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15
ELECTROCHEMISTRY Hotes

E lectrochemistry deals with the conversion of electrical energy into chemical energy
and vice versa. When electric current is passed through an aqueous solution of certain
substances or through molten salts, it causes a chemical reaction to occur. On the other
hand, indry cells, button cellsor lead acid batteries chemical reactions occur which produce
electrical energy. In thislesson you will study some aspects of these processes.

After reading thislesson you will be ableto:

understand oxidation and reduction in terms of electron transfer concept;
calculate oxidation number (ON) of an atominamoleculeor ion;

bal ance the chemical equation for redox reaction;

explain electrolytic conduction, conductance and molar conductivity;

describethe effect of dilution on conductivity and molar conductivity of an
eectrolyte;

differentiate between el ectrolytic and Galvanic cell;

state standard electrode potential and useit for calculation of standard
electrode potential of acell;

explain standard Hydrogen el ectrode;

describe el ectrochemical seriesand its application;

state effect of concentration on electrode potential (Nernst equation);
solve numericals based on Nernst equation and

find relationship between emf and Gibbs energy change.
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15.1 Oxidation and Reduction as Electron Transfer Process

Oxidation and reduction reactions constitute avery important class of chemical reaction.
The electronic concept looks at oxidation and reduction in terms of electron transfer :
processinwhich an atomor ion looses one or more el ectron to the other iscalled oxidation
and the processin which an atom or ion gains one or more electron istermed asreduction.
In the formation of NaCl from Na and Cl

Na— Na + e (lossof e by Na; oxidation)
Cl+e > ClI- (gain of e by Cl; reduction)

Sodium undergoes oxidation and chlorine undergoes reduction. Here, sodium helpschlorine
to undergo reduction and thereforeit is called areducing agent or reductant.

A reductant isaspeciesin achemical reaction which loosesits el ectron to another reactant.
Chlorine, on the other hand accepts el ectron, thereforeit isan oxidising agent or oxidant.
An oxidant is a species which accepts electronsin achemical reaction.

It may be noted that oxidation and reduction processes do not take place independently but
occur ssimultaneoudy and arethus called oxidation-reduction reaction or redox reactions.
A redox reactionisasum of oxidation and reduction half reactionsin achemical reaction.

15.2 Oxidation Number

Itiseasy toidentify speciesundergoing oxidation or reductionin simple molecules. However,
inpolyatomic molecules, itis difficult to do the same. Inthe example of NaCl taken earlier
it was easy to identify as sodium undergoing oxidation and chlorine undergoing reduction
but in the reaction involving ferrous sul phate with potassium permanganate (KMnO,) itis
difficult. Therefore, anew term called Oxidation number hasbeen introduced, Oxidation
number isthe apparent charge which an atom appearsto have when each pair of electrons
is counted with more elecronegative atom. Oxidation number is always assigned to an
atom. It is a number written with +ve or — ve sign. The number indicates the number of
electrons that has been shifted from an atom towards a more el ectro-negative atom, in a
hetronuclear covalent bond. The +ve sign for the atom shifting its electron away from
itself and —ve is given to more electro —ve atom. The concept of Oxidation Number
is based on the assumption that in a polyatomic covalent bonding, shared pair of
electrons belongs to more electro—ve atom. Oxidation state (OS) is also used for Oxidation
Number.

15.2.1 Rules for Assigning Oxidation Number
Thereare certain rulesthat arefoll owed for computing the oxidation number of an atomin
amoleculeor ion.

1. Oxidation number istaken aszeroif atomsare present in € emental form. For example,
O,, Na, P, are elemental forms. They have oxidation number zero.

2. The oxidation number of a monatomic ion is the same as the charge present on it.
For example, Nat, Mg?, Al¥*, Cl-, S will have oxidation no +1, +2, +3, -1, -2
respectively.

3. The oxidation number of oxygen is —2 in almost all the compounds except (a) in
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peroxides e.g. Na,O,, H,O, where oxidation number is -1 and (b) super oxides

L. 1
(KQ,) where it is -5

The oxidation number of H is +1 when combined with non-metal and is —1 when
combined with metal e.g. in HCl the O.N. of His+1 butin CaH, itis -1.

The Oxidation Number of alkali metal is+1initscompounds.

In acompound made up of different elementsthe more el ectro negative element will
have negative oxidation number and less electro negative atoms will have positive
oxidation number e.g.inN Cl,, N has +3 oxidation number and Cl has -1 oxidation
number.

The sum of the oxidation numbers of all the atomsin aneutral compound is zero.

Inapolyatomicion, the sum of the oxidation numbersof al theatomsisequal tothe

chargeontheion. eg.in CO§‘ , the sum of oxidation Number of carbon and oxygen
is—2.

Let usillustrate the above rulestaking few exampl es. The oxidation number of S, N and Cl
atomsin: (@) H,SO, (b)NO-, (c) CIO, respectively will be calculated as

() 1. Let the oxidation number of sulphur be x.

2. Since the oxidation number of O is —2. Therefore the sum of four O atoms is equal
to -8.

3. The oxidation number of each H is +1 as bonded to a hon-metal so two H atoms

havetotal oxidation number of +2.

4. H,SO,isaneutra molecule. Thereforethe sumof all the oxidation numbersisequal

to zero. Thus

+2+x-8=0

X=+6

Therefore oxidation number of sulphurinH,SO, is+ 6.

(b) NO, first assign —2 oxidation number to each O atom. Here the sum of the
oxidation number of all the atomswill equal to charge present onthe
ion.

X—-6=-1

X=+5

oxidation number of N is+5.
(©) In CIO, X—8=-1
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The redox reaction can be balanced by any of the following methods:
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(@)
(b)

Oxidation number method.

|on electron method.

15.3.1 Balancing by Oxidation Number method.

The stepsinvolved in balancing redox reactions by this method are asfollows:

@

)
©)
(4)

©)

(6)
()
©)

©)

Writethe skeletal equation of reactioni.e. chemical equation without the stoichiometric
coefficient.

