oxidation number increases, oxidation has occurred

If an oxidation number decreases, reduction has occurred.

Consider the reaction Ca(s) + H2O(l)→ Ca(OH)2(s) + H2(g).
We can assign oxidation numbers to all of the atoms present.

0

Ca(s)+
+1
H2

−2
O(l) →

+2
Ca(

−2

O
+1
H)2(s) +

0
H2(g)

Firstly, the oxidation numbers have changed, so this is a redox reaction. The calcium atom has increased
its oxidation number from 0 to +2; therefore, it has been oxidised and it is the reducing agent. The
hydrogen atoms have decreased their oxidation numbers from +1 to 0; therefore, the water has been
reduced and it is the oxidising agent. Note that because the hydrogen is present as part of the water
molecule, we say that the water is reduced.

SAMPLE PROBLEM 5

Use oxidation numbers to explain why the following reaction is a redox reaction and state the
reducing agent and the oxidising agent.

MnO2(s)+ 2H+(aq)+ NO2
−(aq) → NO3

−(aq)+Mn2+(aq)+H2O(l)

Teacher-led video: SP5 (tlvd-0580)

THINK WRITE

1. Assign oxidation numbers to all atoms. This
is a redox reaction because the oxidation
numbers of reactants have changed.

+4
Mn

−2
O2(s) + 2

+1

H+1(aq) +
+3
N

−2
O2

−(aq) →
+5
N

−2
O3

−(aq) +
+2

Mn2+(aq) +
+1
H2

−2
O (l)

2. Identify which atom has increased its
oxidation number; this belongs to the species
being oxidised.

+3
N

−2
O2

− has been oxidised to
+5
N

−2
O3

−.
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3. Identify which atom has decreased its
oxidation number; this belongs to the species
being reduced.

+4
Mn

−2
O2 has been reduced to

+2

Mn2+.

4. The species being oxidised is the reducing
agent.

NO2
– is the reducing agent.

The species being reduced is the oxidising
agent.

MnO2 is the oxidising agent.

PRACTICE PROBLEM 5
Use oxidation numbers to explain why the following reaction is a redox reaction and state the
reducing agent and the oxidising agent.

Pb(s) + Br2(l) → Pb2+(aq) + 2Br−(aq).

REDOX REACTIONS IN FIREWORKS
Fireworks are spectacular examples of exothermic redox reactions.
To create the redox reactions that occur in fireworks, clearly an

oxidising agent and a reducing agent are required. Traditionally,
the combination used was gunpowder, which is composed of an
oxidising agent (potassium nitrate, also known as saltpetre), sulfur
and carbon (in the form of charcoal). The mass ratio of these three
substances in gunpowder, which has remained unchanged for
over 500 years, is 75:15:10.
Today the oxidising agents used include nitrates, NO3

−,
chlorates, ClO3

−, and perchlorates, ClO4
−. The chlorine in

the chlorates help strengthen some colours and, when burnt,
potassium perchlorate, KClO4, or ammonium perchlorate,
NH4ClO4, can reach temperatures of up to 2000°C. Nitrate
oxidising agents include potassium nitrate, KNO3 (saltpetre);
strontium nitrate, Sr(NO3)2, which produces a red colour; and
barium nitrate Ba(NO3)2, which produces a green colour. You may
remember seeing these colours when you performed flame tests on metal compounds.
The reducing agents are metals (which have a high heat output when oxidised), carbon (in the form of

charcoal or organic compounds) and/or sulfur. The high temperatures of reaction of the oxidising agents allow
a simultaneous release of a large amount of oxygen that is rapidly accepted by the reducing agents, oxidising
(burning) the fuel, which releases more heat and gas (SO2 and CO2) and further propagating the reaction to
produce explosive energy and gas — what we see as spectacular explosions of colour.
While elements in the oxidising and reducing agents contribute to the colours seen (for example, burning

aluminium creates a white light), the variety and intensity of colours in fireworks is also due to the addition
of colour ingredients and intensifiers. Red is created by strontium compounds, orange by calcium, yellow by
sodium, green by barium, blue by copper, purple by copper-strontium and silver by magnesium-aluminium
compounds.
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14.3 EXERCISE
To answer questions online and to receive immediate feedback and sample responses for every question,
go to your learnON title at www.jacplus.com.au.

1. Determine the oxidation numbers for each atom in the following examples.
(a) P
(b) F2
(c) Zn2+

(d) HCO3
–

(e) NaNO3

(f) BeO
(g) Ag2S

2. Arrange these substances in order of the increasing oxidation numbers of nitrogen: NO3
–, N2, NH4

+, NO2.
3. Sulfur is in group 16. What is the maximum oxidation number that sulfur can have?
4. Use oxidation numbers to identify which of the following equations are redox reactions.

(a) Br2(l) + SO2(g)→ 2Br–(aq) + SO4
2–(aq)

(b) KOH(aq) + HNO3(aq)→ KNO3(aq) + H2O(aq)
(c) Fe3+(aq) + 3OH–(aq)→ Fe(OH)3(s)
(d) 5Zn(s) + 2NO3

–(aq) + 12H+(aq)→ 5Zn2+(aq) + N2(g) + 6H2O(l)
5. In the unbalanced chemical reactions given, complete the following.

i
ii
iii
(a) Ca(s) + 2H2O(l)→ Ca(OH)2(aq) + H2(g)
(b) PbO2(s) + I–(aq)→ Pb2+(aq) + I2(g)
(c) I−(aq) + NO2

−(aq)→ I2(s) + NO(g)
(d) H2O2(aq) + MnO4

–(aq)→ Mn2+(aq) + O2(g)
6. For the reaction H2O2(l) + Sn2+(aq) + 2H+ → 2H2O(l) + Sn4+(aq), use oxidation numbers to answer the

following questions.
(a) What is the oxidation number of oxygen in H2O2?
(b) What substance is oxidised?
(c) What substance is reduced?
(d) Name the oxidising agent?
(e) Name the reducing agent?

