CHAPTER 13 - ELECTROLYSIS

13.1 Introduction

All of the electrochemical reactions we have considered to date have involved spontaneous reactions which have released the chemical potential energy of the reactants as electrical energy. The chemical reactions which form the basis of such galvanic cells as the Leclanché dry cell, the lead-acid accumulator and the hydrogen-oxygen fuel cell are all of this type - spontaneous, energy producing reactions. There also exists a large class of important reactions which are, in fact, nonspontaneous - these reactions require energy before they will proceed. This reverse process is known as electrolysis.
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    electrolytic cell
In electrolysis, reactions which would not normally occur are forced to proceed by supplying electrical energy to the reactants. A number of commercially important substances are produced in electrolytic cells; such as the reactive metals aluminium and sodium, sodium hydroxide and the gases chlorine and hydrogen. Electroplating of one metal on another (such as silver or chrome plating) also relies on electrolysis reactions. 

13.2 The electrolytic cell

There are a number of important structural differences between galvanic and electrolytic cells which have ramifications for where and what reactions occur within them. Key features to note are the presence of a power source and the fact that there is only one container in which both oxidation and reduction reactions proceed.

To understand how electrolytic cells function it is necessary to recognise that the power source defines the polarity of each electrode, not the reaction which is occurring there. The electrode connected to the negative terminal of the power source will have an excess of electrons placed on it and so a reduction reaction will occur (as reduction reactions accept electrons). Following similar logic, the electrode connected to the positive terminal will have insufficient electrons and so oxidation will occur here (as oxidation reactions produce electrons). We have already defined the anode as ‘the electrode where oxidation takes place’ and the cathode as ‘the electrode where reduction takes place’. Hence, by following a logical progression we are able to determine many of the key attributes of electrolytic cells.

As both oxidation and reduction reactions occur in the same reaction chamber there is no need for a salt bridge in an electrolytic cell. To determine which reactions will occur at the anode and cathode it is once again necessary to consult the Standard Electrode Potential table. Note that if the reactions in an electrolytic cell are proceeding in aqueous environment it is possible for the water itself to undergo oxidation or reduction.
Figure 13.1 - An electrolysis cell
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13.3 Predicting electrolysis reactions using the S.E.P. table

The techniques we employ to establish which reactions will occur in a particular electrolytic cell are very similar to those we have already encountered for electrochemical cells. As water is able to undergo oxidation and/or reduction in these cells it is common to have more than one oxidant and/or reductant species present and so we must be careful in determining which actual species will react at each electrode.

The following process may be used in determining which reactions occur during an electrolysis process:


1. From the SEP table copy the reduction equations (with the relevant (( values) for all species present, including water if an aqueous environment.


2. Underline the species present to remind yourself of which are oxidants and which reductants.


3. Choose the strongest oxidant species present (the oxidant with the most positive (( value - the species closest to the ‘top left hand corner’). This species will undergo reduction at the cathode, which in this case is positive.


4. Finally, choose the strongest reductant species present (the reductant with the most positive (( values when written as an oxidation reaction - the species closest to the ‘bottom right hand corner’). This species will undergo oxidation at the anode, which in this case is negative.

Example 13.1 - Molten NaCl

Draw an electrolytic cell representing the electrolysis of  molten sodium chloride. On or below your diagram you should indicate the following:


(i) the polarity of the electrodes


(ii) the anode and cathode


(iii) oxidation and reduction reactions


(iv) the oxidant and reductant species 

Solution

In this case a molten salt is undergoing electrolysis and so no water is present. The only species present are Na+ (l) and Cl- (l) and so the relevant reduction equations from the SEP table are:



Cl2 (g) + 2e (  2Cl- (l)
(( = +1.36 V



Na+ (l) + e  (  Na (l)

(( = -2.71 V

There is only one oxidant species (Na+) present and one reductant species (Cl-), so determining which reactions will occur is straight forward.


Note that the cell EMF for this reaction is -2.71 - (+1.36) = -4.07 V. In other words, a minimum 4.07 V of energy would need to be supplied to ensure reaction.