Write the oxidation number of each atom above its symbol in the equation.
Identify the atoms undergoing changein oxidation number.

Calculate the increase or decrease in oxidation number per atom for the atom
undergoing achangein oxidation number. If morethan oneatomisinvolved, multiply
theincrease or decreasein number with the number of atoms undergoing the change
to determinethetotal changein oxidation number.

Equate the increase and decrease in oxidation number on the reactant side by
multiplying theformulae of the oxidising and reducing agents suitably.

Balance the equation with respect to all the atoms except hydrogen and oxygen.
Finally balance H and O also.

If the reaction is taking place in acidic medium balance the O atoms by adding
required number of H,O molecule on the side where O atoms are lessin number.
Balance the H atoms by adding H* to the side deficient in H atoms.

In the basic medium by add required number of negative charges by adding required
number of OH-ionsto the side deficient inthe magnitude of charges, thenadd H,0
molecules to balance OH- ions.

For example : When Phosphorusistreated with nitric acid, nitric oxideisformed.
Theskeletal equationis

P+HNO, — > HPO,+NO+H,0
Write the oxidation number of each atom on the given skeletal equation

0 +1+5-2 +1+5-2 +2-2 +1-2

P + HNO, —— HPO,+NO+H,O

Pand N are undergoing change in Oxidation Number.

| |
+2
0 +5 increasein ON =5 *S

P+ HNO, HPO; +NO + H,0
I |

decreasein ON =3
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4. Equatingtheincrease and decreasein Oxidation Number of Pand N on the reactant
side
3P+5HNO, —> HPO,+NO +H,0
5.  Baancethe Pand N atoms on both sides of the equation
3P+ 5HNO, — = 3HPO, + 5NO + H,O

6. OandH arealready balanced in the equation.

Notes

15.3.2 Balancing by lon Electron Method

Thismethod is based on the principle that el ectronslost during oxidation half reactionis
equal to the electrons gained in the reduction half reaction. The stepsinvolved are

1.  Writethe skeleton equation.
2. Writetheoxidation number of al the atomsabovetheir symbolsinthe skeletal equation.

3.  Find the atoms undergoing change in Oxidation Number. Thus find out the species
getting oxidised and reduced respectively.

4.  Splitthewhole (net) equationinto two half reactionsi.e. oxidation half reaction and
reduction half reaction.

5. Baancethe atoms, undergoing change in oxidation number in each half reaction.

6. Cadculatethetotal changein oxidation number ineach half reaction whichisequal to
total number of electron transfer.

7. Add total number of electron transfer as calculated above on the reactant side in
reduction half and on the right hand side on the oxidation half reaction.

8. Baancethe chargesby adding H* (for reactionsin acidic medium) or OH- (reactions
basic medium) either onleft or right of equation.

9.  Finaly balance H and O by adding H,O on the required side of the reaction.

10. Add the two half reactions such that total number of electrons cancel out on both
sides. To do so half reactions may be required to multiplied by some numbers to
make the number of electrons equal on both sides.

15.3.3 Example of Balancing
Eample 15.1: Balancethe following skeletal reaction by ion electron method

Cr,05" + Fe® ——> Cr¥ + Fe*" in acid medium
Referingto therulesgiven:

Sep | and 11
Write the oxidation number of the atoms above their symbol in the skeletal equation

+6 +2 +3 +3
Cr,05 + Fe** —— Cr* + Fe**
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oxidation number of Cr isdecreasing soit isundergoing reduction.
Sep IV : Split thereactionsin two half reactions
(@) Reduction half reaction

Notes Cr,05 ——> Cr®

(b) Oxidation half reaction
Fe¢*— Fe*

Balance thefirst reduction half reaction
Cr,0° ——Cr
Sep V : Balance the atoms undergoing change in Oxidation Number.
Cr,0; ———2Cr*

Sep VI & VII : Writethetotal number of electron transfer taking place. Here each atom
undergoes change in ON by 3 therefore two Cr atoms undergoes change in
Oxidation Number by 6.

Cr,0; +6e——> 2Cr

Sep VIII : Balance the charge by adding H* on the left side
Cr,0% +6e+ 14H——> 2Cr*

Sep | X : Baance the H and O by adding H,O on either side
Cr,05 +6e+ 14H'—> 2Cr* +7H,0

Balancing the oxidation half reaction
According the steps asfollowed for reduction half reaction
Fe*——>Fe*

(i) Atoms are balanced on both side so we go to next step, that is number of
electron transfer taking place

Fet —> Fe** + e
(i) Baancethe charge and it is balanced.
Sep X : Add the two half reactions

Fe*——>[Fe* + €] x6
Cr,05 + 14H* + 66 —> 2Ca® + 7TH,0

Cr,02 + 6Fe* + 14H ——>2Cr* + 6Fe* + TH,0 |
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1.  Determinethe Oxidation number of element inthebold letter in thefollowing:

SiH, BH BF S,0?

3 3

12

Bro, HPO? SH,,0 HNO, Notes

2. How does oxidation number changein oxidation and reduction?

3. Mentionthe oxidising agent and reducing agent in thefollowing.
HS+HNO, 5 NO+S+H0

4.  Writethehalf reactionfor thefollowing

2l o + 2F€, —>1,(5) + 2Fe* (aq)

(aq
Mg(s) + Cl,(g) ——> MQgCI,(s)
I, + HNO,—— HIO, + NO, + H,0
5.  Baancetheequation by oxidation number method
CuO + NH, —> Cu+N, +H,0
MnQO, + HCl —— MnCl, + C, + H,O

6. Balancethefollowing by ion eelctro half reaction method

NO; +Bi— Bi** + NO, acidic medium
. O, + F&" ——> Mn* + Fe** acidic medium
Cr,07 + Fe—> Fe®+ Cr¥ acidic medium

Al + NO;, —— Al (OH), + NH; basicmedium

15.4 Electrolytic Conduction

When electricity ispassed through an agueous sol ution, it may or may not conduct current.
The chemica substanceswhose agueous sol utions conduct el ectricity are called el ectrolytes
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and those which do not conduct current are called as non-electrolytes. This phenomenon
of conduction of current through a solution iscalled el ectrolytic conduction.