7. Determine the oxidation numbers of the elements in the following changes. Place a tick in the relevant box
to indicate if the changes are oxidation, reduction or neither.

Change Oxidation Reduction Neither

O2 → O3

MnO2 → MnO4
–

P2O5 → P4H10

NH3 → NO2

Fe2+ → Fe3+

S2O3
2–→S2O4

2–

To answer practice exam questions online and to receive immediate feedback and sample responses for every
question go to your learnON title at www.jacplus.com.au.

studyON: Practice exam questions

Fully worked solutions and sample responses are available in your digital formats.
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. Determine the oxidation number of each element.

. State which species is oxidised and which is reduced.

. State the oxidising agent and the reducing agent.
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14.4 Reactivity series of metals

KEY CONCEPT
• The reactivity series of metals and metal displacement reactions, including balanced redox equations with
states indicated

You may have noticed that many of the redox reaction examples involved a metal reacting with a different
metal ion solution. Metals have different levels of reactivity, not only with other metal solutions but also
with oxygen, water or acids.

14.4.1 Reactivity of metals

FIGURE 14.6 The flask on the right shows the initial set up. The
flask on the left shows the silver forming on the copper strip and
the solution has become blue due to the copper ions forming.

When a copper strip is placed in
silver nitrate solution, a reaction
occurs, causing silver metal to form
on the copper (see figure 14.6). This
is a displacement reaction: copper
removes silver from the solution and,
as a result, a deep blue colour of the
solution forms as the copper metal
forms copper ions. If you place a silver
strip, however, in a solution of copper
nitrate, no reaction occurs. Therefore,
copper is more reactive than silver.

Different metals have varying
abilities to react with other substances.
Potassium is so reactive that it is
only found naturally as a compound
rather than a pure metal. When
extracted, it must be stored in oil to
prevent exposure to moisture and oxygen. It reacts very vigorously with water to produce hydrogen gas and
potassium hydroxide. The heat given off in this exothermic reaction is sufficient to ignite the hydrogen gas
and allows it to burn in air with a bright lilac flame (see figure 14.7).

2K(s)+ 2H2O(l) → 2KOH(aq)+ H2(g)

Gold, on the other hand, is very unreactive. It occurs in nature as a pure element and can be found in its
pure form both by mining or panning in rivers. Ornamental gold is valuable because it remains untarnished
for centuries. Potassium and gold are at opposite ends of the reactivity series of metals, shown in table 14.2.
This series, sometimes called the activity series, lists the metals in order of how readily they react with
oxygen, water, steam, dilute acids and salt solutions, and is useful for predicting reactions.

Each of these reactions is a redox reaction, in which the metal is always the reductant. A more reactive
metal will displace a less reactive metal from solution. In other words, a more reactive metal gives up its
electrons more readily and is a stronger reductant. Reactivity of metals tends to increase down a group of
the periodic table.
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FIGURE 14.7 Potassium reacting with water
A mnemonic using the first letters of the

names of the metals can be used to remember
the beginning of this list:
Please Potassium
Stop Sodium
Calling Calcium
My Magnesium
Aunt’s Aluminium
Zebra Zinc
In Iron
This Tin
Lesson Lead

TABLE 14. Reactivity series of metals

Element
Appearance
of metal

Reaction with
oxygen

Reaction
with water or
steam

Reaction with
dilute acids

K

under oil at room
temperature to
give oxides

formed from
cold water

Any metal in this series
displaces any other that
occurs lower in the series
(i.e. change themetal ion
back to the metal). The
further apart the metals
are, the easier the
displacement.

violentlyNa

Ca

formed with
cold acid

Mg

formed with
steam

Al

Zn

Fe

Sn

Pb

heated in air
or oxygen
to give oxides

at Bunsen
burner
temperatures visible

reaction

Cu

o reaction

Hg

Ag
o reaction

Au

Note: luminium metal often appears to be less reactive than the reactivity series indicates because it has a coating of
aluminium oxide and this protects it from reacting further with oxygen. This coating can be thickened by a process
called anodising.

Dull; stored

Generally dull

Generally shiny

a

2

Oxidises in air

Oxidises when

N

Hydrogen

Hydrogen

o reaction

No reaction

N

Hydrogen formed

Hydrogen

No

N

Displacement
of metals
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FIGURE 14.8 Reactivity of
metals with hydrochloric
acid; from left to right:
calcium, magnesium, zinc,
copper

In general, a reactive metal is:
• a stronger reducing agent
• more easily oxidised or corroded
• able to donate electrons readily
• able to form a positive ion easily
• more likely to be found naturally as a compound rather than a

pure metal
• more difficult to extract from its ore and so requires more energy.

14.4.2 Metal displacement reactions
The reactivity series can be established experimentally. Metals can be
combined with oxygen, water, acids or other metal solutions. The most
direct method to determine the relative reactivity of metals is to use
displacement reactions.

To understand how displacement reactions may be used, consider the
example earlier in this section, where copper displaced silver ions from
solution to form silver metal and copper ions according to the following equation.

Cu(s)+ 2Ag+(aq) → Cu2+(aq)+ 2Ag(s)

Silver metal does not displace Cu from solution. This demonstrated difference in reactivity forms the
basis of the displacement method of determining relative reactivity. Samples of each metal are immersed in
separate solutions of metal cations. These cations accept electrons from any other more reactive solid metal
atoms that are introduced, forming solid metal atoms themselves. The more reactive metal, therefore, loses
electrons and forms ions in solution.

SAMPLE PROBLEM 6

Use the reactivity series to consider what happens when a piece of lead is dipped into a solution of
silver nitrate.
a. Write an ionic equation.
b. Identify two half-equations for the reaction.
c. Determine the oxidising agent and reducing agent.