Example 13.2
- Dilute NaCl (aq)

Draw an electrolytic cell representing the electrolysis of a dilute solution of sodium chloride. On or below your diagram you should indicate the following:


(i) the polarity of the electrodes


(ii) the anode and cathode


(iii) oxidation and reduction reactions


(iv) the oxidant and reductant species 

Solution

In this case an aqueous solution of a salt is undergoing electrolysis and so the presence of water must be taken into account. The species present are Na+ (aq), Cl- (aq) and H2O (l) so the relevant reduction equations from the SEP table are:



Cl2 (g) + 2e (  2Cl- (l)


(( = +1.36 V



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

(( = +1.23 V



2H2O (l) + 2e  (  H2 (g) + 2OH- (aq)
(( = -0.83 V



Na+ (l) + e  (  Na (l)



(( = -2.71 V

There are two oxidant species present and two reductant species, so to determine which reactions will occur we must consider the (( values:

The strongest oxidant is water (as -0.83 V is more positive than -2.71 V) and so water will undergo reduction at the cathode, which is negative. The strongest reductant is also water (as -1.23 V is more positive than -1.36 V) and so water will undergo oxidation at the anode, which is positive.

        


     
Note that the cell EMF for this reaction is -0.83 - (+1.23V) = -2.06 V. In other words, a minimum 2.06V of energy would need to be supplied to ensure reaction.

Example 13.3
- 1 M CuSO4 (aq)

Draw an electrolytic cell representing the electrolysis of  a 1 Molar solution of copper (II) sulfate. On or below your diagram you should indicate the following:


(i) the polarity of the electrodes


(ii) the anode and cathode


(iii) oxidation and reduction reactions


(iv) the oxidant and reductant species 

Solution

Once more, an aqueous solution of an ionic substance is undergoing electrolysis and so the presence of water must be taken into account. The species present are Cu2+ (aq), 

SO42- (aq) and H2O (l) so the relevant reduction equations from the SEP table are:



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

(( = +1.23 V



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


(( = +0. 34 V 



2H2O (l) + 2e  (  H2 (g) + 2OH- (aq)
(( = -0.83 V

There are two oxidant species present but only one reductant species (sulfate ions are not considered as there is no acid present), so to determine which reactions will occur we must consider the (( values:


The strongest oxidant is Cu2+ (as +0.34 V is more positive than -0.83 V) and so water will undergo reduction at the cathode, which is negative.


The only reductant present is water and so it will undergo oxidation at the anode, which is positive.


Note that the cell EMF for this reaction is +0.34  - (+1.23) = -0.89 V. In other words, a minimum 0.89 V of energy would need to be supplied to ensure reaction.

13.4 Electroplating

Electroplating is defined as ‘the deposition of a layer of one metal onto another metal’. This technique is employed to plate attractive or durable metals such as silver, gold and chromium onto a cheaper base metal such as steel or copper. Much of the ‘costume’ jewellery available in some shops has been electroplated with a thin layer of silver or gold to enhance the appearance of the items. The plating of nickel and chromium is a common practice in many industries as these metals protect base metals (such as steel) from corrosion and ensure smooth, low-friction surfaces for such items as engine bearings. The owners of many high performance vehicles make extensive use of chromium to highlight components of the car; such as bumper bars and rocker covers. 

In all electroplating applications, the item to be plated is connected to the cathode (hence the term cathodic protection). A large block of the metal to be plated constitutes the anode and the electrolyte solution may be a salt of the plated metal or, more commonly in industrial practice, a cyanide solution. 

Fig. 13.2 - A typical electroplating cell  


As the metal anode dissolves it releases cations into solution which migrate across to the cathode and are reduced back to the metal. In this way the concentration of ions in the electrolyte remains fairly constant and the reactions can proceed without interruption until the anode has been consumed. In practice, the exact composition and concentration of the electrolyte must be carefully controlled, as must current density, temperature etc. to ensure a cohesive and uniform coating of the metal being plated.
Example 13.4

Draw the electrolytic cell that would be required to plate an antique ring with a fresh layer of silver. Label the diagram carefully and indicate where the oxidation and reduction reactions will occur. 
Solution

