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

3 Galvanic cells as a source
of energy

3.1 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.

3.1.1 Introduction

FIGURE 3.1 The remains of an early telegraph station at
Eucla, near the South Australia–Western Australia border

In today’s world of mobile phones and satellite
communication, it is difficult to imagine what
life would have been like before the invention
of the telegraph and a suitable battery or
cell to power it. The almost immediate
communication we now take for granted
would have taken weeks or even months just
within Australia. Overseas communications
may have taken up to a year. In the late
nineteenth century, redox reactions were
responsible for bringing the world together
via the telegraph. Today, redox reactions still
perform this vital role. They are at the heart of
the battery technology that powers our mobile
phones and other electronic devices.

Critical to the functioning of early telegraph stations was the Daniell cell — an electrochemical cell that
harnessed the redox reaction between zinc and copper ions to produce electricity.

3.1.2 What you will learn

KEY KNOWLEDGE
In completing this topic, you will investigate:
• redox reactions with reference to electron transfer, reduction and oxidation reactions, reducing and
oxidising agents, and use of oxidation numbers to identify conjugate reducing and oxidising agents

• the writing of balanced half-equations for oxidation and reduction reactions and balanced ionic equations,
including states, for overall redox reactions

• galvanic cells as primary cells and as portable or fixed chemical energy storage devices that can produce
electricity (details of specific cells not required) including common design features (anode, cathode,
electrolytes, salt bridge and separation of half-cells) and chemical processes (electron and ion flows,
half-equations and overall equations)

• the comparision of energy transformations occurring in spontaneous exothermic redox reactions involving
direct contact between reactants (transformation of chemical energy to heat energy) compared with those
occurring when the reactants are separated in galvanic cells (transformation of chemical energy to electrical
energy)
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• the use of the electrochemical series in designing and constructing galvanic cells and as a tool for
predicting the products of redox reactions, deducing overall equations from redox half-equations and
determining maximum cell voltage under standard conditions.

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.

Digital documents Key science skills (doc-30903)

Key terms glossary – Topic 3 (doc-31403)

Practical investigation logbook (doc-31404)

To access key concept summaries and past VCE exam questions download and print the studyON: Revision and practice
exam question booklet (doc-31405).

3.2 Redox reactions and half-equations

KEY CONTENT
• Redox reactions with reference to electron transfer, reduction and oxidation reactions, reducing
and oxidising agents, and use of oxidation numbers to identify conjugate reducing and oxidising agents

• The writing of balanced half-equations for oxidation and reduction reactions and balanced ionic equations,
including states, for overall redox reactions

3.2.1 What is a redox reaction?
The production of electricity from chemical reactions began in 1780 when Luigi Galvani (1739–1798), an
Italian anatomist, conducted a series of experiments investigating the responses obtained from the hind legs
of frogs when static electricity was applied to them. He found that the frogs’ legs could be made to twitch
by connecting the nerve and muscle tissues to different metals such as copper and iron. The dead frog was
literally galvanised into action. Galvani thought that the muscles of the frog must contain electricity and
advocated the idea of ‘animal electricity’.

FIGURE 3.2 During the eighteenth century, many people believed that the nerves and muscles of animals
contained a fluid that acted like an electric current. How do Galvani’s results support this idea?
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Redox reactions involve the transfer of electrons to and from substances. The term ‘redox’ is derived
from two separate words: reduction and oxidation. A substance is said to be reduced when it accepts (or
gains) electrons, and said to be oxidised when it donates (or loses) electrons. In a redox reaction, reduction
and oxidation always occur simultaneously. Note that oxidation and reduction are processes.

• Reduction is the process in which electrons are added to a substance.
• Oxidation is the process in which electrons are removed from a substance.
• Use the acronym: OIL RIG
• Oxidation Is Loss Reduction Is Gain

Oxidising agents (oxidants) and reducing agents (reductants) are substances in a redox reaction.
Because oxidation and reduction always occur together, an oxidising agent can be thought of as a substance
that allows (or causes) another substance to undergo oxidation. It does this by accepting the electrons that
are produced. In the same way, a reducing agent is a substance that permits another substance to undergo
reduction, by supplying the electrons that are required. As a result, oxidising agents undergo the process of
reduction, while reducing agents undergo the process of oxidation.

• Oxidising agents are substances that cause or permit another substance to be oxidised.
• Reducing agents are substances that cause or permit another substance to be reduced.

All of these definitions can be clarified by remembering that oxidation and reduction are processes,
whereas oxidising agents and reducing agents are substances involved in these processes.

Redox reactions may be represented by balanced half-equations and by overall equations. For example,
the burning of magnesium may be represented by the overall equation:

2Mg(s)+ O2(g) → 2MgO(s)

This equation may be deconstructed into two half-equations that illustrate the transfer of electrons.

Mg(s) → Mg2+(s)+ 2e−(oxidation)

O2(g)+ 4e− → 2O2−(s) (reduction)

In this reaction, magnesium is acting as a reducing agent because it is losing electrons. Magnesium is a
group 2 metal, and losing 2 electrons allows it to attain a full outer shell configuration. Oxygen is acting as
an oxidising agent because it is gaining electrons. As a member of group 16, the gain of 2 electrons allows
it to to attain a full outer shell configuration. If the oxidation half-equation is multiplied by two and the two
half-equations are then added, the electrons cancel out and the overall balanced (in terms of both charge and
species) equation is produced.

Video eLesson Redox-electron transfer (eles-2495)

3.2.2 Oxidation numbers
The deconstruction of an equation into oxidation and reduction half-equations prove that a reaction is a redox
reaction. While this is a relatively simple process for some reactions, there are many redox reactions that are
more complex. For example, the reaction between the acidified dichromate (VI) ion and hydrogen disulfide:

Cr2O
2−
7 (aq)+ 3H2S(aq)+ 8H+(aq) → 2Cr3+(aq)+ 3S(s)+ 7H2O(l)
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is also a redox reaction but it is much harder to produce the half-equations for this reaction. To assist
in situations such as this, chemists use oxidation numbers. These are a set of rules that assist in the
identification of redox reactions.

When using oxidation numbers remember that:
• oxidation is an increase in the oxidation number of an atom (e.g. the number becomes more positive:

–3 to –1 or –1 to +1)
• reduction is a decrease in the oxidation number of an atom (e.g. the number becomes more negative:
+3 to +1 or +1 to –1).

Alternatively, we can determine what is oxidised and what is reduced. Oxidisation occurs if a substance
is gaining oxygen, and reduction occurs if a substance is losing oxygen. Oxidation can also be determined if
a substance is losing hydrogen and reduction can be determined if a substance is gaining hydrogen.

FIGURE 3.3 Determining
oxidation and reduction through
gain and loss of oxygen

Fe
2
O

3
 + 3CO 2Fe + 3CO

2

Gain oxygen: Oxidation

Lose oxygen: Reduction

FIGURE 3.4 Determining
oxidation and reduction through
loss and gain of hydrogen

2NH
3
 + 3Br

2
N

2
 + 6HBr

Gain hydrogen: Reduction

Lose hydrogen: Oxidation

The following rules can be used to determine oxidation numbers. Remember that oxidation numbers are
theoretical numbers and should not be confused with ionic charges.

TABLE 3.1 Oxidation number rules

Oxidation number rule Oxidation number example

1. The oxidation number of an atom in its elemental
form is 0.

Oxidation number:
Copper metal, Cu(s) = 0
Nitrogen gas, N2(g) = 0.

2. The oxidation number of a simple ion is the charge on
the ion.

Al3+=+3
S2- =−2

3. The oxidation number of hydrogen in non-metal
compounds is +1.
The oxidation number of hydrogen in metal
hydrides is –1.

In HCl, H2O and NH4+ H = +1
In NaH or CaH2, H = –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.

Magnesium oxide, O = –2
Peroxide compounds: H2O2 and BaO2, O = –1
Oxygen difluoride: OF2, O = –2

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

F = –1

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

In MgCl2, oxidation numbers are added as follows: +2
+ (2 × –1) = 0.

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

In NO3
–
, they are added as follows: +5 + (3 × –2) = –1.

(Continued)
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TABLE 3.1 Oxidation number rules (Continued)

Oxidation number rule Oxidation number example

8. 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 was a negative ion.

Using oxidation numbers
The rules for determining oxidation numbers can be used to assign an oxidation number to each atom in a
compound. Magnesium hydroxide, Mg(OH)2, has been used in figure 3.5 to demonstrate this.

The oxidation numbers of oxygen and hydrogen must be multiplied by two because each formula unit
contains two of each of these atoms. Remember that the sum of the oxidation numbers must equal 0 (for a
balanced formula).

Mg+ (2 × O)+ (2 × H) = +2+ (2 × −2)+ (2 × +1)
= 2− 4+ 2
= 0

FIGURE 3.5 How to determine the oxidation numbers in magnesium hydroxide.

+2

−2 for each O atom

+1 for each H atom

Mg(OH)2

SAMPLE PROBLEM 1

The main compound in limestone statues or common chalk is calcium carbonate. What is the
oxidation number of carbon in the carbonate ion, CO3

2–?
Teacher-led video: SP1 (eles-3395)

THINK WRITE

1. Assign as many oxidation numbers as possible,
and then find the oxidation number of the
unknown atom.

Oxygen’s oxidation number is only ever –1
if it is hydrogen peroxide (H2O2) or +2 if
bonded to fluorine.

The oxidation number of oxygen is –2.

2. Obtain the oxidation number for carbon by
recognising the sum of the oxidation numbers
for O and carbon are equal to the charge on the
ion (–2).

(oxidation number for C) + 3 × (oxidation
number for O) = –2
(oxidation number for C) + 3 × (–2) = –2
(oxidation number for C) – 6 = –2
oxidation number for C = +4
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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.
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PRACTICE PROBLEM 1
FIGURE 3.6 Io has a thin atmosphere of
sulfur dioxide, and sulfur compounds in
liquid and solid states cover its surface.

The photographs obtained by the Voyager 1 space probe
showed that Io, one of the moons of Jupiter, has active
volcanoes and a surface composed of sulfur and sulfur
dioxide, SO2. Assign oxidation numbers to each atom in
the molecule sulfur dioxide.

Interactivity Assigning oxidation numbers (int-1220)

Identifying redox reactions
Oxidation was originally defined as the process in which a substance gained oxygen. Therefore, the
burning of magnesium was described as an oxidation process. However, oxidation and reduction occur
simultaneously. In figure 3.7, magnesium is oxidised as oxygen is reduced. Oxygen gains electrons and its
oxidation number decreases from 0 to –2.

Oxidation numbers can be used to determine whether or not a reaction is a redox reaction. If the
oxidation number of an element changes between the reactant species and the product species, then that
element has undergone either oxidation or reduction. Given that oxidation cannot happen without reduction,
it is easy to determine if the reaction can be classified as redox.