Teacher-led video: SP6 (tlvd-0581)

THINK WRITE

a. Recognise that lead is above silver in the activity
series. Because lead is more reactive than silver, a
displacement reaction will occur between lead
metal and silver ions. Lead displaces silver from
solution, producing silver metal. The ionic equation
omits the NO3

– ions.

Pb(s) + 2Ag+(aq)→ Pb2+(aq) + 2Ag(s)

b. The half-equation for oxidation has lead and its
conjugate. The half-equation for reduction has
silver ion and its conjugate.

Pb(s)→ Pb2+(aq) + 2e−

Ag+(aq) + e− → Ag(s)

c. The substance that is oxidised, Pb, is the reducing
agent. The substance that is reduced, Ag+, is the
oxidising agent.
Remember to call this the silver ion and not just
silver.

Pb is oxidised to Pb2+ so it is the
reducing agent.
Ag+ is reduced to Ag so it is the
oxidising agent.
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PRACTICE PROBLEM 6
Use the reactivity series to consider what happens when a piece of zinc is dipped into a solution of
lead nitrate.
a. Write an ionic equation.
b. Identify two half-equations for the reaction.
c. Identify the oxidising agent and reducing agent.

Weblinks Reaction of metals with oxygen and water

Displacement reactions

14.4 EXERCISE
To answer questions online and to receive immediate feedback and sample responses for every question,
go to your learnON title at www.jacplus.com.au.

1. Refer to the activity series of metals in table 14.2 and name the metals that best meet the following.
(a) Do not react at all with oxygen
(b) Will displace tin ions but will be displaced by zinc
(c) React with cold water to form hydrogen gas
(d) Are generally dull and oxidise when heated with oxygen to give oxides
(e) Displace hydrogen from cold water but not reactive enough to be stored under oil
(f) Oxidise when heated in oxygen but are otherwise generally shiny

2. (a) In which part of the periodic table would you find the most reactive metals? Suggest a reason this is the
case.

(b) Explain the trend in terms of reactivity down a group of the periodic table.
3. (a) State three observations that you would expect to see if iron was placed in a copper sulfate solution

and left overnight.
(b) State the products.

4. Use the reactivity series to determine if a reaction occurs when the following are mixed. Write an equation
for any reaction that occurs and identify the oxidising agent and the reducing agent.
(a) Mg(s) + Cu2+(aq)
(b) Al(s) + Pb2+(aq)
(c) Cu(s) + Fe2+(aq)
(d) Ag(s) + Zn2+(aq)

5. Use the reactivity series to predict what reaction, if any, occurs when the following reagents are mixed.
Write half-equations and overall equations for any reaction that you predict.
(a) Pb2+(aq) and Fe(s)
(b) Sn2+(aq) and Zn(s)
(c) Al3+(aq) and Fe(s)
(d) Zn2+(aq) and Al(s)

6. Sharni used the reactivity series to predict that a strip of aluminium metal would react with
copper(II) sulfate. When she tried the experiment, she observed no reaction.
(a) Explain her observations.
(b) What steps would she need to take to prove that her prediction was correct?

7. Write a full equation showing the reaction of sodium with water. State the oxidising agent and the reducing
agent.

8. Name the product of the reaction of aluminium with oxygen. Write a balanced equation showing this
reaction.

9. Identify the products and write the equations for the following reactions.
(a) Magnesium and hydrochloric acid
(b) Magnesium and steam
(c) Magnesium burned in air
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10. Matthew recommended that the next set of coins for Australia be made from gold, Oliver recommended
the use of magnesium and Chris suggested that copper would be the best choice. Do you agree with any
of these recommendations or do you have a completely different proposal? Include a discussion of the
factors that need to be considered when producing coins.

To answer practice exam questions online and to receive immediate feedback and sample responses for every
question go to your learnON title at www.jacplus.com.au.

studyON: Practice exam questions

Fully worked solutions and sample responses are available in your digital formats.

14.5 Corrosion

KEY CONCEPT
• The causes and effects of a selected issue related to redox chemistry

14.5.1 Types of corrosion
Although the ability of metals to act as reductants and be oxidised can be useful in cases like batteries, in
other situations redox reactions can be quite a problem. Corrosion is the oxidation of metals by materials
in their environment. When a metal corrodes, it suffers damage as a result of chemical change. Two types of
corrosion are possible:
1. Dry corrosion occurs when a metal reacts directly with

oxygen. Some metals are very reactive and must be stored
under oil. Potassium and sodium combine readily with
oxygen, so they undergo dry corrosion very quickly.
Iron undergoes dry corrosion, but at normal temperatures
its rate of dry corrosion is very slow.

2. Wet corrosion occurs when a metal reacts directly with
oxygen in the presence of water. Water can speed up some
corrosion reactions, such as that of iron, which corrodes
much more quickly in a moist environment. Corrosion
returns metals to their natural states — the original ores.
Except for gold and platinum, which are virtually unreactive, most metals are found in the ground as
oxidised metals or ores. Since corroded metal often loses its structural purpose and attractiveness, this
oxidation reaction has a great economic impact. In Australia, billions of dollars are spent each year
preventing and treating corrosion.

Corrosion is the breakdown of a substance, often a metal, due to its reaction with chemicals
in their environment.

FIGURE 14.9 Car with corrosion
above the wheel

14.5.2 Wet corrosion process
The wet corrosion of iron is commonly known as rusting. Iron rusts when a water drop containing
dissolved impurities lands on it. Oxidation usually takes place at a ‘stress site’ on the iron, such as a dent
in a car or a scratch on the surface. Iron is oxidised, releasing electrons.

Fe(s) → Fe2+(aq)+ 2e−Pdf_Folio:20
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These electrons travel through the metal and are accepted by oxygen, usually at the point where the edge
of a water drop is in contact with the air. Oxygen can also come from dissolved oxygen in the water drop.
Oxygen accepts electrons and is reduced.