13.5 The industrial production of sodium

Sodium metal is produced by the electrolysis of molten sodium chloride in the Down’s Cell. The NaCl has a very high melting point (801 (C) and so is mixed with calcium chloride to lower the melting point to approximately 600 (C. Currents of around 30,000 A at a potential difference of about 7 V are passed through the cell. The enormous amounts of heat generated by the large current flow are sufficient to melt the mixture without any further heating required. A cylindrical iron cathode surrounds a carbon anode: the chlorine gas formed at the anode is prevented from mixing with the molten sodium by a wire mesh. The sodium metal formed at the cathode floats to the top of the molten electrolyte mixture where it is periodically collected. 

Fig. 13.3 - Down’s cell for the production of sodium









As sodium is such a reactive metal it is not possible to produce it by the electrolysis of an aqueous solution of one of its salts. By referring to Example 13.2 it can be seen that water is a stronger oxidant than the Na+ ion and so will be preferentially reduced, resulting in the production of hydrogen gas and hydroxide ions instead of sodium metal. Indeed, all of the reactive metals below water on the SEP table (aluminium, magnesium, sodium, calcium, potassium and lithium) must be produced by the electrolysis of molten salts rather than aqueous solutions for the same reason.

13.6 The industrial production of aluminium

 Aluminium production is a most important industry in Australia, with well in excess of 1 million tonnes of aluminium being produced every year, earning in excess of 2.5 billion dollars in the process! With its light weight and high strength (when alloyed) aluminium is the ideal metal in the transport industry as considerable savings on fuel costs can be made. There are two aluminium refineries in Victoria, one at Portland (capacity 150,000 tonnes per year) and Point Henry, near Geelong (capacity 165,000 tonnes per year). It is at these refineries that alumina, Al2O3, undergoes electrolytic reduction to aluminium in a highly energy-intensive process. 

Aluminium is produced in large rectangular vessels known as ‘Hall-Heroult cells’ or ‘pots’ which are connected in series to produce a ‘pot line’. At Point Henry there are 368 pots connected in 3 potlines; each cell being fed a current of around 170,000 A at a potential difference of about 5 volts. As was the case with the Down’s cell, the resistance to this enormous current flow is sufficient to melt the mixture in the electrolytic cell. Both the anodes and cathode are made of carbon: the cathode forms a lining on the base of the cell and the 600 kg anode blocks are lowered into the cell where they are consumed.  

Alumina has a very high melting point (2050 (C) due to the strong ionic bonding within the crystal. It is mixed with small amounts of aluminium fluoride to help lower the melting point and with cryolite, Na3AlF6, which performs a catalytic function within the cell. These added impurities lower the melting point of the alumina mixture to around 950 (C.

Fig. 13.4 - Hall-Heroult cell for the production of aluminium





The reaction at the cathode involves the reduction of Al3+ ions to aluminium metal:



Al3+ (in cryolite) + 3e (  Al (l)

At the anodes, oxide ions are oxidised to O2 gas which in turn reacts with the carbon to produce carbon dioxide gas. Each anode lasts for around 3 weeks before it must be replaced:



O2- (in cryolite) (  O2 (g) + 2e, followed by



C(s) + O2 (g) ( CO2 (g)

The overall equation for the production of aluminium is:



2Al2O3 (in cryolite) + 3C (s) (  4Al (l) + 3CO2 (g) 

13.7 The industrial production of sodium hydroxide and chlorine

Both chlorine and sodium hydroxide are very useful chemicals which are extensively used by a wide range of industries. Chlorine is a very strong oxidant and so is difficult to produce in any way other than by electrolysis. It is used primarily as an important raw material in the production of some plastics (such as PVC) and numerous bleaches. Sodium hydroxide also finds many uses, some being in the production of soap and other cleaning agents and in paper production.