Electrolytic conduction takes place due to the movement of cationsand anionsin asolution.
Theelectrical conductance of asolution, depends upon () nature of solute (b) valency of
itsion, (c) the concentration in solution and (d) the temperature. In this section we will
learn about various ways of expressing the conductance of electrolytes and the factors
affecting them.

15.4.1 Conductance and Conductivity

Like solid conductors, electrolytic solutions also obey Ohm’s Law. When a current of |
amperes flows through a solution which offers a resistance of R ohms and a potential
difference of V volts is applied, then according to ohm’s law

V=1.R

If the solution istaken in aconductivity cell which hastwo parallel electrodes| cm apart
and each having an area of cross section A cm?, the resistance R of the electrolyte is
found to bedirectly proportional to | and inversely proportional toAii.e.

I
R « X
R | [
or =p. — N (
P A (i)
Wherep “rho” is a constant of proportionality and is called specific resistance or resistivity.
It is characteristic of the nature of electrolyte, its concentration and temperature.

In case of solutions, it is preferred to discuss their conductance and conductivity rather
than their resistance and specific resistance. The conductance is reciprocal of
resistance and the conductivity is reciprocal of specific resistance.

Conductance is denoted by L and is measured in the unit of ohm= which has now been
named as siemens, S. The conductivity is denoted by k “kappa”. Thus by definition

_ 1 dk—l i
L—R an =5 (i)

The units of k can be worked out from relation (i) as under :

Theinverseof (i) is,

1_1 A
R p |
A
or L=k|—
d k-LI—
an A
_gom
~ Y om?
=Scmt
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The conductivity (K) isexpressed in Scnr? or 100 S,
15.4.2 Measurement of Conductance Connecting

(‘ o/-wircs

The conductance of an electolyte is measured with the help
of aconductivity cell. Conductivity cell isadevicewhich has
two paralel platinum el ectrodes coated with platinum black.

The SI unit of length is metre, hence SI unit of conductivity
(K) is Smt, but the commonly used unit is Scnr?. In the

l
expressonfor conductivity, N isaconstant. Herel represents

Platinized Pt
[ =T Electrodes
the distance between the two parallel electrodes and A | [ [ ectrodes
represents the area of cross section of the electrodes. Thus
‘ -
for a given conductivity cell, N is a constant called cell Fig. 15.1 : Condivity Cell

constant.
K (conductivity) = conductance x cell constant
The conductivities of some substances are given in thetable.

Table15.1: Thevaluesof conductivity of some selected substancesat 298 K

Substance k/S cm? Substance k/S cm?
Pure water 6.0x10° Silver meta 6.1x 10°
0.1MHC 35x10? Mercury metal 1.0x 10
0.1M NaCl 9.2x 103 Glass 1.0x 107
0.1M CH,COOH 47x10*

0.IMNH,OH 3.4x10*

We find from the table that the conductivities of metals are very high and that of pure
water and glass very low.

15.4.3 Molar Conductivity

Theelectrolytic conductivity of asolution depends on the concentration of the el ectrolyte
in the solution. Therefore, the conductivity of an electrolyte is normally expressed as
molar conductivity.

Molar conductivity is the conducting power of all the ions furnished by one mole
of an electrolyte in a solution of specified concentration.

Itisdenoted by A and isrelated to K by the relation.

_ 1000K
mT M

Where M isthe molarity of the solution. Itsunits are S cm? mol-.
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Asmentioned the conductivity of an el ectrolyte depends upon thefollowing aspects of the
\ dectrolyte.

(@) Natureof Electrolyte: Conductivity of an electrolyte depends upon the nature of

dectrolyte onthefollowing points:
Notes

(i) Weak or strong electrolyte : A weak electrolyte furnishes fewer ions
therefore it has lower conductivity than a strong electrolyte of same
concentration.

(i) Valency of theions: The ions with higher valency carry more charge and
therefore they conduct more charge than theion of lower valency. Thus higher
the valency of theion greater is the conducting power.

(iii) Speed of theion : Theion which can move faster will carry the charge also
faster and therefore has more conducting power.

(b) Temperature: Conductivity of an electrolyte generally increases by 2—-3 percent
for each degree rise in temperature. With increase in temperature the viscosity of
the solvent decreases and thus ion can move faster. In case of weak electrolyte,
when the temperature is increased its degree of dissociation increases, thus
conductivity increases.

(c) Concentration :

(i) Variation of conductvity (k) with concentration. Whenthesolution isdiluted
its conductivity also decreases. It is because k is the conducting power of all
theions present per cm? of the solution. When the solution is diluted the number
of ions per cm? also decreases, hence k decreases.

/_\ KOH
k /-\
CH,COOH

L&

Fig. 15.2 : Variation of conductivity with concentration

(i) Variation of Molar and Equivalent conductivity with concentration : As
the solution isdiluted its molar conductivity increases. Amisgivenas

. _ 1000k
M=V

where kis conductivity and M is molar concentration.
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Thisincreasein Amisaresultant of two factors. On decreasing the concentration both k
and M decreases. Of the two (k) tries to decrease Am while the other factor (M) triesto
increase it. Since the decrease in M is much more, the net result is that Am increases.
However, strong and weak electrolyte as show different type of behaviour on dilution

(Fig. 15.3)
\ KCl (strong L‘,lUCtrOlym)

CH,COOH (weak electrolyte)

Am

Jdc

Fig. 15.3 : Variation of molar conductivity with concentration

Fromthe Fig. 15.3 wefind that theincreasein molar conductivity for astrong electrolyte
likeKCl isvery gradual ondilution and alsothevaueishigh at all concentrations. Whereas
for aweak electrolytelike CH,COOH, thereisagradual increasein Am on dilution which
isfollowed by asharper increase on further dilution. These observations can be explained
as : since KCl is a strong electrolyte, it is fully dissociated at all concentrations. In
concentrated sol ution, attraction between oppositeionsislarge and their conducting ability
isless. On dilution inter-ionic forces decrease and ions can move faster leading to the
increasein molar conductivity.

