; - % Wﬁth‘f’ﬂ’%ﬁﬁ’

» Apply the concept of oxidation numbers in identifying oxidation and reduction reactions.
= Apply the concept of changes in oxidation numbers to balance chemical equations.

« Define the terms redox, oxidation, reduction, and disproportionation ( in terms of electron
transfer and changes in oxidation number).

« Identifying the oxidizing and reducing agents in a redox reaction.

« Describe the role of oxidizing and reducing agents in the redox reaction.

«Explain the concept of the activity series of metals and how it relates to the ease of
oxidation.

« Deduce the feasibility of redox reactions from activity series or reaction data.(

« Explain the use of the Winkler Method to measure, btochemical oxygen ﬂemand[BOD} andits
use as a measure of water pollution. £

« Explain how electrolytic(cells convert 'electncal energy to chemn:al energy, with oxidation
L at the anode and reduc‘tion at the cathede

\ .'__||'JI..I_
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« Predict the iden titles Of suhstanca hberated dunng electrolysis based on the
electrolyte, p?Pitmn in_the redox series, and concentration.

. A{?pw !hé Irelationship between the Faraday constant, Avogadro constant, and the
charge on the electron to solve problems. _

» Calculate the quantity of charge passed during electrolysis and the mass or volume of
substance liberated during electrolysis.

» Deduce the Avogadro constant by an electrolytic method.

¢ Define the terms standard electrode potential and standard cell potential.

» Describe the standard hydrogen electrode and methods used to measure standard
electrode potential.

e Calculate the standard cell potentials by combining the potentials of two standard
electrodes and then use these to predict the feasibility of a reaction and the direction
of electron flow in a simple cell.

* Deduce the relative reactivity of elements, compounds, and ions as oxidizing agents or
reducing agents from their electrode potential values.

« Construct redox equations using relevant half-equations.

« Explain how electrode potential varies with the concentra.!:inrls ofaﬁuenuh tdns and
use the Nernst equation to predict this guantrtmwfi?\ Ir AL

= Explain how voltaic (galvanic) ceus) cqnv$|\t édergy fmm spontaneous, exothermic
chemical procem tqeieftﬁsia éq rgy,/with oxidation at the anode and reduction at
the cathode. ' \| \\ "*-. \ W

_Exp ‘q u«w ‘Jﬁttmt cells convert chemical energy from redox reactions to electrical
' using Cu-Zn galvanic cells as an example. J

Electrochemistry is concerned with a wide range of significant processes, many of which are
dependent on the exchange of electrons from one chemical to another. Electrochemical
processes include redox (oxidation-reduction) reactions, where the energy released during
spontaneous reactions is converted into electricity, or in which the electricity is used to
induce a non-spontaneous reaction. Redox reactions involve the transfer of electrons between
two or more substances. Electrochemistry deals with energy sources that are highly efficient,
such as batteries, and fuel cells. The chemistry of these devices is discussed here.

2.1 Oxidation - Reduction Concepts

Recall the definition of oxidation and reduction in terms of transfer of oxygen or; hy\drogen or
electrons. Here we will discuss oxidation and reductlon in terms uf {oss orga[n of electrons by
a chemical reaction. O\ a\ \ _
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Example 2.1 ST QLU= _
When a piece of ;i\ﬂr.j;jl}htgl_jﬁ dipped in an aqueous solution of CuSO,, it is observed that a
dark brow‘r'\‘jl_aii_(_b“rl].ﬁf' copper begins to form at the zinc surface. At the same time, the blue
colour of the solution is discharged. If we analyse this solution we find that Zn™ ions are

present in the solution. The change can be described by the following chemical equation.

ro 1+
Ing, + Cugg, » Iy, + Cu,,

This reaction can be described in terms of two-half reactions.

r ) -
Ing,—> Ly, + 28

Cu 26" ——Cu,,
In this reaction, zinc metal loses two electrons and changes into Zn*' ions while Cu?" ions gain
two electrons and give copper metal. The two processes taking place simultaneously are
called oxidation-reduction reactions.

“A reaction in which a substance loses electrons is called oxidation. The reaction-in which
a substance gains electrons is called reduction. Oxidation-reductign f@g’@ﬁﬂ:}“ﬁre also
known as redox reactions. In a redox rrc?)actig‘ir‘!,\___qggem?'ﬁb}.yr)t{épg_msr:Eﬁénge in their
oxidation number. 0\ ~%) (A "-..\'\ UL ) *
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2.1.1 Oxidatiom Number -
The oxidaf\ipﬂl | iﬂb%r (oxidation state) is defined as the apparent charge, positive or

negative, which an element would have in a compound.

2.1.2 Oxidation-Reduction in Terms of Change in Oxidation Number

We have already defined oxidation and reduction in terms of the transfer of one or more
electrons. We can also define oxidation and reduction in terms of change in oxidation
number, An increase in oxidation number is called oxidation and a decrease in oxidation
number is called reduction. For example;

IZNam + Cl,.,.—— 2NaClm

Z(g)

Assign oxidation numbers to all the atoms involved in this reaction and write it over their
symbols.

o 0 §
ZNa(gr"Clzm — ZNa“Cl(,,

Note that the oxidation number of Na is zero because it is mltselemgnt_alfbrm In this
reaction, the oxidation number of Na changes from -~.ze%.9'1ii:"v.‘1.;\-.~'méﬂ;.- it-loses one electron,
which is called oxidation. A AAWVWWWAWLY T
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On the other hand, each Ct atom 1n the l’.Il.z nﬂecute qhanges its oxidation number from zero
to -1, gains one electron, and ]S qalled redu;tm

\ \ ". II". o I" Yees u =
AR NI N oW\ Clm, +2e- ——2CL5;,
So we can also define oxidation and reduction in terms of change in oxidation number.

Oxidation is an increase in oxidation number (loss of electrons).
Reduction is a decrease in oxidation number (gain of electrons).

( A
Example 2.2

Identify the elements undergoing oxidation or reduction in terms of change in oxidation
number in the following reaction which takes place in the combustion of natural gas.

CHygt 205y —CO,, + 2H,0,,

Solution
Assign oxidation number to all the atoms involved in this reaction.

- {1+)4 d :z }z ﬁ«ftu

The C changes its oxidation numher \‘mm 4 in CH;IIJ \d'm CO, whereas oxygen changes its

oxidation number fromé t& *«z Thls\ meﬁw( undergoes an increase in oxidation number. On
the other hand, O clhanges its oxidation number from zero in O, to -2 in H,0 and CO,. Each

oxygen: at\nﬂ‘} gaJﬁMwn electrons and therefore it is reduced.
We can say that,
i) Cis oxidized because there has been an increase in its oxidation number.
L ii) O is reduced because there has been a decrease in its oxidation number.
v,
2.1.3 Disproportionation Reaction
In some redox reactions, the same element is

oxidised and reduced simultaneously. Such reactions Disproportionation of H,0
are called self-oxidation-reduction reactions or - - o0
disproportionation reactions. For example, consider 2H.0. —p

the decomposition of hydrogen peroxide. In this | reduction T

reaction, oxygen is oxidized to 0 in O, and reduced
to 2- in H,0.

valad i{{}ﬁ
- # ;TI ¥ v I.'. "', ".. ."._‘
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CONCEPT' ASSESSMENT B{mcist-: 2.1

Use the oxidation numbeér chaﬁge Tnethod te ldentify the atoms undergoing oxidation or
reduction in the fOllOWl redox reactwns

|
]l i\ ]| Ay, ZNaOH'm ——NaCl,, + NaClO

tag)

+ H,0,
4Fe,, + 30

> ZFeZO,m

2igh

CH,Oy,, + 60,, —— 6CO,, + 6H,0,

2.2 Balancing of Equations

i. Redox Method (Oxidation Number Method)
ii. lon Electron Method

i. Redox Method (Oxidation Number Method)

It is based on the principle that in any redox reaction, the total number of electrons lost by
one element must be equal to the total number of electrons gained by another element This
method can be understood by the following example.

. r——-l"\_’ ) .". '/.’_.;:. il II\'. \ III' -I: II_I:I j
Example 2.3 ~ \ o=
Balance the following equatmn by the omdation numbelj method '
Solution NNNES
Step 1: Assiﬂ“ o)ndat\ion numbers to all the atoms involved in the equation.

+145(=2)3 (+1)2-2 3(+1)+5(-2)4 42 -2
P+HNO + HO —— H,PO, +NO
Step 2: Identify the elements changing oxidation number.
The P goes from zero to +5 oxidation state in H,PO,. This is 5 electrons change. N in HNO,
goes from +5 to +2 oxidation state in NO. This is 3 electron change.