FIGURE 3.7 Magnesium powder burning in a
Bunsen burner flame. Here, magnesium is oxidised
while oxygen is reduced. Burning magnesium
powder gives out a great deal of light. It is commonly
used in flash bulbs and fireworks.

FIGURE 3.8 Different
oxidation states of
chromium compounds.
Left to right: K2CrO4,
CrCl3, CrCl2
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SAMPLE PROBLEM 2

Determine whether the following reaction is a redox reaction: H2(g) + I2(g)→ 2HI(g)

Teacher-led video: SP2 (eles-3396)

THINK WRITE

1. Assign oxidation numbers to each element. The
oxidation number of an atom in its elemtal form
is 0.

The oxidation number of H in non-metal
compounds is +1

0

−1+1

H2(g)        +        I2(g) 2HI(g)

2. Determine whether a change in oxidation number
has taken place.

The oxidation number of hydrogen has
changed from 0 to +1, so the hydrogen has
been oxidised (because its oxidation
number has increased).
The oxidation number of iodine has
changed from 0 to –1, so the iodine has
been reduced (because its oxidation number
has decreased).
Therefore, this is a redox reaction.

PRACTICE PROBLEM 2
FIGURE 3.9 Tungsten metal filaments used in
specialist light bulbs. If hot tungsten is exposed
to air, it oxidises to form tungsten oxide. To
prevent this, inert argon gas is used to fill the
inside of light globes.

Although tungsten, W, is a rare element, it has
been used extensively in the past in light globes.
Tungsten is still used to make filaments for specialist
incandescent globes because it has the highest
melting point (3410 °C) and boiling point (5900 °C)
of any metal.
The metal is obtained from tungsten(VI) oxide by

heating it with hydrogen, according to the equation:

WO3(s) + 3H2(g)→W(s) + 3H2O(g)

Using oxidation numbers, determine whether
this equation represents a redox reaction and, if so,
identify the oxidising agent and reducing agent.

Conjugate oxidising agents and reducing agents
Every time oxidising agents and reducing agents gain and lose electrons, they form a pair. This means that
they have conjugated. A conjugate redox pair consists of:
• an electron donor and its corresponding electron acceptor

or
• an electron acceptor and its corresponding electron donor.
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For example, when the half-equation Cu(s)→ Cu2+(aq) + 2e– occurs, the Cu(s) donates two electrons
and is oxidised, which means it is acting as a reducing agent. Now that a Cu2+(aq) ion has been formed, it
can do the opposite of the Cu(s) and accept two electrons back. This reduces it and allows it to behave as
a conjugate oxidising agent. Therefore, species that are reduced (act as an electron acceptor, which is an
oxidising agent) form conjugate reducing agents, and species that are oxidised (act as an electron donor,
which is a reducing agent) form conjugate oxidising agents.

SAMPLE PROBLEM 3

In the following redox reaction, identify the oxidising agent, the reducing agent and their
conjugates.

Fe(s)+ CuSO4(aq)→FeSO4(aq)+ Cu(s)

Teacher-led video: SP3 (eles-3397)

THINK WRITE

1. Recall the definitions of oxidation and reduction.
Recall that all elements have an oxidation number
of 0.
TIP: Use these acronyms:
Oxidation is Loss (OIL) of electrons.
Reduction is Gain (RIG) of electrons.

Cu2+(aq) forms Cu(s) . Cu2+ has an
initial oxidation number of 2+ and
has become less positive (gained
negatives) to have a final oxidation
number for Cu(s) of 0. This means it
has been reduced.
Fe(s) has an initial oxidation number
of 0 and has become more positive
(lost negatives), forming Fe2+(aq)
(because the charge on the sulfate
group is –2). This means it has been
oxidised.

2. Oxidising agents are reduced and reducing agents
are oxidised.
TIP: When a question asks for the reducing agent,
you must always specify whether the agent is in the
ion or elemental form. In this example the answer
should be the copper ions or Cu2+(aq). Note that
copper is actually the conjugate oxidising agent.

Cu2+(aq) acts as an oxidising agent.
Fe(s) acts as a reducing agent.

3. Species that are reduced (oxidising agents) form
conjugate reducing agents and species that are
oxidised (reducing agents) form conjugate
oxidising agents.

Cu(s) is the conjugate reducing agent.
FeSO4(aq) is the conjugate oxidising
agent.

In Sample problem 3, Fe(s) is reduced and CuSO4(aq) is oxidised. The relationship between oxidising
and reducing agents and their conjugates are shown in table 3.2.

80 Jacaranda Chemistry 2 VCE Units 3 & 4 Second Edition

TABLE 3.2 The relationship between oxidising and reducing agents and their conjugates

Fe(s) + CuSO4(aq) → FeSO4(aq) + Cu(s)

Fe(s) gets oxidised
Acts as a reducing
agent

Forms a conjugate
oxidising agent

Cu2+(aq) gets reduced
Acts as an oxidising
agent

Forms a conjugate
reducing agent

Fe2+ can act as a
conjugate oxidising
agent

Cu(s) can act as a
conjugate reducing
agent

Pdf_Folio:8

UN
CO
RR
EC
TE
D
PA
GE
PR
OO
FS



“c03GalvanicCellsAsASourceOfEnergy_print” — 2019/6/2 — 16: — page 81 — #9

PRACTICE PROBLEM 3
In the following redox reaction, identify the oxidising agent, the reducing agent and their conjugates.

2Na(s) + 2H2O(l) → 2NaOH(aq) +H2(g)

Rules for balancing half-equations and redox reactions
There is a set of rules for balancing redox equations, which are useful for the more complicated types of
redox reactions mentioned earlier

We can illustrate these steps by considering the following equation.

Cr2O
2−
7 (aq)+ 3H2S(aq)+ 8H+(aq) → 2Cr3+(aq)+ 3S(s)+ 7H2O(l)

TABLE 3.3 Balancing half-equations and redox reactions

Rule Example:

1. Identify the conjugate pairs that are involved in
the reaction. Oxidation numbers may be useful
in doing this. Write these pairs down with the
reactant on the left and the product on the right.

Reduction: Cr2O72– → Cr3+

Oxidation: H2S→ S

2. Balance all elements except oxygen and
hydrogen.

Reduction: Cr2O7
2– → 2Cr3+

Oxidation: H2S→ S

3. Balance oxygen atoms, where needed, by
adding water molecules.

Reduction: Cr2O7
2–→ 2Cr3+ + 7H2O

Oxidation: H2S→ S

4. Balance hydrogen atoms, where needed, by
adding H+ ions.

Reduction: Cr2O2
– + 14H+ → 2Cr3+ + 7H2O

Oxidation: H2S→ S + 2H+

5. Balance the overall charge by adding electrons. Reduction: Cr2O7
2– + 14H+ + 6e– → 2Cr3+ + 7H2O

Oxidation: H2S→ S + 2H+ + 2e–

Once this process is done for each conjugate pair,
the following steps then produce the overall
equation.

At this stage, the two half-equations have been produced,
and reduction and oxidation can be confirmed from the
position of the electrons. If only half-equations were required,
symbols of state would now be added. However, if the
overall equation is required, the following two steps are used.

6. Multiply each half-equation from step 5 by
factors that produce the same number of
electrons in each half-equation.

Reduction: Cr2O7
2– + 14H+ + 6e– → 2Cr3+ + 7H2O

(not necessary to adjust)
Oxidation: 3H2S→ 3S + 6H+ + 6e–

(multiplied by 3 so that there are 6e– on both sides)

7. Add the two half-equations together, cancelling
the electrons. There may be other substances
that also partially cancel out at this stage.

8. Identify the states for all species. Adding symbols of state now gives the original equation.
Cr2O

2−
7 (aq) + 3H2S(aq) + 8H+(aq)→ 2Cr3+(aq) + 3S(s) +

7H2O(l)

TIP: Ensure that you balance the charge on both sides of the overall equation.
The charge on each side of the equation should be the same. They do not cancel each other out or have

to equal zero.
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Cr2O
2–
7 +��14 H8 ++��6e–+3H2S→ 2Cr3++7H2O+3S+

��6H++��6e–

After cancelling the electrons and hydrogen ions, this
becomes:
Cr2O7

2− + 3H2S + 8H+ → 2Cr3+ + 3S + 7H2O
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Video eLesson Balancing redox reactions (eles-2489)

3.2 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. Assign oxidation numbers to the atoms in the following substances.
(a) HBr
(b) Na2O
(c) CH4

(d) NaClO3

(e) Al2O3

(f) H3PO4

2. Determine the oxidation number of S in each of the following compounds.
(a) H2SO4

(b) SO2

(c) SO3

(d) H2S
3. Determine the oxidation number of chromium in each of the following solutions.

(a) K2CrO4

(b) CrCl3
(c) CrCl2

4. Assign oxidation numbers to the atoms in the following ions.
(a) NH2

–

(b) MnO4
–

(c) HS–

(d) VO2+

(e) IO3
–

(f) PO4
3–

5. Identify if the following equations are redox equations. If the reaction is a redox reaction, identify the
substances that have been oxidised and reduced.
(a) 2Fe(s) + 3Cl2(g)→ 2FeCl3(s)
(b) NH3(g) + HCl(g)→ NH4Cl(s)
(c) 2NO(g) + O2(g)→ 2NO2(g)
(d) NaOH(aq) + HCl(aq)→ NaCl(aq) + H2O(l)
(e) K2O(s) + H2O(l)→ 2KOH(aq)
(f) P4O10(s) + 6H2O(l)→ 4H3PO4(aq)
(g) 2CO(g) + O2(g)→ 2CO2(g)
(h) C2H4(g) + H2(g)→ C2H6(g)

6. Permanganate ions, MnO4
–(aq), are strong oxidising agents. They can be used to oxidise ethanol,

CH3CH2OH(l), to ethanal, CH3CHO(l). In the process, they are converted to Mn2+(aq) ions.
(a) Write the equation for the above oxidation.
(b) Write the equation for the reduction reaction that also occurs.
(c) From your answers to (a) and (b), write the overall redox equation for this reaction.
(d) Identify the oxidising agent and the reducing agent in this reaction.

7. The oxidising strength of permanganate ions permits the ethanal produced in question 7 to be further
oxidised to ethanoic acid, CH3COOH. (Mn2+(aq) is produced in this stage as well.)
(a) Write the equation for the oxidation that takes place in this situation.
(b) Write the equation for the reduction reaction.
(c) Write the overall redox equation for this reaction.

