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Example 1, ] |

Calculate E° cell for the following cell reactions.
4 2
(@) 2Ag (aq) + Cu(b)—» 2Ag(s) + Cu

Ox _ _27F
® Zn (@) + Ni (s)-—I»Ni @) +2Zn (s)

Which reaction is spontaneous under standard conditions as

written ?

Solution
In (&) the silver ions are reduced to silver atoms
Ag”™ (ag) + e — »Ag(s) red = 0,80 V

while copper atoms are oxidised to copper ions

Cu(s) —an *"{ag) + 2e* E° ox = -0,34 V
e” cell = P red + E° ox
- 0,80 + { 0,34~ ) ~ 0,46 V Spontaneous

Notice that In combining haif-reaction equations to form an
i overall redox reaction equsition, the number of electrons in

the oxidation half-roacticn must equal those in the reduction

half-reaction. However, this does not affect the calculation

of cell because this iIs an intensive property (Vv = J /0).
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In (b) zinc i1ons are reduced to sine atoms

Zn (aq) + 2e ——»zZn(s)

Nickel atoms arc oxidised to nickel 1oae

2+
NL(8)— I'Ni  (aq) + 2e E ox =+ 0,24V
E cell =-0.76 + 0,24~ = -0,52 V Non-spontaneous
Example 2

For the following haif-reaotions, write the equation for

the combined reaction which would occur spontaneously.

a) Br2() + 2e*“—» 2Br“(aq) E°red = 1,06 V

(i) (ag) + ™M ——-»Hg(l) E° red = 0,82V

As written above, the two half-reactions are reductions
whereas, during reaction, one of them must occur as an oxidation
half-reaction. The values of the reduction potentials indicate
that (i) has a higher tendency to occur as written and

so (i1) will have to occur in the opposite direction as an
oxidation half-reaction.

Reduction half-reaction

Ir2() + 20 2Br (aq) EO red = 1,06 V
Ha(l) — Hg™(aq) + 2e E ox =-0,82V
E c~ll =1,06 + (¢ 0,82 ) = 0,24- V for the overall

cell reaction
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+
Ho()  +  Bra(1)———— > Hg® @)  + 2Br (ag)
4.9 FACTORS DETERMINING THE SIZE OF THE CELL POTENTIAL

The factors that determine the size of E are the sama as those
that determine the value of the Gibbs function change,-dS, tor
a chemical systeia.

These include (i) the nature of the substances involved in the
electrode reactions; (ii) the concentration or presi.are of the /
substances involved in the electrode reactions and (iii) the
temperature.

(@ The nature of the substances; As already mentioned 1in
section 4.5, the tendency to accept or transfer electroxis is

greater for some substances than others

Example
Ni“M(agq) <4 2e ——-|KNi(s) E° red = “0»24 V
Cu*Maq) + 2e — »Gu(s) red = +0,34 V

Guzr(aq) accepts electrons more readily than NiZTlaq)-

(b) The concentration of the reacting substances : Consider

the fTollowing cell reaction .

2Ag™(@aq) + Zn{s) — >v2Ag(s) + Zn"{aq)

E = +1,56 V
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The above value iIndicates the thermodynamic driving foroeT
when IAgHj - [ZnZk] = 1 mol dm"3. IT the cell

reaction proceeds from here; [Ag™ ] decreases and

[Ln2+j increases and the thermodynamic driving force
clearly must decrease. Indeed it does, and this is oba™rved
as a decrease in the cell emf. Eventually, chemical
equilibrium will be reached, at which point there is no
thermodynamic driving force (Agq = 0) and the cell emf also

*

. '3
equals sero. ITf one started with [Ag ] 1,0 mol dm ,

ko

or with [Zn2+] <1,0 mol dm 3 the initial driving

force would be greater and so would E° cell.
4.10 AGAINST THE THERMODYNAMIC DRIVING FORCE

The reactions which occur in galvanic cells can be reversed

in

direction if an opposing potential difference larger than the

cell emf is applied. For example, 1in the case of the cell
discussed in s\=:tion 4.5, by applying an opposing potential
difference greater than 0,46 V the non-spontaneous cell
reaction

2Ag(s) + Ca™(aq) —» 2Ag™(aq) + Cu(s)
can be made to occur. In this way a galvanic cell can be

converted into an electrolytic cell.
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4_.11 RELATIONSHIP BETWEEN AG and E

» Both the Gibbs function change associated with a reaction
and the E for a cell reaction, can be used as criteria for
spontaneity. C’ tprlr thi™i suggests that the E 1i1s related
to the Gibbs fun™t™ar. change. = . , ™te overall reaction.

The actual relationship is given by

A G = - nFE —_————— e 4-.1
where n = the number of moles of electrons transferred from
one electrode to another in\the external circuit
per mole of the cell react;pn
. E = the emf of the cell expresses% in volts,®

F = the Faraday constant, 96 500 ({/ mol .
AG is nume "ically equal to the maximum u&ful work whicit
a chemical system can do on its siirroundirigs
A G = - W max = - nFE  —-————- 1= 4.2
The maximum work that can be obtained per mole of reaction
is thus the product of the charge transferred in the

external circuit between the two electrodes and the cell

potential
Work = Cell potential x Charge - - ——————————- 4.3
Joules Volts Cbulombs

The standard cell potential for a Daniel! cell
zZn(s) + Cu™(aq)--->zn™"(aq) + Cu(s) is
+1,10V. This implies that for every 1 coulomb of charge

that passes round the external circuit the cell (i.e.the
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,phenii.cal  reactions at the electrodes) provides 1,1 joule
of enex"gy. This corresponds to 96,5 kJ per mole of e

- 2+
When one mole of Zn atoms are oxidised and one mole of Cu
ions are reduced, 2 mole of electrons pass around the

external circuit. The maximum work this electi-icity can do is

1,10 Vv X 2mol X 9,S5 X 10i_ C/mol

2,12 X 100 VC

2,12 x 10 J

Caiculat;lon _of _E from 4-S

Using equation 4.1 we can calculate AG from E and vice versa.

Example

For the reaction represented bjf Co(s) + Ni @) ————-
Co*™"(aq) + Ni(s)

(@ calculate e cell (b) calculsite for the
cell reaction

Solution

Reduction haM reactions

i, ComM(aq) + 2e ——-—»Co(s) E° red -0,28V

. Nit"~ag)  + 2e"~-->Ni(s) E° red = - Q,23V
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In the above given redox reaction* Co atoms are oxidised
_ AN
while the Ni ions are reduced. The relevant

half-reaction equations and their corx*esponding potentials

are
Co(s) ————- N Co™ (aq) + 2e E® ox = 0,28 V
Ni“M(ag) + 2e — ~Ni(s) E° red = -Q,?,3 V
/
E cell = E reduction + E oxidation
= -0,23 + 0,28
0,05 V
(b)AG” = -nFE° /
n =2 mole of electrons per mole of reaction.
F = 96 500 C / mol.
AG = - 2mol e“ x 96 500 C x 0,05 V
mol mo!” e
= - 10 kJ 7/ mol
4.12 FUEL CELLS AS ENERGY DEVICES ; The conv

chemical energy of fuels and oxyg..<t into electrical energy
normally consists of burning the fuel and using the thermal
4%nergy to produce steam for spinning turbines coupled

to electricity generators.
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Cbemical energy ——-»thermal energy—— mechanical energy

electrical energy

This process iIs thermodynamically inefficient with less than
40 % of the available chemical energy being converted to

electrical energy.

