CHAPTER 12 - GALVANIC CELLS AND THEIR APPLICATIONS

12.1 Introduction

We have already seen that chemical reactions involve changes in energy as reactants change to products. Often this energy is manifest as heat and so reactions can be classified as exothermic when heat energy is released and endothermic when heat energy is absorbed from the surroundings. If some particular exothermic reaction under consideration is also redox in nature (ie. there is a transfer of electrons involved from one reactant to another) it is often possible to harness this energy as electricity rather than allowing it to dissipate as heat. 

For example, the reaction between magnesium and hydrochloric acid is a highly exothermic one, as can be seen from the thermochemical equation shown below:


Mg (s)  +  2HCl (aq)  (  MgCl2 (aq)  +  H2 (g)       (H  =  -132 kJ. mol-1

This reaction is also redox, with magnesium acting as the reductant and donating electrons to the oxidant H+ (from HCl). The partial redox equations are as follows:



Mg (s)  (  Mg2+ (aq)  +  2e



2H+ (aq)  +  2e  (   H2 (g)

If a strip of magnesium is placed into a solution of 2M HCl it will react vigorously with the evolution of hydrogen gas and considerable heat. If, however, the magnesium and the hydrochloric acid (together with their redox conjugates) are placed in separate containers and connected by conducting wires and a salt bridge an electric current at a certain potential difference will be produced. This most important concept forms the basis for converting chemical energy directly into electrical energy, which is of enormous commercial significance and has been exploited by scientists for many years in providing small-scale portable sources of electrical energy such as dry cells (often called ‘batteries’). 

12.2 Components of Galvanic (Electrochemical) cells

Galvanic cells, or ‘electrochemical’ cells as they are often called, are merely devices in which a redox reaction produces an external electric current. Whilst there are a wide range of different galvanic cells they all consist of the same fundamental components:


(i) two separate chambers (or ‘half cells’) which contain a conjugate redox pair of chemical species. The half cells must be electrically insulated from one another to ensure current flow through the external circuit.


(ii) an external conducting pathway for the electric current which has been generated by the conversion of the chemical potential energy of the reactants to electrical energy. In the case of a dry cell the conducting pathway may well be a ‘load’ such as a light bulb, a transistor radio or a child’s toy. In the classroom, the half cells are more likely to be connected by wires and a measuring device such as a voltmeter or ammeter.

Fig 12.1 Components of a galvanic cell
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(iii) to allow for a ‘complete circuit’ there must be a pathway for ions in solution to pass from one cell to another: the salt bridge performs this essential function. In a school laboratory the most common material to be used as a salt bridge is a piece of filter paper soaked in a saturated solution of potassium nitrate. KNO3 is ideal for this purpose as neither of its constituent ions are generally reactive in galvanic cells and so will not contaminate the solutions into which they are placed. It is also cheap and nontoxic.

Note that the electrode to be used must be able to conduct electricity. In many cases the electrode is the metallic conjugate of the aqueous reactant (eg. copper metal with Cu2+ solution, zinc metal with Zn2+ solution etc). If, however, neither of the members of the conjugate pair are metals (eg.  Sn4+ and Sn2+ ions in aqueous solution, H+ ions in solution with H2 gas etc) inert  electrodes must be used. The most common inert electrodes are graphite rods and platinum wire as both of these substances are quite unreactive and both are good conductors of electricity.

12.3 The Electrochemical series

People have known for some time that if we coat a metal such as iron with a more reactive metal such as zinc, the zinc will corrode in preference to the iron. Similarly, if a small piece of one of the highly reactive Group I metals, such as sodium or potassium, is placed in a beaker of water it will react most vigorously, producing substantial amounts of hydrogen gas and heat. Copper or silver, on the other hand, will remain effectively unreactive under the same circumstances. The activity series of the metals lists a number of the more common metals in terms of their reactivity, where K, Na and Ca are the most reactive, followed by Mg, Al, Zn, Fe, Sn, Pb and finally the quite unreactive Cu, Hg, Au and Ag. 

A more comprehensive list of the relative reactivities of both metals and nonmetals is required however, and this is supplied by the table of Standard Electrode Potentials.



12.3.1  The Standard Electrode Potential Table

In order to determine the relative reactivity of a wide range of oxidant and reductant species it is necessary to have a standard to which all results can be compared. The standard chosen is the ‘H+ (aq) /H2 (g)’ half cell: to generate the S.E.P. table all half cells are coupled to this one and the resultant potential difference generated is recorded. All values must be recorded under standard conditions which are 25 (C, 1 M concentration of aqueous species and 1 atm. pressure for gases.