Whist there are a number of ways of producing these chemicals, one of the most common is by the diaphragm cell. In this cell a concentrated solution of brine (salty water) is electrolysed. Earlier in this chapter we looked at the electrolysis of a dilute solution of NaCl in water (see Example 13.2). The relevant equations from the SEP table are given below:



Cl2 (g) + 2e (  2Cl- (aq)


(( = +1.36 V



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

(( = +1.23 V



2H2O (l) + 2e  (  H2 (g) + 2OH- (aq)
(( = -0.83 V



Na+ (aq) + e  (  Na (aq)


(( = -2.71 V


The strongest oxidant is water and so it will undergo reduction at the cathode, according to the equation:



2H2O (l) + 2e  (  H2 (g) + 2OH- (aq)

 At the anode, reduction of either water to oxygen gas and H+ ions or chloride ions to chlorine gas will occur. The (( values suggest that water should undergo oxidation, but of critical importance in this case is the fact that the cell is not operating under standard conditions; indeed, the concentration of NaCl (aq) is far higher than 1 Molar. Also, there is only a small difference in (( values between the two oxidation reactions. In practice, the reaction at the anode is



2Cl- (aq) ( Cl2 (g) + 2e

Fig. 13.5 - The diaphragm cell
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       hydrogen

At the cathode, which consists of steel mesh, hydrogen gas is formed and is collected at the top of the chamber. The hydroxide ions formed join with the sodium ions to produce an impure solution of NaOH, which is later removed and evaporated to remove the unreacted NaCl.

At the anode, chlorine gas is formed and is also collected. The porous asbestos diaphragm ensures the gases do not mix and so contaminate each other whilst allowing the brine solution to move freely between the two chambers.

13.8 Faraday’s laws

In order to quantify the results generated from electrolytic cells we must employ certain laws of physics first postulated by Michael Faraday, an English physicist and chemist of the early 18th century. Faraday stated that “The mass of metal deposited at the cathode is directly proportional to the quantity of electricity passed through the cell”. 

We now know that electrons are the fundamental units of electric charge and that current flow is the passage of a number of electrons past a point per unit of time. This idea can be more easily understood in terms of the simple formula





 , or Q = I.t    where I = current in Amps (coulomb/sec)






        Q = amount of electric charge (coulomb)






         t  = time (seconds)

In chemistry we are interested in using the mole as one of our fundamental units of measurement. The amount of electricity carried by a single electron is 1.6 x 10-19 coulomb. As there are 6.02 x 1023 electrons in a mole of electrons, we can now calculate the amount of charge 1 mole of electrons would carry:


1 mole of electrons = 6.02 x 1023  x  1.6 x 10-19   = 96,487  coulomb 

Hence, we can now define a new term, the ‘Faraday’, where

1 Faraday of charge = 96,500 Coulomb per mole = 96,500 C.mol-1

Mathematically,  Q  =  n (electrons) x F

Example 13.5

Calculate the mass of sodium that would be formed at the cathode of a Down’s cell by a current of 30,000 A flowing for 1 hour. 

Solution

The relevant equation for this cell is:



Na+ (l) + e (  Na (l)

The quantity of electric charge Q = I.t




       (   Q = 30,000 x 60 x 60




       (   Q = 1.08 X 108 coul.

The number of moles of electrons produced



n (e) = 

= 1.12 x 103 mol

From the equation, 1 mol of electrons produces one mol of sodium metal 



( n (Na) = 1.12 x 103 mol 



M (Na) = 23.0 g.mol-1


( mass of Na = n x M = 1.12 x 103 x 23.0 




                         = 2.57 x 104 g  or 25.7 kg 

Example 13.6

Calculate the length of time required to produce 100 kg of aluminium in a Hall-Heroult cell operating at a current of 170,000 A.

Solution



mass of Al = 100 kg = 1.00 x 105 g




M (Al) = 27.0 g. mol-1


        ( n (Al) = 

 = 3.70 x 103 mol

The cathode reaction for the production of Aluminium is



Al3+ (in cryolite) + 3e (  Al (l)

ie. from the equation, 3 mol of electrons produces one mol of aluminium metal



( n (e) =  

n (Al) =  

 3.70 x 103  = 1.235 x 103 mol

The quantity of charge, Q,  carried by these electrons is

  




Q = n (e) x F =  1.235 x 103 x 96,500 = 1.19 x 108 coul.