Fuel cells are a special type of galvanic cell which
convert chemical energy directly to electrical energy. In
these cells, reactants are continuously fed into the cell and
products are removed from it. This process iIs far more
efficient than normal fuel combustion with 75 % of the
available chemical energy being converted into electrical
energy.

A reaction that has successfully been incorporated into a
fuel cell is that between gaseous hydrogen and div/gen. This
reaction requires a continuous flow of both gases and is run

at a temperature of 250% G and a pressure of 25 atm.

The half-reactions are ;
anode ; 2Hg{g) ——--» 4H {aq) + 4e
cathode : 0gCg) + 4H™(agq) + 4e -———- » 2H20 (aq)

overall reaction ; 2R21g" + Ozfg) ————>2H2Q (aa)
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The direct reaction between hydrogen and oxygen ereleases a
lot of energy but has to be iInitiated because of the high

activation energy. When it does occur it goes explosively*
To overcome these problems in the practical design of fuel

cells using this reaction, each half- reaction has to be

J-irefully controllect. This is done such that each half-reaction

is catalysed and a low activation energy is achieved. The

carbon electrodes used are impregnated with catalysts.



MICROSCOPIC PROCESSES OCGURING IN ELECTROCHEMICAL CELTuS *
<

L.G. 3.36

5.1 KEY CONCEPT,™ (&) Electronic conductors are
paths for electrons and undergo
no detectable physical or chemical
change as a consequence of
conduction.

,0 Electrica} aivrent iIn an
operating cell occurs as a
movement of electrons in the
electrodes and as a movement of
ions iIn the electrolyte.

(c) Electrons are transferred
between the i1ons of the
electrolyte and atoms
of the electrodes at the
eiectrode-electrolyte interface
and result in chemical changes.

(d Overall electrical neutrality 1is
Jireserved at all times in the
electrodes and also in the
electrolyte.

5.2 OBJECTIVES By the end of this worksheet you should be
able to;

(@) define electronic and ionic
conduction and distinguish between the
two,

(b) describe the electrode processes which
occur when galvanic and electrolytic
cells operate.
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(c) define electrical neutrality and
explain how it is maintained in
muoperating cells.

5.3 INTRODUCTION
1 !

In worksheet 2 we looked at the components essential for
electrochemical cells to function. In this worksheet we will
examine some of the microscopic processes which occur in

each component when electrochemical cells operate. We will
consider wbat occurs in the external wires and electrodes
during electronic conduction, what occurs 1in the
electrolyte during 1ionic conduction and the processes which

occux* during <ilectron transfer at the electrodes.

The emphasis here is that electronic and ionic conduction
are continuous iIn electrochemical cells and the electron
transfer reactions at the two electrodes link these two

mecharsiems of conduction.

The Tfirst requirement for electrical conduction 1is
charge carriers that can move through the conducting
medium or material. There are three distinct processes hy
which an electric charge is transported in an

electrochemical cell.
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(@ Electronic conduction - This involves electron

movement and occurs in the electrodes and the metal wires
connected to them only. DurxnjJ electronic conduction, no
physical or chemical changes occur to the conductor. The

temperature may iIncrease due to the el-t>trical resistance.

(b) lonic conduction - This involves the movement of positive
anct negative ions in the electrolyte, and also in the salt
bridge in the case of galvanic cells.

(c) Electrode processes These involve electron transfer
reactions at the interface of each electrode and the
electrolyte. The 1ionic conduction mechanism in the electrolyte
is coupled with the electron conduction mechanism in the
electrodes, at the interface of the electrode surface and

electrolyte.

All the three processes above must take place
simultaneously or current would not flow in the circuit

containing the cell.

5.4- ELECTRONIC GGNDUCTION

The free or delocalised electrons in solid conductors are in
a state of rapid motion. In the absence of a potential
difference l as many electrcns mov& In one direction as

in the opposite direction with the same speed. The”e is

- ()
0210)]



therefore no net flow of charge and so no current- in the &*

conductor.

IT the electrodes of a galvanic cell are connected to
opposite ends of the conductor a potential diffei“ence is
created betw"”en the two enda of that conductor. The
electtonr. thus acquire a nlaw but definite drift in one
direction. The drift of these electrons constitutes an
electric current. The current will continue as long as there
is a potential difference between the two ends of the
conductor. Electronic conductors undei"go no physical or

chemical chsinge a,s a result of the current.
5-5 10ONIC GONDUCTIloy {

lonic conduction involves the movement of ions iIn the
electrolyte and this 1is accompanied by chemical changes

at the electrode surface.

Consider fTirrt the example of an electrolytic cell.
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Example -

yre., electrolysis of molten sodium i1odide with inert

electrodes
0 [
r
B anode*®
(oxidation occurs)
-A Cathode
Ha+ (reduction occurs)

Figure 5.1

As described in worksheet 2i the battery forces a non-
spontaneous rTeaction to occur. Electrons nove from one end
of *™e attery to electrode A. At this electr<i 3, electrons
ar«i transfterred from the electrode surface to sodium ions
at the surface of the electi“ode. Reduotitn occurs and

neutral sodium atoms are formed.
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N (1) Na(s) m5.1
from the on the surface forms on
electrolyte of electrode A the surface of electrode A

The Na 1ons which have reacted sit A are replaced by more
Na”~ dons from the bulk of the electrolyte. There is thus
a jnovement of Nations towards electrode A aE shown 1in

figure 5,1,

Simultaneously, at electrode B, the icdide ions at the
electr<>de surface give up electrons to the electrode, becoming

neutral i1odine atoms.

Pairs of these combine rapidly to form i1odine molecules.

1 () AT |

in solution at electrode on electrode
at electrode surface B
surface

followed by

—¥12

overall 21 (1)- lg (@) + 2e 5.2

Oxidation thus occurs at the surface of electrode B.
iodide ions move towards the surface of electrode B to

replace those that have reacted.
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Thus in the rest of the electrolyte, there will be a
gent, "al movement of cations towards electrode A (cathysde) .

and negative ions (anions) towards electrode B (anode).

The movement of positive and negative ions in opposite
directions constitutes the electric cur™rent in the electrolyte.
(Note: both positive and negative charges (cations and anions)
move here whereas in electronic conduction only negative
chajges (elect.rons) move).

\

5.6 ELECTRICAL NKUTBALITY IN,, ELEGTBOCHEMrCAL CELLS

One of the important ideas In chemistry is that of the
electrical neutrality of chemic”l systems, i.e. positive

and negative charges exist in equal numbei*s within a
system. This principle also applies to electrochemical

cells where at any one time, in both galvanic and
electrolytic cells , the number of negative and positive
charges must be equal. This is true for the external circuit,

the electrodes and in all regions of the electrolyte.

In any piece of metal, the total number of elvctrons equalu
the total number of protons and, not ovily is the whole picct*

electrically neutral but, each atom in it is neutral. In the
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electrolyte also the anions must be balanced by the cations.
For example, thfe"*electrical neutrality condition for aqueous
KCl is as follows:

N

k-4 .
ionic species in solution K ,CI } NI, OH .

electrical neutrality : K ;+ = CI + OH

It is important to note that electrical neutrality involves
a balance of charges rather tyan ions. For example, 1In an
aqueous solution of copper nitrate Cu(N03)2

(Cu , 2NOg ), the numbers of ions are not

equal but the numbers of positive and negative charges are

equal.

@
5.6.1 Maintaining Electrical Neutrality in Electrolytic

Cells

During the time an electric current is flowing through the
cell, electrical neutrality is maintained. For each electron
picked up by a Kpeclnjs from the cathode, an electron must be

lojst by a T;pei-ler, at the anode.