8. Nitric acid may act as an oxidising agent, especially when hot and concentrated. Many otherwise unreactive
metals may be oxidised in this way. Write the overall redox equation for the oxidation of copper metal by
NO3

–(aq) ions to produce Cu2+(aq) ions and NO2(g) gas using this method.
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To answer past VCE 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: past VCE exam questions

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

3.3 Galvanic cells

KEY CONTENT
• Galvanic cells as primary cells and as portable or fixed chemical energy storage devices that can produce
electricity (details of specific cells not required) including common design features (anode, cathode,
electrolytes, salt bridge and separation of half-cells) and chemical processes (electron and ion flows,
half-equations and overall equations)

• The comparison of the energy transformations occurring in spontaneous exothermic redox reactions
involving direct contact between reactants (transformation of chemical energy to heat energy) compared
with those occurring when the reactants are separated in galvanic cells (transformation of chemical energy
to electrical energy)

3.3.1 Common laboratory galvanic cells

FIGURE 3.10 A simple
galvanic cell

(1) MgSO4

solution

(1) FeSO4

solution

(4) salt

bridge

(2) Mg metal

(electrode)

(2) Fe (iron nail)

(electrode)

KNO3

(3) wire

A galvanic cell is an electrochemical cell that takes electrical energy
from spontaneous redox reactions occurring within the cell.
Galvanic cells constructed in a laboratory have the following
features in common. An example is shown in figure 3.10.
1. Two separate half-cells that contain electrolytes: Oxidation

occurs in one half-cell and reduction in the other. Each
half-cell contains a different conjugate redox pair, and
has spectator ions that balance the reacting ions, making
the cell electrically neutral. So, in the Daniell cell, Cu2+

(present as CuSO4(aq)) is reacting and Zn2+ (present
as Zn(NO3)2(aq)) is produced; the SO4

2–(aq) and the
NO3

–(aq) are spectator ions.
2. One electrode in each half-cell: Each electrode may be one of

the reactant pairs or may be inert, such as graphite or platinum.
Redox half-cell reactions occur at the electrode surface.
The polarity refers to the charge on the electrode; the anode is negative (due to the electrons being
attracted to the surface) and the cathode is positive.

3. A connecting wire between the electrodes that forms an external circuit: This allows electrons to flow
from the reducing agent to the oxidising agent — that is, from the site of oxidation (anode) to the site
of reduction (cathode).

4. A salt bridge connecting the two solutions allows charge (ions) to flow without allowing the solutions
to mix. This contains a strong electrolyte (often potassium nitrate or potassium chloride) that allows a
slow migration of ions (such as K+ and NO3

–) to maintain the cell’s electrical neutrality. The negative
ions (anions) flow into the cell containing the anode; they are needed to balance the positive ions
(cations) that are produced at the anode surface. The positive ions flow into the cell containing the
cathode. Because electrons are accepted by the ions in this cell, positive ions are consumed. The
original negative ions remaining must be balanced by additional positive charges from the salt bridge.
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The ions from the salt bridge must not react with the electrolytes in the cells. This would interfere with
the cell’s operation.

TIP: For all cells (galvanic, fuel, and electrolytic)
• RedCat: Reduction always occurs at the Cathode
• AnOx: Oxidation always occurs at the Anode

Types of half-cell

FIGURE 3.11a Metal
ion–metal half-cells

metallic zinc

electrode

Zn2+(aq)

from

ZnSO4(aq)

electrical wire

salt

bridge

Each half-cell in a laboratory galvanic cell contains a conjugate oxidising
agent–reducing agent pair. Oxidation occurs in one of the half-cells and
reduction occurs in the other. Half-cells are constructed by dipping an electrode
into an electrolyte. The electrode may or may not take part in the reaction.

It is convenient to group half-cells into three types based on design. The three
types are:
• the metal ion–metal half-cell
• the solution half-cell
• the gas–non-metal half-cell.

Metal ion–metal half-cells (figure 3.11a) consist of a metal rod
in a solution of its ions, usually from the sulfate salt.
The sulfate ion is unreactive. Ions that are more reactive, such as bromide ions
or nitrate ions, may set up a competing reaction.

Solution half-cells (figure 3.11b) use an inert electrode in the reacting solution. The reacting solution may
contain an oxidising agent, for example MnO4

–(aq) in solution (with Mn2+(aq)), or a reducing agent, for
example Fe2+(aq) in solution (with Fe3+(aq)).

FIGURE 3.11b Solution half-cell

inert (graphite

or platinum)

electrode

Fe3+(aq) from

Fe2(SO4)3(aq) and

Fe2+(aq) from FeSO4(aq)

electrical wire

salt

bridge

CI2(g)

bubbled

into solution

inert (graphite

or platinum)

electrode

CI−(aq) from

NaCI(aq)

electrical wire

salt

bridge

Although gases are reactive, they are usually more difficult to manage in the laboratory. As a result,
gaseous half-cells are not very common (figure 3.11c). In a gaseous half-cell, the gas bubbles over an inert
electrode that is connected to the external wire. Its conjugate redox non-metal ion is in solution.

Video eLesson Galvanic cells 1 (int-2594)

3.3.2 Comparison of energy transformations in redox reactions
Energy may be released in a number of forms such as heat, light, electricity or sound. The set-up of the
reaction determines the form of energy that is released.
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Converting chemical energy to thermal energy

Zn(s) + Cu2+(aq) Zn2+(aq) + Cu(s)

2e–When a zinc strip is placed in copper(II) sulfate solution
(Cu ions), the zinc is oxidised and electrons flow from
the zinc metal to the copper ions. This is a spontaneous
reaction and requires no energy; in fact, it releases energy
(figure 3.12a). As the zinc dissolves, copper ions are reduced to copper metal and the original blue colour of
the solution begins to fade (figure 3.12b). If the zinc strip remains in the solution for an extended period of
time, the solution in the beaker becomes colourless. All the copper ions in the solution are reduced to form
copper metal, and the zinc goes into the solution as zinc ions (figure 3.12c).

FIGURE 3.12 A zinc strip in copper(II) sulfate solution creates a spontaneous redox reaction.

Cu2+(aq)

Cu

Cu2+(aq)

Cu

Zn2+(aq)

ZnZnZn

Zn2+(aq)

(a) (b) (c)

All the chemical energy of the reaction is released as thermal energy (heat) and the transfer of electrons
from zinc to copper ions occurs on the surface of the zinc metal. This can be seen in figures 3.13 and 3.14.

FIGURE 3.13 Chemical energy is released
as thermal energy.
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FIGURE 3.14 As Zn reacts with Cu2+ ions,
it goes into solution as Zn2+ ions. Cu(s) is
deposited on the surface of the zinc.
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Converting chemical energy to electrical energy
If the site of oxidation is physically separated from the site of reduction (for example, if each of the
solutions is in a separate beaker), and a connecting wire is placed between them, the electrons are forced to
travel through this wire to complete the redox reaction. Such movement of electrons constitutes an electric
current. This arrangement converts chemical energy directly into electrical energy.

To do this for the Zn(s)/Cu2+(aq) reaction that we have been discussing, a strip of zinc metal is placed in
a beaker containing zinc sulfate solution (see figure 3.15a). This is connected by a wire to a strip of copper
placed in a beaker containing a copper sulfate solution. The wire provides a pathway for the electrons
to pass from the zinc atoms to the copper cations, but no reaction is observed because the circuit is not
complete.

As the zinc atoms donate electrons and become zinc cations in the first beaker, the electrical neutrality
must be maintained, so anions are required. These anions are supplied by the salt bridge, which can be
a simple filter paper or a U-tube with cotton wool in it. It is soaked in a salt solution, such as potassium
nitrate solution, KNO3(aq), and used to connect the two beakers (figure 3.15b). Potassium nitrate solution
provides NO3

– anions for the first beaker to balance the positive charges created by zinc cations. In the
second beaker, copper cations accept electrons and become copper atoms, leaving behind negative sulfate
ions in solution that must be balanced. So the salt bridge supplies cations (in this case, K+(aq)). Electrons
carry the current in the wire from zinc to copper, and ions carry the current in solution. The flow of ions
completes the circuit. It is important that the ions in the salt bridge do not react with chemicals in the
beakers. The movement of ions in the solutions is called the internal circuit.

FIGURE 3.15 (a) Two strips of different metals and solutions of each of their ions. (b) With the addition
of a wire and a salt bridge, a simple electrochemical cell — a device that converts chemical energy into
electrical energy — is constructed.

Zn

SO4
2−

Zn2+

Cu

Cu2+

SO4
2−

(a)

Zn

anode

Cu

cathode

wire

e−

salt bridge

K+NO3
−

+−

Zn(s)         Zn2+(aq)  +  2e− Cu2+(aq)  +  2e−         Cu(s)

KNO3

+−

(b)

Each beaker in figure 3.15 is a half-cell. The metal conducting strips are called electrodes and, combined
with the wire, they are referred to as the external circuit. Electrons in the external circuit can be made to do
useful work such as lighting a light bulb.

Solutions that can conduct a current are known as electrolytes. The electrode at which oxidation occurs
is called the anode, and it has a negative charge; the electrode at which reduction occurs is called the
cathode, and it has a positive charge. All of these components together are known as a galvanic cell or an
electrochemical cell.

The example above of an electrochemical cell containing the half-cells Zn(s)/Zn2+(aq) and
Cu(s)/Cu2+(aq) is known as the Daniell cell.

TIP: When constructing answers remember:
• Internal circuit always involves Ions
• External circuit always involves Electrons.
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A simple galvanic cell consists of:
• two half-cells, containing two electrodes (anode

and cathode) and two electrolytes
• a conducting wire
• a salt bridge, containing another electrolyte.

FIGURE 3.16 A simple galvanic cell (Daniell cell)

An electrolyte is a solution containing ions that can
conduct electricity.

An electrode is a conductor through which electrons
enter or leave a galvanic cell.

The anode is the electrode where oxidation
occurs.

The cathode is the electrode where reduction
occurs.

TIP: When describing your observations of a functioning galvanic cell ensure you include colour or state
changes.

SAMPLE PROBLEM 4

A galvanic cell was set up in the following way. A strip of clean magnesium was dipped into a
beaker containing a solution of MgSO4 and, in a separate beaker, an iron nail was dipped into a
solution of FeSO4. The iron nail and magnesium strip were connected with a wire, and the circuit
was completed with a salt bridge consisting of filter paper dipped into a solution of KNO3. The
magnesium electrode was known to have a negative charge. Predict the following.
a. The substance that is oxidised and the one that is reduced
b. The anode and cathode
c. The direction of electron flow
d. The half-cell reactions
e. The overall redox reaction.

Teacher-led video: SP4 (eles-3398)

THINK WRITE

a. Electrons always flow from the site of
oxidation to the site of reduction.

Electrons are produced at the magnesium
electrode and consumed at the zinc electrode.
Therefore, magnesium is being oxidised and
iron (II) ions are being reduced.

b. Oxidation always occurs at the anode. Magnesium is the anode and iron is the cathode.

c. Electrons flow from the anode to the cathode. Electrons flow from the magnesium electrode
through the wire to the iron electrode.

d. Write out the two half equations that represent
oxidation and reduction.

Mg(s)→Mg2+(aq) + 2e– (oxidation)
Fe2+(aq) + 2e– → Fe(s) (reduction)

e. Adding these half-equations and cancelling the
electrons results in the following overall redox
reaction.