Ontheother hand, inweak electrolytes, molar conductivity islow in concentrated solution.
Thisisdueto partia dissociation (ionisation) of weak electrolytes. On diluting the solution
the degree of ionisation increases, which increases the number of ions. This leads to a
sharp increase in molar conductivity in weak electrolytes.

15.5.1 Kohlrausch’s Law

Kohlrausch determined the molar conductivity at infinite dilution for alarge number of
strong electrolytes. On the basis of hisobservations he concluded that at infinite dilution,
each ion makes a definite contribution to the total molar conductivity of an electrolyte.
This individual contribution is called molar ionic conductivity. He generalised his
observations as

“At infinite dilution each ion of the electrolyte makes a definite contribution towards
conductivity of the electrolyte and it is independent of the presence of other ions of the
electrolyte.” This is called Kohlrausch’s Law of independent migration of ions.

For asalt like KCI, molar conductivity at infinitedilution can bewritten as
Apy KCI = A0 K" + A0 Cl-
Ingenerd for asalt of formul aA B, themolar conductivity at infinite dilutioniswritten as

A (AB) =x A5 (AY) +y A (B)

Chemical Dynamics

Notes

289




MODULE-5

Chemical Dynamics

[y

N

Notes

290

where A indicatesmolar conductivity at infinitedilution. Thislaw isusedto calculatethe

molar conductivity at infinite dilution for weak electrolyteswhose A, can not beobtained
graphicdly.

[Example 15.2: A0 for NaCl, HCI and CH,COONa are 126.0, 426.0 and 91.0 S cn?
mol-* respectively. Calculate A° for CH,COOH.

Solution A°CH,COOH = A°(H*)+ ©°(CH5CO0")

= 2w+ %)+ 9Nah)+ O(CHzco07)- O(Nat)- Ocln)
= 426.0 +91.0 - 126.0 = 391.0 S cm? mol . _]

15.6 Electro Chemical Cdll

An electrochemical cell isadevice used for theinterconversion of e ectrical and chemical
energy. An electrochemical cell contains two electrodes (cathode and anode) and an
electrolyte.

They are of two types; based on the nature of conversion of energies
(a) Electrolytic cell (Faradaic cell)
(b) Galvaniccell (Voltaic cell)
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15.7 Electrolytic Cell

An electrolytic cell consists of two electrodes connected to a battery as shown in
Fig15.4.

Anode ———> <—— Cathode Notes

Fig. 15.4 : Electrolytic cell

Inan electrolytic cell electrical energy isconverted into chemical energy. The process of
decomposition of an electrolyteinto itsionswhen an electric current ispassed throughiit,
is called electrolysis.

When electricity is passed through an electrolyte, achemical changei.e. decomposition
of theelectrolyteintoionstakes place at the electrode. Oxidation and reduction reactions
occur inthecell.

Intheelectrical field Cl-ionsmigrate to the +ve el ectrode (anode) and undergo oxidation
by loosing electrons. Na+ ions will go to —ve electrode (cathode) and undergo reduction.

The process can be represented as :
oxidation at
anode CI-—>Cl+e
Cl+Cl—>Cl,(9)

and reduction at cathode, Na* + e ——> Na

15.7.1 Galvanic Cdll

Suchcdllsarecalled voltaic cells. In such acell chemical energy isconverted into electrical
energy. Dry cells, car batteries and button cellsused in wrist watches are all examples of
thistype of cell. They are energy producing devices.

15.7.2 Redox Reaction and Galvanic Cdl

You have already |earnt that when el ectricity is passed through a solution, redox reaction
takes place. Now we shall learn how redox reaction can be used to produce €l ectricity.

When aZinc rodisdipped in CuSO, solution, areaction startsin the solution.

Zn(s) + CuSO,(ag)— Zn SO, (aq) + Cu(s)
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"""""" AF 1o #e=— CuSO, solution

Fig. 15.5: Redox reaction
It is an example of redox reaction. The two half reactions are
Zn(s) —> Zn**(ag) + 2&=  oxidation
Cu? (ag) + 26 —> Cu(s) reduction

In this redox reaction the electrons given by zinc rod have been directly consumed by
Cu?*ion. But, if somehow we make the electrons given by Zinc rod to flow through awire
toreach Cu?* ions, we shall be producing electric current. To do so, thereactioniscarried
out in the electrochemical cell asshown Fig. 15.6:

@
& €= Ammeter  © > ;
Anode (-)—> S=-c------o--oo-ooooon <—— cathode (+)
zinc rod " Salt Bridge " copper rod

é&=1+— CuSO,

Fig. 15.6 : Daniell cell having zinc and copper €lectrodes

The redox reaction in the electro chemical cell has been modified Zinc rod is dipped in
zZinc sulphate sol ution in one beaker while copper rod isdipped in another beaker containing
CuSO, solution. The two solutions are connected through a salt bridge and the two
metals are connected to an ammeter with the help of wire. We find electrons move
through the wire from zinc to copper rod.

A metal dipped in its own salt solution is called as half cell. Zinc rod dipped in-zinc
sulphate solution is oxidation half cell because oxidation takes place.

Zn(s)— Zn*(aq) + 2e (oxidation)
The released electrons are taken up by zinc rod and it becomes negatively charged.

Copper in copper sulphate is reduction half cell. Copper acts as cathode and reduction
take place here. Copper rod becomes positively charged. Copper gains electrons and in
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this process, beomes positively charged.
Cu*(ag) + 26 —> Cu(9)

Here the electrons will move from negatively charged electrode to positively charged
copper electrode.

Flow of electrons in the external circuit

The electronsrel eased at the anode during oxidation flow through the external circuit and
reach the cathode where they are taken up for reduction. Thus in a galvanic cell the
electronsawaysflow from anodeto cathode while the conventional positive current flows
in the opposite direction i.e. from cathode to anode. Since the electric current always
movein aclosed circuit salt bridgeisused to makeel ectrical contact between the two half
cells.