Step 3: Draw a bridge between the same atoms whose oxidation numbers have changed,
Indicate this change by the number of electrons gained or lost by each element.
+3e

(1] ;,;‘, +5 -liZ

P+HNO,——H,PO,+NO

_—

-5e

Step 4: Equalize the number of electrons lost and gained by multiplying the two numbers,
by a small whole number which produces a common_ numher Use these multiples as

coefficients of the respective suhstance —

To balance a 3e” gain against a Se; loss we need tn muluply 3e gam by 5 and 5e” loss by 3.
This will equallze the nuTnber of electrons gained and lost. J

.

|| N
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"j"’zp +HN03.-»—)F|3P6;+N0

N U ll " -Bex3=-158
Multiply the coefficients of P and that of H,PO, by 3. Whereas multiply the coefficients of
HNOs and NO by 5.

3P + 5HNO, + H,O0 ——3H,PO, + 5NO
Now the coefficient of H,PO, and NO should not be changed hereafter it.

step 5: Balance the rest of the equation by inspection method. Balance the atoms other
than oxygen and hydrogen first, then oxygen atoms and finally hydrogen atoms.

To balance oxygen atoms, multiply coefficient of H,0 by 2.
3P + 5HNO, + 2H,0 ——3H,PO, + 5NO
Inspect the equation, it is balanced.

- f" \ [ YA
CONCEPT Asaﬁssmﬂrmclsgz. (S8
Using the oxidation nurplaﬂ'\method balame\the fdp\llawhg equaﬂon
1.Cu + HNO, — cumo,}n No\ N

2.Cu + Hﬂ%\ll‘“‘éh(ﬂozh + NO, + H,0

-

2.2.1 Construction of Redox Equations

There are two half-reactions in any given oxidation and reduction reaction: the oxidation-half
reaction and the reduction-half reaction. The oxidation and reduction reaction is the sum of
the two half-reactions.

We can balance the half-reaction by the ion-electron method. Equalise the number of
electrons lost and gained in the two half-reactions and combine them. The rest of the
equation is balanced by the inspection method. The steps involved in this method can be
understood by considering the following example.

(Example 2.4 e
Construct a redox equation using the following half Equatlorts N 12\ (C _ b
Reduction half-reaction: A O AN\

Cr,07 —#Cr"x
Oxidation half-reacﬂon _“

W \Hso, ——QHSO“
- J




Balance each half-r (];acmp F‘irst cﬁnmder reduction half-reaction. Two Cr atoms on the left
require 2 beforqr QR
' Cr,0¥ ——2Cr™
There are seven O atoms on the left and none on the right. We will add 7 H,0 on the right side.
Cr,0¥ ——2Cr* +7TH,0
There are 14 H atoms on the right and none on the left, so we will add 14 H* on the left side.
Cr,0% +14H' ——2Cr* +7H,0
Now balance charges. The left side has one di-negative and 14 mono-positive charges,

corresponding to -2 +14 = +12, The right side has two tri-positive charges corresponding to
+3 x 2 = +6. Thus left side needs ée".

Cr,0% + 14H' + 68 ——2Cr*' + 7TH,0O --(1) -
f v r\ \
In the other half- reaction (Oxidation half- reactmn), S atoms are.already balanc&d \)

Vo A\ N [ (C

i \ I.". — C \ AW / ,\‘ = A
H SO _')HSG rl_/f\ Iﬂ,.--.\ ","-. } ‘\‘ \-. \". \ \\I__ .’I ~

=\

Balance O - atoms. As there. 3\’9 f-‘h}‘e‘? o\ atbmS‘on the left and four on the right, we will add
one H:0 to the left. - ‘. WAL 3\

-:.;\\-.\]-j:!ﬂ;'\?gé VR0 HsO;

There are fc:\iir}l.-l-atoms on the left and one on the right. We will add 3H' to the right.

H,S0, + H,0——HSO, + 3H’
For charge, the left side is neutral, but the right side has a net charge of (-1) + (+3) = +2.
Thus, we will add 2e” to the right side.

HSO, + HLO——>HSO, +3H'+2¢° - (2)
Step 2:
Equalize the number of electrons transferred in the two half-reactions and add half-

reactions. Reduction half-reaction uses up 6e’ and oxidation half-reaction produces 2e".
Therefore, multiplying equation (1) by one and equation (2) by three and adding two equatlons
we get.

CrO} +14H' +6e” ——20r" +7H,Q \;'_ij-.\_j ,-f;.-"-~-=
3H,80, + 3H,0——>3HSQ, FOHT MQ WY/~

CfOZ- +14H" +3H SO +3H D-l-ﬁa-‘;;;';__}zcrm +7H O+3HSO L OH" + 6e-
- _ :.\..'L':Jﬁ-"‘l“{l' o\ r

J NIBNVAE
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(“step 3: O AW/ N
Cancel the duplication. ‘DUphcatinns araﬂe 3I-I,0 and 9H‘ Stﬁke these out from both sides.
CrEOZ“ - 5H’ ]BH;,BQ -—»---)ZCr” + 4H,0 + 3HSO;

(-2) Mi (+6) (-3)
=43 =43
Result;
Gince LHS charges are equal to RHS charges, therefore the equation is balanced. )

CONCEPT ASSESSMENT EXERCISE 2.3
Use the half-reaction method to balance the following redox reactions.
(i) Co + Cr* —Co* + O (i)  Au* +H, — H' +Au
(i) cCi, + r —l, +CI

CONCEPT ASSESSMENT EXERCISE 2.4
Construct a redox equation from the following half-equations. /,:_j(_;t;--\fi’qif{'\l_‘j
v [ I (VU W
- 1+ —\ e e \\| [ 75\ r“‘? .\:'__)\_5___,
1. MO, — Mn and HIOI; - 0, /_'f\ \1' A\ N \'.I /\ ,A\ \-.l \ I'f ( {//\;. O\

= A __-\_-F“, 7 d | ' \ L\ f)||l
2. NO, — NO and Br ".\ \".‘?‘ 7 ?"E:' () \\ )ﬁ DRy
MRO." 2 O\ L~ (NN~
A, s Mn ﬁ‘:'?,l'ld:\\ (‘., c.\ :E(\LI e }\\\’ 4\ 5
\ \ N J | \ L=
].

N \’i 3 Oxidizing and Reducing Agents

An oxidizing agent is a substance that accepts electrons and causes oxidation, therefore, its
oxidation state decreases. A reducing agent is a substance that causes reduction through the
loss of electrons; therefore, its oxidation state increases. This means an oxidizing agent is a
substance that causes the oxidation of another substance. On the other hand, a reducing
agent is the substance that causes another substance to reduce.

An oxidizing agent contains an element that is being reduced (gaining electrons). The

reducing agent contains an element that is being oxidized (losing electrons). Consider the
following reaction.

\Ji\ll

+1 +5(-2)3 (+1)2-2 3(+1)+5(-2)4 +2 -2

3P+ SHNO, + 2H,0 —— 3H,PO, + 5NO

P is undergoing oxidation, so it is reducing agent. Whereas N present in HNO; is undergoing
reduction HNO; is an oxidising agent. Similarly,

M -1 * —
MnO, + 4HCI ——s MnCl, +2H,0 +.Cl, _ ()

Mn present in MnO, is undergoing reduction, therefore m iﬁ an oiid\sing agent CI of HCl is
oxidised, so HCl is a reducing agent 70\ \\U)




CONCEPT A‘%ESS%ENT EXERC'SE 2 \5 | ‘-._ O™
Identify the oxidising and reducmg agetms in the Follomﬁg i'eactwn
U CUQ * Hl‘\—) Cu +H,0

..
.\

|.]I JJllJJI

~ Activity 2.1: Identifying Oxidizing and Reducing Agents
Prepare solutions of ferrous sluphate (FeSO,) and potassium permanganate (KMnQ,) in

separate beakers. Transfer about 10cm® of ferrous sulphate solution in a test tube. Add
about IOcm‘ of dil. H,;80, in it. Now add a few drops of KMnO, the solution in the test

tube. What happens?

FeSO, reduces KMnO,, so its purple colour is discharged. KMnO, oxidizes FeSO, in this
reaction. FeSQ, is a reducing agent whereas KMnO, is an oxidizing agent.