Mg(s) + Fe2+(aq)→Mg2+(aq) + Fe(s)
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PRACTICE PROBLEM 4

zinc

strip

silver

crystals

silver

nitrate

solution

When zinc metal is dipped into a solution of silver nitrate, it forms a
coating of silver, as shown in the diagram.
Use this reaction to draw a diagram of a galvanic cell, using KNO3 in

the salt bridge and zinc sulfate as one of the electrolytes. Complete the
following steps to construct your diagram.
a. Draw the two half-cells.
b. Write half-equations for the oxidation and reduction reactions.
c. Write the overall cell reaction.
d. Label the flow of:

• electrons in the wire
• anions in the salt bridge
• cations in the salt bridge.

e. Label the anode and the cathode.

TIP: In the internal circuit anions always travel towards the anode and cations travel towards the cathode.

Digital document Experiment 3.1 Investigating the Daniell cell (doc-31253)

Teacher-led video Experiment 3.1 Investigating the Daniell cell (eles-3458)

Video eLesson Galvanic cells 2 (eles-2595)

3.3 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. Why is a salt bridge or porous barrier used to connect two half-cells in a galvanic cell?
2. A student was doing an experiment in the school laboratory. She placed a fresh piece of zinc metal into a

beaker of silver nitrate solution and left it to stand for a short period of time. She then noted the following
observations:
• The temperature of the solution increased.
• The zinc metal became coated with silver.

(a) Write the ionic equation for the reaction occurring in the beaker.
(b) Draw a galvanic cell that allows the energy released during the reaction to be readily used.

On your diagram, identify the anode, the cathode and the polarity of these electrodes.
Indicate the direction of electron flow.

(c) Write half-equations for the reactions occurring at each electrode.
(d) Explain the significance of the increase in temperature of the solution.

3. A galvanic cell was set up by combining half-cells containing zinc and magnesium electrodes dipped into
the appropriate sulfate solutions. A conducting wire and a salt bridge completed the circuit. After three
hours, the two electrodes were removed and weighed. The mass of the Zn electrode had increased, while
the mass of the Mg electrode had decreased. Draw this galvanic cell, clearly indicating the following.
(a) The anode and the cathode
(b) The ions present in the half-cells
(c) The electrolyte in the salt bridge
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(d) Anion and cation flow within the salt bridge
(e) The direction of the flow of electrons
(f) The anode reaction and the cathode reaction
(g) The oxidation reaction and the reduction reaction
(h) The overall cell reaction
(i) The oxidising agent and the reducing agent

4. A half-cell containing Cr2O7
2–(aq)/Cr3+(aq) is connected to a half-cell containing Fe2+(aq)/Fe(s). A voltmeter

indicates that electrons flow from the beaker containing Fe2+(aq)/Fe(s) to the half-cell containing
Cr2O7

2–(aq)/Cr3+(aq).
(a) Draw a labelled diagram of this set-up, indicating the contents of each beaker, the salt bridge and the

materials that each electrode is made from. Also mark the direction of electron flow.
(b) Write the equation for each half-reaction under the appropriate half-cell.
(c) On your diagram, label the anode, cathode and the polarity of each electrode.
(d) Why is it necessary to acidify the Cr2O7

2−(aq)/Cr3+(aq) half-cell?

To answer past VCE 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: past VCE exam questions

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

3.4 The electrochemical series

KEY CONTENT
• The use of the electrochemical series in designing and constructing galvanic cells and as a tool for
predicting the products of redox reactions, deducing overall equations from redox half-equations and
determining maximum cell voltage under standard conditions.

3.4.1 Standard electrode potentials
The electrical potential of a galvanic cell is the ability of the cell to produce an electric current. Electrical
potential is usually measured in volts (V). Although we cannot measure the electrode potential for an
isolated half-cell, we can measure the difference in potential between two connected half-cells.

The electrical potential of a cell results from competition between the two half-cells for electrons. The
half-cell with the greater tendency to attract electrons undergoes reduction, while the other half-cell loses
electrons and is oxidised. The half-cell in which reduction occurs has a greater reduction potential than the
half-cell in which oxidation occurs.

The reduction potential of a half-cell is a measure of the tendency of the oxidising agent to accept
electrons and undergo reduction. The difference between the reduction potentials of the two half-cells is
called the cell potential difference. The standard cell potential difference (E cell) is the measured cell
potential difference, under standard conditions, when the concentration of each species in solution is 1 M,
the pressure of a gas, where applicable, is 100 kPa and the temperature is 25 °C (298 K).

E0
cell = E0

oxidising agent− E0
reducing agent

Half-cell E𝟎 values are measured against the standard hydrogen half-cell, which is
arbitrarily assigned 0.00 volts.
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To obtain a comparative measure of the reduction potentials of different half-cells, the standard
hydrogen half-cell is used as a standard reference electrode. This allows the determination of a redox half-
cell’s ability to accept electrons. It consists of hydrogen gas bubbling around an inert platinum electrode
in a solution of hydrogen ions (see figure 3.17). The standard hydrogen half-cell is arbitrarily assigned a
standard reduction potential of 0.00 V at 25 °C. The reaction that occurs at the electrode surface is:

2H+(aq)+ 2e− ⇌ H2(g) E 0= 0.00V

FIGURE 3.17 A diagram of a hydrogen
half-cell

salt bridge to 

other half-cell

glass sleeve platinum 

wire

platinum foil coated with 

platinum black

H2 gas

(1 atm)

1.00 M

acid solution 

+

FIGURE 3.18 A hydrogen half-cell

The standard hydrogen electrode is used with other half-cells so that the reduction potentials of those
cells can be measured. If a species accepts electrons more easily than hydrogen, its electrode potential is
positive. If it accepts electrons less easily than hydrogen, its electrode potential is negative.

TIP: If a half-equation has electrons on the reactant (left-hand) side, it is a reduction half-equation.

When a standard hydrogen half-cell is connected to a standard Cu2+(aq)/Cu(s) half-cell, the voltmeter
measures a potential difference of 0.34 volts (see figure 3.19). Because electrons flow towards the
Cu2+(aq)/Cu(s) half-cell, Cu2+(aq) has a greater tendency to accept electrons, which means it is a stronger
oxidising agent, than H+(aq). Therefore, the measured E 0 value for the half-cell reaction:

Cu2+(aq)+ 2e− ⇌ Cu(s)

is positive in sign and equal to +0.34 volts.
When a standard hydrogen half-cell is connected to a standard Zn2+(aq)/Zn(s) half-cell, the voltmeter

measures a potential difference of 0.76 volts (see figure 3.20). Because electrons flow to the H+(aq)/H2(g)
half-cell, H+(aq) has a greater tendency to accept electrons than Zn2+(aq). Therefore, the measured E 0

value for the half-cell reaction:

Zn2+(aq)+ 2e− ⇌ Zn(s)

is negative in sign and equal to –0.76 volts.
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FIGURE 3.19 Measuring the standard half-cell potential of a Cu2+/Cu half-cell

E0
cell = +0.34 V

salt bridge

H2 gas (1 atm)

1.00 M Cu2+

+ −cathode anode

Cu

1.00 M H+

FIGURE 3.20 Measuring the standard half-cell potential of a Zn2+/Zn half-cell

salt bridge

H2 gas (1 atm)

+− cathodeanode

Zn

1.00 M Zn2+ 1.00 M H+

E0
cell = −0.76 V

Half-cell potentials are often listed in a table such as table 3.4. These tables may be referred to as tables
of standard electrode potentials or standard reduction potentials, and may also be called an electrochemical
series. The half-cell potentials are usually arranged from the largest E 0 value to the smallest.

Note: Standard electrode reduction potentials at a temperature of 25 °C, a pressure of 1 atm and a
concentration of 1 M for all aqueous species.

TIP: An electrochemical series table can be found in Table 2 of your VCE Chemistry Data Book.

Video eLessons Galvanic cells 3 (eles-2596)

Galvanic cells and measuring cell potential (eles-0436)

Interactivity Electrochemical series (int-1256)
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TABLE 3.4 The electrochemical series

Half-reaction E0 (volts)

strongest

oxidising
agent

weakest

oxidising

agent

increasing
oxidising
strength

Reducing agent

increasing

reducing

strength

Weakest

reducing

agent

Strongest

reducing

agent

F2(g) + 2e− ⇌ 2F−(aq) + 2.87

H2O2(aq) + 2H+(aq) + 2e− ⇌ 2H2O(l) + 1.77

MnO4
−(aq) + 8H+(aq) + 5e− ⇌ Mn2+(aq) + 4H2O(l) + 1.52

PbO2(s) + 4H+(aq) + 2e− ⇌ Pb2+(aq) + 2H2O(l) + 1.46

Cl2(g) + 2e− ⇌ 2Cl−(aq) + 1.36

Cr2O7
2−(aq) + 14H+(aq) + 6e− ⇌ 2Cr3+(aq) + 7H2O(l) + 1.33

O2(g) + 4H+(aq) + 4e− ⇌ 2H2O(l) + 1.23

Br2(l) + 2e− ⇌ 2Br− (aq) + 1.09

NO3
−(aq) + 4H+(aq) + 3e− ⇌ NO(g) + 2H2O(l) + 0.95

NO3
−(aq) + 2H+(aq) + e− ⇌ NO2(g) + H2O(l) + 0.81

Ag+(aq) + e− ⇌ Ag(s) + 0.80

Fe3+(aq) + e− ⇌ Fe2+(aq) + 0.77

O2(g) + 2H+(aq) + 2e− ⇌ H2O2(l) + 0.68

I2(s) + 2e− ⇌ 2I−(aq) + 0.54

O2(g) + 2H2O(l) + 4e− ⇌ 4OH−(aq) + 0.40

Cu2+(aq) + 2e− ⇌ Cu(s) + 0.34

SO4
2−(aq) + 4H+(aq) + 2e− ⇌ SO2(g) + 2H2O(l) + 0.20

Sn4+(aq) + 2e− ⇌ Sn2+(aq) + 0.15

S(s) + 2H+(aq) + 2e− ⇌ H2S(g) + 0.14

2H+(aq) + 2e− ⇌ H2(g) (defined) 0.00

Pb2+(aq) + 2e− ⇌ Pb(s) − 0.13

Sn2+(aq) + 2e− ⇌ Sn(s) − 0.14

Ni2+(aq) + 2e− ⇌ Ni(s) − 0.23

PbSO4(s) + 2e− ⇌ Pb(s) + SO4
2-(aq) − 0.36

Fe2+(aq) + 2e− ⇌ Fe(s) − 0.44

Zn2+(aq) + 2e− ⇌ Zn(s) − 0.76

2H2O(l) + 2e− ⇌ H2(g) + 2OH−(aq) − 0.83

Al3+(aq) + 3e− ⇌ Al(s) − 1.67

Mg2+(aq) + 2e− ⇌ Mg(s) − 2.34

Na+(aq) + e− ⇌ Na(s) − 2.71

Ca2+(aq) + 2e− ⇌ Ca(s) − 2.87

K+(aq) + e− ⇌ K(s) − 2.93

Li+(aq) + e− ⇌ Li(s) − 3.02
Pdf_Folio:92

92 Jacaranda Chemistry 2 VCE Units 3 & 4 Second Edition

UN
CO
RR
EC
TE
D
PA
GE
PR
OO
FS



“c03GalvanicCellsAsASourceOfEnergy_print” — 2019/6/28 — 16:31 — page 93 — #21

3.4.2 Use of standard half-cell reduction potentials
A table such as the electrochemical series in table 3.4 provides a great deal of information about a redox
reaction. This includes:
• determination of the relative strengths of oxidising agents and reducing agents
• prediction of whether a redox reaction will occur whether by direct contact or in a suitably designed

galvanic cell
• prediction of the overall reaction occurring in a cell and the potential difference of that cell.
However, the table does not tell us the rate of a reaction or if intermediates form. E 0 values and their

order are temperature dependent, and the E0 table predicts reactions only at standard conditions of 25 °C,
1 atm and 1 M concentration for solutions.