15.7.3 Salt Bridge

A salt bridgeisainverted U tubefilled with aconcentrated solution of aninert electrolyte
like KCl or NH,NO, which does not take part in the cell reaction. The electrolyteistaken
intheform of solution and mixed with agar-agar. The mixtureisheated andfilled intheU
tube when hot. On cooling it setsinto ajelly like mass and does not flow out, during its
use. Salt bridge has two functions.

(i) It completestheinner circuit. It acts as a contact between the two half cellswithout
any mixing of electrolytes.

(i) It preventsaccumulation of chargesintwo half cellsand maintains electrical neutrality.

Cations and anions of the salt bridge move into two half cells and neutralise the excess
charge. The anions move into oxidation half cell and neutralise the excess charge. The
cations move into the reduction half cell and neutralise the charge.

InaDaniell cell asalt bridgeisreplaced by a porous pot, to make the cell more handy to
use.

15.7.4 Symbolic Representation of Galvanic Cells

In the previous section the cell wasaZn-Cu cell. But any two suitable metal s can be used
to makethe cell and everytime we do not always draw the diagrams showing thecell. Itis
represented in the symbolic formwith the hel p of standard notation. Therulesof notations
areasfollows:

1. Anodeiswritten on the left hand side and cathode on the right hand side.

2. Themetal electrodeintheanode half cell iswritten by itssymbol and thisisfollowed
by the cation (metal ion) along with its concentration in asmall bracket. The metal
and cations are separated by vertical line or asemicolon (:)

Zn | Zr* ) (IM)

3. Inthereduction half cell the anion along with its concentration iswritten first, then
vertical line and then the metal

Cu** , (M) | Cug

Chemical Dynamics
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4. A sdtbridgeisrepresented by two vertical lines.
Thusthe Galvanic cell described above iswritten as
Zng | Zn2+(aq)(1M) ||Cu2+(aq)(IM) | Cuy
or
| Cu?

Zn | Zn#* | Cu

(M) |

15.8 Electrode Potential

Metal atoms have tendency tolose el ectrons and go into sol ution as metal ions. Electrode
potential isameasure of the tendency of metal atomsto gain or loose electronswhenin
contact with asolution of itsownions.

(M)

When ametal strip M isimmersedin asolution of itssalt containingions(M™), one of the
processes as showin in Fig. 15.7 (@) or (b) can occur.

— }——> Metal M
@%MTH’
M -=| nef----z-z
i WS I e
C - 2> M"-=-= )
r--= %:?:::::Reductlon
Solution E=M"ZZZM'Z222 solution
@ )

Fig. 15.7 : Metal placed in a solution of itsions

(i)  Thedissolution process where atoms of metal el ectrode M may |oose some el ectrons
to the electrode and enter the solution as M™

M — M™ + ne (metal is oxidised)
Themetal electrode gets negative charge and the sol ution gets extra positive charge.

(i) The deposition process where metal cations M™ from the solution may come in
contact with the metal strip, gain some electrons and get converted into metal atoms
M, which get deposited on the surfance of metal strip. Seperation of charges take
place and apotential isdeveloped called electrode potential .

M™ + ne-— M (theion is reduced)

The electrode reaction reaches an equilibrium as represented below

oxidation
reduction

M(S) M"™ (aq) + ne”

Electrode potential isthe potential developed at the interface between metal and its
salt solution; when ametal isdipped initsown salt solution.
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15.8.1 Sandard Electrode Potential

Anéectrodeissaid to bein the standard state if the concentration of the electrolyteisone
molar and the temperatureis298K. Thenitselectrode potential iscalled standard el ectrode
potential and denoted by E°. If any gasis used to make the el ectrode then the pressure of
the gas should be 1 bar.

15.9 Measurement of Electrode Potential

It is not possible to measure single electrode potential. It is because the reaction taking
place at the electrodesis oxidation or reduction and these reactions do not take place in
isolation. It can be measured with respect to areference electrode. The electrode used as
reference electrode is standard hydrogen electrode (SHE).

15.9.1 Sandard Hydrogen Electode

Standard Hydrogen Electrode (SHE) consists of acontainer, containing 1M HCI solution
kept at 298K . A wire contai ning Platinum el ectrode coated with pl atinum black isimmersed
inthe solution. Pure hydrogen gasis bubbled in the solution at 1bar pressure.

H, >
(At 1 bar)
HOIL (M) ——pi IR
Platinum coated = ]I
with Pt black -

Fig. 15.8 : Sandard Hydrogen electode
The potential of SHE (E®) istaken as zero volt at all temperatures.

Standard hydrogen electrode may act as anode or cathode depending upon the nature of
the other electrode. If its acts as anode, the oxidation reaction taking placeis

H(Q) — 2H(ag) + 2e
If it acts as cathode then the reduction half reaction occuring is
2H*(aq) + 26 —> H.(9)
15.9.2 Measurement of Sandard Electrode Potential

(i) Determination of magnitude : The standard electrode potential of an electrode can
be measured by combining it with standard hydrogen electrode. To illustrate, |et us take
the exampl efor the measurement of standard el ectrode potential of zinc electrode. A zinc
stripisdippedin 1M ZnSO, solution and it is connected to Standard Hydrogen €l ectrode.
The cell emf isfound to be0.76 V.
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e S0 e

N\
.. ) voltmeter (+)

Y
A\

Zinc Rod ——> . \<_ H, (1 bar pressure)

e e 2h Standard
frios e i el B EH B Hydrogen

..... F : L : solzdqdcEdzcis -5 Electrode

one molar solution one molar solution

of Zn™" ions at 298 K of H at 298 K

Fig. 15.9 : Measurement of standard €electrode potential of Zn/Zn?* electrode

When copper electrodei.e. copper dipped in 1M CuSO, solutionis connected to standard
hydrogen electrode then the cell emf is0.34.