Table 12.1 - The Standard Electrode Potential Table


Oxidant/s



Reductant/s


(( (volt)


F2 (aq) + 2e


(
2F-



+2.89


H2O2 (aq) + 2H+ + 2e

(
2H2O (l)


+1.77


MnO4- (aq) + 8H + (aq) + 5e
(
Mn2+ (aq) + 4H2O (l) 

+1.49 


Cr2O72- (aq) + 14H+ (aq) + 6e
( 
2Cr3+ (aq) + 7H2O (l)

+1.36


Cl2 (g) + 2e 


(
2Cl- (aq)


+1.36


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


+1.23


Br2 (l) + 2e


(
2Br- (aq)


+1.08


NO3- (aq) + 4H+ (aq) + 3e
(
NO (g) + 2H2O (l)

+0.96


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 (aq)


+ 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


SO42- (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)



0.00

Pb2+ (aq) + 2e


(
Pb (s)



-0.13


Sn2+ (aq) + 2e


(
Sn (s) 



-0.14


Ni2+ (aq) + 2e


(
Ni (s)



-0.25


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+ + 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


12.3.2 Predicting redox reactions using the S.E.P. Table
The Standard Electrode Potential Table is a most useful tool which can provide us with valuable information. There are a number of important points which should be considered if we are to make as most effective use of the Table as possible. 


(i) all reactions are written as reductions, so that the strongest oxidant species is in the top left-hand corner (fluorine) and the strongest reductant species in the bottom right-hand corner (lithium)


(ii) a positive (( value indicates merely that the oxidant species is a stronger oxidant than the standard hydrogen half cell: it has no greater significance than this.


(iii) as all (( values are determined under standard conditions of temperature, concentration and pressure, the order in the Table may vary somewhat under conditions which are not standard.

To determine whether or not a particular reaction will take place (according to the SEP table) the following steps may be adopted:


1.  Identify the conjugate redox pairs and list them exactly as they appear on the Table, including their relevant (( values.


2. For an appreciable extent of reaction to occur the oxidant species must be higher up on the left hand side than the reductant species, which will be found on the right hand side.


3. The cell EMF can be determined (though it is not required as part of the course) by subtracting the two (( values, ensuring that these (( values are for the reduction reactions as transcribed from the SEP table.


4.  The SEP table gives no indication whatsoever of the rate of reaction; it only tells us whether or not we can expect a reaction to occur to any appreciable extent.
Example 12.1

Use the SEP table to predict whether a reaction would occur in each of the following cases. If a reaction would proceed, determine the predicted EMF:


(a)  a strip of zinc metal is placed in a solution of copper (II) sulfate


(b)  an iron nail is placed into a solution of magnesium nitrate


(c)  chlorine gas is bubbled through a solution of iron (III) nitrate


(d)  copper filings are placed into an acidified solution of potassium dichromate

Solution


(a) The relevant equations from the SEP table are (in order)



Cu2+ (aq) + 2e
(  Cu (s)
+0.34 V



Zn2+ (aq) + 2e
(  Zn (s)
-0.76 V

[Note that we do not write the equation for the sulfate ion as it must be in acidic medium]

In this case reaction will occur as the oxidant Cu2+ (aq) is above the reductant Zn (s). The equation for the reaction is:


Cu2+ (aq) + Zn (s)  (
  Zn2+ (aq)  + Cu (s)     EMF = 0.34 - (-0.76) = +1.10V


(b) The relevant equations from the SEP table are (in order)



Fe2+ (aq) + 2e
(  Fe (s)
-0.44 V



Mg2+ + 2e
(   Mg (s)
-2.34 V

[Note that once more we do not write the equation for the nitrate ion as it too must be in acidic medium]

In this case reaction will not occur as the oxidant Mg2+ (aq) is below the reductant Fe (s).

Further evidence for the lack of any appreciable extent of reaction is given by the calculated EMF value, which in this case would be -2.34 -(-0.44) = -1.90V. 

NB.
A negative figure for an EMF value indicates no spontaneous reaction will occur under standard conditions.


