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	Galvanic cells
	



questions

1 
a 
Au+(aq) ( Au3+(aq) + 2e–
b 
Br2(l) + 2e– ( 2Br–(l)

c 
2F–(aq) ( F2(g) + 2e–
d
H2(g) ( 2H+(aq) + 2e–
e
Sn(s) ( Sn2+(aq) + 2e– 
2
a
Reduction

b
Oxidation

c
Oxidation

d
Reduction

e
Oxidation

3
a
MoO3 (The oxidation number of molybdenum decreases from +6 to zero.)

b
Hydrogen gas 

4
a
Zinc undergoes oxidation.

b
The oxidation reaction at the anode can be represented as:


Zn(s) ( Zn2+(aq) + 2e–
The reduction reaction at the cathode can be represented as:


2H+(aq) + 2e– ( H2(g)

c
The sulfuric acid solution acts as a salt bridge in these cells. It supplies ions to allow current to flow through the solution. It also supplies the oxidant H+(aq).
5


	Reaction at anode (–)
	Reaction at cathode (+)
	Overall reaction
	Oxidant
	Electrode material at cathode

	Cu(s) ( Cu2+(aq) + 2e–
	Ag+(aq) + e– ( Ag(s)
	Cu(s) + 2Ag+(aq) 

( Cu2+(aq) + 2Ag(s)
	Ag+(aq)
	Ag

	Mg(s) ( Mg2+(aq) + 2e–
	Pb2+(aq) + 2e– ( Pb(s)
	Pb2+(aq) + Mg(s) 

( Pb(s) + Mg2+(aq)
	Pb2+(aq)
	Pb

	2I–(aq) ( I2(aq) + 2e–
	Fe3+(aq) + e– ( Fe2+(aq)
	2Fe3+(aq) + 2I–(aq) 

( I2(aq) + 2Fe2+(aq)
	Fe3+(aq)
	Pt (inert)

	Al(s) ( Al3+(aq) + 3e–
	Ni2+(aq) + 2e– ( Ni(s)
	3Ni2+(aq) + 2Al(s) 
( 3Ni(s) + 2Al3+(aq)
	Ni2+(aq)
	Ni


6 
A salt bridge is used to complete the circuit in a galvanic cell by allowing the flow of positive ions into the half-cell containing the positive electrode (the cathode) and negative ions into the half-cell containing the negative electrode (the anode).

7
a
Electrons travel from the negative electrode to the positive electrode. 

b
Potassium ions travel towards the positive electrode. Nitrate ions travel towards the negative electrode.

8
Sketches needed. See figure 15.2.4 for examples.

9
a
Cathode

b
From right to left as shown.

c
From right to left as shown.

d
Negative

e
Pt or graphite

f
Fe3+(aq) + e– ( Fe2+(aq)
g
2I–(aq) ( I2(aq) + 2e–
h 
2Fe3+(aq) + 2I–(aq) ( I2(aq) + 2Fe2+(aq)

10 
a
No reaction occurs.

b
A reaction will occur according to the equation:


Mg(s) + Zn2+(aq) ( Mg2+(aq) + Zn(s)

c
No reaction occurs.

d
A reaction will occur according to the equation:


2Na(s) + 2H2O(l) ( 2Na+(aq) + H2(g) + 2OH–(aq)

11
a
Ag+ 
b
Na+
c
Na

d
Ag

12 
A metal coating will form when the metal cation is a sufficiently strong oxidant to oxidise the lead. In these cases reaction will occur with CuSO4 and Sn(NO3)4.
13
a
The metal is oxidised by HCl and so is a stronger reductant than H2. It cannot be oxidised by Zn2+ and so is a weaker reductant than zinc. As it reacts with Ni2+ it must be a stronger reductant than nickel. By inspection of the electrochemical series the metal could be Co, Cd, Fe or Cr.

b
To determine the identity of the metal it could be tested using atomic absorption spectroscopy or reacted with other agents. For example, the metal could be fully oxidised with acid and then tested with KSCN. If a bright red solution was formed it is likely that the iron(III) thiocyanate complex ion had been formed.