Tt lariy in any rogioji of Ibe elect *alyte, for each anion
that n;lgraf.ef; towards tha anode, a cation must migrate towards
the cathcsde. Negative and por.itlw* charj™es never accumulate

.in S;rochol!nical (AN
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5,6.2 Maintaining Electrical Neutrality in Galvanic Cells

Consider the half -cells X and Y in the galvanic cell shown

below ;

.
NO,
Cu-
Yoy a
Ngt agr o A
X Y
Figure 5.2

When the cell operates, additional Gu2+(aq) ions are
introduced into the half-cell X due to the oxidation
half-reaction; Cu(s)- ¥ Cu“ (ag) + 2e . In

half-cell Y, Ag™(aq) 1ions are depleted due to the reduction

half-reaction: Ag (aq) + e Ag(s)
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In half-cell X two things could happen to balance the
additional, excess positive charges (see figure 5.3);

2/\
(1) Cu (@g) ions can move out of the half-cell X into

the salt-bridge;

(i1) Negative ions, in this case NO3 (aq), c A move

from the salt bridge to balance the excess positive charge.

r N, 3 (

NO,

NO,
NO,

NO,

OR NO,
o2t P o
® . ®
Figure 5.3
to (lons are not shown in half-cell Y so as to foous attention

on the salt bridge and half-cell X )
In half-cell Y, where there is a deficiency of positive

0 charges, charge balance can be achieved (figure 5.4) by:

(i11) Some of the negative i0** L 10) e soving out.

of this half-cell Y into the salt bridge;
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(iv) Movement of positive ions {K in this case) from
the Bkt bridge to replace the Ag™ i1ons which have

been reduced.

-(AX 0 -
¢ C NO,

Ast+

OR
NB- NB-

X Y

oil) ™
Figure S4
f o (lons are not shown in half-cell X so as to focus attention

on the salt-bridge and half-v>ell Y.)

During the operation of the galvanic cell all the four

processes {i - 1iv) occur simultaneously so that cations will
V move from the half-cell X to Y and anions will move from

Y to X. Each half-cell has no nett charge at any time

{see fFigure 5.5).

KM



58

Ke NO,™ J
— K
NO,
NO, A
NO,
agt NO KO,
Figure 5.5

nett movement of cations

nstt movement of anions

The Jnovement of ions across the salt bridge is very

slow and extensive mixing of the two solutions does not occur



59

5.7 ELECTROT.YSIS OF AQUEOUS SOLUTIONS

The products from the electrolysis of an aqueous solution
of a salt may differ from those from the electrolysis of
the molten salt. The electrolysis of molten electrolytes

usually just involves reduction of the cation at the cathode

and oxidation of the anion at the anode.

In aqueous solutions, however, water, iIn addition to the

ions of the electrolyte can react at the "electrodes. The

possible reactions are as follows

(@) oxidation of the anion and/or cation

(b) oxidatioK of water molecules

At the cathodes

(&) reduction of cations.

(b) reduction of water molecules.

In general, the species with the highest (most positive)
oxidation potential should be preferentially oxidised at the
anode while the species with the highest (most positive)

reduction potential shciuld be preferentially reduced at the
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cathode. Experimentally it is found that other factors such
as the concentration of ions in solution as well as the type
of electrode can determine which reaction occurs at the

electrode surface.

The following standard reduction potentials will be useful iw

considering examples 1, 2 and 3 below

E red/v
2HP (1) + 2e~---¥ H2 (@ + 20H (@) “onM41
Nar(aq) + e — ~ Na(s) “2,71

2~ 2~
n218 2e -V 2SO0 (a9)

+2.01
02<g) + 4H*"(ag) + 4e” ——)» 2112 0(1) =f0,82
Cl2(9) + 2e*—» 2CI1"(aq) +1,36
Example 1
Electrolysis of- aqueous 1 mol dm_3 Na2S04_
with platinum electrodes.

Possible oxidation half-reactions E°ox/V
1. @) - » @ + 2e -2,01

2. 2H20 (?)-» 02 (@) + (aq) + 2e" -0,82
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Possible reduction half-reactions E red/v
+
3. Na (aq) +
4. 2H20 (@) + 2e’ > H2 (g) + 20H (aqg) -0,41

The half-reactions which should occur would be 2 at the

ancde and 4 at tw* cathode.

Example 2

Electrolysis of aqueous NaCl with platinum electrodes

Possible oxidation half-reactions E° ox/V
5. 2HoO (1)—7"02 (@ + 4H™ () = 4de" -0,82
2C1 (aq) — Gl12 (@ + 2e -1,36
Possible reduction half-reactiipns E° red/Vv
7. Na (@) + Nit(s) -2,71
8.2H2 0 (1) + 2e““——1H2 (g) + 20H"" (aq) “C,41

The expected half-reactions would again be oxidation of
water at the anode and reduction of water at the cathode.
Experimentally, however, it 1is found that chlorine is formed
at the electrode surface instead of oxygen, 1iIn spite of
the oxidation potentials showing that oxidation of water
molecules should be preferred to oxidation off chloride 1ions.

In this case, the oxidation potentials of the two competing
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reactions lead to an incorrect prediction becatise

half-reaction 5 has a much larger activation energy than 6.

To cause half-reaction 5 to occur requires a higher applied

potential than the oxidation potential:

in fact the applied

potenti.al has to be so high that it iIs enough to cause

half-reiiction 6. As ment“"oned earlier,

potentials indicate the thermodynamic t<ndenc™>- of the

| \Yi

half-reaction to occur and not the rate at which

Electrolysis of aqueous CUSO4 with copper electrodes.
In this case where the electrode may be chemically

at the anode three half-reactions are possible.

?o0ssibleo3
2+
9. Cu{s) ——» Cu (agq) 2e
10. 2H20 (1)—"02 (@) + 4H (aqg) + 2e°-

XI. 2S04~ (ag) —» 8203~ (aq) + 2e*

Possible reduction half- reactions

12. cu’tgit + 2e cucs)

13. 2H2 0 (@) + 2e“—VH2 (@) + 20H" (aq)

Comparison of the oxidation half-reaction

E

the half-rea«tion

it can occur.

active,

F° ox/ V
-0,34-

0,82

-2,01

red/ V
40,3Mi

-0,41

potentials

indicates that the copper metal should be preferentially
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oxidized. Therefore, equation 9 represents the oxidat\on
half-reaction. At the cathode, reduction of copper ions to
copper atoms should; ® preferred to reduction of water, and
therefore equs.tion 12 represents the half'reaction at the

cathode.

The cell discussed in example 3 is characteristic of Hiany
electroplating cells. In these cells the object to be plated
is made the cathode and a piece of the plating metal is made
the anode and the solution contains a soluble salt of the

plating metal.
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PREFACE

1.1 INTRODUCTION

The worksheets address the electrocheffiistry defined by the
learning goals iIn the Chemistry 1 course. They have been
designed taking into account major difficulties and
misconceptions students possess in relation to the topic

of electrochemistry. Our investigations on student difficulties
in this topic revealed that students often manipulate reaction
egiuations and quantities such as the standard reduction
potentials for half” reactions without grasping the underlying

concepts. The prcbiem areas identified relate to:

(i) the terminology used in connection with, electrode processes,
(i1) misinterpreting electrode processes and half-reaction
equations.
(i11) fTailure to apply the principles of chemical Kquilibi-ium.
(iv) the lack of qualitative knowledge regarding the
microscopic processes which occur in the different

components when the cell functions.