In the electrochemical series, the best oxidising agents are at the top left and have the most
positive voltage.

Predicting and calculating the potential difference of spontaneous reactions in
galvanic cells
In galvanic cells, at least two oxidising agents and two reducing agents are present. The following
procedure can be useful in predicting which spontaneous reaction occurs in a galvanic cell. The Daniell cell
is used as an example.
1. Write the half-equations occurring in the galvanic cell in descending order of E 0 For example:

Cu2+(aq)+ 2e− ⇄ Cu(s) E0= +0.34 V

Zn2+(aq)+ 2e− ⇄ Zn(s) E0 = −0.76 V

2. Circle the species present in the galvanic cell that could participate.

Cu2+(aq) + 2e− ⇄ Cu(s) E 0= +0.34V

Zn2+(aq) + 2e− ⇄ Zn(s) E 0= −0.76V

3. Select the oxidising agent with the highest E 0. This is reduced at the cathode, which accepts electrons
more easily than an oxidising agent with a lower E 0.

Cu2+(aq)+ 2e− → Cu(s) E0= +0.34V

4. Select the reducing agent with the lowest E 0. This is oxidised at the anode, which donates electrons
more easily than a reducing agent with a higher E0. Write this equation as an oxidation equation —
that is, reverse it.

Zn(s) → Zn2+(aq)+ 2e−

5. Balance electrons if necessary from the half-equations.
6. Write the full equation.

Cu2+(aq)+ Zn(s) ⇄ Cu(s)+ Zn2+(aq)
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7. Determine the cell potential difference by using the formula:

cell potential difference = E 0
oxidising agent− E 0

reducing agent

= +0.34 − (−0.76)
= +1.10V

In summary, when the electrode reactions are written in descending order of E 0 values, the strongest
oxidising agent (highest E0) on the left-hand side of the equation reacts with the strongest reducing agent
(lowest E 0) on the right.

In the E 0 table, the strongest oxidising agent, top left, reacts with the strongest reducing
agent, bottom right.

TIP: When working out the potential difference (V) of a cell, always subtract the least positive number from the
most positive number. Always add + or − to the value calculated.

FIGURE 3.21 Whatever the cell, reduction always occurs at the cathode (REDCAT) and oxidation always occurs
at the anode (ANOX).

reducing agentsoxidising agents

Write equation forwards.

reacts with

Write equation backwards.

Oxx+ + xe−

Oxx+ + xe− Ox

Redy+ + ye−

Ox

Red

Oxx+ is reduced to Ox.

Red is oxidised to Redy+.

Red Redy+ + ye−

Ox = oxidising agent; Red = reducing agent

SAMPLE PROBLEM 5

The standard half-cell potentials of some metal–metal ion half-cells are:

Half-cell E 0(volts)

Ag+(aq)/Ag(s) +0.80

Co2+(aq)/Co(s) –0.28

Ba2+(aq)/Ba(s) –2.90

Determine which species is the best oxidising agent and which is the best reducing agent.

Teacher-led video: SP5 (eles-3399)
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THINK WRITE

1. Cations are formed when atoms donate electrons.
Therefore, cations can readily accept electrons
back, reducing them and acting as an oxidising
agent.

Ag+(aq), Co2+(aq) and Ba2+(aq) are
all oxidising agents.

2. Atoms are formed when cations accept electrons.
Therefore, atoms can readily donate electrons back,
oxidising them and acting as a reducing agent.

Ag(s), Co(s) and Ba(s) are all
reducing agents.

3. In a conventional table of standard half-cell
reduction potentials, the strongest oxidising agent
has the most positive E0 value, while the strongest
reducing agent has the most negative E0 value.
TIP: Students must clearly identify whether the
atom or the ion is the strongest when describing the
reaction occurring.

Ag+(aq) is the strongest oxidising
agent, while Ba(s) is the strongest
reducing agent.

PRACTICE PROBLEM 5
Consider the following conjugate redox pairs and their E𝟎 values.

Cl2(g)/Cl−(aq) +1.36 V
I2(s)/I−(aq) +0.54 V
Al3+(aq)/Al(s) −1.67 V
MnO4

−(aq)/Mn2+(aq) +1.52V
Pb2+(aq)/Pb(s) −0.13 V

a. Which species is:
i. the strongest oxidising agent
ii. the strongest reducing agent
iii. the weakest oxidising agent
iv. the weakest reducing agent?

b. Write fully balanced half-equations for each conjugate redox pair.

SAMPLE PROBLEM 6

Given the two half-equations:

Br2(l)+ 2e− ⇄ 2Br−1(aq) E0 = +1.09 V

Mg2+(aq)+ e− ⇄ Mg(s) E0 = −2.34 V

predict the likely spontaneous redox reaction.

Teacher-led video: SP6 (eles-3400)
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THINK WRITE

1. For a redox reaction to occur, a reducing agent must
react with an oxidising agent.

Br2(l) does not react with Mg2+(aq)
(because they can act only as
oxidising agents) and Br–(aq) does
not react with Mg(s) (because they
can act only as reducing agents).

2. For a spontaneous redox reaction to occur, the E0 of
the oxidising agent must be more positive than the
E0 of the reducing agent.
TIP: In galvanic cells the most positive
half-equation gets reduced (forward reaction in the
table).

Br2(l) reacts spontaneously with Mg.

PRACTICE PROBLEM 6
Given the two half-equations:

Fe3+(aq) + e− ⇄ Fe2+(aq) E𝟎 = +0.77 V

Ni2+(aq) + 2e− ⇄ Ni(s) E𝟎 = −0.23 V

identify the anode and cathode, write the overall equation and calculate the standard cell potential
that would be produced in a galvanic cell made from these half-cells.

TIP: When writing balanced chemical equations from redox half-equations, make sure to cancel out
electrons/species.

3.4.3 Limitations of using the electrochemical series
Although E0 values can be added to decide whether a spontaneous reaction will occur between an oxidising
agent and a reducing agent, they do not provide any information about the rate of the reaction. It may be
predicted that a redox reaction is possible between two reactants, but no reaction may be observed if the
reaction proceeds very slowly. Redox predictions may be checked by experiment.

Non-standard conditions may change redox reaction E0 values. If the redox reaction conditions deviate
significantly from those at which standard electrode potentials are measured, the relative order of redox
conjugate pairs in the table of standard electrode potentials could be altered. This could mean that
previously favourable reactions become unfavourable under the new conditions.Pdf_Folio:96
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Digital documents Experiment 3.2 Predicting redox reactions (doc-31254)

Experiment 3.3 Galvanic cells and redox potentials (doc-31255)

Teacher-led video Experiment 3.2 Predicting redox reactions (eles-3459)

Experiment 3.3 Galvanic cells and redox potentials (eles-3460)
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3.4.4 Common commercial cells and batteries
Batteries are practical applications of electrochemical cells. They are used as small, portable and efficient
sources of electrical energy. A battery is a combination of cells in series or parallel, but common cells such
as the dry cell are also often referred to as batteries.

One of the first electrochemical cells used widely was invented by Daniell in 1836. At the time, it was
used extensively in telegraph and telephone work as a reliable source of electricity. However, Daniell cells
are examples of wet cells, where the electrolyte is in a liquid state, and they could not be stored easily
and were easily spilled. This meant their application was limited. The demand for portable, leakproof
electrochemical cells led to the development of the Leclanché cell, or dry cell.

Cells come in rechargeable and non-rechargeable varieties. Common dry cells are used until the supply
of electrical energy is exhausted and are then discarded. Once the chemical reaction is over, they are
useless. These cells are sometimes called primary cells and are not rechargeable. Other cells, such as
the lead–acid accumulator battery or nickel–cadmium cells, are rechargeable. Rechargeable batteries are
sometimes referred to as secondary cells, which are discussed in topic 7.

Another type of cell is the fuel cell, which uses a supply of fuel in order to create a flow of electrons and
is discussed in topic 4.

FIGURE 3.22 Cells can be primary (non-rechargeable) cells, secondary (rechargeable) cells or fuel cells.

• dry cell
• button cell
• alkaline cell

• lithium ion
• lead–acid

• hydrogen–oxygen
• methane–oxygen

Non-rechargeable Rechargeable Fuel cells

Batteries

Examples Examples Examples

Factors affecting selection of cells
Many factors must be considered when selecting a cell for a particular use. These include:
• initial and operating cost: This depends on the materials used and the technology involved in

development and production.
• size and shape: The main shapes are cylindrical, coin, button, pouch and prismatic.
• mass: In portable devices, lightness is a priority, whereas transport vehicles can accommodate heavier

or bulkier cells.
• single-use or rechargeable
• memory effect: Some cells have decreased capacity to be fully charged. This occurs when rechargeable

batteries are not fully discharged before recharging.
• voltage provided: Different cells output different levels of voltage. For example, cells with aqueous

electrolytes cannot provide more than 2 volts.
• discharge curve: This is how the voltage changes over time. For some batteries, the voltage decreases

steadily; other batteries supply relatively constant voltage until most of the charge is consumed.
• current: The greater the surface area of the electrodes, the greater the current, although this limits the

amount of electrolyte present.
• shelf life: Some cells discharge over time even when not being used.
• ease of disposal and other environmental factors: The mercury button cell has been phased out due to

environmental concerns, and there is also concern about the toxicity of cadmium in nickel–cadmium
(NiCd) cells. All rechargeable batteries should be recycled.
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3.4.5 Primary cells
There are different types of primary cells. The most common are the dry cell, the alkaline zinc/manganese
dioxide cell and the button cell.

The dry cell
An electrochemical cell in which the electrolyte is a paste, rather than a liquid, is known as a dry cell, or
Leclanché cell. The most commonly used dry cell is a C battery, which has a voltage of 1.5 V. Dry cells are
commonly used in torches, toys and transistor radios because they are cheap, small, reliable and easy to use.
The oxidising agents and reducing agents used in such cells should:
• be far enough apart in the electrochemical series to produce a useful voltage from the cell
• not react with water in the electrolyte too quickly, or they will discharge early (therefore, highly

reactive metals such as sodium, potassium and calcium are not found in such batteries)
• be inexpensive.