14 
Sketch required. Sn is the reductant, Ag+ is the oxidant. Electrons flow from Sn (the negative anode) to Ag (the positive cathode). Positive ions in the salt bridge flow into the Ag half-cell, while negative ions flow into the Sn half-cell. The overall cell equation is Sn(s) + 2Ag+(aq) ( Sn2+(aq) + 2Ag(s).

15 
The electrochemical series predicts whether or not a reaction should occur under standard conditions of temperature, pressure and concentration. It provides no information about the rate of reaction. In this case the rate is very slow as aluminium has a uniform, impervious and unreactive oxide layer that protects it from reaction.

16
a
An inert electrode is required when one of the conjugate redox pair is a gas or if both are ions in aqueous form. In both these cases there is no physical medium onto which a conducting wire can be connected.

b
For example:

Cl2(g) + 2e– ( 2Cl–(aq)

2H+(aq) + 2e– ( H2(g)

Fe3+(aq) + e– ( Fe2+(aq)

c
Graphite is much cheaper than platinum.

17 
The anode is made of zinc and makes up the case of the cell. The cathode is a graphite rod that passes through the centre of the cell. 

At the anode: Zn(s) ( Zn2+(aq) + 2e–
At the cathode: 2NH4+(aq) + 2MnO2(s) + 2e– ( Mn2O3(s) + 2NH3(aq) + H2O(l)

18 
Bubbles of H2 gas effectively insulate the cathode from the electrolyte and so prevent the discharge reaction from occurring. This is a phenomenon known as ‘polarisation’.

19 
No, the polarity of the electrodes in the cells is the same.

20 
In an alkaline cell the electrolyte is a concentrated solution (~7 M) of potassium hydroxide. This is a highly corrosive electrolyte.

21 
The alkaline cells generally contain more zinc than the standard zinc–carbon cells. Less electrolyte is required for the alkaline cell and so a greater quantity of manganese(IV) oxide and zinc reactants can be used, resulting in their significantly longer life and greater charge density.

22
a
CuCl2(aq) + 2Li(s) ( Cu(s) + 2LiCl(aq)
b
Lithium has a low density (0.50 g mL–1) and is the strongest reductant of all metals. Thus lithium provides the powerful combination of a light chemical that produces a relatively high voltage.

23 
These cells are small and light, and they efficiently deliver a constant voltage over a prolonged period of time.

24 
The zinc–air cell cannot be recharged as oxygen is a reactant in the forward reaction and it would be lost to the cell when the reaction was reversed, as the cell has a hole in it. The mercury(II) oxide cell cannot be recharged, as the mercury formed is a liquid and drains away from the electrodes. As it is not in direct contact with the cathode it cannot be oxidised back to HgO.

25
a
ON of Pb in PbO2 = +4, ON of Pb = 0, ON of Pb in PbSO4 = +2

b
At the anode (–): Pb(s) + SO42–(aq) ( PbSO4(s) + 2e–
At the cathode (+): PbO2(s) + SO42–(aq) + 4H+(aq) + 2e– ( PbSO4(s) + 2H2O(l)

c
The sulfuric acid electrolyte is consumed during the discharge process, causing the pH of the electrolyte to increase as the concentration of H+ ions decreases. It is reconstituted during recharge.

26 
As the night proceeds the observations made by the students might be:


Student A—The torch loses light intensity gradually but steadily over the first 30 minutes until it is the cell is flat and no more light is generated.


Student B—The alkaline cell follows a similar pattern but will maintain its output for a significantly longer time, up to 2 hours.


Student C—The torch will maintain a constant light intensity for approximately two and a half hours before it goes flat quite swiftly and loses its function.

27 
Families should consider the power output of the appliances they will be using, how frequently they will be used, and whether the initial cost of the rechargeable batteries and recharging unit is justified. They should also take into account the environmental effects of disposing of primary cells that cannot be recharged.