How can you identify oxidizing and reducing agents in a chemical reaction?
Consider the following reaction that takes place in the manufacture of steel.
Fe,0, + 3CO——2Fe + 3CO, o /,J,, \\\ \\\ \

To identify the oxidizing and reducing agegts gvnl:ls oyt “Ehei\Q)EiaQ@\n Dsta’tes of all the
elements involved in the reactmn O \ ,,r\ ..f) \\ \ ,s “ \ '-,-4' ) )

J
J

w \Z{ﬁu-z}s ?1\\\ o +4(-2)2
N N J\J] ‘\ \ ﬁfd S+ 300——>2Fe + 3CO,
(i) ar“hl!)njs He‘fng oxidized because there is an increase in its oxidation state.
(ii)  Feis being reduced because there is a decrease in its oxidation state.
(iii)  The reactant CO contains the C that is being oxidized, so CO is a reducing agent.
(iv)  The reactant Fe,O, contains the Fe that is being reduced. So Fe,O, is an oxidizing
agent. '
Oxidizing or reducing agent is the whole molecule or formula unit and not the atom that
has undergone a change in oxidation number. The oxidizing agent facilitates oxidation by
accepting electrons, while the reducing agent promotes reduction by donating electrons.
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2.4 Electrode, Electrode Potentlal and EIQCtroche mlcal Series
2.4.1 The Galvanic Cell-;(l)aniet Cell)

When a Zn, roﬂis, Fﬂp ved ihto a copper(ll) sulphate solution, zinc atoms are oxidized to zinc
ions, and c&pper (I)ions are reduced to copper metal, which deposits on the zinc rod. The
following reaction occurs:

Zn,, + Cuy— Inig, + Cuy,

In this reaction, electrons flow directly

from the zinc rod to Cu" ions in solution.
However, if the electrons transfer from
the zinc rod to the copper ions in solution
could be directed through an external
circuit, the spontaneous redox reaction
could be used to generate an electric
current. But when a zinc rod dipped in
zinc sulphate solution in one container is
connected by a copper wire to the copper
rod dipped in copper (Il) sulphate solutiun S\ 75\
in a separate container, no current fl 'zm; Soliion| |\ [ " cuso, solution
through the external circuit. Howe\*erf -'\ \) ,\ iﬁg‘z 1: A'simple Galvanic Cell

when the two solutions- ar& eonneqteﬂ\ -

with a tube (salt hri ﬁlled Mth‘ a-solution of an electrolyte such as KCl, KNO, or Na,SO,,

the current ﬂﬂws ‘ ‘the external circuit,

The salt bndge allows the movement of ions from one solution to the other without mixing the two
solutions. It maintains electrical neutrality within the internal circuit of the cell by allowing ions
to flow between the two half-cells. This flow of ions prevents the buildup of charge in either half-
cell, which would otherwise stop the reaction and the flow of electricity. (See Fig. 2.1)

Half-cell, in which oxidation occurs is called an oxidation half-cell or anode half-cell. The
other half-cell, in which reduction occurs is called a reduction half-cell or cathode half-cell.
The reaction taking place in the oxidation half-cell is called the oxidation half reaction and
the reaction taking place in the reduction half-cell is called the reduction half reaction. The
electrode at which oxidation occurs is called the anode. The electrode at which reduction
occurs is called the cathode.

Zn has a greater tendency to lose electrons than Cu. Therefore, the Zn electrode acquires a
negative charge relative to the Cu electrode. The electrons flow from the Zn electrode
through the external circuit to the Cu electrode. The following half cell reactions occur at
the two electrodes.  FIE U

Atanode:  In,— Zn‘ +Ze (Oxidatlon half’rbaction)

At cathode: Cuﬁ, |+ Zg ——'-'—-r*) Cum (Reduction half-reaction)

AR QUL .
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Overall cell reaction AVZAA SR\ A
Zn, '* cuf;l";wl_._,zhw A 4.':um

An electrochem:cqt ¢eil m whlch a spontaneous redox reaction produces an electric
current is kmM as a galvanic or voltaic cell.

2.4,2 Cell Potential

The cell potential for a galvanic cell is literally the potential of the cell to do work on its
surroundings by driving an electric current through a wire. The work that can be accomplished

when electrons are transferred through a wire depends upon the push or force behind the
electrons.

The force with which electrons are pushed to flow through the wire from the anode to
the cathode is called the electromotive force or emf. It is measured in volts (V).

The emf produced by the galvanic cell is called cell potential (E° cell). It depends upon the
difference in the electrode potentials of the two half-cells joined in series. Thus the
electrode with a more negative reduction potential acts as the anode and the electrode with
a more positive reduction potential acts as the cathode. Thus under standard conditions
(1 mol dm™ concentration at 25 °C and 1 atm pressure), the reactton w}th amaré nggative E*
value occurs as oxidation (anode reaction). The reaction with &more pomtwe E" "value occurs
as reduction (cathode reaction). The wltaﬁd of ahy c;ll uhdef Standard conditions can be
calculated using tabulated, s}:andard , ﬁotentials‘tsee Table 2.1).

The combination of two half*cellk wﬂl \prod’uce a complete cell. The overall cell reaction is
obtained by suitaqw\, pﬁknbmiﬁg ‘the equations for the two half-reactions. Standard cell
potential Eg,,, Io kmf of the cell is the algebraic difference between the respective standard
reduction potentials of the two half-cells.

Eoceu = Eom_ E:uode

The cell potential has a positive value for any spontaneous redox reaction. The potential of
a galvanic cell can be measured with a voltmeter. However, a single half-cell potential or
the electrode potential cannot be measured directly. This is because one half-cell reaction
cannot occur without a simultaneous reaction in another half-cell. However, the relative
half-cell potential (electrode potential) can be determined by coupling it with the standard
hydrogen electrode (SHE) as a reference electrode, with a standard potential of 0.00 volt.

The standard electrode potential is defined as the tendency of a half-cell reaction to
undergo reduction relative to the standard hydrogen electrode. Its potential difference
developed when an electrode of an element is placed in a solution containing ions of that
element when all the components are in their standard state i.e. 1 atm. for gaseas, 1M for

solutions, pure solid for electrode, and at 25 °C. i e J¢ ___:;_-_.,__ \ (CONBY
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2.4.3 Standard Hydrogen Electrode

A standard hydrogen elecrmde (sHE) ‘consists of LI e _—
platinum foil coated. lmtl'l finely divided platinum, f
Ll

surroundeq by"h drogen gas at 1atm pressure in | ieemeu =
contact with 1M HCL solution at 298K, as shown in Fig. __‘
2.2, Its electrode potential is arbitrarily chosen as ﬂ
zero at all temperatures. - ﬁ B
I Coreres = phaniem bk

By convention, the half-cell potential for reduction of
H; to 4, gas or the potential for the oxidation of

nq)
H, to . in standard hydrogen, a half-cell is defined o o o saben
Fig 2.2: dard
as exactly 0.00V. ig 2.2: Standard Hydrogen Electrode
Reduction: (act as cathode)
2H,,, +26"——H,, B, 0.00V
Oxidation: (act as anode)
Hypy—>2H,,, + 20" E°HT i M 0.00v
S.H.E. can act as a cathode or anode depending upon the nature of the electrode '
it is connected to complete an electrochemical cell_ . ,I..J;-;- AN 75 \ o=

\~ N r-" C
I Nooo /\—'

The symbol E” designates a standard poteﬁtlati \e\II, lhe poﬁem}‘ial measured under standard
conditions (1M concentraﬁbn it atm presmi-e and 25 °C).

2.4.4 Methocr to| Jmeasure the electrode potentials
VR

The Stana Hycfrogen Electrode (SHE) is the primary reference electrode used to measure
the standard electrode potentials of other half-cells, such as copper and zinc. It has a
standard electrode potential of 0 V by definition.