O2(g)+ 2H2O(l)+ 4e− → 4OH−(aq)

Fe2+ and OH− ions produced migrate toward each other and react to produce an insoluble green iron(II)
hydroxide precipitate. The overall equation is as follows.

2Fe(s)+ O2(g)+ 2H2O(l) → 2Fe (OH)2(s)

Iron(II) hydroxide is very unstable in air and quickly reacts with oxygen to produce brown iron(III)
hydroxide.

4Fe (OH)2(s)+ O2(g)+ 2H2O(l) → 4Fe (OH)3(s)

This brown precipitate then partially dehydrates (loses water) to produce iron(III) oxide, Fe2O3.xH2O,
where x is less than 3. The degree of hydration (the value of x) affects the colour of the rust.

FIGURE 14.10 The corrosion of iron

drop of

water

O2
O2

cathode cathode
anode

rust
iron

Fe2+

OH−

OH−

air

This process is responsible for the corrosion of cars, tools, bridges, buildings, machinery and virtually
anything made of iron and steel that is not protected in some way. This is significant because iron is our
most used metal. Because it is soft and flaky, rust is easily dislodged, which accelerates further rusting.
Water is vital in the process; without a ‘salt bridge’, iron does not rust. Cars last much longer in dry areas;
however, the dissolved salts in the air in seaside areas accelerate rusting. The dissolved ions increase the
conductivity of the moisture and, therefore, encourage corrosion. Other factors increase corrosion, including
the presence of acids and pollutants such as sulfur dioxide and nitrogen dioxide, and imperfections in the
metal surface.

Testing the conditions for rusting
The conditions for rusting can be tested experimentally, as demonstrated in figure 14.11. In the first image
(a), from left to right, iron nails are placed in water and air, a drying agent, distilled water topped with oil,
and salty water. The results after several weeks are shown in the second image (b). In the test tube with
water and air (far left), rust (hydrated iron oxide) is seen; this process has been accelerated in the test tube
with salt water and air (far right). The nails exposed to air but no water and exposed to water but no air
(oxygen) have not rusted (middle test tubes).
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FIGURE 14.11 Conditions for rusting

(a) (b)

Adverse effects of corrosion
Corrosion has many adverse effects, including the following.
• Metal oxides, or rust, have less tensile strength and less elasticity than uncorroded metal. Corroded

buildings, bridges and machinery may develop weaknesses that result in malfunction or breakage.
• A severely corroded metal cannot conduct electricity. Products of corrosion formed in a car battery,

between the terminals and the leads, may cause the electrical system to malfunction.
• Corroded copper pipes and hot water tanks leak as the copper compounds dissolve in the water flowing

through them.
• Products of corrosion are brittle and flake off, resulting in holes in car mufflers or iron roofing. In car

radiators, iron oxide flakes may cause blockages.
• A corroded metal occupies a larger volume than the original metal. Corroded nuts and bolts may jam

machinery.

14.5.2 Corrosion protection
It is important to protect iron and steel from corrosion. Three main methods are used: surface protection (as
described in topic 3), alloying and electrochemical protection.

Surface protection
If a metal surface can be prevented from coming into contact with oxygen or water, it will not corrode. An
obvious way of achieving this is to coat the surface in some way. Commonly used surface coatings are
plastic, paint, grease or oil, noble metals and sacrificial metals. Specific details of each of these methods
may be found in topic 3.

A metal that produces its own surface protection is aluminium and it does this by corroding. It is an
unusual metal because even though it is a reactive metal and reacts readily with oxygen in the atmosphere
this produces an oxide layer that provides a thin, hard surface coating and prevents further reaction with the
environment. This contrasts with iron where the rust flakes off exposing more iron to the air.

Alloying
Iron can be alloyed with small quantities of metals, such as chromium, nickel, manganese and
molybdenum, to produce stainless steel. A wide variety of grades of stainless steel is produced for specific
purposes. The most widely used stainless steel contains approximately 18% chromium and 8% nickel. This
is called 18-8 stainless steel and is used for kitchen sinks and cutlery. The formation of a stable film of
chromium (III) oxide, Cr2O3, provides a very strong surface protection for this alloy, although the metal
Pdf_Folio:22
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may still be attacked by chloride ions. It is important, therefore, to choose an appropriate alloy for any
specific use. For example, stainless steel containing molybdenum is more resistant to chloride ion attack
and is, therefore, recommended for use in sea water; it is used in valves on scuba diving equipment.

Electrochemical protection
Electrochemical protection involves placing a more reactive metal in electrical contact with the metal that
needs protection. It involves ‘sacrificing’ one metal to save another.

If a block of a metal higher in the reactivity series is connected to iron, that metal is corroded while iron
remains intact. Underground pipes may be protected by attaching bags of magnesium scraps at intervals and
replacing them when they have been corroded away. The hulls of ships can be protected by attaching blocks
of zinc, which are sacrificed to protect the iron. This is sometimes referred to as sacrificial protection or
cathodic protection. It involves the selection of an appropriate sacrificial anode. A sacrificial anode is a
reactive metal that is used to prevent a less reactive metal from corroding.

A demonstration of cathodic protection can be seen in figure 14.12. Identical iron nails are introduced
to two beakers of agar, each containing phenolphthalein indicator and potassium hexacyanoferrate,
K4Fe(CN)6. The first nail (a) is unprotected, while the second nail (b) has magnesium ribbon wrapped
around its centre. The pink colouring indicates rusting. For the second nail (b), the magnesium wrapped
around the nail protects the nail from corrosion because magnesium is a more reactive metal than iron,
meaning it will corrode preferentially, leaving the iron intact.