(it) Sign of electrode potential

Thegalvanic cell formed by the combination of SHE and el ectrode under study, the polarity
of the electrode is determined with the help of avoltmeter. In case the given electrode is
found to be positive electrode, its electrode potential is given the positivesign andif itis
negative then it is given the negative sign. In the case of zinc connected to SHE the
polarity isnegative but in case of copper itispositive.

15.10 Electrochemical Series and its Applications

1510.1 Cdl emf and Potential difference

The difference in potential of the two electrodes (or half cells) of agalvanic cell, when
measured in the open circuit is called the cell electromotive force or cell emf. Whenitis
measured in aclosed circuit with some external load it is called potential difference.

Cell emf can be measured by using apotentiometer. It depends on the nature of el ectrodes,
concentration of electrolyte and the temperature.

15.10.2 Sandard cell emf

The emf of acell has astandard value if both its half cellsare in their standard states. It
isdenoted by E° cell.

15.10.3 Céll emf and electrode potential

The standard cell emf isrelated to the standard el ectrode potential s of its anode and cathode.
E° cell = E° cathode — E° anode.

= EORight - Eoleft
Cell emf isrelated to the electrode potentials of its anode and cathode
Ecell = Ecathode - Eanode
=E E

right — left




CEEEEEER] | MODULE-5

15.10.4 Electrochemical Series

Standard potential of alarge number of electrodes have been measured and they have
beenlistedintheincreasing order of electrode potential in aseriescalled electro chemical

series. Thetable 15.2 gives the standard reduction potential s of some electrodes.

Table15.2: Sandared Electrode Potentialsand Electrochemical Series

Element Electrode rection E°(V)
Li Li+e —Li -3.045
K Kt+e—>K -2.925
Cs Cs'+e —>Cs -2.923
Ba Ba*+2e — Ba —2.906
Ca Ca&*+2e > Ca —2.866
Na Na'+e — Na -2.714
Mg Mg? + 2e — Mg -2.363
Al Al** + 3e > Al -1.662
H, H,O0+2e —H,+20H" -0.829
Zn Zn* +2e - Zn -0.763
Fe Fe**+2e - Fe —-0.440
Cd Cd*+2e—>Cd —-0.403
Pb PbSO, + 26 — Pb+ SO, -0.310
Co Co*+2e - Co -0.280
Ni Ni%*+2e — Ni -0.250
Sn Sn?*+2e — Sn -0.136
Pb Pb? + 2ec - Pb -0.126
Fe Fe* +3e — Fe —-0.036
H, 2H"+2e — H,(SHE) 0
Cu Cu¥+e - Cu +0.153
S SO/ +26 —>250" +0.170
Cu Cu*+2e - Cu +0.337
l I,+2e -2 +0.534
Fe Fe*+e — Fe?t +0.77
Ag Ag'+e > Ag +0.799
Hg Hg* + 2e — Hg +0.854
Br, Br,+2e —2Br- +1.066
o, O,+4H"+2e —»2H,0 +1.230
0] Cr,0 +14H"+6e - 2Cr**+ 7H.0 +1.330
a, Cl,+2e — 2CI- +1.359
Au Au* + 3e - Au +1.498
Mn MnO,” +8H" + 5 - Mn*+4H.0 +1510
F, F,+2e - 2F +2.870
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Themost active metal lithiumisplaced at the top and the most active non metal fluorine at
the bottom. Thuswefind that lithiumisthe most powerful reducing agent and flourineis
most powerful oxidising agent.

15.10.5 Applications of Electrochemical Series

(i) It helpsto predict aredox reaction. A given ion will oxidise al the metals below
it and a given metal will reduce ions of any metal placed aboveit in the series.

Example: Predict the redox reaction between zinc and iron. Given E° of Zn?+/ Zn
is—0.763 and E° for Fe** / Fe is -0.44 V.

The E° value of Zn?*/Zn islower than Fe?*/Fe. It means Zn has a greater reducing
power than Fe or zinc can undergo oxidation more quickly than Fe. Zinc will reduce
Fe?* ionsand itself undergoes oxidation. The given reaction between Zn and Fe will
take place as shown.

Zn+ Fe# —> Fe + Zn*
(i) 1t helps to calculate the emf of a galvanic cell.
E° cell = E° cathode — E° anode.

E° cell should always be positive. If E° cell comes as —ve it means the cell cannot
work and electrodes should be interchanged.

Example: Predict the E° for the cell
Mg/ Mg*(IM) /I Ag'(IM)/Ag
From thetable
E° cell = E° cathode — E° anode
E°Mg*/Mg =-2.365V and
E°Ag+/Ag = 0.80V
E° cell =0.80 — (-2.365)V
=0.80+2.365
=3.165V
(i) 1t helpsto predict the feasibility of a redox reaction

The feasibility of aredox reaction can be predicted by calculating E° cell for the redox
reaction. Theredox reactionisbroken intwo half reactions: oxidation half reaction actsas
anode and reduction half acts as cathode. The positive E° cell indicatesthe redox reaction
ispossible.

rE;ampIe 15.3 : Predict whether the following reaction is feasible or not?
Cu*(aq) + 2Ag(s) — Cu(s) + 2Ag’(aq)
Given E°Ag'/Ag = 0.80V and E° Cu?*/cu = 0.34V

The given redox reaction can be written as two half reactions
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Anode (Oxidation) 2Ag(s) — 2Ag*(aq) + 2¢€.

Cathode (Reduction) Cu?*(aq) + 266 —>Cu(s)
Eell = E° cathode — E° anode
= E° Cu*/Cu — E°Ag'/Ag
=034V -0.80V Notes

=-0.46V __‘

The —ve E° valueindicatesthat the above reaction will never take place and silver cannot
displace Copper fromasolution of Cu?* ion. Instead the reverse reaction would befeasible.