Electrocheiuistry is a multifaceted topic and can be
conceptually demanding. It requires understanding of several

pre-requisite concepts some of which have been identified as



problematic to beginners in ohemistry. A course in
electrochemistry usvially assumes that the student has the
jJippropriate pre-requisite knowledge on electrical properties

as well as an adequate understanding of chemical concepts such
as cbeiaical equilibrium, stoichiometry and ionic equations. It
is Important therefore, to establish at the outset how much the
students understand of these pi*e~requisite concepts in order
to provide the basis for later discussions. The pre-test on page
seven tests the students knowledge on these concepts before

the lectures on electrochemistry commence. This test deserves
attention and should be administered by the lecturer concerned.

1-2 THE CQKTENT OF THE WORKSHEETS

The teaching approach adopted here was designed largely on the
basis of student misconceptions identified during interviews.
It emphasizes the microscopic processes which occur in
electrochemical cells and highlights the misconceptions
identified. An attempt iIs made to take these into account and
hence alleviate the difficulties in understanding this
important topic. Each worksheet contains a set of key concepts,
objectives, and an introduction as well as basic st jtific

information on the area of concern.

These are simply statements of injportant scientific ideas

that are addressed iIn the worksheet.



These are meant to delineate clearly to the students what
they are expected to know and be able to do when they complete

each worksheet.

1.1.3 Introduction

These are introductory remarks on the content to be addressed

in the worksheet.

1.1.4 Bi”slc Scientific Information

This appears under various sections depending on the content
of the worksheet. A deliberate attempt is made to highlight
possible misconceptions and explicitly clarify possible areas
of confusion. Preliminary questions and/or predictions are
also presented to the students as a why of iIntroducing a
particular section where appropriate. The questions and
predictions will/can stimulate discussion among the students
and create an opportunity to be activefly involved 1iIn

addressing and confronting their pre- conceptions.

A brief overview of the subject matter of each of the five
worksheets is as follows:

In worksheet one, the relation between current electricity

and chemical reactions is “resented as well as the terminology

ui:zje in connection with redox reactions. Worksheet 2 serves



as an advance organiser for subsequent worksheets. It gives an
overview of the material to be covered in worksheets three,
four and five. Emphasis in this worksheet is placed on the
similarity and differences between the reaction which takes
place iIn the beaker and that which takes place in the
electrocheraicat cell (see worksheet 1 fig 1,0 and 1.1). Both
are redox reactions and have the same stoichiometry, Gibbs
energy change, AG am tquilibrium constant. The difference is

in their Fates because of the physical arrangement of the cell.

The reaction which takes place in the electrochemical cell is
discussed in greater detail in this worksheet. Aspects evich as
the relationship between electrical measurements of current and
potential difference and the rate, stoichioa.etry and Gibbs energy
change of a reaction are introduced. These are developed further

in worksheets 3 and 4.

Worksheet 3 for example, deals with electrochemical stoichiometry

J

*
— =

-

>

(including stoichiometry in fuel cells) and the rates of cell
reactions while worksheet 4 is concerned with the cell emf
(pcfcential difference) and how it relates to the thermodynamic
driving force of the reaction as I as the work that can be
obtained from these reactions. Fuel cells and their importance

as energy devices are also discussed in worksheet 4.



The physical arrangement and the necessary components for a
galvanic cell to function are also introduced in worksheet 2.
These are discussed further in worksheet 5 which deals with
the microscopic events which, occur in electrochemical cells

when they operate,

1.2 THE CONTENT OF THE INSTRUCTORS NOTES

These contfiin notes on the worksheets and each set of notes is
divided into three main sections as follows

1,2.1

These are i1dentical to the ones in the student worksheets.

1«2.2 Predominant Misconceptions/Difficulties

These are a list of the co®jnon misconceptions identified

during our research and those identified by other reseai*chers.

1.2.3

Alleviating Misconceptions

This section contains some general remarks on how to approach
the teaching of specific aspects in a particular worksheet and
what distinctions have to be fctffiphesized. Methods of alleviating
the predominant misconceptions are also suggested. In most
cases this is done by perfomiag a demonstration. These

deiRonstrations can be more interesting and effective if students



are allowed predict the outcome first and their predictions
are tested by experiment. If their predictions are not correct,
they become forcefully aware of their erroneoiis pre-col!ficeptions
and can ask appropriate questions. The answers to th”'se
questions can help alleviate their difficulties. Some of the
demonstrations are not suitable to be carried out in a lecture.

It is suggested that these be done during tutorial sessions.



1.3 PRE-REQUISITE CONCEPTS IN ELECTROCHEMISTRY

CONCEPT

1. Electrical Quantities

2. Chemical Reaction

Stoichiometry

3. Electrolytes

4-. Metallic Bonding
and Electronic Conduction

5. Chemical Equilibrium

KNOWLEDGE REQUIRED

. Explain what an ammeter

and voltmeter indicate
in a circuit.

ifnow that charge and atoms
are cojiserved In a
chemical reaction

ii.State the charge/mole

relationship.

Write a >ilanced net ionic
equation.

ii,Explain how current is

conducted in solutions
of electrolytes and
in molten electrolytes.

Explain how an electrical
current iIs conducted in
metals.

ii.Know that electrical

conductivity is high
in metals and is <%ee to
the movement of electrons.

Define what is meant by
chemical equilibrium in a
chemical systea.
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il .state the effect on the

a.

b,.

equilibrium position of:

adding a solid reactant,
decreasing or increasing the
conceritration of a reactant.

ili,Explain tie dynamic nature

of cheiaical eriuilibrium.

iv.Relate the eq,uilibriunj

constant to A G

Know the factors that affect
the rate of a reaction.
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1.4 PRE-TEST OM PRE-RKQUTSTTE”CONCEPTS

INSTRUCTIONS ; Answer all questions iIn sections A and B.

1. In the circuit rffDraF;anted in the diagraa below, suppose the

bulb was glowing brightly, the beal< r could contain

©O) potassium sulphate dissolved in water
(i1) sugar dissolved in pure water

(iii) Djnlten sxigar

(iv) dilute sulphuric acid

() molten potassium bromide

@ @ or (iv) only @ @) or (v) only
b @), (v) or (v) only {e} (1) or (ii) only

(©) (ii1) or (iii) only
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2. When a chemical system is at equilibrium, which of the
following statements is true?

(&) the reagents and the products always have the same mass
(b) the forward and re)Verse reactiona occur simultaneously at
the same rate

{c) the forward and reverse reactions both stop

(d) the concentration cf the reagca}1ts JIs 3

(6) the ratio of the concentration of tihe 5>roducts to tiw

concentration of the reagents is sievr greater than one.

3. The mechanism of electrical conduction iIn metals is :
(&) the same as iIn solid electrolytes

(b) thpr%iarve i)s in molten electrolytes

(c) dependent on the movement of ions

(d) dependent on the movement of valence electrons

depeiTident on the movevBenfc of atoms

4. The net i1onic equation for the reaction which occurs when
g9;1 utions of sodium hydroxide and hydrochloric acid are
mixed 1is;

@ Na*(ag) + OH (ag) + CI (aq) H30™ag) ___ p
NaCl(aq) + 2H™M0 (D)

(b) NaOH (ag9) + HCI{ag)-——1 NaCl(aq) + H20 (O
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(©) Na™ (aq) + CI {aq) —-—---» NaCl(s)

@ HsO™ (aq) + OH“ (ag)~»2H20 (O

(e Na~ (ag) + OH (ag) + (aq) ----——-

Na= (aq) + 2H20 (1)

5. The fTollowing reaction

Agh(aq) + Fe™(aq)-——-—- ->Ag(s) + Fe~*(aq)

haa reached equilibrium. What can be done to decrease the
amount of silver formed ?