FIGURE 14.12 A demonstration of cathodic protection with (a) an unprotected nail and (b) nail with magnesium
ribbon wrapped around its centre; the pink colour indicates rusting

(a) (b)

FIGURE 14.13 Corrosion of an iron pipe FIGURE 14.14 Sacrificial anode for cathodic
protection on a pipe

Iron pipes exposed to the atmosphere rust very quickly. Even pipes buried beneath the ground rust. To
prevent corrosion, blocks of a more reactive metal, such as magnesium, are bolted to aboveground pipes.
For underground pipes, bags of magnesium can be placed in holes in the ground and then connected to the
pipe by a conductor. When the magnesium has corroded away, it is replaced.
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Another method of cathodic protection is impressed-current cathodic protection. This is achieved by
making iron the cathode that supplies electrons to the protected metal by connecting it to the negative
terminal of a battery. A conductor such as graphite is connected to the positive terminal (see figure 14.15).
The current is monitored by a reference electrode that keeps the potential difference between the cathode
and the anode high enough to ensure protection. The formation of Fe2+ ions is inhibited by the negative
impressed current on the iron.

FIGURE 14.15 Electrochemical protection

+−

power supply

anode

reference

electrode

protected

metal

FIGURE 14.16 Car bodies treated to provide
corrosion protection

Car manufacturers treat newly formed car body
shells so that they become resistant to corrosion
and attractively coloured. This involves immersing
each car body in a series of treatment and paint
tanks containing zinc. The body then receives an
electrocoat primer on the inside and outside surfaces
to provide corrosion protection and prepare the
surface for the coloured top-coat. Paint spraying
is usually performed by automatic machines using
electrostatic attraction. The car body is then heated
to produce a hard, glossy finish.

NAPOLEON, CANS AND CORROSION
A common example of corrosion prevention is found in your kitchen cupboard. Tin cans have been used as
a method of storage of food items for about 200 years. The history of this method of food preservation is a
fascinating one. In 1795 Napoleon needed a way of feeding his army food that did not spoil while they were away
fighting, so the French government offered a large reward to anyone who could provide a solution to Napoleon’s
problem. After all, he was quoted as saying that ‘an army marches on its stomach’.
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In 1810 Nichols Appert, a sweet maker, ultimately won the prize when he proposed putting food in a container,
sealing it and then heating it. It was said that he used his method to preserve a whole sheep. This process,
however, was not suitable for all purposes because the material he used was glass and prone to shattering. He
had considered using tinplate but the quality of the available material was poor.
At about the same time, Peter Durand patented the first

cans for stopping food from becoming rancid. Again, the
food was heated and this seemed to effectively preserve
the food. Cans were easier to produce at that time than
the thick glass used in Appert’s method. These ‘tins’ were
made of steel coated in tin to prevent corrosion and the
lids were originally soldered on with lead to provide a good
seal. Surprisingly, the can opener was not invented until
50 years later so it would have been interesting observing
the various methods used to open the cans!
It was not long before lead was no longer used because

it was found to be toxic. Today, cans are less likely to
be coated in tin, which is not readily available. Today’s cans are made from alloys and are lined with an epoxy
coating. This plastic lining is sometimes bisphenol-A (BPA), which is a controversial compound. Many studies are
investigating the safety of this material as well as the use of less contentious alternatives. The development of
cans has made a variety of different foods available to us whenever we want them, and the ring top eliminates the
need for finding a can opener in the bottom of a drawer.

Digital documents Experiment 14.3 Corrosion of iron (doc-30863)

Experiment 14.4 Minimising corrosion (student design) (doc-30864)

Teacher-led videos Experiment 14.4 Corrosion of iron (tlvd-0637)

Experiment 14.4 Minimising corrosion (student design) (tlvd-0638)

14.5 EXERCISE
To answer questions online and to receive immediate feedback and sample responses for every question,
go to your learnON title at www.jacplus.com.au.

1. (a) What is corrosion?
(b) What type of reaction is involved?

2. Why do some metals corrode and others do not appear to?
3. Explain the difference between dry corrosion and wet corrosion. Give an example of each.
4. What is the difference between rusting and corrosion?
5. What conditions are required for rusting to occur? Describe the process of rusting, including chemical

equations.
6. Describe an experiment to test if iron nails rust more quickly in tap water or salty water.
7. If iron is so susceptible to corrosion, why is it used so extensively?
8. Describe two examples where corrosion can cause problems in industry.
9. What sort of corrosion protection would you observe in the following examples?

(a) A bike chain
(b) A metal dish-draining rack
(c) A metal roof
(d) A ship’s hull

10. Explain how sacrificial protection is used to prevent corrosion of pipelines and ships.

Pdf_Folio:25

TOPIC 14 Redox reactions in water 25

UN
CO
RR
EC
TE
D
PA
GE
PR
OO
FS



UN
CO
RR
EC
TE
D
PA
GE
PR
OO
FS

“c14RedoxReactionsInWater_print” — 2019/7/6 — 8:06 — page 26 — #26

26 Jacaranda Chemistry 1 VCE Units 1 & 2 Second Edition

To answer practice exam questions online and to receive immediate feedback and sample responses for every
question go to your learnON title at www.jacplus.com.au.

studyON: Practice exam questions

Fully worked solutions and sample responses are available in your digital formats.

14.6 Review
14.6.1 Summary
Redox reactions

• Redox reactions are very common reactions that occur in our bodies, batteries and during combustion.
• The word ‘redox’ comes from ‘reduction’ and ‘oxidation’.
• The early definition was that oxidation was the gain of oxygen and reduction was loss of oxygen.
• Oxidation–reduction (or redox) reactions are now known as those in which electrons are transferred

from the reducing agent to the oxidising agent.
• Oxidation can be defined as the loss of electrons
• Reduction can be defined as the gain of electrons.
• Oxidation and reduction are complementary processes; one cannot occur unless the other occurs

simultaneously.
• An oxidising agent can be defined as a substance that:
• accepts electrons
• undergoes reduction.