FIGURE 3.23 Arrangement of cells in circuits: (a) Two 1.5 V cells connected in series make a 3.0 V battery and
(b) Two 1.5 V cells connected in parallel allow a higher current at 1.5 V.

A dry cell consists of a zinc container filled with an electrolyte paste. This paste contains manganese(IV)
oxide, MnO2, zinc chloride, ZnCl2, ammonium chloride, NH4Cl, and water. A carbon rod is embedded in
the paste and forms the cathode. The zinc container is the anode. The thick paste prevents the contents of
the cell from mixing, so a salt bridge is not needed. Intermittent use or slight warming of the cell prevents
the build-up of these products around the electrodes, increasing the life of the cell. Once the materials
around the electrodes have been used up, the cell stops operating.

The electrode half-equations are:
Anode (oxidation):

Zn(s) → Zn2+(aq)+ 2e−

Cathode (reduction):

2MnO2(s)+ 2NH4
+(aq)+ 2e− → Mn2O3(s)+ 2NH3(aq)+ H2O(l)

The overall cell reaction can be written as:

2MnO2(s)+ 2NH4
+(aq)+ Zn(s) → Mn2O3(s)+ 2NH3(aq)+ H2O(l)+ Zn2+(aq)

Pdf_Folio:98

98 Jacaranda Chemistry 2 VCE Units 3 & 4 Second Edition

+

(a)

–
+ –

(b)

UN
CO
RR
EC
TE
D
PA
GE
PR
OO
FS



“c03GalvanicCellsAsASourceOfEnergy_print” — 2019/6/28 — 16:31 — page 99 — #27

FIGURE 3.24 (a) Dry cells in a torch and (b) a simplified cross-section of a dry cell
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Digital document Experiment 3.4 Looking at a dry cell (doc-31256)

Teacher-led video Experiment 3.4 Looking at a dry cell (eles-3461)

The alkaline zinc/manganese dioxide cell
Alkaline cells were developed as a consequence of the greater demand for a higher capacity portable energy
source than the dry cell could provide. An alkaline cell is designed to give a greater current output than the
standard dry cell and the voltage output falls off more slowly. Alkaline batteries also have longer shelf lives
than dry cells. Less electrolyte needs to be used in an alkaline cell than in a dry cell, which means that more
electrode reactants can be packed into the cell. Alkaline cells are commonly used in electronic flash guns,
high-drain toys and radios.

The alkaline cell is a primary cell that is more expensive than a dry cell but lasts much longer.

The alkaline cell has a powdered zinc anode in an electrolyte paste of potassium hydroxide. The cathode
is a compressed mixture of manganese dioxide and graphite. A separator, consisting of a porous fibre
soaked in electrolyte, prevents mixing of the anode and cathode components. The cell is contained within
a steel shell.

FIGURE 3.25 (a) Alkaline zinc/manganese dioxide cells and (b) a simplified cross-section of an alkaline
zinc/manganese dioxide cell
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The electrode half-equations are:
Anode (oxidation):

Zn(s)+ 2OH−(aq) → Zn(OH)2(s)+ 2e−

Cathode (reduction):

2MnO2(s)+ 2H2O(l)+ 2e− → 2MnO(OH)(s)+ 2OH−(aq)

The overall cell reaction is:

2MnO2(s)+ 2H2O(l)+ Zn(s) → 2MnO(OH)(s)+ Zn(OH)2(s)

The alkaline cell has a voltage of 1.55 V, but this drops slowly with time. Although it may last up to five
times longer than a dry cell, it is more difficult to make and more expensive. The alkaline is also bulky,
making it unsuitable for smaller devices such as watches and calculators.

The button cell
Button cells are primary cells that were developed because some appliances require the use of very small
electrochemical cells, although they are expensive to produce. However, they give a very steady voltage
during operation. Button cells are small, long-life cells used in devices such as calculators, hearing aids,
pacemakers, cameras and watches. They also last longer than dry cells and alkaline cells. There are a
number of different types of button cells, including the silver oxide cell and the zinc–air cell.

Silver-oxide cell
Silver-oxide cells are ideal for very small devices, such as watches, calculators and hearing aids. This cell
has a flat discharge curve and the voltage is 1.5 V.

FIGURE 3.26 The silver-oxide cell has a good shelf life and a long operating life.
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+
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The reactions at each electrode may be written as:
Anode (oxidation):

Zn(s)+ 2OH−(aq → Zn(OH)2(s)+ 2e−

At the cathode in the zinc/silver cell, silver(I) oxide is reduced.

Ag2O(s)+ H2O(l)+ 2e− → 2Ag(s)+ 2OH−(aq)

This means the overall equation for this reaction is:

Zn(s)+ Ag2O(s)+ H2O(l) → Zn(OH)2(s)+ 2Ag(s)
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Zinc–air cell

FIGURE 3.27 The zinc–air cell has a small
vent and material to absorb the carbon
dioxide from the air to prevent it from reacting
with the hydroxide electrolyte.

negative terminal

plastic sealing ring

powdered

zinc anode

–

positive terminal
air hole+

A zinc–air cell uses oxygen from the air as a reactant
(see figure 3.27). It is less expensive to produce than the
silver-oxide cell and is mainly used for hearing aids. The
electrolyte is potassium hydroxide and the half-equations
for each electrode may be written as follows.

Anode (oxidation):

2Zn(s)+ 4OH−(aq) → 2ZnO(s)+ 2H2O(l)+ 4e−

Cathode (reduction):

O2(g)+ 2H2O(l)+ 4e− → 4OH−(aq)

The overall cell reaction is:

2Zn(s)+ O2(g) → 2ZnO(s)

A zinc–air cell produces a voltage of about 1.4 V and can be considered a fuel cell because the oxygen is
continually drawn from the air. Fuel cells use a continuous supply of fuel to produce a flow of electrons.

3.4.6 Lithium cells

FIGURE 3.28 A pacemaker can be
powered by a lithium battery. A magnetic
switch operates the device, and the
lithium battery usually lasts for three to
five years.

Lithium cells are cells based on lithium anodes. Lithium is
a very reactive metal, and also very light, so these batteries
can produce a high cell voltage. They require a more robust
construction and are far more expensive than common
batteries, but have a shelf life of ten years. Owing to their
relatively long shelf life, lithium cells are mainly used as
power sources for electronic memory, but may also be used
in electronic switchboards, navigation systems, industrial
clocks and even poker machines. In many applications lithium
cells outlast the probable useful lifetime of the equipment they
power.

Primary lithium cells include lithium manganese dioxide
and lithium thionyl chloride cells. The most common is
the lithium–manganese cell. This has a lithium anode, a
manganese dioxide cathode, and a non-aqueous electrolyte,
such as propylene carbonate. The half-equations are written as
follows.

Anode (oxidation):

Li(s) → Li+(l)+ e−

Cathode (reduction):

MnO2(s)+ Li+(l)+ e− → LiMnO2(s)
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FIGURE 3.29 A simplified diagram of a
spiral-wound lithium cell
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These cells can be used in watches, calculators, games
and cameras. Lithium cells come in button, flat, cylindrical,
solid core or spiral wound form.

Spiral wound cells (figure 3.29) consist of two coiled
sheets, one of lithium foil and one of manganese dioxide,
separated by a sheet containing electrolytic salts. They have
a good shelf life and produce about 3 V.

Another type of lithium battery, the lithium thionyl
chloride cell (figure 3.30), consists of a lithium anode,
a carbon cathode and an electrolyte solution of lithium
aluminium chloride, LiAlCl4, in thionyl chloride, SOCl2.
The cathode is a highly porous Teflon-coated carbon
cylinder that is saturated with the electrolyte material.
The SO2 produced at the cathode dissolves in the thionyl
chloride. The anode and cathode are kept apart by a
separator.

The half-equations at each electrode may be written as
follows.

Anode (oxidation):

Li(s) → Li+(aq)+ e−

Cathode (reduction):

2SOCl2(l)+ 4e− → SO2(g)+ S(s)+ 4Cl−(aq)

The overall equation for the reaction is:

2SOCl2(l)+ 4Li(s) → SO2(g)+ S(s)+ 4LiCl(aq)

FIGURE 3.30 A simplified cross-section of a lithium/thionyl chloride battery
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3.4 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. Use a table of standard electrode potentials to determine whether the following reaction is a spontaneous
redox reaction. Justify your decision.

2Ag+(aq)+ 2Br−(aq) → 2Ag(s)+ Br2(l)
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102 Jacaranda Chemistry 2 VCE Units 3 & 4 Second Edition

UN
CO
RR
EC
TE
D
PA
GE
PR
OO
FS



“c03GalvanicCellsAsASourceOfEnergy_print” — 2019/6/29 — 16:02 — page 103 — #31

2. Write the likely spontaneous redox reactions that would occur given the following half-equations.
(a) Cl2(g) + 2e− ⇌ 2Cl−(aq) E0 = +1.36V

Ni2+(aq)+ 2e− ⇌ Ni(s) E0 = −0.23V
(b) Al3+(aq) + 3e− ⇌ Al(s) E0 = −1.67V

Mg2+(aq)+ 2e− ⇌ Mg(s) E0 = −2.34V
(c) MnO4

−(aq) + 8H+(aq) + 5e− ⇌ Mn2+(aq) + 4H2O(l) E0 = +1.52V
ClO4

− + 2H+(aq)+ 2e− ⇌ ClO3 + H2O(l) E0 = +1.19V
(d) Fe2+(aq) + 2e− ⇌ Fe(s) E0 = −0.44V

MnO4
−(aq)+ 8H+(aq)+ 5e− ⇌ Mn2+(aq)+ 4H2O(l) E0 = +1.52V

3. Suggest two reasons why predicted spontaneous redox reactions may not be observed.
4. Identify the anode and cathode, write the overall equation, label the direction of electron flow and calculate

the standard cell potential that would be produced in a galvanic cell constructed from half-cells using the
following redox half-equations.
(a) Pb2+(aq) + 2e− ⇌ Pb(s) E0 = −0.13V

Zn2+(aq) + 2e− ⇌ Zn(s) E0 = −0.76V
(b) Ag+(aq) + e− ⇌ Ag(s) E0 = +0.80V

Fe3+(aq)+ e− ⇌ Fe2+(aq) E0 = +0.77V
(c) O2(g)+ 4H+(aq)+ 4e− ⇌ 2H2O(l) E0 = 1.23V

Fe2+(aq)+ 2e− ⇌ Fe(s) E0 = −0.44V
5. Sketch the galvanic cells based on the following overall equations, labelling the direction of electron flow,

cathode, anode, polarity and direction of cation movement in the salt bridge.
(a) Cu2+(aq) + Mg(s)→ Cu(s) + Mg2+(aq)
(b) 2Co3+(aq) + Pb(s)→ Pb2+ + 2Co2+(aq)

6. A galvanic cell constructed by a VCE student in a school laboratory recorded zero cell voltage after it had
been operating previously at +0.38 V. Suggest three possible reasons for this observation.