(c) The relevant equations from the SEP table are (in order)



Cl2 (g) + 2e  (  2Cl- (aq)
+1.36 V



Fe3+ (aq) + e  (  Fe2+ (aq)
+0.77 V

In  this case both Cl2 (g) and Fe3+ (aq) are oxidant species and so no reaction will occur. Redox reactions always require an oxidant and a reductant species.


(d) The relevant equations from the SEP table are (in order)



Cr2O72- (aq) + 14H+ (aq) + 6e
 ( 2Cr3+ (aq) + 7H2O (l)     
+1.36 V





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


+0.34 V


In this case reaction will occur as the oxidant Cr2O72-/ H+ (aq) is above the reductant Cu (s). The equation for the reaction is:


Cr2O72- (aq) + 14H+ (aq) + 3Cu (s) (  2Cr3+ (aq) + 7H2O (l) + 3Cu2+ (aq) 





The EMF will be +1.36 - (+0.34) = +1.02 V

12.4 Drawing galvanic cells

In order to accurately draw a representation of a galvanic cell it is essential that we recall a number of fundamental concepts regarding redox chemistry:

Oxidation involves the loss of electrons.

Reduction involves the gain of electrons

The oxidant always accepts electrons.

The reductant always donates electrons.

Oxidation always occurs at the anode. 

Reduction always occurs at the cathode.
We can use these rules to allow us to construct a galvanic cell for any combination of conjugate redox pairs of chemicals.

Example 12.2

Construct and label the galvanic cell consisting of half cells containing Ag+ (aq)/ Ag (s) and Pb2+ (aq)/ Pb (s). Indicate all of the following:


(i)  the anode and cathode


(ii)  the oxidation reaction and the reduction reaction


(iii)  the oxidant and the reductant


(iv)  the polarity of each electrode

 
(v)  the direction of flow of electrons through the connecting wire


(vi)  the direction of flow of ions through the KNO3 salt bridge


(vii)  the overall balanced equation for the redox reaction


(viii)  the cell EMF 

Solution

   




             electrons        V
           




         Pb2+ (aq)

  Ag+ (aq)

(i)  the anode is Pb (s) and the cathode is the Ag (s)

(ii)  the oxidation reaction is Pb (s)  ---->  Pb2+ (aq)  +  2e

and the reduction reaction is Ag+ (aq)  + e  ---->  Ag (s)

(iii)  the oxidant is Ag+ (aq) and the reductant is Pb (s)

(iv)  the lead electrode is negative as electrons are produced here. The silver electrode is positive as electrons are being withdrawn.

 (v) electrons flow from negative to positive, so from Pb to Ag

(vi) positive ions (K+) flow to the positive half cell (to replace the Ag+ ions being consumed) and negative ions (NO3-) to the negative half cell (to neutralise the excess Pb2+ ions being formed).

(vii)  the overall balanced equation for the redox reaction is 



2Ag+ (aq)  +  Pb (s)  (   2Ag (s)  +  Pb2+ (aq)

(viii)  the cell EMF is  +0.80 - (-0.13) = +0.93 V

12.5 Types of galvanic cells

Galvanic cells are primarily employed as small-scale portable sources of electrical energy. There are three important classes of electrochemical cell with which we need to be familiar. These are the primary, secondary and fuel cells. The defining characteristics of each are as follows:


Primary cells - contain a limited amount of reactants. Cannot be recharged. Typical examples are the common Leclanché dry cell, the alkaline cell and the button cell.


Secondary cells - also contain a limited amount of reactants. These cells can be recharged as the products of reaction remain in electrical contact with the electrodes. Typical examples are the lead-acid accumulators (eg. car batteries).


Fuel cells - differ markedly from the other two classes of cells in a number of important respects: fuel cells generally employ gaseous reactants



     : reactants are supplied, and products removed, continuously



     : do not to be recharged; can function indefinitely

The most common example is the hydrogen-oxygen fuel cell.