(@) stir the srolution.

(b) increase the pressui*e of the solution.

(c) add Pe™M(aq)

(d) add Fe™(aq)

(e add iron Filings.

SECTION B

Write your answers in the spaces provided.

6 . Questions (i) and (i1) belovr refer to the Xx'ea ,ion shown

in question 5 above,

(i). What effect would addit’un of silver have 0., the position
of equilibrium ? -—— - ———
(i1). What effect would increasing the concentration of silver

ions have on the position of equilibrium ——— e e — ~
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7. What is the mass of one mole of

U
@ &’

®) Kcl

© ci12

@ 3r-

€ so/

8, If one mole of hydrogen ions carries a charge of 96 500
couloMbs, what is the charge on one hydrogen ion ————————-

9. In the circuit shown below:

(& What quantity doer, the ammeter show ?
( When we talk of an electric current, what is actually moving

INB ? e - -
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(c) What causes an electric current"to -flow in the external

circuit ?

(d What quantity would a voltmeter in the circuit show ?
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1.5 NOTES ON-WORKSHEETS

1.5.1 WORKSHEET 1

KEY CONCEPTS: (@ When a.n atom,molecule or ion undergoes
oxidation, it loses one or more electrons
to some other species which undergoes
reduction.

(b) Oxidation and reduction are half-
reactions that always occur together
and the overall reaction is often
called a redox reaction.

(c) Oxidising agents (oxidants) take up
electrons and are consequently reduced

while reducing agents (reduct.ants)
give up electrons and are oxidised.

DIFFie%TIES (@ Failure to distinguish oxidation and
reduction half-reaction equations.
(b) Failure to recognise the oxidant and

the reductant in a given redox reaction
equation.

GENERAL TEACHING APPROACH AND SUGGESTED METHODS OF ALLEVIATING

THE MISCONCEPTIONS

1 Terminology

The basic terminology used in connection with electrochemical

processes is introduced. One of the major difficulties is that
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students confuse the terms oxidising and reducing agent and
fail to identify the substances being oxidised or reduced in

a given redox reactioi nation.

One other area of confuBxon is that while oxidation is defined
as a lass of electrons there is a gain in oxidation number. One
possible solution to this is to get the students to concentrate
on the ¥ ~ tliat when reduction of a species occurs, its

oxidation jftumlber is reduced because of a gain of negative

charges " The species being reduced is therefore
an oxidl?;.
It is also ~*laphasize that oxidising and reducing

agents are relative twuis and an oxidising agent in one
reaction could be a reducing agent in another, depending on
how readily the reactants accept or lose electrons. This aspect

is discussed in more detail iIn worksheet 4-
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1.S.2 WOSKSHEEI_2.

SEE_CQHE1EESj

DIFFICEILTIES

@
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©
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Reactions which take place in ordinary
chemical systems (e.g in a beaker), are
the same as those which take place in
electrochemisal cells. They have the same
stoichiometry, Gibbs function change and
equilibrium constant. The only difference
is in the rate because of the physical
arrangement of the cell.

Spontaneous redox reactions take place in
galvanic cells. Energy from the chemical
reactions is converted to electrical
energy.-

Galvanic cells consist of chemical
components that are initially not at
equilibrium and proceed to equilibrium by
electron transfer. The electrical energy
generated can; Sq work.

Non~spontane§Lp redox reactions tdke place
in electrolytic cells. Energy is provided
by a source of potential difference -
often a battery of galvanic cells -
forcing the formation pf higher energy
products.

Failure to recognise that redox
reactions can take place in ordinary
chemical systems e.g in a beaker.

Misunderstanding of the role of
components of electrochemical cells.
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JSEHEEAL.. TSAGHING Am O M ~,,AND .SUGQESTRfi.. MEIHOPS Og

ALLEVIATING MISCONCEPTIONS

1= Redox Reactions in Electrochemical Cells and in Beakers

Students failed to recognise that redox reactions do not have

to take i>lace in electrochemical cells only. When zinc m "al
was placed in CUSO4. solution, for example, and the

students were asked what type of reaction this was or-ly a few
recognised it as a redox reaction. This however, was not.

the case when the students were presented with a galvanic

cell arrangement (fig,1.1 Worksheet 1). They inunediately

recognised this as a redox reaction.

It is important to emphasize that the reactions which take
place in the two arrangements shown in fl"™ures 1.0 and 1.1
are the same. The difference is that in fig. ,1.0 electrons
are transferred directly between the reacting species on
atomic contact while in fig 1.1 the electrons are
transferred through the external wires. Demonstration 2.1
serves to alleviate this misconception. The following can be

noted aboat this demonstration :
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{a) The students should be able to recognise that experiEsents
2.1A and 2,IB are the same (i.e. hydrogen gas is Tformed in
both). The difference is that in 2.1A, chemicai. energy Iis
converted to heat energy while in 2 _1B, chemical energy Iis
converted to electrical energy. {Note: the students should be

made to feel that the beaktsr ”="sd in 2.1A gets warmer).

(o) In 2.1A, electron transfer is direct between the zinc
atoms and t/he ions, while in 2. 1B, electrons released by the
Jjsinc atoms, move through the extei"nal circuit. In the Tfirst

case, heating up of the mixture implies that chemical is
converted to thermal energy. The glowing of the bulb in 2_.1Bj
is evidence of an electric current and implies the conversion

of chemical to «aiectrxcal energy

2. Essential Components of Electrochemical Cells and

Interpretation of Microscopic Processes

It is desirable to discuss the physical requirements necessary
for electrochemical cells to function since some alternative
conceptions arise as a result of lack of explicit information.
For example, lack of knowledge of the role of components such
as the voltmeter and the ammeter seems to give rise to a number

of misconceptions.
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The kRowledge of the nature of each component is also a
pre-requisite to deeper understanding of the microscopic
processes which occur when the cells operate.

The following are examples of difficulties which arise out
of inadequate understanding of the nature and role of the

components or misinterpretation of microscopic processes.

(@) Students were required to indicate where the electrons
in the the half-reaction : Zn(s)-———- Zn (aq) + 2e

came from. The cojiimon SBisconception was that they came from
the dissociation of the electrolyte by the electric current.
Faraday and his contemporaries thought so but Arrhenius and
contemporaries showed that it was wrong. The Jknowledge of the

nature of the electrolyte can help circumvent this difficulty,

(b) Many students perceived the Tfunction of the ammeter
and the voltmeter to be the same. For example, the voltmeter
reading was often referred to as an indicator of the cell
reaction rate, that 1isi the higher the voltage the faster
the cell reaction. This confusion between current and
voltage led to a number of misinterptetations. These are

discussed further in section 1.5.3 and 1.5.4.

(c) mtfst of the misconceptions regarding the electrolytic cell
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arose out of misunderstanding the role of the battery. The
most common was ''the battery stores electrons until they are
ready to flow". The fact that a chemical reaction takes place
inside the battery when it operates is of prime importance in

alleviating this misconcepticsp.

It is essential that students understand that a battery
consists of galvanic cells connected in series. The chemical

components are therefore used up when it operates.