To calculate the time, t, required we now use the formula:









 (  

= 700 sec

The time required to produce 100 kg of aluminium is 11 minutes, 41 seconds.

Example 13.7

An electroplating bath is to be used to plate a uniform layer of silver metal of thickness 0.100 mm onto a teapot of total surface area 205 cm2. Given that the density of silver is 10.5 g.cm-3, calculate the length of time that a current of  2.75 A would need to be passed through the cell to plate the teapot.

Solution

To calculate the mass of silver deposited we must first calculate the volume of silver metal required:



Volume = Surface area x thickness



         V =  205 cm2 x 0.0100 cm = 2.05 cm3


          d (silver) = 

 ( m (Ag) = 10.5 x 2.05 = 21.5 g






M (ag) = 107.9 g. mol-1





n (Ag) =  

= 0.199 mol

The cathode reaction for the production of silver is



Ag+ (aq) + e (  Ag (s)

ie. from the equation, 1 mol of electrons produces one mol of silver metal



( n (e) =  n (Ag) =   0.199 mol

The quantity of charge, Q,  carried by these electrons is

  




Q = n (e) x F =  0.199 x  96,500 = 1.92 x 104 coul.

To calculate the time, t, required we now use the formula:









 (  

= 6.99 x 103 sec

The time required to electroplate the teapot is 1 hour, 57 minutes

Example 13.8

A student is supplied with a solution of lead nitrate which he uses to deposit 3.186 g of lead metal onto a carbon cathode by passing a current of 12.05 A for 8 minutes 12 seconds through an electrolytic cell. Determine the charge on the lead ions undergoing reduction at the cathode.

Solution

 
mass of lead = 3.186 g




M (Pb) = 207.2 g. mol-1


        ( n (Pb) = 

 = 0.01538 mol

The quantity of charge, Q,  carried by the electrons is

  




Q = I.t =  12.05 x (8 x 60 + 12) = 5929 coul.



n(e) = 

 = 0.0614 mol


By ratio, if 0.01538 mol of Pb yields 0.0614 mol of electrons, then



             1     mol of Pb yields     ‘x’   mol of electrons




(  x = 

 = 3.995  ( 4


ie. the oxidation state of the lead ions is +4.

Example 13.9

A scientist wishes to experimentally verify the Avogadro Constant by electrolytic means. To achieve this she passes a current of 1.217 A for precisely 5 minutes 38 seconds through an electrolytic cell containing inert electrodes and an electrolyte solution of nickel sulphate. After the current has been passed she determines the mass of nickel to have been deposited on the cathode as 0.1252 g. Use these data and the knowledge that the charge carried by 1 electron = 1.6 x 10-19 C to show how she could determine the Avogadro constant.

Solution


mass of nickel = 0.1252 g




M (Ni) = 58.71 g. mol-1


        ( n (Ni) =  

 = 2.133 x 10-3 mol

The quantity of charge, Q,  carried by the electrons is

  




Q = I.t =  1.217 x (5 x 60 + 38) = 411.3 C

The cathode reaction for the production of nickel is



Ni2+ (aq) + 2e  (  Ni (s)

ie. from the equation, 1 mol of nickel produces two mol of electrons



( n (e) =  2 x n (Ni) =   4.266 x 10-3 mol

By ratio, if 4.266 x 10-3 mol of electrons yields 411.3 Coulomb, then



                    1   mol of electrons yields   ‘x’   Coulomb




(  x = 

  =  96,435 C


We know that 1 electron carries a charge of 1.6 x 10-19 Coulomb, so 1 mole of electrons or NA electrons carries a charge of  96,435 Coulomb




( NA =  

 =  6.027 x 1023

13.9 Summary/ Objectives

At the end of this Chapter you should


- recall the similarities and differences between galvanic and electrolytic cells as summarised in the Table below:

Table 13.1 - Galvanic cells vs. Electrolytic cells

Galvanic Cells
Electrolytic cells

spontaneous reactions produce energy
nonspontaneous reactions require energy

comprised of 2 half cells, connecting wires and salt bridge of KNO3
comprised of one cell, connecting wires and a power source (eg. battery)

oxidation occurs at anode, reduction at cathode
oxidation occurs at anode, reduction at cathode

anode is negative, cathode is positive
anode is positive, cathode is negative

polarity of electrodes determined by reactions occurring there
polarity of electrodes determined by the power source

reductant donates electrons to oxidant
power source supplies electrons to oxidant and accepts electrons from reductant