(iv) It helpsto predict whether a metal can liberate hydrogen from acids. Any
metal which isabove hydrogen in the electro chemical series can liberate hydrogen from
acid sinceit isabetter reducing agent than hydrogen. Thusmetal slike, Zinc, Magnesium,
Calcium etc can displace hydrogen from HCI or H,SO, but metals like Copper, silver etc
cannot displace hydrogen from acid.

15.11 Nernst Equation for Electrode Potential

Nernst equation relates el ectrode potential to the concentration of ionsin the electrolyle.
An electrode reaction is always written as reduction reaction. Let us take a genera
example for ametal M.

M™(ag) + ne —>M(9)

The Nernst equation for its el ectrode potentialsis:

2.303RT [M] .
nE log [|V| n+] (i)

where E = Electrode potential
E° = Standard electrode Potential (Reduction)
R = gas constant in JK-* mol-*
T =Temperaturein Kelvin
F = Faraday constant
n =number of eectronsinvolved inthe e ectrodereaction
[M™] =molar concentration of M™ ion

[M] = concentration of pure solid metal taken as unity

2.303RT 1

= E° ——
Therefore, E=E r= log M™]

If we put the values of R, T and F in equation (i)
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T =298 K

n E -p 0.0591I 1 .
we have =B-— og —[Mn+] (i)

Notes For example : For copper electrode as half cell

Cu*(aq) + 26 —> Cu(9)

— 0 -
heren = 2. Eipo =+034V
. 00591 1
ECu2+/Cu - ECuz*/Cu - T IOg [CU2+]

Since EOCuz+ /cy 150.34V the equation beccomes

1

= 0.34-0.0295 log m

rlg;(ample 15.4: Caculate the reduction potential for the following half cell at 298 K
Ag (0.IM) + & —> Ag(9)
E° =0.80V
0.0591 1

=0 —
E=E - Iog[Ag+]

00501 1
1 %01

=0.80-0.0591 log 10
=0.80 - 0.0591 = 0.741V _.‘
15.11.1 Nernst Equation for Cell emf

For ageneral cell reaction :

=0.80 -

aA + bB ——> XX +yY

2.303RT [X]X[Y]y
nE 9 [AF[BP

Ecel =E°cell -

Thus, for thecell reaction:

Ni(s) + 2Ag'(agq) —> Ni*(aq) + 2Ag
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2.303RT [Ni*]
|Og +12
nF [Ag']

Ecell = E%ell -

Note: Only theions are written in the fraction as concentration of pure solid or liquid is
taken as unity.

To determine the value of n the reaction iswritten in two half reactions. Notes
Anode reaction (oxidation)
Ni(s) — Ni?(aq) + 2e
Cathode reaction (reduction)
2Ag'(aq) + 26 —> 2Ag(9)
This can be represented in the form of a cell as
Ni [Ni* [|Ag"|Ag
The value of n = 2 as 2e- are exchange between anode and cathode
rlg;(ample 15.5: Calculate the EMF of the following cell at 298 K
Ni(s)[Niz* (0.001M) ||Ag* (0.1M) | Ag(s)

0 0
ENi2+|Ni =0.25V EAg+|Ag = 0.80V

Fromthe given valuesfirst find

E° cell = E° cathode — E° anode

=0.80 - (-0.25) V
=1.05V
Ecell = Ecell - 00591 log [NiT]z
2 [Ag']
00591  0.001

=1.05- T log W
3

1072
=1.05+0.0295 log 10

=1.0795V —-‘
15.12 Cell EMF and Gibbs Energy

The maximum amount of work that a cell in its standard state can performis given by

W__ =-nFE

ma

=1.05-0.0295 log
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The significance of —ve sign is that the work is done by the cell. Since the maximum
amount of useful work which a system can performis equal to decrease in Gibbs energy
thus

W __ =AG®=-nFE°
If AGP calculated is negative, then the cell reaction is spontaneons otherwise not.

rI—E'xampIe 15.6: Calculate the standard Gibb’s energy AGP° for the reaction occurringin
Danidl cell

Zn(s) + Cu**(aq) — Zn*(aq) + Cu(s)
at 298 K. The E° cdll at thistemperature is 1.1V. Is the reaction spontaneous.
For Daniell cell, n=2.

Solution : AG® = — nFE®
AG® =-2 x 96500 x 1.1
=-212,300J
=-212.3kJ
Since AE? is —ve, the cell reaction is spontaneous —"

=y

ke‘, Intext Questions 15.3

1. Differentiate between electrolytic cell and galvanic cell.

4.  With reference to the electrochemical series arrange the following metals in the

order in which they displace each other from their salt solutions.
Al, Cu, Ge, Mg, Zn,Ag

"

(R

ff‘.’féﬂ' What You Have L earnt

e  Oxidationisaprocessinwhich electrons arelost by an atom or ion.

e Reductionisaprocessinwhich electrons are gained by an atom or ion.

e  Atomsor ionsundergoing oxidation arereducing agents and atomsor ionsundergoing
reduction are oxidising agents.
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Oxidation number is the state of oxidation of an element in acompound, which is
calculated by aset of rules. It is based on the concept that electrons in a covalent
bond bel ong to the more el ectro negative element.

Oxidation number of an atom in e emental form is zero. Otherwise the number is
alwayswritten with positive or negative sign.

A substance, if in its molten state or agueous solution conducts current is called
electrolyteand if it doesnot conduct electric current thenit is called non-electrolyte.

lonscarry chargein an electrolyte from one point to other. The conduction of eectricity
follows Ohm’s law.

Reciprocal of resistance and resistivity are called conductance and conductivity
respectively.

Ondilution of asolution, itsconductivity decreaseswhilemolar conductivity increases.

Electrolysisisaprocessinwhich electrical energy isused to decompose an el ectrolyte
intoitsionsand it isdonein an electrolytic cell

Electrochemical cdll or Galvanic cell produce e ectricity dueto oxidation and reduction
reactions occurring in their half cells. Oxidation occurs at the anode (negative
electrode) and reduction at the cathode (positive electrode).

A galvanic cell can be written in symbolic form asAnode |Electrolyte| |Electrolyte]
Cathode.