The purpose of the salt bridge can be explained simply as
ensuring that each half-cell has no nett electrical charge at
all times during the reaction. At this stage, this may be
sufficient since the studenfcs do not have adequate knowledge
to fully understand the exact processes by which electrical
neuti*ality is maintained. Pre-conceptions relating to the salt

bridge can be dealt with in greater detail in worksheet 5.

To elicit soae of the student misconceptions concerning the
components of electrochemical cells, the following key
questions could be asked before introducing section 2.5 on
galvanic cells.

(@) What do a voltmeter and an ammeter do in the circuit
shown in fig. 1.1 ? (see worksheet 1)

(b) What type of substances are electrolytes ?
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(c) Shat is the purpose of the salt bridge in the circuit

shown in figure 1.1 (see worksheet i).

The students®conceptions i;egard.irty the role of the battery

in the arrangement shown in fif: 2.2 can be elicited when
introducing section 2.7 on electrolytic cells (see worksheet)
The student Bisconceptions can be addressed at the tiEe the

nature and role of each co»ponent are presented.

DeBonstration 2.1

Slgjg..tElgal..In&rji?y-.frici CheiRioal Eaaras:

k. Add a few pieces of zinc netal to 10 cn3 of dilute HCI.
i. Shat do you observe ? —-————-——o————

ii. Why do you think the beaker gets warn ?

iii_.Ifrite a balanced equation for the reaction taking place in
the beaker —-------»- -« (¥ " - -

iv.-What type of reaction is this ? - — ——-—————————————

B. Attach a strip of zinc »etal and a piece of copper metal to
the side of a beaker and connect each metal to a 1.1 volt

bulb as shown.
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(c) What is purpose of the salt bridge in ths circuit

shown in Ffigure 1.1 (see worksheet 1).

The students®"conceptions i17egard.ing the role of the battery

in the arrangement shown in fig 2.2 can be elitiited when
introducing section 2.7 on electrolytic cells <see worksheet),
The student miscoaceptiQns can be addressed at the time the

nature and role of eacift component are presented.
DieiiQjRatr . fltiQn-2 .1.

EliigilL3Cical mEne.rgsL-fr.QB-.gJieBioal

A. Add a few pieces of zinc metal to 10 cm3 of dilute HCL.
i. What do you observe ? - — 41—

iXx. Why do you think the beaker gets warm ?

iii._Write a balansjed equation for the reaction taking place in
the beaker -----------\ot i\ i i o e i b i i i e ———————————

iv.—What type of reaction is this ? ---—--———oo o

B. Attach a strip of zinc metal and a piece of copper metal to
the side of a beaker and connect each metal to a 1.1 volt

bulb as shown.
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Pour dilute HClI into the beaker,

i. What do you observe ? —-—————-—-

ii. Does the beaker get wariE ? Why ?

iii. Write a balanced equation for the overall reaction

OCCUNINg .- == e e e e e e e e e e e e e e e e e o

iv. Comment on the similarities and differences between experiments
A and B.

(iv) Some students believe that electron traasfer reactions

take place 1iIn the electrolyte* This misconception could be
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predomiii t among students who believe that free electrons
are found in solution. It is 1important ftr sj;udents to
understand that electrode reactions take place at tie
electrode surface. Demonstration 2.2 (electrolysis of aqueous
copper chloride with carbon electrodes) rerveg to alleviats
this misconception. One of the key questions to ask could be:
"where does the vreaction take place?” The Tformation of
chlorine gas (which can be seen on the OHP) and coppe: at the
electrodes, if observed at close range, is evidence of the
reaction occuring at the electrodes. The formation of thc“w
two products, is also ev'idence of electrical energy bein{.f

converted to chemical energy.

The Difference Between a Galvanic and an Electrolytic Cell

The fast that a galvanic cell consists of components which are
initially not at equilibrium should be explicitly emphasized.
This can be a starting point in later discussions for
establishing that the emf of a cell is a measure of the
thermodynamic driving force, A G of the reaction. As the
equilibrium t"tate Is approached, the emf decreases and at
equilibritim when the driving force is aero, the emf is also

zero. (Note: emf = electromotive force. However, this is not a

force measurable iIn Nevftonc. 1t is measured in Volt =J/C .
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erffy from Electrical Energy

A. Make the following cell arrsjigement

(i) Is there any observable chemical reaction occuring at the

electrodes? —-—————————— .

(ii) Does the torch light bulb glow?

B. Connect a battery of cells into the circuit as shown below:

-0ClI.

C ond D ore graphite electrode
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(i) Wh®t do you observti; at electrode D? ——————————————-—————"
(ii) Is this reactioii spontaneous? Why? -——-——-———————————

(l11) What evidence is there to show that electrical energy

has been converted to chenical ererg;!"\? —
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1.5.3 vV

KEY CONCEPTS (@) The amount of substance oxidised or
reduced at the electrodes is directly
proportional to the quantity of charge
(electrons) transferred frora the anode
to the cathode iIn the external circuit.

(b) The amount of charge which will result
in the formation of one mole of
univalent atoms will form half a mole
of divalent metal atoms. This Jiount
is 1 Faraday = 96 500 Coulombs.

(c) Faraday’s laws apply to doth galvanic
and electrolytic cells.,

DIFFICULTIES (d) Inadequate underntanding of reaction
stoiohiometry and the mole concept.

(b) Failure to relate the ammeter reading
to the rate of the cell reaction.

GMRQALjrEASijIM-AEEROACH MR SVGQE&MLMETImS-JSE

ALLEVIATING HISCONCEPTIONS

leStoichiometry

Research done so far on student difficulties in chemistry
indicates that students at different educational levels
experience difficulties regarding reaction stoichiometry and
the mole concept. Electrockemical stoichiometry is

complicated further by the fact that students have to think
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in terms of atifiole/ojharge relationship instead of a mass/mole
relationship which they are familiar with. Section 2.3

(see worksheet) attempts to explain the relationship between

the rate of movement of electrons in the external circuit and

the stoichiometry of the cell reaction. This is dealt with

further in section 3.2.
2. Current and the Rate of a Cell Reaction

As already indicated in tlie notes on worksheet 2, students
failed to relate electrical measurements of current and
voltage to the rate and the Gibbs energy change of the cell
reaction respectively. The emphasis on the ammeter as an
indicja®.or of the rate (coulombs/second) of movement of

electrons in the external circuit is essential.



30

1.5.4 WORKSHEET 4

KEY CONCEPTS : (@) The potential difference between two
pc *;nts In a circuit is a measure of the

work per unit charge that can be done or
energy that can be transferred when

electrons move from one point to another
in the external circuit. It is measured
in Volts and 1 Volt = 1 Joule / Coulomb.

(b)) The emf of a cell is a measure of the
thermodynamic di’iving force of the cell
reaction. It is measured when negligible
or no current flows in the external

circuit.

(c) The value of the standard half-reaction
potential is independent of the size of
the electrode and the volume of the
electrolyte.

@ A galvanic cell can be operated in
reverse like an electrolytic cell by
applying an opposing voltage greater
than the emf the cell.

(e) The Gibbs function change for a chemical
reaction is numerically equal to the
maximum work which it can do on its
surroundings.

r>IFFICULTTES : (@) Confusion between current and voltage
and what the ammeter and voltmeter show.