28
a
If an acid electrolyte is used, the relevant reactions are:

Anode (–): H2(g) ( 2H+(aq) + 2e–


Cathode (+): O2(g) + 4H+(aq) + 4e– ( 2H2O(l)
If an alkaline electrolyte is used, the relevant reactions are:

Anode (–): H2(g) + 2OH–(aq) ( 2H2O(l) + 2e– 


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

b
The overall equations are identical, no matter what electrolyte is used:


2H2(g) + O2(g) ( 2H2O(l) 

c
The concentration of the electrolyte will be diluted by the production of water in the reactions. Although the environmentally friendly water product is an asset of these fuel cells, the water must be eliminated from the cell if the cell is to operate efficiently.
d
The electrodes are made from metals such as nickel or platinum which not only conduct electricity but also catalyse the reactions. They are porous to allow the gases to diffuse through and come into contact with the electrolyte, but prevent the electrolyte seeping out.

29
The overall equation is: C2H5OH(g) + 3O2(g) ( 2CO2(g) + 3H2O(l) 

For a cell with an acidic electrolyte:
at the anode (–): C2H5OH(g) + 3H2O(l) ( 2CO2(g) + 12H+(aq) + 12e– 

at the cathode (+): O2(g) + 4H+(aq) + 4e– ( 2H2O(l)

30
a
The overall equation for the reaction during discharge is:

4Al(s) + 3O2(g) + 6H2O(l) ( 4Al(OH)3(s)
b
The aluminium plate acts as the anode and so is negatively charged.

The porous metal electrode acts as the cathode and so is positively charged.

c
It is like a primary cell in that it cannot be recharged (the aluminium electrode is consumed in the reaction and must be replaced periodically), and like a fuel cell in that it uses oxygen from the air in a ‘combustion’ reaction with aluminium to generate electric power.

d
A distinct environmental advantage of the aluminium–air cell is that the aluminium cell uses the relatively benign metal aluminium rather than the environmentally toxic heavy metal lead.

e
This galvanic cell directly converts chemical potential energy into electrical energy, but coal-fired power stations have numerous conversion stages. Some energy is lost at each conversion and so overall efficiency is significantly less.

Review Questions 

1
a
Oxidation: The process of losing (donating) electrons.


b
Reduction: The process of gaining electrons.

c
Oxidant: The species which oxidises another chemical and is itself reduced. An electron acceptor.

d
Reductant: The species which reduces another chemical and is itself oxidised. An electron donor.

e
Galvanic cell: An electrochemical cell which consists of two half-cells connected in an electric circuit by a salt bridge and connecting wires. It converts chemical potential energy into electrical energy.

f
Half-cell: One half of a galvanic cell. Each half-cell consists of a conjugate redox pair of species (they differ from each other by one or more electrons) and an electrode.

g 
Anode: The electrode at which oxidation occurs
.

h 
Cathode: The electrode at which reduction occurs.

i 
Salt bridge: A pathway, or bridge, across which electric current can flow.
j 
Inert electrode: An unreactive electrode that allows current to flow but does not actually take part in the chemical reactions occurring in the half cell.

2
a
Br2(aq) is the oxidant and Mg(s) is the reductant.

b
Ag+(aq) is the oxidant and Sn2+(aq) is the reductant.

c
Cu2+(aq) is the oxidant and Pb(s) is the reductant.

d
MnO4–(aq) is the oxidant and Fe2+(aq) is the reductant.

e
H2O(l) is the oxidant and Na(s) is the reductant.

3
a
0
 +4/–2
0
 +2/+6/–2
Fe(s) + SO2(g) + O2(g) ( FeSO4(s)


+2/+6/–2
0 
+1/–2
+3/ 
–2
 +1/–2 
+1/+6/–2 

4FeSO4(s) + O2(g) + 6H2O(l) ( 2Fe2O3.H2O(s) + 4H2SO4(aq)
b
O2 is the oxidant. Both Fe and SO2 are reductants in the first equation.