- understand how to determine which reactions occur at the anode and cathode of an electrolytic cell having been provided with the SEP table


- recall that electrolysis is employed to produce the highly reactive elements (such as the strong reductant metals of Groups I and II and the oxidant gases chlorine and fluorine) as there are few alternative means of producing them


- recognise that the cations of reactive metals, such as aluminium and sodium, cannot be reduced from aqueous solution as water will be preferentially reduced


- recall that the SEP table can only be accurately employed under standard conditions of 1 M concentration, 25 (C and 1 atm. pressure


- understand the principles of electroplating and recall that the item to be plated is always connected to the cathode


- be conversant with the main features of the industrial production of aluminium by the Hall-Heroult cell, including




: the role of cryolite




: the composition of anodes and cathode




: reactions occurring at both anodes and cathode




: species acting as oxidant and reductant


- appreciate the reason for such large currents and relatively small voltages being employed in industrial electrolytic cells as being directly related to gaining large yields of product as cost-effectively as possible


- understand how to apply Faraday’s laws to a range of different types of problems involving electrolysis

Chapter 13 questions

Q1.  Predict what products would be formed at the anode and cathode for each of the following if an electric current were passed through a cell containing inert electrodes:


(a) molten potassium bromide


(b) molten aluminium chloride


(c) aqueous solution of zinc iodide


(d) aqueous solution of silver nitrate


(e) an aqueous solution of iron (II) nitrate

Q2.  An electrolytic cell with inert electrodes contains an electrolyte of copper (II) sulfate solution. Predict the mass of copper that would be deposited on the cathode by the passage of a current of 3.63 A for 2 minutes exactly.

Q3.  How long would it take to deposit 10.0 g of tin metal onto the cathode in an electrolytic cell passing a current of 4.88 A through an electrolyte of tin (II) chloride?

Q4.  A mixture of CuSO4, Zn(NO3)2 and FeCl2 equimolar solutions are added to an electrolytic cell and a current is passed through the cell for a prolonged period of time. Determine the order (from inside to out) in which any metals might be electrodeposited onto the inert cathode. Write an equation for the reaction occurring at the anode.

Q5.  With reference to the Down’s cell, refer to the SEP table to help explain why 


(i) the addition of calcium chloride to the reaction chamber has no effect on the purity of the sodium formed.


(ii) the sodium chloride must be in molten state rather than aqueous for the production of sodium, even though this adds significantly to costs

Q6.  A current of 35,000 A is passed through a Down’s cell for a period of 24 hours. Calculate


(i) the mass of sodium produced in this time


(ii) the volume of chlorine gas produced at SLC

Q7.  Draw an electrolytic cell to represent the electrolysis of a concentrated solution of sodium chloride using inert electrodes. On your diagram include


(i) the polarity of the electrodes


(ii) the oxidation and reduction reactions


(iii) the overall equation for the electrolysis reaction


(iv) the oxidant and reductant species

Explain what would happen at each electrode after the current had been flowing for a considerable period of time (in terms of products formed)

Q8.  How long would it take to produce 1 tonne of pure sodium hydroxide from a diaphragm cell operating at a current of 80,000 A?  

Q9.  A car battery supplies a current of 125 A for 3 seconds when starting the engine on a particular occasion. Determine the mass of PbO2 reduced to PbSO4 during this process.

Q10.  A ‘trickle charge’ of 0.5 A is passed into a flat battery by a recharging unit over a period of 6 hours. Calculate 


(i) the quantity of charge passed through the battery


(ii) the mass of lead metal produced from PbSO4 at the cathode during this recharging process.

Q11.  What current, flowing for 15 minutes, is required to deposit 8.22 g of nickel metal from an electrolytic cell containing inert electrodes and Ni(NO3)2 solution?