Determination of Standard Electrode Potential of Zn**/Zn Electrode

An Electrochemical Cell is Setup in which a zinc rod is dipped in 1 M zinc Sulphate solution.
This half-cell is combined with a standard hydrogen electrode through a salt bridge. The
deflection of the voltmeter indicates that current is flowing from the zinc electrode to the
hydrogen electrode or the electrons are moving from the zinc rod to the hydrogen electrode.
Hence the zinc electrode acts as an anode and the SHE acts as a cathode. In this case, the

reading (Ea) by the voltmeter is 0.76 V. The cell can be represented as
Ing + 2H'aqy — an’{.q, + Hyg L&

Calculations

The E'ceu is 0.76 volt

E’cett = E Anode + ECathode A eI

0.76 = Euose+0  OF  E'amse 740.76V/ || \n o o

Hence oxidation potential of zincis g 7.3 V an O NE

the reduction potential of zinc wnll be -0.76 V. Fig 2.3: Measurement of Standard Electrode
\ |I\ \ \\_] | o\ Potential of Zn/Zn?* Electrode

il
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Determination of Standard Electrode Potenttnl of{u’*!Cu Electrode “

An Electrochemical Cell is! set up in, which a copper rod is dipped in 1 M copper sulphate
solution. This half-cell is combined with-a standard hydrogen electrode through a salt bridge.
The deflection of. the volﬂmeter indicates that current is flowing from the hydrogen electrode
to the copper) élé&rode or the electrons are moving from the hydrogen rod to the copper
electrode. Hence the copper electrode acts as a cathode and the hydrogen electrode acts as
an anode. In this case, the reading (EMF) by the voltmeter is 0.34 V. The cell can be
represented as

Cu¥aq +Hiy — 2H'wg  + Cuy
Calculations

The E” of the cell is 0.34 volt

EOCeu'Eom+Enamo¢e
0.34=0.0+ Eocm or Eocgzqc“ =+0.34V

Hence reduction potential of copper is 0.34Vand  Fi8 2'4;::::::: fg‘feg:,?:éjmz‘:&“““e
the oxidation potential of copper will be -0.34V. o)

Table 2.1: Reduction potentials of some elements,. fons aﬂdeﬂm;jou I'Id ) @

Reduction Half-reaction EY (Volts)

L +8=Li AL N
K+ s p AN oL 2.92

Ba® +2 ef_%Ba. - -2.90
Ca™+28 = Ca -2.76

Na" +18 = Na -2.71

Mg* + 2@ =Mg -2.38

AP+ 38 = Al -1.67

Mn* + 28 =Mn . -1.03

2H,0 + 28 = H, + 20H" -0.83

Zn**+28 =2Zn ' -0.76

Cr*+ 38=Cr -0.74

Fe** + 2e=Fe ‘ 044 OO\
PbSO, + 2 & = Pb+SO% 1o _a -:'?f J 40 3800~
NP +2 8= Ni N\ 0) UWS Uaas

Sn* +28 = Sn [N 0.4
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Pb*+28=Pb . - QVZWONEAR U g43
Fe™ +38 = Fe q h WAL QL= -0.04
2H" +2qF:H2 - 0.00
AgCl +e= Ag + CI +0.22
| Hg,Cl, +2 8= 2Hg +2CI" +0.27
Cu*+2e=Cu +0.34
' Cu’ +18=Cu +0.52
L) + 2e= 2 +0.54
Fe* +& =Fe® +0.77
Ag' +8=Ag +0.80
Bl +28 &= 2Br- +1.09
O, + 4H' +48 = 2H,0 M23 o
MnO, + 4H' + 28 = Mn* +2H,0 O\ {”? 3«1./??\ Nk
CrO} +14H' +68 =201 +7H.O| | ,- AN s
Cl, +28 = 2CI° Q“ \'\.r\._' A "\ \\ \\ P~ +1.36
20105'+ 12tk |+1w—¢.~*..di,+ 6H,0 +1.47
8H" + Mn& +58 =Mn* +4H,0 +1.49
PbO, + SO + 4H' + 48 =PbSO, +2H,0 +1.69
HO,+2H'+28 = 2H,0 +1.7
8,0;? +28= 2807 +2.00
F,+28 =2F +2.87

2.4.4 Determination of Cell Potential

A cell reaction consists of two half-reactions. Reduction takes place in the half-cell having
greater value of reduction potential. Oxidation takes place in the half-cell having the smaller
value of reduction potential. The equation of the half-cell reaction having a smaller value of
reduction potential is reversed and added to the equation of the half-cell having a greater
value of reduction potential. The sum of these two equations represenls cal( mattibn

Standard cell potential EZ,, or emf of the cell is- the atgebraie difference between the
respective standard reduction potentlals pf t,hem haliace!ls




Example 2.5

Calculate E’ cell for the Zl{ Cu cell and wﬁt\! cel[ reactions Predict the direction of electron
flow.

\ \\ '. =

Solution.'

Half Cell-reaction Reduction potential
i) Zn,, +28——7Zn,, - 0.76V

i)  Cuy,+26———Cu, + 0.34V

Data indicates that the reduction potential of the second half-cell is greater than the first.
Hence reduction reaction will occur in the second half-cell and oxidation in the first half-cell.
Reverse the first equation and add it to the second equation to get the cell reaction.

Zn, ]_—)an;q} +28& (Oxidation half-reaction)

Cu2|

(8q)

2+
Zn,,, + Cul,,, ———>Cu,,, + Zng,, (Cell reaction)

+28——Cu,, (Reduction half-reaction)

0 _ 0 0 [\ (Y
EGII — Ecl“hﬂﬂﬂ — Eaﬂﬂﬂﬂ ‘; ".II o — Fa \"'. \ ‘.l | », \ L@ e

0 — 0 0 "-.I-q'\ ..-r-l....;""- .f'/ \ A
Ew' p— EC T"EZI‘I _',__\\', \/ / )

SINIRNRETRTVE
Since E&m lé positive, the electrons will flow from the anode to the cathode i.e., from the Zn
Lelectrode to the Cu electrode. y

g \

Example 2.6
The standard reduction potentials for the following half-reactions are:

Nif., + 26" —Ni, E°=-0.25v

Mg?,, + 26" ——Mg,,, E® = -2.38V

Calculate EC,, for Ni-Mg cell, write cell reaction, and direction of electron flow, and ideiit*fv
the anode of the cell.

SOlUtiOI'\' - _ AN ‘

Data indicates that the reduction potential of the first" reactidn isf greater than that of the
second reaction. Hence reduction wrll occur m the flrst reacnon and oxidation in the second

reaction. Reverse the secmd reac{mn and aﬂd it to the first reaction to get the cell reaction.
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Mg,_,——>Mgm, +2e i.; IAnode\reacmnl R

NiZ* .+ 2e ﬂ_,; () {cathode reaction]

(aq)

NN ! _
Mé“]} |-|- Nl{.q) —-ngf;q] +Ni,, (Cell reaction)
Thus Mg will act as the anode and Ni as the cathode. Electrons will flow from Mg to Ni.

Ecen = Eaose — Emose
ES., - E%-E,
= -0.25 -(-2.38)
= 213V

Since E%y is positive, the Electrons will flow from the anode to the cathode i.e., from the Mg
electrode to the Ni electrode.

L ot

CONCEPT ASSESSMENT EXERCISE 2.6
The standard reduction potentials for the following half-reactions are: /:I/—‘* 0 \ \ \‘

Lt
.\rl'\/ \'. ( \ ‘\

a2 E! T mm AN f CElng
Flg) + 26 G| 2R \‘ L oy TR

Estimate EE," for CQIF céll\‘ wnf.e 1\.éll reactions, choose cathode and show the direction of
electron. ﬂmf \ H\] NN

CUI. + 2e —* CU{g}

2.4.5 Feasibility of a Chemical Reaction
Whether a chemical reaction is feasible or occurs spontaneously or not, can be inferred from

the sign of the sum of E values of the two half-cell reactions. If this value is positive, a

reaction occurs spontaneously or will be feasible. The negative value indicates that the
reaction is not feasible.

‘ !
(Exa mple 2.7
Is the following reaction feasible? '

Sn+Fe® ——Sn* +Fe
The standard reduction potential values are EJ, = - 0.14V, E? = - 0.44V

Solution

Oxidatian ] G\ (@
St + FG ——ﬁ‘—ﬂ sn"\? I"'._‘F.‘ﬁoll'l o




’Tt is clear from the above equation that omﬂgtlcm bt $n “ahd redud;lun c¥ Fe lS taklng place. 'Q
is acts as an anode and Fe as the cathode The abwé r‘éactiﬂn consists of the following two

half-cell reactions. f‘J A\ \“;I \ \\ {\ \L N\

Sn I\ ’=Sn x +«2§ ' (oxidation half-reaction)
J J|F16“J +2é-——-——>Fe (reduction half-reaction)
Egou = E:amoda _Eunnode
B, - -0.44V - (- 0.14V)
= -0.30V
As Eg,,, is negative, therefore the given reaction is not feasible. However reverse reaction
would be spontaneous.
] i J
CONCEPT ASSESSMENT EXERCISE 2.7

1. Using emf data, argue on the following:
(i) Can Mg displace Cu from a solution of Copper(ll) sulphate ?

2. Is the following reaction feasible? \ RN \| ; .? ;. \-. AN I
AL+ M0 = A WO/~

\ \ - |'_ J
The standard reduction poten .‘ x u LQ#E\\E\.,Q \sﬁ% E" == 1.18V

Q NI\E‘J\J ]\Jl L \2 5 Nernst Equation

The relationship between concentration and electrode potential is given by the Nernst
equation.