• A reducing agent can be defined as a substance that:
• donates electrons
• undergoes oxidation.

• Oxidation–reduction reactions can be represented as the sum of two half-equations — one for
oxidation and one for reduction.

• A conjugate redox pair is made up of two species that differ by a certain number of electrons, and each
has its own half-equation. These must be balanced to show the relative amounts of oxidant and
reductant such that the number of electrons taken from the reductant is the same as the number of
electrons accepted by the oxidant.

Oxidation numbers

• Element: oxidation number is 0; e.g.
0
Zn,

0
S,

0
O2,

0
N2

• Monatomic ions: oxidation number is the same as the charge on the ion; e.g.
+2

Mg2+,
−2

O2−,
+1

Na+

• Hydrogen compounds: the oxidation number of hydrogen is +1; e.g.
+1
H2

−2
O,

+1
CH4.

Exception: in metallic hydrides, the oxidation number is –1; e.g.
+1
Na

−1
H.

• Oxygen compounds: the oxidation number of oxygen is usually −2; e.g.
+1
H2

−2
O

Exception: in peroxide, the oxidation number of the oxygen is −1; e.g.
+1
H2

−1
O2. In compounds bonded

to fluorine, the oxidation number of the oxygen is +2; e.g.
+2
O

−1
F2

• Fluorine always has oxidation number of –1 because it is the most electronegative element.
• Neutral molecule: the sum of the oxidation numbers must equal zero.
• Polyatomic ion: the sum of the oxidation numbers must equal the charge on the ion.
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• Ionic compounds: it is often easier to separate the compound into its ions first and calculate the
oxidation numbers of each ion separately.

• No hydrogen or oxygen: the more electronegative atom is assigned an oxidation number, as if it were
a monatomic ion.

• If an oxidation number increases, oxidation has occurred
• If an oxidation number decreases, reduction has occurred.

Reactivity series of metals

• Metals can be ranked in an approximate order of reactivity, called the reactivity (or activity) series of
metals, according to how readily each reacts with oxygen, water, steam, dilute acids and salt solutions.

• Displacement reactions, where a more reactive solid metal displaces the ions of another metal from
solution, can be used to determine this ranking.
• The order of some selected metals in the reactivity series is, from most reactive to least reactive:

K, Na, Ca, Mg, Al, Zn, Fe, Sn, Pb, Cu, Hg, Ag, Au.
• More reactive metals displace the cations of less reactive metals from solution.

Corrosion

• Corrosion is the oxidation of metals by materials in their environment.
• There are two types of corrosion: wet and dry corrosion.
• Rusting is the corrosion of iron by oxygen in a moist environment.
• Rust can be represented by the formula Fe2O3.xH2O where x is a number from 1 to 3.
• Rusting requires the presence of oxygen, to act as the oxidant, as well as water and dissolved salts,

to act as the electrolyte.
• Corrosion of iron occurs where the metal lattice has been deformed.
• Corrosion affects the properties of metals, which can be protected from corrosion by one of three

methods:
• surface protection, which may be achieved using plastic, paint, grease or oil, or through the

application of metal coatings, such as noble coating and sacrificial coating
• alloying
• electrochemical protection, also known as sacrificial protection or cathodic protection, where a

sacrificial anode of another more reactive metal (such as zinc or magnesium) is introduced.
• Common metal coatings include:
• galvanised iron; this has a sacrificial coating of zinc, which is more reactive than iron. At a break in

the sacrificial coating, protection of the steel is maintained.
• stainless steel, which is produced by alloying and is corrosion resistant because of a protective layer

of chromium(III) oxide.
• Aluminium is corrosion resistant because of a tightly bound impermeable layer of aluminium oxide.

14.6.2 Key terms

alloying forming a substance with metallic properties that consists of two or more elements, at least one of which
is a metal

cathodic protection method of protecting a metal from corrosion by connecting it to a power source and
another metal that is less active. The electrons feed onto the metal being protected, making it a cathode so
that it cannot be oxidised.

conjugate redox pair two species that differ only by a certain number of electrons
corrosion oxidation of metals by materials in their environment
displacement reaction chemical reaction in which a more reactive element displaces a less reactive element

from its compound
dry corrosion corrosion of a metal in the air when water is not a reactant
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electrochemical protection a method of protecting a metal from corrosion by connecting it to a power source
and another metal that is less active. The electrons feed onto the metal being protected, making it a cathode
so that it cannot be oxidised.

half-equation chemical equation showing either oxidation or reduction in a redox reaction
oxidation an increase in the oxidation number; a loss of one or more electrons
oxidation number a theoretical number that corresponds to the charge that atom would have if the compound

was composed of ions
oxidising agent the substance that causes oxidation of another substance; it accepts electrons and is reduced
product chemical species obtained as the result of a chemical reaction
reactivity series of metals an ordered list of how readily the metals react with oxygen, water, steam, dilute acids

and salt solutions
redox describes a reaction that involves the transfer of one or more electrons between chemical species
reducing agent the substance that causes reduction of another substance; it donates electrons and is oxidised
reduction a decrease in the oxidation number; a gain of electrons
rusting wet corrosion of iron
sacrificial anode a reactive metal used to prevent a less active metal from corroding
sacrificial protection protection of a metal from corrosion by attaching another more active metal to it. The more

active metal reacts preferentially with corrosive elements and protects the less reactive metal.
wet corrosion corrosion of a metal by reaction with oxygen in the presence of water

Digital document Key terms glossary — Topic 14 (doc-30944)

14.6.3 Practical work and experiments

Experiment 14.1
Simple redox equations

Aim: To investigate a simple redox reaction between iron and copper
ions

Digital document: doc-30862
Teacher-led video: tlvd-0635

Experiment 14.2
Complex redox reactions

Aim: To react some common oxidants and reductants with one another
and write their redox equations

Digital document: doc-30866
Teacher-led video: tlvd-0636UN
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Experiment 14.3
Corrosion of iron

Aim: To investigate the corrosion of iron

Digital document: doc-30863
Teacher-led video: tlvd-0637

Experiment 14.4
Minimising corrosion

Aim: To design and perform an experiment to investigate the
effectiveness of different methods used to minimise metal corrosion.