O2 is the oxidant. FeSO4 is the reductant in the second equation.
4
a
2I–(aq) ( I2(aq) + 2e–
b
Cr3+(aq) + 3e– ( Cr(s)

c
SO42–(aq) + 4H+(aq) + 2e– ( SO2(g) + 2H2O(l)

d
N2O4(g) + 8H+(aq) + 8e– ( N2(g) + 4H2O(l)

e
CH4(g) + 2H2O(l) ( CO2(g) + 8H+(aq) + 8e–
5


	Reaction at anode (–)
	Reaction at cathode
(+)
	Overall reaction equation
	Oxidant
	Reductant

	Ni(s) 

( Ni2+(aq) + 2e–
	Cu2+(aq) + 2e– ( Cu(s)
	Cu2+(aq) + Ni(s) 

( Cu(s) + Ni2+(aq)
	Cu2+
	Ni

	K(s) 

( K+(aq) + e–
	2H2O(l) + 2e– 

( H2(g) + 2OH–(aq)
	2H2O(l) + 2K(s) 

( H2(g) + 2OH–(aq) + 2K+(aq)
	H2O
	K

	Fe2+(aq) 

( Fe3+(aq) + e–
	MnO4–(aq) + 8H+(aq) + 5e–
( Mn2+(aq) + 4H2O(l) 
	MnO4–(aq) + 8H+(aq) + 5Fe2+(aq)

( Mn2+(aq) + 4H2O(l) + 5Fe3+(aq)
	MnO4– 
	Fe2+ 



	Sn(s) 

( Sn2+(aq) + 2e–
	Sn4+(aq) + 2e– ( Sn2+(aq)
	Sn4+(aq) + Sn(s) ( 2Sn2+(aq)
	Sn4+
	Sn


6 
Cu(s) ( Cu2+(aq) + 2e–
HNO3(aq) + 3H+(aq) + 3e– ( NO(g) + 2H2O(l)

Overall equation: 3Cu(s) + 2HNO3(aq) + 6H+(aq) ( 3Cu2+(aq) + 2NO(g) + 4H2O(l)

7 
Coatings of silver and copper metals will form over the nickel rod in the solutions of AgNO3 and CuSO4 respectively.

8 
Fe3+(aq) is a relatively strong oxidant that will oxidise the tin plate on the spatula to Sn2+(aq) ions and so destroy the protective coating of tin metal.

9 
Zinc and magnesium are sufficiently strong reductants to protect iron structures from corrosion.

10
a
At the anode (–): H2O2(aq) ( O2(g) + 2H+(aq) + 2e–


At the cathode (+): H2O2(aq) + 2H+(aq) + 2e– ( 2H2O(l) 

Overall equation: 2H2O2(aq) ( 2H2O(l) + O2(g) 

b
Refrigeration slows the rate at which the H2O2 reacts with itself and so decomposes.

c
The MnO2 acts a catalyst and significantly increases the rate of reaction.

11
a
Cu(s) + 2AgNO3(aq) ( Cu(NO3)2(aq) + 2Ag(s)

At the anode (–): Cu(s) ( Cu2+(aq) + 2e–


At the cathode (+): Ag+(aq) + e– ( Ag(s) 

b
Mg(s) + 2HCl(aq) ( MgCl2(aq) + H2(g)

At the anode (–): Mg(s) ( Mg2+(aq) + 2e–


At the cathode (+): 2H+(aq) + 2e– ( H2(g) 

c
No reaction occurs.

d
Cl2(g) + SnCl2(aq) ( SnCl4(aq) 

At the anode (–): Sn2+(aq) ( Sn4+(aq) + 2e–


At the cathode (+): Cl2(g) + 2e– ( 2Cl–(aq) 

e
H2S(g) + CuSO4(aq) ( H2SO4(aq) + S(s) + Cu(s) 

At the anode (–): H2S(g) ( S(s) + 2H+(aq) + 2e–


At the cathode (+): Cu2+(aq) + 2e– ( Cu(s)

12
a
Ag+
b
Na+
c
Na

d
Ag

13 
Zinc is the only metal in this list which is a sufficiently strong reductant to displace metal Q from the solution.

14 
The first statement indicates that B2+(aq) does not react with A(s), ( A2+(aq) is a stronger oxidant than B2+(aq).


The second statement indicates that C2+(aq) reacts with B, ( C2+(aq) is a stronger oxidant than B2+(aq).