The electrode potential is influenced by the concentrations of the ions involved in the redox
reaction. The Nernst equation is a mathematical expression that relates the standard

electrode potential (E°) to the actual electrode potential (E) under non-standard conditions,
considering the concentrations of the reactants and products.

Mathematically Nernst equation is:
R‘r [oxidized species]
[reduc:ed species]
Where n = No. of electron transferred from the reduced species to oxidised species.
R = the universal gas constant. Its value is 8.314J/mol.
T = Kelvin temperature \
F = Charge of a mol of electron and the charge of 1 mol of electron is 9 646 x 1@' ¢mol: Y
[oxidized species] = Conc. of specnes with hggher erdat:mri sr,aq:a -
[reduced species] = Conc. of SPeClES mth lowér oxidation state.

R \ E ;'Ee 2 aoa RT, [oxidized species]

E=E®+

NN [reduoed species]

QNN N




Remember that [nx = 2.303logx _ 2 303RT ~2.303x8.314JK-mol"' x 208K
Eap0. 059 [oxidlzed spaclas] F 9.648x10*Cmol™
”(mmcbad Species] | = 0.0590C1=0.05V  since | 13/C = 1V
|
J NN

2.5.1 Electrode potentials and concentration

We have already discussed copper half-equation; it has the following standard electrode
potential.

Cu + 260 — Cu +0.34v

For this value of E° the Cu® ions should have a concentration of 1 mol/dm?. What will happen

if the concentration of Cu® ions is decreased by adding water? If you decrease the
concentration of any species in an equilibrium reaction, then according to Le Chatelier's
Principle the position of equilibrium shifts in such a way as to counter-act or nullify the
change. The position of equilibrium will shift to the left, increasing the concentration of Cu®*

jons again. Since E” measures the position of the equilibrium. The electrode potential would
become less positive. So, it will no longer be a standard potential.
Electrode potential measures how easily a species gains or losses electrons. It depends on the
concentration of the ions in the redox reaction. _ _--\\ ”’3'/6"‘"'\{" \(\)
. ,..\ a3 ..r’_; (C \\juVv

When the concentration of ions changes: L AartaNyY [ (eldo

1. An increase in the concentrationof }(&15 ie g\, gu*‘Y ions fbr copper electrodes) makes

reduction easier because. more\ uaniare \availabte to gain electrons. This increases

electrode potential; | |\
2. A decrease i¥ ani:eh‘tmtion ‘of ions makes reduction harder because fewer ions are

avajl t-electrons. This decreases the electrode potential.
The Nernst éﬁuaﬁon quantitatively predicts these changes.
Example: The standard electrode potential of the cu™/Cu system is +0.34V. What is the
electrode potential of a solution containing 0.5M Cu® fons?
Solution:

0.059, [oxidized species]

0
i [reduced species]

Nernst equation for Cu®/ Cu system is:

0.059 - [oxidized species]

Eoureion = Elournrc + [reduced species]

0.059
Ecumcu =0.34 + _bg_

=0.34+0.0295x (—0.301) /20
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- (CONCEPT AssEss.MENT ExERclsz 2. a
The standard electrode potentlat of FE_ X Fe®''is 0. TW What is the electrode potential of the
system contalmng 1 0 mdllf dm of Fe*' and 0.2 mol/dm’ of Fe*" ions? Ans: 0.811V

NI ]| U\
o 2.6 Electrochemical Series

Under the recommendation of the International Union of Pure and Applied Chemistry (IUPAC)
the half-cell reactions are given in the reduction reactions (Table 2.2) therefore E° values are
known as reduction potentials. However, the value of oxidation potential for an electrode can
be obtained by reversing the sign of reduction potential for that electrode. Note that the
given reduction potential values relate to standard conditions only. i.e.,1M solution of ions,

25°C (298K) and 1 atm. pressure. Changes in conditions will alter these values.

Such a list of arrangement of elements in the order of their standard electrode potential with
reference to standard hydrogen electrode is called an electrochemical series (Table 2.1).

2.6.1Activity Series of Metals

A displacement or replacement reaction occurs when an element dl;places mmef element
that is a part of a compound. The general equation, o ;\\'\J , \ g

Ry ¥k

A %XY): ;‘X*M’

‘In this reaction, atom A rép aces atqm 5( m\tpe cempcund XY. When Zn metal is placed in a

blue solution of copper (n su(phatej the blue colour slowly fades away and grey metal is

replaced by red- rpgp u,metal. In this reaction Cu ions in the solution are reduced to Cu
metal and Zq bhd 5.are oxidized to Zn ions (for details see section 2.1).

Zn,,,+ Cug,

(aq)

—>an, +Cu,,,

However, when copper metal is placed in a zinc sulphate solution, no replacement reaction
occurs. Table 12.1 shows that the standard reduction potential of copper is greater than that

of zinc. This means that it is easy to oxidize Zn to its ions and reduce Cu® ions to its atoms.
Thus, Zn can replace Cu® ions from its solution. For the same reason Mg and Al can also
displace cu® ions, but Ag cannot displace cu™ ions.

Similarly, it is observed that metals like Na, and K can displace H, from water but metals like
Cu, and Ag cannot displace H, from water. Metals are, therefore, ranked according to their

ability to replace other metals and hydrogen from their compounds. In this ranking metals
and hydrogen are arranged in order of decreasing ease of oxidation to their respective
jons in aqueous solution. This arrangement is called activity series (see Table 2.2).




Table 2.2 Activity series of common matals) AAN LN j _." S

& L‘ -] Ve H". .". -., ,f\ .". ".II"\_ I"--.»A__I'_'.:Il\u..-:-‘“'_'l -
K Very Active metals,\ A [N
Ba || React witt cold\ water. with the l1beration of hydrogen gas;
-~ S ) %“hﬂ‘u Na react violently with water),
ca || lso react violently with acids
Na J

Mg

Al

‘;‘: || Metals of intermediate activity:

Cr React with steam or with acids such as HCl with the liberation of H;
Fe

Cd

Increase in Reactivity

Co 7] | Moderately active metals

Ni || React slowly with HCI

;"I; Do not react with water

Hz Al -\ [ /-:;"’\\\‘\
[ \‘-. A \

- \\ ﬁ\“\\ '.\.\‘ |r\/\,
Cu Moderately noble metal;| H\ 7 ! { \ \\ Y
Do not react with yater,\pb ¢ hut }ehstf with omdi’zing acids such as HNO;
r"'-,\ I". W\ f )
A\

% e BT pelae :

eact only with aqua regia

1. Metals higher on the list transfer electrons to metal cations lower on the list. The greater
the separation between the species the more vigorous will be the reaction. For example,
when powdered barium is heated with lead (Il) oxide, a replacement reaction occurs. This
is because Ba is more active than Pb. Barium is oxidized to form barium oxide and lead is
reduced to elemental lead.

Ba,, +PbO,,,——BaQ,, +Pb,,,

On the other hand, when iron pellets are added to a solution of MgCl, no reaction will occur.
This is because Fe is below Mg in the activity series.

CONCEPT ASSESSMENT EXERCISE 2.8
Predict whether a replacement reaction will occur in the following instances., Dgfend your
conclusion. A (O)
a) Magnesium ribbon is in a solution of silver nitrate, - "\ | _ =
b) A copper plate is dipped in iron(ll) sulphate (FeSO,,) solutioil
c) Lead(ll) oxide is heated \ylthpo\m:iered zinc, |
d) Nickel wire is placgd int.a fa Saluﬁon of silver nitrate

- 1

\ \\ \ | ]|




2.7 The Relative Reactwuty' /G e c1és as'0x1dizmg Agents or
0\ \Reducing Agents

Electrode p o&ﬂthﬂ I'-'élhes lso known as reduction potentials, provide insight into the
relative react ity of elements, compounds, and ions as oxidizing or reducing agents. By
comparing reduction potentials, you can Jetermine the relative reactivity of species as
oxidizing or reducing agents. Those with higher reduction potentials are stronger oxidizing
agents, while those with lower reduction potentials are stronger reducing agents.

For Example

Consider the reaction reduction potentials for the following half-reactions.
W+ 267 — Cu E°=+0.34V
In" + 2 — In E=-076V

Note that Cu® jons have a higher reduction potential compared to Zn® ions. So, Cu® ions
have a greater tendency to gain electrons and thus act as a stronger oxidizing agent than Zn®
ions.