12.5.1 Primary cells

Figure 1 - Leclanché dry cell


The common dry cell consists of a zinc case surrounding a mixture of powdered carbon and manganese (IV) oxide in an electrolyte paste of ammonium chloride and zinc chloride. A graphite rod (which acts as the inert cathode) passes through the centre of the cell and is electrically insulated from the external zinc case, which functions as the anode. The oxidation reaction is straightforward:


Zn (s) (  Zn2+ (aq)  +  2e

The reaction at the cathode is more complex and involves reduction of the oxidant MnO2 (oxidation number +4) to Mn2O3 (oxidation number +3):


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

As the reaction proceeds the zinc outer casing of the cell dissolves, allowing the Zn2+ ions thus formed to diffuse into the electrolyte paste where they combine with the NH3 formed in the reaction at the carbon cathode. These two substances form the stable complex ion zinc tetrammine:



Zn2+ (aq)  +  4NH3 (aq)  ---->  Zn(NH3)42+ (aq)

The significance of this reaction is that it permanently removes two of the products from the reaction system, thus disallowing the reversal of the reactions: the cell cannot be recharged. The accumulation of products from the reactions at both anode and cathode also tends to diminish the efficiency of the cell over time, so that its output voltage will gradually decrease from around 1.5 V until it is effectively ‘flat’. This process, known as polarisation, can be partially overcome by gently warming the cell which aids the rate of migration of the products away from the electrodes.

Both the alkaline cells and the button cells operate on the same fundamental principles, though their mode of construction is quite different. The alkaline cells have the advantage of lasting much longer than the standard dry cell, though they are more expensive. Button cells are particularly useful where size is important, such as in watches, cameras and hearing aids. Unlike the other types of cell they tend to produce a very steady output voltage for a prolonged period of time, which makes them particularly useful for such items as heart pace-makers where gradual running down of the cell could present rather dire consequences!


12.5.2 Secondary cells

The lead-acid accumulator widely used in cars and trucks is in fact a combination of 6 cells connected in series; each cell generating a little over 2 V of energy, resulting in a 12 V battery. Each cell consists of a collection of three positive and four negative plates sandwiched together like the pages in a book. The positive electrodes consist of a lead mesh packed with lead (IV) oxide, PbO2. The negative electrodes are a lead mesh packed with lead powder. The plates are immersed in a solution of approximately 4 M sulfuric acid which acts as the electrolyte.

The relevant equations are as follows:


At the anode:



Pb (s) + SO42- (aq)  (  PbSO4 (s) + 2e

(( = +0.36 V

Note that this is an oxidation reaction which occurs at the negative electrode. The reductant , lead, has been oxidised from oxidation number 0 to +2.


At the cathode:


PbO2 (s) + 4H+ (aq) + SO42- (aq) + 2e  (  PbSO4 (s) + 2H2O (l)
(( = +1.69 V

Note that this is a reduction reaction which occurs at the positive electrode. The oxidant, PbO2,  has been reduced from oxidation number +4 to +2.

The overall equation for the reaction occurring is:

PbO2 (s) + Pb (s) + 4H+ (aq) + 2SO42- (aq) (  2PbSO4 (s)  +  2H2O (l)     EMF = +2.05V

Note that both anode and cathode reactions produce PbSO4 which adheres to the mesh electrode plates which allows the cells to be recharged. In a car or truck the alternator supplies the electric energy to recharge the battery by reversing the reactions at both anode and cathode. The recharging process also reconstitutes the sulfuric acid electrolyte which is consumed during the discharge process.


12.5.3 Fuel cells

As has been previously noted, the fuel cells differ from other electrochemical cells in a number of important respects: gaseous reactants and products, constant supply of reactants/removal of products, indefinite operation as no need to recharge. The name ‘fuel cell’ stems from the fact that the reactions occurring within the cell are effectively combustion reactions, but the energy that would have been released as heat is converted directly into electrical energy. This direct conversion ensures efficiencies in the order of 60% for fuel cells compared to around 30-40% for coal-fired power stations.

Fig. 3 - Hydrogen-oxygen fuel cell 1
A fuel cell consists, in effect, of a cylindrical container through which passes a smaller perforated metal cylinder. An electrolyte solution of KOH passes through the internal ‘sleeve’ where the tiny perforations allow intimate contact with the hydrogen and oxygen gaseous reactants being channelled through the two external chambers. The internal perforated sleeve is generally made of nickel to help catalyse the oxidation and reduction reactions which occur there.

The relevant equations for the reactions are:


At the anode (negative electrode):



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


At the cathode (positive electrode):



O2 (g)  +  2H2O (l)  +  4e  (  4OH- (aq)


The overall equation for the reaction is:



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

As can be seen from the overall equation for the reaction, fuel cells have the advantage that they are extremely clean - water and heat being the only products of the reaction. Unfortunately they are very expensive to construct and maintain and function at only a limited rate. Much research is being conducted around the world in an attempt to overcome these problems and make fuel cells more accessible to mainstream commercial and industrial users.