(b) Failure to apply the principles of
chemical equilibrium.
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RRNSRAL TEACHING APPROACH AND SUGGBJSTED METHODS OF ALLEVIATING

MISCONCEPTIONS

Il Interpretation of Half-Reaction Equations

L3

- 2
When a metal electrode dissolves, e.g. Cu{s)—-»Cu  (@aq) + 2e
it 1is important for students to note that only the cations
pass into the electrolyte; the electrons are left behind on
the electrode. This oxidation half-reaction is often
misinterpreted by students as implying the movement of both

Vi
the cations and the electrons into the electrolyte solution
thus reinforcing the belief 4n free electrons in solution.
/4

There is also confusion because if electrons remain on the

electrode it looks as if the metal is reduced (gains electrons)

when In fact it is oxidised to cations.

N* The Measurement of Cell EmfF

The measurement of cell emf when no current is flowing should
be explicitly stated, that is, the need to measure the emf
with a high resistance voltmeter. The voltage obtained under
such conditions indicates the driving force of the reaction

or the thermodynamic tendency of the reaction to occur. The
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emf value does not give an indication of how fast a given
reaction wiil oc6ur. A spontaneous reaction may I%e slow in
practice. Emphasize that the voltage measured when
significant current is flowing is less than the cell emf

since the cell is already doing work on the electrons.

3. Current and Voltage

Many students interviewed did not distinguish between current
and voltage and a number of them indicated that a voltmeter

shows the electrons flowing iIn the external circuit.

Demonstration 4.1 is designed to enable students to distinguish
between current and voltage. Such a distinction Is necessary in
explaining why we do not take reaction stoichiometry into

account when manipulating E° values.

4. Failure to Arplv the Principles of Chemical Equilibrium

Beginners in electrochemistry usually have more experience

with homogeneous equilibx"ia than with heterogeneous equilibria.
Many students interviewed, failed to recognise that iIncreasing
or decreasing the size of the metal electrode should not affect
the emf of the cell. This was in spite of being familiajr with
the fact that in writing the equilibrium constant expression,

the value of the solid concentration was a constant. It is
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essential to emphasize that the value of the emf is
independent of the size of the electrodes and the volume of
the electrolytes. The concentration of the electrolyte is

relevant of course.

5. The Use of the Term Electrode Potential

It appears that it is customary to refer to an entire
half-cell (electrode + electrolyte) as an electrode. For
example standard half-reaction potentials are usually
referred to as standard electrode potentials. This is
misleading and imprecise use of terminology. It seems unwise
to define an electrode as both the piece of metal and also
the piece of metal plus the electrolyte. It is suggested that
the term electrode potential be avoided altogether and rathei-

the terms reduction potential or oxidation potential be used.
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mDemojBstEation 4.1

Reduction Potentials and Cell EmfF

This experiment summarises some of the most important ideas
cancerning cell potentials. It also enables the students to

interpret half-reaction potential data and cell emf from first

J»rinciples.

nqucinis (ai;ar gel coniainiti!:
ptiiassiuni j—udium chloride)
manganatc (VII)

Meter = Potentiometer

Reference: Ainley, D.{1986). An alternative approach to redox
potentials. Education in Chemistry, 23: 42-44.
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Key Questions [ |
1. What does the deflection of the voltmeter indicate ?
2. What does the deflection of the ammeter indicate ?

3. What does the size of the deflection of the ammeter
indicate ?

4. A brown stain is formed around the electrode in the Kl
solution. What is this due to ?

5. Has this electrode gained or lost electrons from or to
the ions in solution ? Is this electrode an anode or a
cathode ?

6. Write the half-reaction occuring at this electrode.

?. As the reaction proceeds, the ammeter and voltmeter

readings decrease. What does this imply about
(i) The rate of movement of electrons in the external

circuit ?

(ii) The potential difference/emf of the cell r
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1 .5,"5"WORKSHEET 5_

KEY CONCEPTS : (€)) Electronic conductors are paths far
electrons arid undergo no detectable
physical or chemical change as a
consequence of conduction.

(&) Electric current in an operating
electrochemical cell occurs as a
movement of electrons in the
electrodes and as a movement of
ions in the electrolyte.

© Electrons are transferred between the
ions of the electrolyte and atoms of
the electrodes at the electrode -
electrolyte interface and result in
chemical changes.

@ Overall electrical neutrality is
preserved at all times in the electrodes
and also in the electrolyte.

PREDOMINANT MISCONCEPTIONS

(@) Conduction through the cell 1is due to
the movement of either free electrons,
electrons attached to ions, or electrons
moving from ion to ion from one electrode
to the other,

(b) The salt bridge provides a pathway for
electrons to complete the circuit; these
electrons also balance excess positive
charge to maintain neutrality in the cell.

(c) The salt bridge makes one half-cell
positive and the other negative.
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(d) In electrochemical cells ions are
attracted to electrodes of opposite charge
where they are neutralised by the charge
on the electrodes

(e) The anode is the positive electrode and
the cathode the negative electrodfe in
both galvanic and electrolytic cells.

GENERAL__TEACHINg APPROACH AND SUGGESTED METHODS OF

ALLEVIATIXNTG MISCONCEPTIONS

In this worksheet the microscopic processes occuring when
galvrinic and electrolytic cells functiou are discussed.
Students were found to have a very poor qualitative

understanding of these processes.
VvV 9lytic and Electronic Conduction

The emphasis here is on distinguishing between a movement of
electrons in electronic conductors and the movement of
positive and negative ions in the electrolyte. Our research
revealed that this is a fundamental problem which can
interfere with the comprehension of several concepts Ruch as
neutrality. The distinction should be made carefully so that
students know that in any cell the movement of free electrons
is always through the metallic conductor and never through the

electrolyte.



movement

Demonstration 5.1 below shows the moYcment-of i1ons in the

electrolyte and this is evidence that cui*rpnt is due to the

of ions in opposite directions in the solution.

Demontvik¥ mon 5.1

Demonstration of moven>'nt of ~'ns

15V

—Carbon electrodes

—Colourleaa Hydrochloric acid

Z-  mColoured Copper (II) chromate

solution
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Key questions

1, What 1is the appearance of the U-tube befare current is
passed through the solution ?

2, Whfut is the appearance of the U-tube after current is passed
for thirty minutes ?

3, How can this change in appearance be explained ?

4-, What can be said about the nett speed of travel of ions in
solution ?

To\ save time two experiments can be set up. In one the
stisjA"Mts can be shown the appearance of the tube when no
current haa been passed through the solution, while in the
second one they can be shown the appearance of the tube

after 30 minutes.

It is also desirable fehat the nature of the metal surface

be adequately discni”*sed in a qualitative manner anid emphasiKing
that the cations in the metal (sea of electrons model) do not
move from one electrode to the other in the extei-nal circuit.
Many students may make this interpretation due to the confusion
arising from the definition of conventional current, as a

movement of positive charges.
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2. Reference to Continuity of Current in the Cell

The reference to the nseaning of continuity of current or the
electric circuit should be ma.de. In explaining this to the
students explicit mention snould be made that the continuity
of current in circuits containing electrochemical cells is

different from that in DC circuits often encountered in physics.