For Example - -\_\ /'j(@\\ 3\ \\
"N, f J‘\' =
Consider the reaction between potassium permangafpate {mr@i @h{i{ () sO[pi'late
(FeSO,) in an acidic solution. N ﬂ?)\ - -\\\ W\ R\SAED |
MO + BH' + 560 k\—( fmh“‘ ‘~+\\M E" = +1.52V
T\ \
‘j\\‘f\ e > e E =+0.77V

\] N
Here, MnO4 \ ldﬂs Haire a hlgher value of reduction potential than Fe"' ions. So, MnO,” ions

act as a strong oxidizing agent and Fe™ ions act as a strong reducing agent in this reaction.

2.8 Types of Electro-Chemical Cells

Devices, that convert electrical energy into chemical energy and vice versa, are known as
electrochemical cells. There are two types of electrochemical cells.

1) Electrolytic cells.
2) Galvanic or voltaic cells. (see section)

2.8.1 Electrolytic Cells

An electrolytic cell is a device that converts electrical energy to chemical energy by
electrolysis. Electrolysis is the process by which chemical reactions are stimulated by an
external electrical current. In electrolytic cells, oxidation takes place at the anode (positive
electrode) where electrons are lost. At the cathode (negative el,ectrod,e),f e(ﬁqtmns are
gained. The oxidation process results in the conyersion of etecthcat énemr into chemical
energy by stimulation of a non- spontaneousrreactiﬁﬂ ARRARAR




Electrolysis

Electrolysis is a prucessdh‘ whfeh ad\mknl renction occurs by means of an electric current
in a molten state in hl*l aqweeus state. The apparatus for electrolysis consists of an
electrolytic ce orhmg the electrolyte either in a molten state or in an aqueous state. Two
electrodes z e\placed in the solution. The electrodes are connected to a battery. The current is
carried from the battery through the wires by means of electrons (metallic conduction). Within
the cell, the current is carried by the anions and cations of the electrolyte (Electrolytic
conduction). The electrodes serve as a point where conduction changes from metallic to
electrolytic or vice versa. At each electrode, a chemical reaction takes place in which electrons
are gained by the ions in solution at one electrode, Simultaneously electrons are released by
some substance at the other electrode. These electrons are returned to the battery through the
connecting wire. Thus, oxidation-reduction reactions occur at the electrodes. The electrode at
which oxidation occurs is called an anode. The electrode at which reduction occurs is called as
cathode. The changes, that occur at the electrodes, depend on the relative oxidation-reduction
tendencies of the substances involved.

Units

The SI unit of charge is the coulomb (C). It is the charge on é. 25x10' electron; {.huugh the
coulomb is the usual unit for measuring charge, the chemist finqdﬁ.:that am@ r,oh :nient unit
is the Faraday (F). It corresponds to the arge c; met;l\tiyone chg/Q} electrons and amounts
to 96487 C. The Sl Unit of current is \tbe res, r\gl‘i is| the 3 qrnount of current flowing when
one coulomb passes a spgc'i’(icvpoitlt\in ong ) second. Frequently, an ampere is referred to as “a

coulomb per second”. '\ A\ L\
\ )

2.8.4, Fqgtopb\lhauéncmg the Products of Electrolysis
Electrol?sihnvolves the use of an electric current to drive a non-spontaneous redox reaction.
The substances liberated during electrolysis depend on the following factors.

¢ The state of electrolyte

« Position in the electrochemical or redox series
o Concentration of the electrolyte

1. The state of electreolyte:

Electrolytes are substances that conduct electricity when dissolved in water or in their
molten state. When molten electrolyte is used, its cations and anions are discharged at the
electrodes. But aqueous solutions of electrolytes contain both ions from dissolved electrolytes
and that of water. In this case, water molecules may produce H, at the cathode.

2. Position in the Electrochemical or Redox Series:

The position of substances in the electrochemical series can give an indication of their
tendency to be reduced or oxidized during electrolysis. Generally, substances higher in the
series tend to be reduced, while those lower in the series tend to be oxidizeéd(\In aqueous
solutions, cations less reactive than hydrogen are prefereqtiql@ discharged at the cathode
e.g., Cu® ions. But cations more rencm:e ;han Hydrbgen do hor&ischarge and remain in

solution e.g., Na“, Mg e{:c ln this casq. .yuater nwlecules are discharged at the cathode to
liberate hydrogen. ¢ \ PR
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3. Concentration of Elect::c lyte

The concentration of ions in the etectro\yte solunons also affects the ease with which they
are liberated d:i{ng e!gctrolysis. fﬁgher concentrations can favour the liberation of certain

ions. The.

lower concentrations are not discharged, instead, water molecules are

drscharged

The following examples show how the identities of substances liberated in electrolysis depend
on specific electrolytes, their constituent ions as well as their position in the electrochemical

series.

1. Electrolysis of fused NaCl
At anode: 2CI — Cl, +2e
At cathode: 2Na” + 2¢ — 2Na

Net reaction:  2Na'+2CI" — 2Na +Cl, .
Electrolysis of concentrated aqueous NaCl (brine)
Since the solution contains a higher concentration of Cl ions. So, they are discharged at

the anode instead of OH jons. Na' jons being more reactive than hydrogen remain in
solution and are not discharged. Instead water molecules are discharged attﬁe \pathode

At anode: 200 — C, + Ze o ‘\\J(‘\\' | f,\d“:
At cathode: Mo 4 2 u;, " qt-q“ SR\SR s

Net reaction:  2H,0'% &cm o\, 200

Electrolysis of r:k{ptﬁ aqueou: N’aCI

In d1lum Sq&eus ‘NaCl solution, CI ions have a lower concentration. So, chloride ions are
not discharged at the anode. Instead, OH ions are discharged at the anode. Here again,

Na  ions being more reactive than hydrogen remain in the solution and water molecules
are discharged at the cathode.

At anode: 40H — 0, +4e +2H,0
At cathode 4H0 + 4¢ — 2H, +40H
Net reaction: 4H,0 — 2H, + 0,

2.9 Relation Between the Faraday Constant, Avogadro
Constant, and the Change on the Electron

The amount of a substance produced at an electrode duﬁﬁg electrolysis depends on the
period of time for which a constant current is passed and the quantity of charge in coulombs

that passes through the electrolyte. The relation between current and time i& ~

1A

Q=1Ixt N
Where, Q = Quantity of chamé in couloml:s (G)
| & 'ClhrrEﬂt in Ampere (A)
F- time of electrolysis in seconds(s)

N l|\"J k




The quantity of electricity can be expresded by Faraday con!tant (F) One faraday is the
amount of electric charae can-ied by one molg bl‘ e\ectrons b

Charge on one electron | =\ 1.60217662 x 10" C
Chme_nn\_ e qtaohelectrons " - 1.60217662 x 10 C x 6.022 x 102 per mol
= 96485.332 C/ mol

It is therefore concluded that 96485.332 C is the charge on one mole of electrons. This
quantity of charge is referred to as one Faraday. Thus, the quantity of the change in
electrolysis can be determined from the number of Faraday's of charge, which passes. For
most calculations, the value of the Faraday will be taken as 96500 C.

The relationship between the Faraday constant (F), Avogadro constant (N.), and the charge on
the electron (e) can be expressed by the equation:

F=Ny-e

where:
F = the Faraday constant (charge per mole of electrons),
Na = the Avogadro constant (number of entities per mole) = 6.022141 x 10% per mol
e = the elementary charge (charge on a single electron) = 1 60217662 X 1[1 “’c\

For example k)
LT\ Na"re\\\ —«p\ Wa/ -
To deposit one mﬂf Na, the amount of electricity needed is 1F (96500 C).

J|‘“\JI Cu*+2¢ — Cu

But to depnsit one mole of Cu, 2 mole of electrons are required. So, the amount of electricity
needed is 2F.

\

rEx:;\mple 2.8

In the electrolysis of molten ZnCl,, how much Zn can be deposited at the cathode by the
passage of 0.01-ampere current for one hour?
Solution
0.01 Amp. for one hour carries charge =0.01 x 1 x 60 x 60
=36C
Since 1F = 96500 C
Therefore, 36C = 3 mo-‘ Faraday zl--;.j'f_:;'_'-i_'-;
In molten Zinc chloride, the cathode reaction ARG
2+ 20" ——~—*—+Zn WO\ s e
2F current = 1 mol oﬁZn -
SN

*—1]—*]-[1W1 1 -




1F current = 3 mol of Zn

3.?x10"Fcurrent:- xz,yxw*
-1 BSxiﬂ"molonn

Massqutn&w nlx molar mass
= 1,85 x 10" x 63.37
= 0.012
\ il
(f

Example 2.9
A constant current was passed through a solution of AuCl; ions between gold electrodes.
After a period of 10.0 minutes, the cathode increased in weight by 1.314 grams.

i) How much charge was passed?

fi) What was the amount of current?

iii) What volume of Cl, was collected at the anode at 1 atm and 25 °C?