7. Describe the difference between primary cells and secondary cells.
8. What is the reducing agent in a Leclanché cell? Justify your answer.
9. Calculate the change in oxidation number of manganese during discharge in a Leclanché cell.

10. Draw a diagram of a galvanic cell, consisting of two half-cells that could be constructed in the laboratory,
to investigate the half-reactions in a silver-oxide button cell. Label the electrodes and the direction of the
electron flow.

11. At the cathode of a zinc–air cell, has the oxidation number of the substance reacting increased or
decreased?

12. What property of lithium batteries makes them so useful for electronic devices?

To answer past VCE 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: past VCE exam questions

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

3.5 Review
3.5.1 Summary
Redox reactions

• Redox reactions involve the transfer of electrons between an oxidising agent and a reducing agent.
• Redox reactions can be divided into a reduction process and an oxidation process.
• Reduction is the process of gaining electrons whereas oxidation is the process of losing electrons.
• Redox reactants can be divided into oxidising agents and reducing agents. Reducing agents allow (or

cause) another substance to undergo reduction because they supply electrons (as they undergo the
process of oxidation). Oxidising agents allow another substance to undergo oxidation because they
consume electrons (as they undergo the process of reduction).
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• Spontaneous redox reactions can transform chemical energy into either heat or electrical energy,
depending on the physical arrangements under which the reactions are carried out.

• A set of rules can be used for balancing the half-equations that represent the oxidation and reduction
processes.

• Oxidation numbers can be used to determine the species in a redox reaction that may act as an
oxidising agent or a reducing agent, because reduction corresponds to a decrease in oxidation number,
whereas oxidation corresponds to an increase in oxidation number.

Galvanic cells

• Galvanic cells consist of two separate half-cells, with each half-cell containing a different conjugate
redox pair. A connecting wire between the electrodes forms the external circuit through which
electrons travel from the reducing agent to the oxidising agent, and a salt bridge forms an internal
circuit through which ions can travel to maintain cell neutrality.

• In a galvanic cell, oxidation occurs at the negatively charged anode whereas reduction occurs at the
positively charged cathode.

• The electrical potential of a galvanic cell is the ability of the cell to produce an electric current and is
measured in volts (V).

• The reduction potential of a half-cell is a measure of the tendency of the oxidising agent to accept
electrons and thus undergo reduction.

• The difference between the reduction potentials of two electrically connected half-cells is called the
cell potential difference.

The electrochemical series

• An electrolyte is a solution containing ions that can conduct electricity.
• The standard cell potential difference

(
E0
cell

)
is the measured cell potential when the concentration of

each species in solution is 1 M, the pressure of a gas is 1 atm and the temperature is 25 °C. It may be
calculated according to:

E0
cell = E0

oxidising agent− E0
reducing agent

• The standard hydrogen half-cell is used as a standard reference electrode and has been assigned an
arbitrary value of 0.00 volts.

• The standard electrode potential (SEP) table, also known as the electrochemical series, can be used to
predict whether a particular redox reaction can proceed to an appreciable extent.

• The SEP table gives no indication of the rate of a reaction or whether the reaction is spontaneous. It
can only be used to predict if the reaction is feasible.

• Strong oxidising agents have high E0 values and are found at the top left of the SEP table, whereas
strong reducing agents have low E0 values and are found at the bottom right of the SEP table.

• ‘Wet’ cells are electrochemical cells where the electrolyte is in a liquid state.
• An electrochemical cell in which the electrolyte is a paste, rather than a liquid, is known as a dry cell.
• A battery is a small, portable, efficient source of electrical energy that is constructed from a

combination of electrochemical cells connected in series or in parallel.
• Electrochemical cells that are used until the supply of electrical energy is exhausted are called primary

cells. Primary cells cannot be recharged.
• Different types of primary cells currently in use include Leclanché cells (dry cells), alkaline

Zn(s)/MnO2(s) cells, button cells, Zn(s)/air cells and lithium cells. Each of these contains an anode,
cathode and an electrolyte, and is a practical application of a galvanic cell.

To access key concept summaries and practice exam questions download and print the studyON: Revision and practice
exam question booklet (doc-31405).Pdf_Folio:104
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3.5.2 Key terms

anode the electrode at which oxidation occurs. In a galvanic cell, it is the negative electrode, since it is the
source of negative electrons for the circuit. If the reducing agent is a metal, it is used as the electrode material.

button cell a small, long-life cell used in devices such as calculators, hearing aids, pacemakers, cameras
and watches

cathode the electrode at which reduction occurs. In a galvanic cell, it is the positive electrode, since the negative
electrons are drawn towards it and then consumed by the oxidising agent, which is present in the electrolyte.

cell potential difference the difference between the reduction potentials of two half-cells
Daniell cell one of the first electrochemical cells to produce a reliable source of electricity; it uses the redox

reactions between zinc metal and copper ions to produce electricity
dry cell an electrochemical cell in which the electrolyte is a paste, rather than a liquid; also called a

Leclanché cell
electrical potential the ability of a galvanic cell to produce an electric current
electrochemical cell cell that generates electrical energy from chemical reactions
electrochemical series a series of chemical elements arranged in order of their standard electrode potentials
electrodes a solid used to conduct electricity in a galvanic half-cell
electrolytes liquids that can conduct electricity
external circuit circuit composed of all the connected components within an electrolytic or a galvanic cell to

achieve desired conditions
half-cell one half of a galvanic cell containing an electrode immersed in an electrolyte that may be the oxidising

agent or the reducing agent depending on the oxidising strength of the other cell to which it is connected
internal circuit a circuit within a conductor. Anions flow to the anode and cations flow to the cathode.
Leclanché cell see dry cell
lithium cells cells that use lithium anodes and can produce a high voltage
oxidants see oxidising agents
oxidation an increase in the oxidation number; a loss of electrons
oxidation numbers a set of rules that assist in the identification of redox reactions
oxidising agents electron acceptors
primary cells an electrolytic cell in which the cell reaction is not reversible
rechargeable describes a battery that is an energy storage device; it can be charged again after being

discharged by applying DC current to its terminals
redox reactions reactions that involve the transfer of one or more electrons between chemical species
reducing agents electron donors
reductants see reducing agents
reduction a decrease in the oxidation number; a gain of electrons
reduction potential a measure of the tendency of an oxidising agent to accept electrons and so undergo

reduction
salt bridge a component that provides a supply of mobile ions that balance the charges built up in the half-cells

of a galvanic cell during reaction
secondary cells electrolytic cells in which the cell reaction is reversible
standard cell potential difference the measured cell potential difference, under standard conditions, when the

concentration of each species in solution is 1 M, the pressure of a gas, where applicable, is 100 kPa and the
temperature is 25 °C (298 K)

standard hydrogen half-cell a standard reference electrode; assigned 0.00 volts
zinc–air cell cell that uses oxygen from the air as a reactant

Digital document Key terms glossary-Topic 3 (doc-31403)
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3.5.3 Practical work and experiments

Experiment 3.1
Investigating the Daniell cell
Aim: To set up and observe the operation of a Daniell cell.

Digital document: doc-31253
Teacher-led video: eles-3458

Experiment 3.2
Predicting redox reactions
Aim:To predict whether redox reactions will occur when a range of oxidants and reductants are mixed, and then to
test these predictions experimentally.

Digital document: doc-31254
Teacher-led video: eles-3459

Experiment 3.3
Galvanic cells and redox potentials
Aim: To set up galvanic cells, measure the cell voltages and predict the relative oxidising–reducing strength of four
redox pairs.

Digital document: doc-31255
Teacher-led video: eles-3460

Experiment 3.4
Looking at a dry cell
Aim: To examine the contents of a dry cell and to investigate the redox reactions occurring in the cell.

Digital document: doc-31256
Teacher-led video: eles-3461

3.5 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.

3.5 Exercise 1: Multiple choice questions
1. In a particular reaction, it is observed that electrons are transferred from substance A to substance B.

Which of the following statements is correct?
A. A undergoes oxidation and is an oxidising agent.
B. A undergoes oxidation and is a reducing agent.
C. B undergoes oxidation and is a reducing agent.
D. A undergoes reduction and is an oxidising agent.

2. The oxidation number of each sulfur atom in S2O3
2– is:

A. –2
B. +2
C. +6
D. +4.

3. For the reaction

NO2(aq)+ H2O(l) → e− + NO3
−(aq)+ 2H+(aq)

the oxidation number of nitrogen changes from:
A. 0 to +1 B. 0 to –1 C. +2 to –3 D. +4 to +5.
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4. In a reaction, the oxidation numbers of two elements were found to change as follows.
X changes from +2 to +5.
Y changes from +7 to +5.
Which of the following describes the changes correctly?

A. X and Y are both oxidised.
B. X is oxidised and Y is reduced.
C. X is reduced and Y is oxidised.
D. X and Y are both reduced.

5. The half-equation for the reduction of NO3
– to N2O can be represented as:

aNO3
−(aq)+ bH+(aq)+ 8e− → cN2O(g)+ dH2O(l)

where the values of a and b respectively are:
A. 2 and 5
B. 2 and 10
C. 1 and 4
D. 1 and 5.

6. The tarnish on silverware, Ag2S, can be removed by placing the articles in an aluminium pan and
covering them with a warm solution of dilute sodium hydroxide. The following half-reactions show
why this method is effective.

Ag2S(s)+ 2e− → 2Ag(s)+ S2−(aq)

Al(s)+ 3OH−(aq) → Al (OH)3(s)+ 3e−

Which of the following equations represents a balanced ionic equation for the reaction that occurs?
A. 3Ag2S(s) + 2Al(s) + 6OH–(aq)→ 6Ag(s) + 3S2– (aq) + 2Al(OH)3(s)
B. Ag2S(s) + Al(s) + 3OH–(aq)→ 2Ag+(aq) + S2–(aq) + Al(OH)3(s) + e–

C. Ag2S(s) + Al(OH)3(s)→ 2Ag+(aq) + S2–(aq) + Al(s) + 3OH–(aq)
D. Al(s) + 3OH–(aq) + 2Ag(s) + S2–(aq)→ Ag2S(s) + Al(OH)3(s) + 3e–

7. An electrochemical cell functions only when there is a complete circuit for electrical flow. For reactions
to occur that produce an electric current, it is necessary to have an:
A. external and internal circuit for the flow of ions
B. external circuit for electron flow and an internal circuit for ion flow
C. external circuit for ion flow and an internal circuit for electron flow
D. internal and external circuit for the flow of electrons.

8. In any electrochemical cell, the cathode is the electrode:
A. that is closest to the outside of the cell
B. at which electrons are liberated by some species
C. at which reduction occurs
D. at which hydrogen is liberated.