12.6 Summary/ Objectives

At the end of this chapter you should


- recall the definition of such terms as oxidation, reduction, oxidant, reductant, anode, cathode and salt bridge 


- recall how to use oxidation numbers to ascertain which species are acting as oxidants or reductants


- recall how to write partial redox equations


- recognise the features of an electrochemical cell and recall the function of the various components that make it up


- be able to draw an electrochemical cell, having been provided with the relevant conjugate redox pairs


- appreciate the need for inert electrodes in some electrochemical cells and recognise when they must be used


- recall that galvanic cells are a relatively efficient way of converting chemical potential energy directly to electrical energy


- appreciate the significance of the activity series of metals as a subset of the standard electrode potential table


- understand how to use the SEP table to predict whether or not a particular redox reaction will occur to an appreciable extent


- recall that the SEP table gives no indication of the rate at which a reaction may proceed


- know how to calculate the EMF of a redox reaction from the relevant (( values


- recall that a negative EMF value indicate a reaction will effectively not proceed


- recognise the role of the standard hydrogen half cell in generating the SEP table


- recall the standard conditions employed in generating the SEP table


- note that the strongest oxidant species are found at the top left hand corner of the SEP table and the strongest reductants are toward the bottom right hand corner


- note that dichromate, permanganate, sulfate and nitrate ions (among others) can only act as oxidants in the presence of an acidic medium


- know the features of primary, secondary and fuel cells and recall at least one example of each


- recall the general structural features and principles of operation of the main cells considered


- note both the advantages and disadvantages of each of these cell types


- understand the important role of the electrolyte in each of the cells considered

Chapter 12 Questions

Q1.  Define the following terms:


(a)  oxidation



(b)  reduction


(c)  oxidant



(d)  reductant


(e)  galvanic cell


(f)  half cell


(g)  anode



(h)  cathode


(i)  salt bridge



(j)  inert electrode

Q2.  By considering the changes which occur in oxidation numbers determine which species is acting as oxidant and which as reductant in each of the following equations:


(a)  Br2 (aq) + Mg (s)  (  2Br- (aq) + Mg2+ (aq)


(b)  2Ag+ (aq) + Sn2+ (aq) (  2Ag (s) + Sn4+ (aq)


(c)  Cu2+ (aq)  +  Pb (s) (  Cu (s)  +  Pb2+ (aq)


(d)  MnO4- (aq) + 8H+ (aq) + 5Fe2+ (aq) (  Mn2+ (aq) + 5Fe3+ (aq) + 4H2O (l)


(e)  2Na (s) + 2H2O (l) (  2NaOH (aq) + H2 (g) 

Q3. Consider the (( values given for the following conjugate redox pairs and then answer the questions below:


Sc2+ /Sc
-2.12


Zn2+ /Zn
-0.76


Sn4+ /Sn2+
+0.15


Ag+ /Ag
+0.80


V2+ /V

-1.18


Na+ /Na
-2.71

 
(i) Which species is the strongest oxidant?


(ii) Which species is the weakest oxidant?


(iii) Which species is the strongest reductant?


(iv) Which species is the weakest reductant?

Q4.  Use the SEP table to determine which one or more of the following metals could be used as sacrificial anodes to protect iron from corrosion:


nickel, zinc, copper, tin, magnesium

Q5.  Nickel rods are placed into beakers containing 1 M solutions of AgNO3, Mg(NO3)2, Fe(NO3)2, CuSO4 and Zn(NO3)2 and left for several days. By consulting the SEP table deduce in which solution/s you would expect a coating of another metal to form on the nickel rod.

Q6.  Copper metal reacts with 8 M solution of nitric acid to produce nitrogen monoxide. By first writing the relevant partial redox equations deduce a balanced ionic equation for this reaction.

Q7.  Hydrogen peroxide reacts with itself over time to produce water and oxygen gas. By first writing the relevant partial redox equations deduce a balanced ionic equation for this reaction. Calculate the expected EMF for this reaction.