Solution S R ¥ ﬁ;\,
The reaction at the cathode is the reductlop of Au (Ill) (mM metal k \
AuCl; +3e ——— Au+4CI" U 7 A\ 3 \: 4 " ;" e
It means that for evgry‘ F;r@day nf we\keétncity used up, 1 mole of Au is produced.

‘- \ \ 'u, RS
Moles of Au (] | 5 \\) ) 1.314gAu = 6.67x10°
\_,\“\;J\h\,-. 197g/mole of Au
i) " Charge = 6.67x10° mole Au x 3 Faraday
mole of Au
= 2 x 102 Faraday
ii) Current = Charge
Time(s)
Time = 10 mins = 10x60 = 600s
“Current = (2x10°°F)(96500C / F) = 3.22A.
600s

iii) The reaction at the anode is the oxidation of CL ions.
2CF ——Cl, +2e" 2\ O
For every 2 Faraday of electricity, 1 mole of Cl, was prodw:ed \oo~=
For 1 Faraday of electricity =1/ 2 mo!es of Cla WHS pmdu:ed /




o ]1J| RIS n= 1 X 1‘2!rz mol
W ] | NN P = 1atm
| T = 25 + 273-298K
R = 0.0821atm.dm’mol
V=1
Volume of Cl, produced can be calculate by the following formula

nRT
V=
P

-2
_1x10?x0.0821x298  _ ,4ey o
\_ 1 y,

2.10 Experimental Determination of Avogadro Constant By
/,_. \I'. f.ll"ll\"\'\

Electmlytlc Method, 1S\ (¢

\y

Electrolysis provides a concrete way timeasure\ Awghdro\ C”onstant experimentally. In
this experiment, a known elec 'yte isleled:ro‘lysed “The mass of metal deposited at the
cathode is determmedrBy r.iakslng amperes of current for a known time. Suppose you
electrolysed ASFQ)\IHMM electrodes. The experimental data shows that when 0.1 amperes
is passbd f&NLXactly 30 minutes through the aqueous solution of silver nitrate solution, the
amount of Ag deposited on the cathode is 0. 201g. From this data, you can calculate the
Avogadro Constant as follows;

I =0.1amp
t = 30 min.= 30x 60= 1800s
Q=1 xt
Q= 0.1x 1800
Q= 180 Coulombs
Mass of Cu produced = 0.201g
This means 0.201g of Ag is produced by 180C of electricity.
So, 1 mol or 107.868g Ag would require = 180/0.201 x 107.868
= 96598.209 Coulombs
This charge must be present on electrons produclng 1 mOI of Ag

Cathode Reaction: #g e * 1e \ A




This equation shows that 1 mole of electrons gives1 molq of Ag N ,"\'}-5'"’. ‘-. A o
So, the charge on 1 nﬂeofelecmns-%m 209(: T
Asthechariennoneelecwnis’ 1 ﬂzx Ttl"'C
Therefore the number. q( e!ectmns ‘in one mole = 96598.209 C/1.602 x 107°C

N N = 6.0298 x10”
This value is very close to the accepted value of 6.02214 x102

CONCEPT ASSESSMENT EXERCISE 2.10
1. An electrolytic cell is connected to a power source for two hours. If the current
flowing through the cell is 0.5A during this time. Find the mass of the substance
liberated during this time interval. (the molar mass of the substance is
107.9g/mol.)
2. Calculate the charge in coulombs when 3 moles of electrons flow through a circuit.
3. Calculate the mass of silver deposited at the cathode during electrolysis of AgNO,

solution, if you use a current of 0.1A for 20 minutes. B ~M f’{"

— N

— ‘., =lia \

I'

2.11 Winkler Methad for BiOIQgicaI Oxygen Demand

The biological oxygen defiand: (BOD) is Mmmm of oxygen used to decompose the organic
matter in a sample of water\ over a ‘specified time period, usually 5 days, at a specified
temperature.; (A h‘JBBB indicates a greater quantity of organic waste in the water, which
means a low “tevel of dissolved oxygen. Dissolved oxygen is used as an indicator of the

health of a water body, where higher dissolved oxygen concentrations are correlated with
high productivity and little pollution.

The Winkler Method

The Winkler Method is a widely used redox technique to measure dissolved oxygen in
freshwater systems.

The principle of the Winkler method

Oxygen present in a water sample is used to oxidize iodide fons into iodine. The amount of
jodine produced is determined by titrating with a standard sodium thiosulphate solution. The
amount of oxygen present in the original sample of water is determined from the titer,




ACTIVITY 2,2: DETERMINING quaigﬁ, PRESENT IN\A WATER SAMPLE
J'\ \ Y o '.. -,I 2N ':I--'? N, A

Materials Required | || || |||\

Jr (300! BOD bottle

![\s - Manganese(ll) sulphate solution 2 cm’
o Alkali iodide azide 2 cm’
¢ Conc. H,50, 2 cm®
Potassium iodide solution 2 cm’.

Sodium thiosulphate solution 0.1M
Starch solution 2 cm?

Procedure

e Collect sample water in a 300 cm® BOD bottle. To do this, the BOD bottle is immersed
in water, remove the capunder water, fill the bottle with water and, put the
cap under water.

Add 2 cm’® of alkaline iodide azide solution (an aqueous solution of 32.7% NaOH + 15%
KI + 1% NaN3) and close it with the cap. Then add 2

cm® of manganese(ll) sulphate solution. Swirl the sample bottle a fmw\tﬁms Oxygen
dissolved in the alkaline solution oxidizes the rngug@nerw(jl) ibnsm- )\

manganese(lV) oxide, which ;s a\b"m plgecipitate/“

w \'ﬂl "' WP‘K" ﬁlﬁn}-“"'mnoz (s) » 2H,0 o

Add .2 cm cmcﬂﬂzsm and then 2 cm?® solution of potassium iodide, KI, to the
-sel !qp pfecipitate will dissolve into a solution, so Mn(IV) is reduced back to
ﬁnﬁ: ) hberating iodine in the process.

- - 1+
MO, ) + 20 aq) + 4H ag) — MN"(ag) + lyjpqy * 2H,00)

Start the titration process. Titrate 201 cm® of above water against standard sodium
thiosulphate solution until the solution turns pale yellow. Now add 2 cm’ starch
solution as an indicator. The solution will turn blue. Continue to add sodium
thiosulphate solution till the blue colour just disappears.

?51032_“, + e — S‘O‘z_m, + g
The above stoichiometric equations show that:
1 mole of O, — 2 moles of MnO, — 2 moles of |, — 4 moles of S,0,*

Therefore, after determining the number of moles of iodine produced, you can work
out the number of moles of oxygen molecules present in the original water sample

11

The oxygen content is usually presented as mg/drn nr Pprrt '._:__ uu*t
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Redox reactions 1.e qxidation\ and reduction reactions involve the transfer of
electrons or sqange in oxidation numbers.

Redox equations can be balanced by using the oxidation number method and fon-
electron method.

The driving force behind the spontaneous redox reaction is called the cell potential.

The magnitude of cell potential depends upon the conditions under which the
measurement is made. Under standard conditions, all solutions have 1M
concentration; all gases have a partial pressure of 1 atm. The standard potential for
the reduction of H* to hydrogen gas is arbitrarily taken as zero volts.

In a galvanic cell, oxidation and reduction reactions take place at separate
electrodes and electrons flow through the external circuit. These separate parts of
the galvanic cell are half cells. The reactions which occur at these half cells are the
half-cell reactions. A salt bridge allows the ions to flow between the half cells.

In a galvanic cell, oxidation occurs at the node, reduction occurs at cathode and the
electrons flow in the external circuit from the anode to the cathode. N

Voltaic cells use a spontaneous redox reaction to drive an eiectric current thraugh a
wire. Whereas, the electtolytic ,t:jlls ,05& an| qteqiric Current to drive a redox

reaction. A\ 70\( 0 \'}‘ y
The quantity of‘eleémdty mby tmole of electrons is called a Faraday. It is
equal to 96,.5Q?cwombs* A

In, e@c&n‘&l&ﬂs electric current from an external source drives a non-spontaneous
chemical reaction. The amount of chemical reaction that takes place in electrolysis
is directly proportional to the quantity of charge transferred at the electrode.