The third statement indicates that A2+(aq) will not react with C, ( C2+(aq) is a stronger oxidant than A2+(aq).


A partial electrochemical series for these three redox conjugate pairs would be:

C2+(aq) + 2e– ( C(s)

A2+(aq) + 2e– ( A(s)

B2+(aq) + 2e– ( B(s)


The order of these metals from strongest reductant to weakest is B > A > C.

15 
The first experiment indicates that the metal cation is a weaker oxidant than Cu2+.


The second experiment indicates that the metal cation is a sufficiently strong oxidant to oxidise iron metal (i.e. it is between Cu2+ and Fe2+ on the electrochemical series).


In the third experiment the pH decreases, which means that H+(aq) ions must be formed. The metal cation is a stronger oxidant than H+(aq) and so, by inspecting the electrochemical series, it must be Sn4+(aq). Note that no reaction is observed as Sn4+(aq) is reduced to Sn2+(aq) by the hydrogen gas, and Sn2+(aq) has no colour. 

Answer is Sn4+(aq) and so Sn(NO3)4.

16 
The electrochemical series is generated by preparing half-cells consisting of a conjugate redox pair and comparing them to a standard cell to determine their relative reactivity. To ensure consistency of results, all half-cells are prepared under standard conditions of temperature, pressure and concentration. 

•
1 M concentration of aqueous solutions

•
25°C temperature

•
1 atm pressure, if gases are used

The cell to which all other half-cells are compared is called the standard hydrogen half-cell. It consists of hydrogen gas at 1 atm pressure encased in a glass tube and in contact with a platinum electrode (coated with platinum black) and a solution of 1 M hydrochloric acid. The half-equation for the reaction occurring within this cell is 2H+(aq) + 2e– ( H2(g).
17 
a 
A salt bridge is used to complete the circuit in a galvanic cell by allowing the flow of positive ions into the half-cell containing the positive electrode (the cathode) and negative ions into the half-cell containing the negative electrode (the anode).

b
Potassium nitrate is highly soluble in water and is chemically inert in redox cell reactions.

18 
Sketch required. Mg is the reductant, Cu2+ is the oxidant. Electrons flow from Mg (the negative anode) to Cu (the positive cathode). Positive ions in the salt bridge flow into the Cu half-cell, while negative ions flow into the Mg half-cell. The overall cell equation is Mg(s) + Cu2+(aq) ( Mg2+(aq) + Cu(s). Cell EMF is 2.71 V.

19 
Sketch required. Zn is the reductant, Sn2+ is the oxidant. Electrons flow from Zn (the negative anode) to Sn (the positive cathode). Positive ions in the salt bridge flow into the Sn half-cell, while negative ions flow into the Zn half-cell. The overall cell equation is Zn(s) + Sn2+(aq) ( Zn2+(aq) + Sn(s). Cell EMF is 0.62 V.
20 
Sketch required. H2 is the reductant, Pd2+ is the oxidant. Electrons flow from Pt (the negative anode) to Pd (the positive cathode). Positive ions in the salt bridge flow into the Pd half-cell, while negative ions flow into the H2 half-cell. The overall cell equation is Pd2+(aq) + H2(g) ( Pd(s) + 2H+(aq). Cell EMF is 0.92.
21 
a, b
i
A primary cell cannot be recharged, e.g. Leclanché dry cell.

ii 
A secondary cell can be recharged, e.g. lead–acid accumulator.

iii 
A fuel cell generally uses a gaseous reactant and has the reactants supplied on a continual basis. The metal electrodes also catalyse the reactions, e.g. hydrogen–oxygen fuel cell.