In physics courses current is often’implied to be electronic
in al" parts of the circuit, even if there is a battery. In
fact in DC circuits containing a cell, or battery of cells,
current is electronic iIn the wires and ionic in the
electrolyte. The electronic current in the® wires is continuous

with idonic current in the electrolyte. =

3. Int.erpretat

©O) In an electrolytic cell the cathode receives electrons
fro/n the battery and it is the negative electrode. At the
anodo, electrons are released from the species undergoing
oxidation at the the electrode surface and the anode is

I
called th™ positive electrode.
Students tend to extend this to galvanic cells so that

there is a comiijn misconception that the description anode

means a positive electrode ami cathode a negative electrode
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in both types of cells. In fact in a galvanic cell the anode
is described as negative and in an electrolytic cell the
anode 1is described as positive. This is extremely confusing
to beginners in electrochemistry. For example, in figure 5,1.
in the worksheet, the copper electrode iIs negative and the
silver electrode is positive. If students accept that the
copper electrode is negative and the silver electr.ode is
positive, they are likely to become totally confused as
to why the Ag” ions are "attracted to the positive
electrode”. As a result of this confusion, some students
refer to anions (e.g NO3*in this cell) as being reduced at ;fs
silver electrode, since 'negative ions should be attracted to
the positive electrode”. One of the most important questions
asked by students was:
" Why then in a Daniell cell do the copper ions

move toward the positive copper electrode ?

Do not like charges repel ?
ANSWER; The answer to this question iIs important in
understanding the operation of galvanic cells. It must be
emphasized that the motion of the ions in the two half-cells
is not caused by charge at either electrode. The electrodes
are not connected to a battery of cells or a generator ; the

cell itself generates electricity. The ions thus move due to
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the electron transfer reactions at the electrodes and to
IM* r

maintain electrical neutrality.

IT we consider the cell in figure 5.2. when the silver
ions touching the electrode surface react, this leaves an
excess of negative ions near the silver electrode. Other
Ag” (aq) ions move in to take their place. The diffusion of

silver ions from the bulk of the solution 1is necessary

to maintain electrical neutrality.

(ii) Besides causing the confusion discussed above in (i),
the convention of designating electrodes as either positive or
negative presented other problems in relation to the
interpi’etation pf electrode reactions, and also in reinforcing
the misconception on electx"onic conductivity in the electrolyte.
Equation 5.2 is an example of a case where neutral 1iodine
atoms are formed at the electrode surface followed by rapid
combination to form molecules of Ig . Several students who
focussed their attention on the ' charge” on the electrodes
misinterpreted this process. The formation of the neutral
iodine atoms was accounted for in terms of attractiojp between
the ne<Mative iodide ions and the positive electrode. The
formation of the neutral atoms was thus interpreted in terms

of some reaction between the negative ions (I ) and the



10

positive charge on the electrode rather than the loss of an

electron by the iodide ion.

One other problem with this type of half-Teacti."™n, wae-

failure to recognise that 1o occurs in sis ;
[ (€D - 1
in the melt on the on the electrode

at electrode surface electrode surface

followed by 1 12 (1)

Usually only the overall reaction
21 (D)—» 12 (1) + 2e 1o written, suggesting

that the half-reaction occurs in one step.

(iii) During our researchj some students indicated that
"electrons move in the solution and the ions are attracted to
the electrodes”. Apparently these students thought that the
ions are instantaneously attracted to the electrodes, that Iis,
they stick to electrodes of opposite charge such that none
remain in the bulk of the solution. We gained the impressicM
that the phrase "attraction of i1ons to electrodes" evoked

the Tfollowing micx"oscopic picture.

1k
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«

+ = cation

- ~ anxon

As a result of this supposed instantaneous movement of 1ions
to the electrodes of opposite cliargei the movement of
electrons then constituted an elfectric current in the

electrolyte,

It is important in explaining this to students to emphasize
that the nett movement of ions in solution is slow
{in demonstration 5.1 the ions only visibly iSeparate after

15-30 minutes). It is also essential to note that the ions do
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not move because of long range attraction between them and a
distant electrode but that they diffuse slowly to replace those

reacting at the electrode surface.

The confusion of designating electrodes negative and positive
can certainly be overcome and some students eventually get it
sorted out, but the point is it can be avoided entirely. It
seems useful therefore to use the convention applicable to both
cells, that is oxidation occurs at the anode and reduction at
the cathode in both cells without necessarily referring to
electrodes as either positive or negative. Demon*3tration 5,2
illustrates that it is possible to interpret redox processes
from First principles wilhout talking about positive or

negative electrodes.

Students should be advised that this policy is being adopted

because it may avoid confusion. The existence of the tei"minology

should probably be acknowledged .

(4) Electrical™Neutrality

There was widespread unc«.rtaiiity about how neutrality is
maintained in the electrolyte in both types of cells. The
problems included ;

(i) Disregard for the need for balanced charges in each

half-cell.
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(ii) Presence of electrons in the electrolyte.

It is important to re-empliasize one of the iImportant ideas
which is taught early in school chemistry, that is, positive

and negative charges exist in equal numbers within a phase.

One other problem with understanding electrical neutrality
seemed to arise from the belief that free electrons are found
in the electrolyte. In demonstration 5.2 (investigating
galvanic cells), several arrangements are made to confront this
misconception. These demonstrations could be conducted during
tutorial sessions and should convince the students that no
electrons go through the salt bridge and they cannot therefore

be found in solution or maintain electrical neutrality.

The investigation can be conducted as follows:

(a) Give students 10-20 minutes to make their predictions and
explanations individually.

(b) Discuss the students predictions.

(c) Divide the students into small groups and deliver the
apparatus. Let the students make their observations and
explanations individually.

(d) Bring students together and let them discuss their
observations and explanations. Do not provide the students

with any answers; rather guide them to the correct answer.



/ /

47

Demonstration 5.2

Investigating Galvanic Cells

Instructions; Predict whether or not a reaction will occur
in each of the followin galvanic cell arrangements. Explain
your predictions and then make the arrangments with the
apparatus provided. Record all your observations and

explanations in the table provided.

Cell Arrangements
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Arrange-
ment

oy megTarFMSH
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prediction explan-
reaction/ ation
no reactior

observa-
tion
rxn/no
rxn

ft cife

exp-
lanation



SUMMARY OF gROIIPB RTHDTKN

EHAS1 1 ;

g-.RELIMIMR]L. IHySSJIgATIQNS

Subjects

High School pupils (S8G) /

High School pupils/ (HG-)

College of Education students

1st year “"slow-stream®
cheailistry students

Subjects N

1st year “slow-stream”
chemistry students 8

10

Instruiaent

group inte”Jjiews
group interviews
group interviews/

pencil and paper
test

group interviews/

pencil and paper
test.

Instrument

individual
interviews



£HASE.S 11 ..AD 111

EEELITHIEARL. . INVESTI<IATIQHS

INSTRUMENT : 10 -iteB multiple choice questionnaire

alDiects ............. CL- ...

High school pupils (SG) 31 Post'test

High school pupils (HG) 30 Post-test

1st year “slow-stream” 42 Pro- and posttest

chemistry students
Chemi53try 111 students 30 Posttest

HDB (P-G) students

HDE <1, 1D 17 Posttest
HDE (1I11/ 1V) 13 Por/ttest
]

DETAILED INVESTIGATIOi?S

INSTRUMENT : 20-item multiplel choice questionnaire

Sub.i sets N Pi»test /Post test
High school pupils (HG) 30 Posttest
1st year “slow-streain® 40 Pre- and posttest

chemistry st";,dents



£HASE-I>:

Ko

INSTRUMENTS : (1) Pre-test on Fre-requisite concepts

(@) 13“item multiple choice questionnaire

(Posttest)

Sub.iects JL

1st year “slow-streaiu
chesiistry students

Chemistry 100 58
Chemistry 16" students 52
Chemistry 110 43

Chemistry 111

HDE (P-G) students 30

Pre

Pre

Pre

Pre

Pre

Pre

(insrument 2 only)

mbxstest/EQSt test

and posttest

and posttest

and posttest

and posttest

and posttest

and posttest

1Ix10
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