Q8.  Use the SEP table provided to deduce whether or not a reaction of any significant extent would occur in each of the following cases. Where a reaction would be expected, write the relevant partial equations and the overall equation:


(a)  copper filings are sprinkled into a solution of silver nitrate


(b)  a strip of magnesium is placed into a solution of hydrochloric acid


(c)  solutions of potassium bromide and zinc nitrate are mixed


(d)  chlorine gas is bubbled through a solution of tin (II) chloride


(e)  hydrogen sulfide gas is bubbled through a solution of copper sulfate

Q9.  A student is given a beaker containing an unknown solution of Q(NO3)2 and is asked to displace metal Q from the solution. The relevant half equation is 



Q2+ (aq)  +  2e  (   Q (s)    
(( = -0.55 V

By consulting the SEP table, deduce which of the following metals would be suitable to perform this function:



iron, copper, zinc, lead

Q10.  A chemist made the following observations using clean metal surfaces:


Metal B dissolved in 1 M C(NO3)2 solution, forming a deposit of metal C


Metal C would not dissolve in 1 M A(NO3)2 solution.


Metal A would not dissolve in 1 M B(NO3)2 solution


List metals A, B and C in order from strongest reductant to weakest.

Q11. Explain how the ‘Standard Electrode Potential’ table was generated. In your answer you should discuss the significance of the ‘standard hydrogen half cell’ and explain what is meant by ‘standard conditions’. 

Q12.  What is the function of a ‘salt bridge’ in an electrochemical cell? Why is potassium nitrate generally chosen to perform this function?

Q13.  A galvanic cell is constructed by making half cells of CuSO4 solution with a strip of copper metal acting as electrode and Mg(NO3)2 solution with a magnesium metal electrode. Draw the galvanic cell and indicate:


(i)  the anode and cathode


(ii)  the oxidation reaction and the reduction reaction


(iii)  the oxidant and the reductant


(iv)  the polarity of each electrode

 
(v)  the direction of flow of electrons through the connecting wire


(vi)  the direction of flow of ions through the KNO3 salt bridge


(vii)  the overall balanced equation for the redox reaction


(viii)  the cell EMF 

Q14.  An electrochemical cell is to be constructed by combining the conjugate redox pairs

Sn4+ (aq)/ Sn2+ (aq) and Zn2+ (aq)/Zn (s). Choose suitable materials to act as electrodes and then draw the cell, indicating


(i)  the anode and cathode


(ii)  the oxidation reaction and the reduction reaction


(iii)  the oxidant and the reductant


(iv)  the polarity of each electrode

 
(v)  the direction of flow of electrons through the connecting wire


(vi)  the direction of flow of ions through the KNO3 salt bridge


(vii)  the overall balanced equation for the redox reaction


(viii)  the cell EMF 

Q15.  You are provided with a standard hydrogen half cell and a solution of palladium (II) nitrate with a palladium metal electrode. Draw the electrochemical cell that you would need to construct to verify the (( for the Pd2+ (aq)/ Pd (s) conjugate pair as +0.92 V. Indicate on or below your diagram the following:


(i)  the anode and cathode


(ii)  the oxidation reaction and the reduction reaction


(iii)  the oxidant and the reductant


(iv)  the polarity of each electrode

 
(v)  the direction of flow of electrons through the connecting wire


(vi)  the direction of flow of ions through the KNO3 salt bridge


(vii)  the overall balanced equation for the redox reaction


(viii)  the cell EMF 

Q16.  State the defining characteristics of a 


(i) primary cell


(ii) secondary cell


(iii) fuel cell

Give one example of each type of cell.

Q17.  Draw a diagram of the Leclanché dry cell. On or below your diagram indicate:


(i)  the anode and cathode


(ii)  the oxidation reaction and the reduction reaction


(iii)  the oxidant and the reductant


(iv)  the polarity of each electrode

 
(v)  the overall balanced equation for the redox reaction

Q18. Write equations for the reactions occurring at the anode and cathode for a lead-acid accumulator when it is being recharged.
Q19.  Name the electrolyte used in the:






(i) Leclanché dry cell








(ii) lead-acid accumulator







(iii) hydrogen-oxygen fuel cell

Q20.  Explain how and why the concentration of the key component of the electrolyte in the lead-acid accumulator varies with the degree of discharge of the battery. 

Q21.  State the major advantages and disadvantages of the hydrogen-oxygen fuel cell

over the more conventional small-scale energy sources we have considered.