22 
Refer to figure 15.4.4 for diagram.

a
The anode is the zinc case and the cathode is the carbon rod.

b
At the anode (–), oxidation of the zinc case occurs: Zn(s) ( Zn2+(aq) + 2e–

At the cathode (+), a complex reaction occurs during which the manganese(IV) oxide is reduced to manganese(III) oxide: 

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

c
The oxidant species is MnO2 and the reductant species is Zn.

d
The zinc is negative and the carbon rod is positive.

e
Overall equation for the reaction in a Leclanché dry cell:

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

23
a
A moist paste of ammonium chloride, zinc chloride and manganese dioxide

b
Sulfuric acid

c
Can be either an acid electrolyte (phosphoric acid, H3PO4) or an alkaline electrolyte (hot, concentrated solution of potassium hydroxide, KOH).

24
a
At the anode (–):  Cd(s) + 2OH–(aq) ( Cd(OH)2(s) + 2e–
At the cathode (+): Ag2O(s) + H2O(l) + 2e– ( 2Ag(s) + 2OH–(aq) 

b
Overall equation: Cd(s) + Ag2O(s) + H2O(l) ( Cd(OH)2(s) + 2Ag(s)

25 
The oxidant species is CuO, as its ON decreases from +2 to 0.

The reductant species is Zn as its ON increases from 0 to +2.

26 
The 12 V potential difference is attained by linking six cells in series with one another (positive electrode of one cell connects to the negative electrode of the adjacent cell and so on). In this way the voltages add together.

27
a
During recharge the negative terminal acts as the cathode.
b
During recharge oxidation occurs at the positive terminal.
c
At the cathode (–): PbSO4(s) + 2e– ( Pb(s) + SO42–(aq)

At the anode (+): PbSO4(s) + 2H2O(l) ( PbO2(s) + SO42–(aq) + 4H+(aq) + 2e–
28 
The sulfuric acid electrolyte is consumed during the discharge process, causing the pH of the electrolyte to increase as the concentration of H+ ions decreases. The recharging process reconstitutes the electrolyte. 

29 
Hydrogen–oxygen fuel cells are exceptionally clean, with water being their only product of reaction. They are also extremely efficient. Major disadvantages are the cost of the units themselves and the provision of suitable infrastructure. These cells are complex, high-technology devices. Technical issues to be overcome include the manufacture of porous electrodes, the storage of the highly flammable and dangerous hydrogen and oxygen gases, and the high pressure equipment needed to safely manage these gases.

30
a
At the cathode (+): O2(g) + 4H+(aq) + 4e– ( 2H2O(l)
At the anode (–): HCHO(l) + H2O(l) ( CO2(g) + 4H+(aq) + 4e–
b
Overall equation: HCHO(l) + O2(g) ( CO2(g) + H2O(l)

c
They conduct electricity and also catalyse the reactions occurring in the cells.
Examination Questions 

Multiple choice

1 
B
2 
C
Extended response

1
a
+1 to 0

b
Silver oxide undergoes reduction so it is at the cathode.

c
The cathode is positive, so silver oxide is at the cathode.

d
It cannot be recharged. Once the zinc has been oxidised to Zn2+ ions it is removed from the reaction system as insoluble Zn(OH)2.

e
Reduction of silver oxide proceeds according to: 


Ag2O(s) + H2O(l) + 2e– ( 2Ag(s) + 2OH–(aq)
2
a
At the cathode (+): O2(g) + 4H+(aq) + 4e– ( 2H2O(l)
At the anode (–): CH3OH(aq) + H2O(l) ( CO2(g) + 6H+(aq) + 6e–
b
They conduct electricity and also catalyse the reactions occurring in the cells.

c
Hydrogen–oxygen fuel cells are exceptionally clean, with water being their only product of reaction. They are also extremely efficient. Lead–acid accumulators are difficult to dispose of due to the large quantities of the toxic heavy metal lead in them. Major disadvantages are the high cost of the hydrogen–oxygen fuel cells themselves and the provision of suitable infrastructure. Lead–acid accumulators are cheap to produce, easily transported and are not inherently dangerous.
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