Digital document: doc-30864
Teacher-led video: tlvd-0638

14.6 Exercises
To answer questions online and to receive immediate feedback and sample responses for every question,
go to your learnON title at www.jacplus.com.au.

14.6 Exercise 1: Multiple choice questions
1. Oxidation is best described as a process that involves what?

A. The gain of protons
B. The loss of oxygen
C. The gain of electrons
D. The loss of electrons

2. The process of black and white film photography depends upon a reaction initiated by light and
represented by the following equation.

2Ag+(aq)+ 2Br−(aq) → 2Ag(s)+ Br2(aq)

Name the species that is oxidised in this reaction.
A. Ag+(aq) B. Br−(aq) C. Ag(s) D. Br2(aq)

3. For the reaction Al→ Al3+ + 3e−, which of the following is true?
A. Aluminium loses electrons from its nucleus.
B. Al is reduced to Al3+.
C. The electrons remain free in aqueous solution.
D. This reaction can occur only if another reaction is occurring simultaneously and using electrons.

4. Consider the following half-equation:

2Cl−(aq) → Cl2(aq)+ 2e−
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What is this an example of?
A. An acid–base reaction
B. A precipitation reaction
C. A reduction reaction
D. An oxidation reaction

5. In which of the following reactions does Fe2+(aq) act as a reducing agent?
A. Fe2+(aq) + S2−(aq)→ FeS(s)
B. Fe2+(aq) + 2e− → Fe(s)
C. Fe2+(aq) +Mg(s)→ Fe(s) +Mg2+(aq)
D. 2Fe2+(aq) + Br2(aq)→ 2Fe3+(aq) + 2Br−(aq)

6. A small piece of silver was placed in a solution containing both magnesium nitrate and copper(II)
nitrate.

Which one of the following will occur?
A. No reaction occurs.
B. The silver dissolves and only copper is precipitated.
C. The silver dissolves and only magnesium is precipitated.
D. A mixture of copper and magnesium forms on the silver.

7. What happens if a piece of shiny aluminium metal is placed in a CuSO4 solution?
A. Sulfur dioxide gas is liberated.
B. No reaction occurs.
C. Copper oxide is formed on the aluminium metal.
D. Copper metal is deposited on the aluminium metal.

8. What would happen if you tried to store FeSO4 solution in a container made of Cu metal?
A. The FeSO4 solution would be stored quite safely.
B. The copper of the container would dissolve and Fe metal would form.
C. The copper container would dissolve and Fe2+ ions would form.
D. The copper container would dissolve and O2 gas would form.

9. Which of the following metals could be used to make a container to store an aqueous copper
sulfate solution?
A. Sn
B. Pb
C. Ag
D. Fe

10. Aluminium, although a fairly reactive metal, does not react with oxygen gas in air. Why not?
A. It is protected by small amounts of its own impurities.
B. Its oxide forms a hard protective layer on the metal.
C. Nitrogen and carbon dioxide gas in the air prevent oxidation.
D. It forms a hard protective layer by a reaction with sulfur in the air.

11. The following diagrams represent four tests in an experiment designed to find the conditions necessary
for a steel nail to rust.

water

nail

air

nail

A B

water

with air

removed

nail
nail

C D

oil

air

calcium
chloride

to remove
water vapour
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Which diagram represents the most favourable conditions for rust to appear on the nail?
A. A
B. B
C. C
D. D

12. Why do iron rubbish bins coated with a complete layer of zinc not rust?
A. The zinc acts as a sacrificial metal, becoming oxidised to prevent the iron rusting.
B. Iron is a more reactive metal than zinc.
C. The zinc combines with the iron to form a new compound that does not rust.
D. Particles of rust are unable to stick to the zinc surface.

14.6 Exercise 2: Short answer questions
1. Define oxidation and reduction reactions in terms of the transfer of oxygen.
2. Define oxidation and reduction reactions in terms of the transfer of electrons.
3. What is an oxidising agent?
4. Use the electron transfer approach to identify the oxidant, reductant, direction of electron transfer and

the direction of oxidation and reduction in the following equations.
a. Sn2+(aq) + 2Ce4+(aq)→ Sn4+(aq) + 2Ce3+(aq)
b. Cd(s) + Pb2+(aq)→ Cd2+(aq) + Pb(s)
c. 2Al(s) + 3Cl2(g)→ 2Al3+(aq) + 6Cl−(aq)
d. Mg(s) + S(s)→Mg2+(aq) + S2–(s)
e. 2Na(aq) + 2H2O(l)→ 2Na+(aq) + OH−(aq) + H2(g)

5. Balance the following equations using half-equations.
a. Br−(aq) + SO4

2−(aq)→ SO2(g) + Br2(l)
b. Al(s) + Cl2(g)→ AlCl3(s)
c. I2(s) + H2S(g)→ I−(aq) + S(s)
d. Cu(s) + HNO3(aq)→ Cu2+(aq) + NO(g)
e. CuO(s) + NH3(g)→ N2(g) + Cu(s)
f. Cr2O7

2−(aq) + CH3CH2OH(g)→ CH3COOH(aq) + Cr3+(aq)
6. What is a displacement reaction? Explain using an example.
7. Where are the most reactive metals found in the periodic table?
8. Which of the following reactions is more likely to happen if the reactants are mixed?