9. In a lithium–manganese dioxide button battery, the anode is made from lithium foil on a stainless steel
backing and the cathode is manganese dioxide mixed with carbon black to act as an organic electrolyte.
The equations occurring at the electrodes are:

Anode: Li(s)→ Li+(l) + e–

Cathode: MnO2(s) + e– →MnO2
–(l)

The lithium manganese dioxide button battery is a primary cell. Which of the following is the
strongest oxidising agent?
A. Li(s) B. Li+(aq)
C. MnO2(s) D. MnO2

–(aq)
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10. 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.

11. In which of the following pairs of elements does neither metal release hydrogen gas when dilute
hydrochloric acid is added?
A. Zn and Ag
B. Cu and Ag
C. Fe and Al
D. Mg and Ni

12. Which of the following reactions does not occur spontaneously?
A. Cu2+(aq) + Pb(s)→ Pb2+(aq) + Cu(s)
B. Fe(s) + Pb2+(aq)→ Pb(s) + Fe2+(aq)
C. 2Ag(s) + 2H+(aq)→ 2Ag+(aq) + H2(g)
D. Li(s)+ H+(aq) → 1

2 H2(g)+ Li+(aq)
13. A piece of nickel is placed in a solution of copper(II) sulfate.

Given:
Ni2+(aq) + 2e– ⇌ Ni(s) E0 = −0.23 V
Cu2+(aq) + 2e– ⇌ Cu(s) E0 = +0.34 V

which one of the following statements is incorrect?
A. Copper is precipitated from solution.
B. Copper ions are oxidised.
C. Nickel dissolves into solution.
D. There is no increase in electrical charge in the solution.

14. A student is given five metals and 1 M solutions of nitrates of the metals. The metals are labelled M, N,
O, P and Q, and the solutions are labelled M2+, N2+, O2+, P2+ and Q2+.

The student carries out a number of experiments and the results obtained are listed below.
i. Metal M remains unchanged in all solutions.
ii. Metal O becomes coated with another metal when placed in each of solutions M2+, N2+, P2+

and Q2+.
iii. Metal P becomes coated with another metal when placed in each of solutions M2+ and N2+, but not

when placed in solution Q2+.
Considering the experimental data above, which of the following reactions takes place

spontaneously with the greatest observed cell voltage?
a. M(s) + O2+(aq)→ M2+(aq) + O(s)
b. O(s) + M2+(aq)→ O2+(aq) + M(s)
c. N(s) + P2+(aq)→ N2+(aq) + P(s)hesher
d. Q(s) + O2+(aq)→ Q2+(aq) + O(s)

15. Which of the following reactions occurs spontaneously in the direction indicated?
A. 2I–(aq) + Cl2(g)→ 2Cl–(aq) + I2(s)
B. Br2(aq) + 2Cl–(aq)→ 2Br–(aq) + Cl2(g)
C. I2(s) + 2Br–(aq)→ 2I–(aq) + Br2(aq)
D. 2F–(aq) + Cl2(g)→ F2(g) + 2Cl–(aq)
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3.5 Exercise 2: Short answer questions
1. Early definitions of oxidation were:

- the addition of oxygen
- the loss of hydrogen
whereas early definitions of reduction were:

- the removal of oxygen
- the addition of hydrogen.
a. Choose an example of a reaction that illustrates the adequacy of each of these definitions.
b. Choose an example of a reaction that illustrates the inadequacy of each of these definitions.
c. Use the examples chosen in (b) to show the redox nature of the reaction by considering the modern

definitions of oxidation as the loss of electrons and reduction as the gain of electrons.
d. Provide a definition of oxidation and reduction with respect to oxidation numbers and illustrate your

definition with an example.
2. In each of the following reactions, use oxidation numbers to find which species has been reduced and

which has been oxidised.
a. Zn(s) + 2HCl(aq)→ ZnCl2(s) + H2(g)
b. 2NO(g) + O2(g)→ 2NO2(g)
c. Mg(s) + H2SO4(aq)→MgSO4(aq) + H2(g)
d. 2Al(s) + 3Cl2(g)→ 2AlCl3(s)

3. Identify the oxidising agent and reducing agent in each of the following redox equations.
a. 2I–(aq) + Cl2(g)→ 2Cl–(aq) + I2(s)
b. Br2(aq) + 2Cl–(aq)→ 2Br–(aq) + Cl2(g)
c. I2(s) + 2Br–(aq)→ 2I–(aq) + Br2(aq)
d. 2Co3+(aq) + Pb(s)→ Pb2+(aq) + 2Co2+(aq)
e. Fe(s) + Pb2+(aq)→ Pb(s) + Fe2+(aq)
f. Hg(l) + 2H+(aq)→ H2(g) + Hg2+(aq)
g. 2F–(aq) + Cl2(g)→ F2(g) + 2Cl–(aq)

4. 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. Cu(s) + HNO3(aq)→ Cu2+(aq) + NO2(g)
f. CuO(s) + NH3(g)→ N2(g) + Cu(s)
g. PbS(s) + H2O2(l)→ PbSO4(s) + H2O(l)
h. Cr2O7

2–(aq) + CH3CH2OH(aq)→ CH3COOH(aq) + Cr3+(aq)
5. Consider the reaction occurring in the diagram shown, and complete

the following.
e−

NO3
−(aq)NO3

−(aq)

Zn2+(aq) Fe2+(aq)

wire

Zn Fe

a. State the anode reaction.
b. State the cathode reaction.
c. Find the overall cell reaction.

6. Define the following terms.
a. Galvanic cell
b. Internal circuit
c. External circuit
d. Cathode
e. Anode
f. Salt bridge
g. Inert electrode
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7. By referring to a table of standard electrode potentials, state whether you would expect:
a. bromine gas to form if chlorine gas was bubbled into a solution of bromide ions
b. chlorine gas to form if bromine gas was bubbled into a solution of chloride ions
c. iron to be oxidised by acidified hydrogen peroxide solution
d. iron(II) ions to be reduced when reacted with hydrogen peroxide solution.

8. Design a galvanic cell that produces electricity from each of the reactions below. For each cell, show
how it is constructed. Identify the anode and cathode, showing the equations occurring at each. Indicate
the direction of electron flow and the migration of each kind of ion in the cell and the salt bridge.
a. 2Ag+(aq) +Mg(s)→ 2Ag(s) +Mg2+(aq)
b. 2Al(s) + 3I2(s)→ 2Al3+(aq) + 6I–(aq)
c. Cl2(g) + Zn(s)→ Zn2+(aq) + 2Cl–(aq)
d. 2Fe3+(aq) + Fe(s)→ 3Fe2+(aq)

9. Draw a galvanic cell that uses the reaction between solid aluminium metal and an aqueous solution of
blue copper sulfate. Potassium nitrate can be used in the salt bridge.
a. Clearly label the following:
– the anode, the cathode and the appropriate electrolytes
– equations for the reactions at the anode and cathode, marked as either oxidation or reduction
– the overall cell reaction
– the direction of electron flow
– the direction of flow of anions and cations in the salt bridge.
b. What would happen if the salt bridge was removed? Explain.
c. What happens to the colour of the copper sulfate solution? Explain.

10. Considering the positions of iron, magnesium and zinc in the electrochemical series, explain why iron
is protected from rusting when blocks of magnesium or zinc are attached to it.

11. Explain the difference between a cell and a battery.
12. Electrochemical cells constructed in the laboratory often consist of two separate half-cells connected by

electrical wire and a salt bridge.
a. Explain the features of commercial cells that enable electrical power to be generated from chemicals

in only one cell.
b. Select a commercial cell and construct a corresponding laboratory-type, two-half-cell galvanic

system. Label all parts, including cathode, anode, direction of electron flow and half-cell reactions.
13. The structure of an aluminium–air battery is shown in the

aluminium

electrolyte

porous

electrode

–

negative

terminal

positive

terminal

+

In the aluminium–air battery, a piece of aluminium
is immersed in an electrolyte near a porous electrode. This
porous electrode has air on one side and the electrolyte on
the other. The electrolyte can be a common salt, NaCl,
solution, an alkali solution, such as potassium hydroxide, KOH, or sea water. Although the choice of
electrolyte is quite flexible, only special alloys of aluminium can be used. With ordinary alloys, the
aluminium immediately becomes coated with a protective oxide layer or simply dissolves as aluminium
oxide, giving off hydrogen gas.

In this battery, the aluminium anode reacts with hydroxide ions to form aluminium hydroxide, with
the release of three electrons.

Anode: Al(s)+ 3OH−(aq) → Al(OH)3(s)+ 3e−

The OH– ions are present either because the electrolyte is an alkali solution or because they are
produced at the cathode.
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V

a b

CuAl

SO4

Cu2+(aq)

2–

NO3  (aq)

Al3+(aq)

–
(aq)

At the porous cathode, the water in the electrolyte reacts with oxygen from the air and the
electrons from the anode to produce hydroxide ions.

Cathode: O2(g)+ 2H2O(l)+ 4e− → 4OH−(aq)

If the cathode is covered (for example, with water) so that oxygen cannot enter the cell, a slightly
different reaction occurs in the cell in which hydrogen gas is produced.

2H2O(l)+ 2e− → H2(g)+ 2OH−(aq)

a. Write the overall equation for the aluminium–air battery operating under optimal conditions.
b. Write the overall equation if the cathode is covered with water.

3.5 Exercise 3: Exam practice questions
1. A student set up an electrochemical experiment as shown in the figure.

He kept the copper half-cell constant, but changed the other half-cell. For each cell, he recorded the
metal that was used as the anode and the overall cell voltage. 5 marks

V

salt bridge

metalcopper rod

copper(II) sulfate solution metal ion solution

Cell Anode Voltage (V)

copper–lead lead 0.49

copper–silver copper 0.31

copper–magnesium magnesium 1.45

copper–iron iron 0.57

copper–aluminium aluminium 0.94

copper–copper copper 0.00

copper–nickel nickel 0.31

a. How did the student determine which of the metals in the cell acted as the anode? 2 marks
b. Why did the copper–copper cell produce no voltage? 1 mark
c. Determine the likely order of reactivity of the metals. Justify your placements. 2 marks

2. A half-cell is constructed with a copper electrode in a 1.0 M copper(II) sulfate solution.
It is connected by a salt bridge to another half-cell containing an aluminium electrode
in a 1.0 M aluminium nitrate solution. 6 mark
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c. What is the polarity of the copper electrode? 1 mark
d. Which arrow, a or b, shows the direction of negative ions in the salt bridge? 1 mark
e. Write a balanced half-equation for the reaction occurring at the anode. 1 mark

Access and sit past VCAA examinations, with immediate feedback, marking guides and examiner’s report.

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

Test maker
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a. A voltmeter is connected into the external circuit. What would be the expected E value for
this cell? 1 mark

b. Give two changes that might be observed in the copper half-cell if a large current flowed for many
hours. 2 marks

0

Access Course Content and select ‘Past VCAA examinations’ and select to sit the examination online or offline.
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