Solutions to Chapter 12 questions

Q2.  
a) Br2 (aq) is oxidant, Mg (s) is reductant



b) Ag+ (aq) is oxidant, Sn2+ (aq) is reductant



c) Cu2+ (aq) is oxidant, Pb (s) is reductant




d) MnO4- /H+ (aq) is oxidant, Fe2+ (aq) is reductant



e) H2O (l) is oxidant, Na (s) is reductant

Q3  (i) Ag+ (aq)
(ii) Na+
 (aq)
(iii) Na
 (s)
(iv) Ag
 (s)


Q4. zinc, magnesium

Q5. Ag(NO3)2,  CuSO4


Q6.  2NO3- (aq) + 8H+ (aq) + 3Cu (s) (  2NO (g) + 3Cu2+ (aq) + 4H2O (l)

Q7.  2H2O2 (aq) (  2H2O (l) + O2 (g)    EMF = +1.09 V

Q8.  
a) 2Ag+ (aq) + Cu  (  2Ag (s) + Cu2+ (aq)

       
b) 2H+ (aq) + Mg (s) (  H2 (g) + Mg2+ (aq)


c)  no reaction


d)  Cl2 (g) + Sn2+  (  2Cl- (aq) + Sn4+ (aq) 


e)  no reaction

Q9. zinc

Q10.  B, A, C

Q13.    (i) anode is Mg, cathode is Cu





(ii) Mg (s) (  Mg2+ (aq) + 2e,  Cu2+ (aq) + 2e ( Cu (s)


(iii) oxidant is Cu2+ , reductant is Mg


(iv) Cu electrode is positive, Mg electrode is negative


(v) electrons flow from Mg to Cu


(vi) K+ (aq) ions flow to Cu2+, NO3- (aq) ions flow to Mg2+

(vii) Cu2+ (aq) + Mg (s) (  Cu (s) + Mg2+ (aq)


(viii) EMF = +2.68 V

Q14.
(i) anode is Zn, cathode is inert platinum or graphite electrode




(ii) Zn (s) (  Zn2+ (aq) + 2e,  Sn4+ (aq) + 2e ( Sn2+ (aq)


(iii) oxidant is Sn4+ , reductant is Zn


(iv) inert electrode is positive, Zn electrode is negative


(v) electrons flow from Zn to inert electrode


(vi) K+ (aq) ions flow to Sn4+, NO3- (aq) ions flow to Zn2+

(vii) Sn4+ (aq) + Zn (s) (  Sn2+ (s) + Zn2+ (aq)


(viii) EMF = +0.91 V

Q15.
(i) anode is Pd, cathode is Pt electrode in standard hydrogen cell




(ii) H2 (g) (  2H+ (aq) + 2e,  Pa2+ (aq) + 2e ( Pa (s)


(iii) oxidant is Pa2+ , reductant is H2

(iv) Pt electrode is positive, Pa electrode is negative


(v) electrons flow from standard hydrogen cell to Pa


(vi) K+ (aq) ions flow to Pa2+, NO3- (aq) ions flow to standard hydrogen cell


(vii) Pd2+ (aq) + H2 (g) (  Pd (s) + 2H+ (aq)


(viii) EMF = +0.92 V

Q16.
(i) cannot be recharged (Leclanché dry cell)


(ii) can be recharged (lead-acid accumilator)


(iii) gaseous reactants constantly supplied (hydrogen-oxygen fuel cell)

Q17.
(i) anode is Zn case, cathode is graphite (carbon) rod



(ii) Zn (s) (  Zn2+ (aq) + 2e, 


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


(iii) oxidant is 2MnO2, reductant is Zn


(iv) graphite (carbon) rod is positive, Zn case is negative


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

Q18
At the anode: PbSO4 (s) + 2H2O (l) ( PbO2 (s) + 4H+ (aq) + SO42- (aq) + 2e


At the cathode: PbSO4 (s) + 2e  (  Pb (s) + SO42- (aq)

Q19.
(i)  NH4Cl mixed with ZnCl2


(ii)  sulfuric acid 


(iii) KOH 

connecting wire











connecting wire





salt bridge





half cell





           electrode





connecting wire











connecting wire





  Pb (s) electrode


Pb---> Pb2+ + 2e


Oxidation at the anode











Ag (s) electrode


Ag+ + e ---> Ag


Reduction at the cathode





Salt bridge of K+/NO3-





zinc case  (anode)





insulating material





carbon rod (cathode)





mixture of powdered carbon and MnO2. 


Electrolyte of NH4Cl and ZnCl2





Hydrogen gas inlet





Oxygen gas inlet





porous anode





porous cathode





electrolyte flow


(KOH)