Zn(s)+ Pb2+(aq) → Zn2+(aq)+ Pb(s)

Pb(s)+ Zn2+(aq) → Pb2+(aq)+ Zn(s)

9. Develop overall redox equations by first writing the oxidation and reduction equations for the following
reactions. Label the oxidant and reductant in each case.
a. Zinc solid is placed in a copper sulfate solution.
b. An iron nail is placed in a solution of tin(II) nitrate.
c. A small piece of lead is placed in silver nitrate solution.
d. A small piece of aluminium is reacted with zinc chloride solution.

10. Tin displaces copper metal from CuSO4 solution and cadmium displaces tin metal from SnCl2 solution.
The three metals and their cations are as follows: Sn2+/Sn, Cu2+/Cu, Cd2+/Cd.
a. Ignoring spectator ions, write an ionic equation for the two displacement reactions described.
b. Use the information given to deduce the relative order of metals from most reactive to least reactive.
c. State whether you would expect the following reactions to occur.

i. Sn2+(aq) + Cu(s)→ Sn(s) + Cu2+(aq)
ii. Cd2+(aq) + Cu(s)→ Cd(s) + Cu2+(aq)
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iii. Sn(s) + Cd2+(aq)→ Sn2+(aq) + Cd(s)
iv. Cd(s) + Cu2+(aq)→ Cd2+(aq) + Cu(s)

11. Six different strips of metal, A to F, were placed in solutions of their metal nitrates to see if any reaction
took place. The results are shown in the following table .

Metal A nitrate B nitrate C nitrate D nitrate E nitrate F nitrate

A — ✓ ✓ ✓ × ✓

B × — × × × ×

C × ✓ — ✓ × ×

D × ✓ × — × ×

E ✓ ✓ ✓ ✓ — ✓

F × ✓ ✓ ✓ × —

✓ = metal displaced × = no reaction

a. Deduce the order of reactivity of the metals A to F and list them in order, beginning with the most
reactive.

b. Identify the six metals.
12. Explain, using equations, why the corrosion of iron to form rust is a redox process.
13. Salt is often spread on roads in cold countries to melt the ice. Explain why cars rust quickly

in these countries.
14. Explain what would happen if the following coatings of a steel object are damaged.

a. Plastic
b. Paint
c. Tin
d. Zinc

15. a. What does the term ‘noble coating’ mean?
b. Why is it undesirable to coat screws with tin as a protection from corrosion?

16. An iron sculpture was produced to commemorate the anniversary of the founding of a small town. To
stop it rusting, the mayor attached it by a wire to a block of zinc that was stored underground
out of sight.
a. Explain how the mayor’s action would prevent corrosion.
b. What would happen if a block of lead were to be attached to the iron rather than the block of zinc?
c. List two other ways in which corrosion of the statue could be prevented.

14.6 Exercise 3: Exam practice questions
Question 1 (4 marks)
State which of the following are redox reactions:
a. 2SO2(g) + O2(g)→ 2SO3(g) 1 marks
b. HCl(aq) + KOH(aq)→ KCl(aq) + H2O(l) 1 mark
c. Cu2+(aq) +Mg(s)→ Cu(s) +Mg2+(aq) 1 mark
d. 2H2O(l) + 2F2(g)→ 4HF(aq) + O2(g) 1 mark
Question 2 (15 marks)
Balance the following equations using the half-equation method. Identify the oxidation reaction, the
reduction reaction and the balanced equation.
a. Fe2O3(s) + CO(g)→ Fe(s) + CO2(s) 3 marks
b. P4(s) + HNO3(aq) + H2O(l)→ H3PO4(aq) + NO(g) 3 marks
c. Cr2O7

2–(aq) + H2C2O4(aq)→ Cr3+(aq) + CO2(g) 3 marks
d. Cu(s) + HNO3(aq)→ Cu2+(aq) + NO2(g) 3 marks
e. PbS(s) + H2O2(l)→ PbSO4(s) + H2O(l) 3 marks
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Question 3 (6 marks)
A clean piece of tin metal is placed into a solution of lead nitrate and left for a period of time. It is then
observed that the tin has become coated with a layer of dull lead metal.
a. Write the half-equation for the oxidation reaction that has occurred. 1 mark
b. Write the half-equation for the reduction reaction that has occurred. 1 mark
c. State the oxidising agent for this reaction. 1 mark
d. State the reducing agent for this reaction. 1 mark
e. If the tin is removed, cleaned of lead, and then placed into a solution of magnesium chloride, would

a further redox reaction occur? Explain. 2 marks
Question 4 (5 marks)
Four hypothetical metallic elements, A, B, C and D, form soluble nitrates with the formulas ANO3,
B(NO3)2, CNO3 and D(NO3)3.

Strips of each of the four metals were immersed in solutions of the other metal nitrates and the
following observations were recorded.
• Metal B underwent reaction in all solutions.
• Metal A reacted only with CNO3.

a. State the formulas of the metal cations in the soluble nitrates. 2 marks
b. Deduce the position of D in the series by listing the three metals A, B and C in decreasing order,

with respect to their relative reactivities. 1 mark
c. List the four metals in order from most reactive to least reactive. 1 mark
d. Which metal cation is the weakest oxidant? 1 mark
Question 5 (8 marks)
Experts estimate that over 20% of the iron produced in the world is used to replace that lost
by corrosion.
a. List the substances needed for the rusting of iron to occur. 2 marks
b. Name three other substances that speed up the rusting of iron. 3 marks
c. Explain why iron objects are less likely to rust in the following environments. 3 marks

i. In a desert
ii. In outer space
iii. On the ocean floor

14.6 Exercise 4: studyON Topic Test
Fully worked solutions and sample responses are available in your digital formats.

Test maker
Create unique tests and exams from our extensive range of questions, including practice exam questions.
Access the assignments section in learnON to begin creating and assigning assessments to students.
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