Q12.  When a dilute solution of KNO3 is electrolysed water undergoes redox reaction at both the anode and cathode. Calculate the total volume of gaseous products at SLC produced by the passage of 0.50 Faraday of electricity.

Q13.   With reference to the production of aluminium by the Hall-Heroult cell, explain


(i) the role of cryolite 


(ii) why the carbon anodes must be replaced every 3 weeks or so

Write the reactions at the anode and cathode and the overall cell equation.

Q14.  A set of 3 electrolytic cells are connected in series, as shown. The first contains a solution of AgNO3, the second Al(NO3)3 (aq) and the third CuSO4 (aq). All cells contain inert electrodes. 







         +     -



  AgNO3
         Al(NO3)3                CuSO4

Calculate the number of moles of each metal deposited on the cathodes by the passage of 6 Faraday of electricity through the system of cells.

Q15.  A large steel ship is protected from corrosion by attaching sacrificial anodes of zinc to the hull and connecting them with copper wire. If each block of zinc weighs 5.00 kg and the wires carry an average current of 0.75 A, calculate how long the anodes will last before they must be replaced. [Note: 1 week = 6.048 x 105 seconds]

Q16.  A solution of a manganese salt is electrolysed in a cell by the passage of a current of 3.922 A for 18 minutes, 47 seconds. The mass of manganese metal deposited on the cathode was determined as 0.839 g. Calculate the oxidation number of manganese in the salt.

Q17.  A ‘hot rod’ enthusiast wishes to highlight the exhaust manifold on his vehicle by having it chrome plated. The surface area of the manifold is 495 cm3 and the chromium will be plated to a thickness of 0.85 mm. For how long will the item have to remain in the electrolyte bath of CrO3 (aq) if a current of 820 A is passed through the cell?





[d (chromium) = 7.20 g. cm-3]

Q18.  An electric current of 9.797 A is passed through an electrolytic cell containing a dilute solution of zinc sulfate for 73 minutes, 11 seconds. Over this time the volume of oxygen gas collected from the anode was measured as 2.821 dm3 at 29 (C and 0.979 atm pressure. Use these data to determine an experimental value for the magnitude of the Avogadro Constant.  [ Charge carried by 1 electron = 1.6 x 10-19 C] 

Solutions to Chapter 13 questions

Q1.  (a)  anode: Br2,  cathode: K

(b) anode: Cl2,  cathode: Al

       (c) anode: I2,  cathode: Zn

(d) anode: O2/ H+,  cathode: Ag

       (e) anode: Fe3+,  cathode: Fe

Q2.  0.143 g

Q3.  55 minutes, 32 seconds

Q4.  (i)  Cu, Fe, Zn

(ii) 2H2O (l)  (  O2 (g) + 4H+ (aq) + 4e
  Q6. (i) 720.7 kg    (ii) 3.839 x 105 dm3
Q8. 8 hours, 23 minutes
Q9. 0.465 g
Q10. (i) 1.08 x 104 C  (ii) 11.59 g

Q11. 30.02 A

Q12. 9.188 dm3
Q14. 6 mol Ag, 2 mol Al, 3 mol Cu

Q15. 32.5 weeks
Q16. +3
Q17. 68 minutes, 34 seconds
  Q18. 6.03 x 1023
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positive electrode, so oxidation, so anode





electrolyte and/or reactants





Positive electrode.


Oxidation reaction.


2Cl- (l) ( Cl2 (g) + 2e





Negative electrode.


Reduction reaction.


Na+ (l) + e ( Na (l)
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Oxidation reaction.


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





Negative electrode.


Reduction reaction.


Cu2+ (aq) + 2e  ( Cu (s)
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Positive electrode.


Block of metal used to plate item is connected here.





Negative electrode.


Item to be plated connected here.





electrolyte of metal salt


or cyanide solution





Positive electrode (anode)


Block of silver metal is connected here.


Ag (s) (  Ag+ (aq) + e





electrolyte of AgNO3


solution





Negative electrode (cathode)


Ring to be plated connected here.


Ag+ (aq) + e ( Ag (s)





porous asbestos diaphragm





perforated steel cathode





carbon anode





concentrated brine solution
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