A battery is a galvanic cell or a group of galvanic cells connected in series. Some of
the well-known batteries are the dry cell, the nickel-cadmium battery, the lead-
storage battery used in automobiles, fuel cells, etc.

The corrosion of metals is an electrochemical phenomenon.

References for further learning:

Bodener and Pardue, chemistry an experimental science 2/e
Steven 5. Zumdahl, Chemistry

Zumdahl, introductory chemistry third edition

Olmsted and Williams, chemistry, the molecular science
Silberberg, chemistry, the molecular nature of matter and change _ — a0
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of\ EXERCISE

1. Multiple ChoicIe QUestions (MCQs)
I, Which of the following elements is reduced in the reaction? 2Na+Cl,—+2NaCl

a) ‘Na b) Cl ¢) Both Na and Cl d) Neither Na nor Cl
ii. In the reaction Fe+CuSO+—FeS0.Cu, what is the reducing agent?
a) Fe b) Cu c)So.r d) CuSO,
fii. What is the oxidation number of sulphur in Hz504
a)-2 b) 0 c) +2 d) +6
iv. Which of the following best describes the process of oxidation?
a) Gain of electrons b) Loss of electrons
c) Gain of protons d) Loss of protons
v. In the electrolysis of water, which substance is liberated at the cathode?
a) H, b) 0, c) H,0 d) OH"
vi. Which of the following metals would not react with | HCl to produca Hzx!#%?\ \)
a) In b) Fe 5 \9 ara WY [ (ed \cdyMg
vii. The Winkler method measums the cdnceﬂtmtiun of which substance to determine BOD
a) o, ‘b)rco \ TN N, d) H,
vilf. In a rgdorr@abtim; the o:ddizing agent:
a‘) Los etectrons b) Gains electrons
c) Loses protons d) Gains protons
ix. The standard electrode potential of the hydrogen electrode is defined as:
a)ov by1v c)-1V d)osyv

x. What is the relationship between the Faraday constant (F), Avogadro’'s number (NA),
and the charge of an electron (e)?

a) F=Nyxe b) F=e/N, c) F=Ny/e d) F=e2xN,

2. Short Answer Questions

Explain the following with reasons.
i.  The oxidation potential of Zn is +0.76V and its reduction potential is -0.76V
fi. A salt bridge maintains the electrical neutrality in the cell.
fii. Na and K can displace hydrogen from acids but Cu and Pt cannot A0\
iv.  Define oxidation in terms of electron transfer. | “a:\ .
v.  What is the oxidation number- of oxmm m HZO,?
vi. Identify the redm;fng a,gent in the reaction

In+Cu”— z? ! Cu

N WAL
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vii.  State the purpose of the Winkler mettmd

viii. Explain what happens at t;hé anode durlngthe electrolyﬂs of aqueous sodium
chloride.

ix. What doeq al pbslthre standard electrode potential indicate about a substance's
tendency to gain electrons?

x.  Calculate the oxidation number of chromium in K,Cr,0,

xi.  Describe the role of the standard hydrogen electrode in electrochemistry.
xii. What is the significance of the activity series of metals?
xiii. How can you deduce the feasibility of a redox reaction using electrode potentials?

xiv. Bauxite ore is used for the commercial preparation of Al. For this purpose, bauxite
ore is first purified to produce pure alumina, ALO,. Alumina is then electrolyzed.

The following reaction occurs:

2A1,0,,, —4Al,, + 30,

Calculate the mass of Al, that collects at the cathode and the volume of oxygen
that collects at the anode when ALO, is electrolyzed for 10 hours with a ‘Lﬁampere
current at 1 atm and 25°C. ~Q\/ \ L s\

(Ans: mass of Al=50.36g, volume of 6xygen-34 zOdm%) =

xv.  Which of the following ;omnwnds ll gfv;‘e moré mass of metal when 15 ampere
current is passed th of these salts for 1 hr.
(a) Naﬁ:l N . (b}ﬂatlz
(Ans* a&wﬂt give more Na)
xvi. How m&ny hours would electroplating have to be continued at the rate of 5 amperes
if 75g of copper is to be deposited from CuSO, solution?

xvii. Differentiate between the following
(a) A galvanic and electrolytic cell
(b) Oxidation half-reaction and reduction half-reaction

xviii. An electroplating apparatus is used to coat jewellery with gold. What mass of gold
can be deposited from a solution that contains [Au(CN), ]'1 ion if a current of 5.0

amperes flows for 30 minutes? The following half-reaction occurs;
-1
Au(CN e —— 4CN,
[ u )‘ w Al + = (Ans: mass of gold =6.12g)
xix. Construct redox equatmns using the following half equatlons
(@) SO, — HSO, e

AR '\l [ ( C il
|
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(e) N
— AsO,
xx. In the reaction between potassium permanganate and iron(ll) sulphate in an acidic
solution:
MnOs  + Fe* — Mn* + Fe”

a) Identify the oxidation states of manganese and iron before and after the
reaction.

b) Explain which species is oxidized and which is reduced.
¢) Balance the redox reaction using changes in oxidation numbers.
d) Identify oxidising and reducing agents.

xxi. Explain why magnesium can displace zinc from zinc sulphate mlnﬂan butéupper

cannot. 5 ‘\‘  \( \ N[(elo

Predict the outcome of plac mné ;_mp ng topperuh sulphate solution, including
the balanced d?ghicat aqua\ \-\ N
3. Long Answet;\ﬂlueéh‘ons
Explifnihe process of balancing a redox equation using the oxidation number method.
Include an example.

ii. Describe the Winkler method for measuring biochemical oxygen demand (BOD) and its
importance in assessing water quality.

iii. Explain how the activity series of metals can be used to predict the outcome of
displacement reactions.

iv. Describe the construction and function of an electrolytic cell.

v. Calculate the mass of copper deposited at the cathode during the electrolysis of
CuSO4 solution when a current of 2 A flows for 30 minutes. (Faraday’s constant = 96500
C/mol, Molar mass of Cu = 63.5 g/mol). Ans: 1.18g

vi. Balance the following equations by the oxidation number method.
a. MnO, + HCl——MnCl, +H,0 +Cl, B
b. HNO, + HI——NO +1, +H,0 e O
- Ag+H,S+0,——Ag,S ++I,O \ 0 WY/ (edo
d. Zn+HNO, ——¥Zn(NO;), +NQ{H,G ST

e. Cu+Hz$P4--——--+CuSO +SO +H,0
NN

N ]I\"
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vii. During the electrolysis of molten sodium mwﬂﬁe -
a) Describe the process occurring at the anode and the cathode.
b) Calculate th¢ tqgal charge passed through the cell if a current of 3 A is applied for 2
hours [\ [\ Ans: 21600 C
viil. Consider the following half-reactions and their standard electrode potentials:
Agg + e = Ag Eo =+ 0.80V
" v 20 o In Eo = - 0.76V
a) Calculate the standard cell potential for the galvanic cell constructed with these

half-cells. Ans: 1,56V
b) Predict the direction of electron flow in the cell.

¢) Using the calculated cell potential, discuss the feasibility of the redox reaction in

this cell.
ix. Acurrent of 1.0 A is passed through a solution of AgNO, for 965 seconds.
(2) How many Faradays of charge were passed? Ans: 0.01F
(b) How many moles of silver would be deposited? Ans: .01 moles

THINK TANK K

./

1. Predict the outcome of mixing aqugous:gplu,tiom of F‘eSG; and hgﬂoa w1th Cu based on
their standard electrnde potentials E)q&lain yqur re,asoﬂing
2. Using the Nernst equaﬁm, oal(cula“;e ll@cell potentlal of a galvanic cell with the
following half- m;cﬁons* Zn**s2e-—1In (E* = -0.76 V) and Cu® +2e"—Cu (E° =+0.34V)
if the donehitration of Zn is 0.1 M and Cu™ is 1.0 M. Ans: 1.39V
3. A voltaic cell is constructed using a copper electrode in a 1 M copper(ll) sulphate
solution and a zinc electrode in a 1 M zinc sulphate solution:
a) Calculate the cell potential under standard conditions using the given standard
reduction potentials:
E"(Cu™/Cu) = +0.34V
E(Zn™/In) = -0.76V Ans: 1,10V
b) Discuss how the Nernst equation can be used to predict the effect of changing the
concentration of Cu® ions on the cell potential.

PROJECT

Discuss the environmental implications of high BOD levels in water bodies and the potential
sources of this pollution.