The emf of a cell is the potential difference between two electrodes in the open
circuit.

When a metal is dipped in its own salt solution then the potential of metal with
respect to solution iscalled el ectrode potential . Thispotential ismeasured with respect
to areference electrode called Standard Hydrogen electrode.

Electrochemical seriesisthearrangement of electrodesinthe order of their increasing
€electrode potential .

Thecell emf isrelated to the electrode potential (reduction)
E =E E

cell cathode

The Nernst equationis

anode

2.303RT [Red]
0— —— log .
nF [Oxi]
The standard Gibbs energy of the cell reaction AG® is related to the standard cell
emf as AG® = —nFE°.

.'? Terminal Exercise

1

Calculate the Oxidation number of the elementswritten in bold | etters

[Cr(H,0)]*, [Fe (CN)J]*, HCO;, PbO,

Chemical Dynamics
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2.

10.

12.
13.

Balancethe following reactions by oxidation number method

(@ FeO,+C—>Fe+CO

(b) CH,+O,—> CO,+H,0

Balancethe following reactions by ion-el ectron method:

(i) Zn+HNO, —> Zn (NO,), + NO, + H,0

(i) ClO; +Mn?* ————> MnO, + Cl- in acidic medium

(iii) F(OH), + H,O, —> Fg(OH), + H,O in basic medium
Definethefollowing and giveitsunits:

() Conductivity

(i) Molar conductivity

Draw agraph showing the variation in molar conductivity in aweak and a strong
electrolyteswith concentration.

Explain why the molar conductivity of an electrolyte increases with dilution while
conductivity decreasesondilution.

The measured resistance of a conductance cell containing 7.5 x 10*M solution of
KCI at 25°C was 1005 ohms. Calculate () Conductivity (b) Molar conductivity of
the solution. Given the cell constant 1.25 cm™.

Theconductivity of 0.05M solution of an eectrolyteat 298 K is0.0025cm. Calculate
themolar conductivity.

Explain the term standard el ectrode potential. How isit determined experimental ly.
Draw the diagram of the cell whose céll reactionis
Zn(s) + 2Ag'(aq) —> Zn**(aq) + 2Ag(s)
For thecell
Mg |Mg* || Zr?* | Zn
(i) Draw thecell diagram
(it) Identify anode and cathode
(iii) Writecell reaction
(iv) Write Nernst equation for the cell
(v) Calculate E° use the data given the table 15.2
What are the functions of a salt bridge?

Using electro chemical series predict whether the following reaction isfeasible or
not

Ni(s) + Cu?* (agq) — Cu(s) + Ni?*(aq)
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15.
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Explainwith the hel p of electro-chemical serieswhether any reactionwill take place Chemical Dynamics
when

(i) Steamis passed over hot Cu.

(i) Tinisdippedinhydrochloricacid

Calculate AG° for the reaction

2Al(s) + 3sn**(aq) — 2AlI**(aq) + 2Sn**(aq)

Calculate emf of the cell

Cr | Cr¥* (.1M) || Fe** (0.1M) | Fe

Notes

Calculate emf of the given cell reaction at 298k
S (L.5M) + Zn(s) —> Sn?*(0.5M) + Zn* (2M)
The blue colour of CuSO, isdischarged when arod of zincisdipped init? Explain.

Why oxidation cannot occur without reduction.

Knowing that
Cu*+2e—> Cu; EC = .34V
2AQ+2e —> 2A0; E° = +.80V

reason out whether 1M silver nitrate solution can be stored in copper vessel or 1M
copper sulphate can be stored in silver vessel.

s Answers Intext Question

15.1

Oxidation Number

1
2.

—4,-3,+3,+2,+7,+5,0, +5
In oxidation O.N. increases
In reduction O.N. decreases
Oxidising agent HNO,
reducing agent H,S

I(a0) ——> I(9)

(i) oxidation

Fe3*§aq) — Fe%z(fﬂ) (Reduction)
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reduction

| |
Mg+Cl, — Mg Cl,
(ii) +2 -1

oxidation

Notes
(iii) I,—>HIO, oxidation

HNO, —> NO, reduction

oxidation
[ ]
5. 3CuO+2NH,——> 3Cu+ N,+3H,0
+2 -3 0 0
| |
reduction
oxidation

MnO, + 4HCI ™ —> MnCI3+ Cl, + 2H,0
(i) +4 +2

reduction

6. Bi——>Bi*+3e
(i) NO; +2H*+& ——> NO,+ H,0] x 3
Bi + 3NO; + 6H* ——>Bi* + 3NO, + 3H,0
(i) MnO, +8H"+5¢ ——> Mn* +4H,0
Fe ———— > Fe* +e]x5
MnQ, +5F€* +8H* ——> Mn* + 5Fe* + 4H,0
(iii) Cr,05 + 14H* + 6e —> 2Cr* + 7H,0
Fer — > Fe*+e | x6
Cr,02" +6Fe* + 14H+ —> 2Cr* + 6Fe* + 7H,0

e (iv) Al+40H ———> NH,+9OH] x8
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NO; +6H0+8¢ ————> NH,+90H [ x3

8AI + 3N O] + 18H,0 + 50H" —> 8AI (OH); + NH,

15.2

Electrolytesgiveionsin the sol ution and theseions conduct electricity by moving to
their respective electrodesi.e. cations towards cathode and anions towards anode.

2. Specific conductance is the conductance of asolution taken in a cell in which two
electrodes are 1cm apart and surface area of each one of them is 1cm2,
Equivalent conductance s the conductance of all theionsfurnished by an equivalent
of the electrolytein asolution of given concentration.

3. Conductance S; specific conductance Scm™

4.  Natureof eectrolyte (strong or weak), valency of itsions, speed of ions, concentration
and temperature.

5. SeeFig. 15.2.

6. A Al (SO), =24, Al +317 SOZ

15.3

1. Iné€ectrolytic cell electrical energy isused for carrying out redox reaction whilein
an electrochemical cell aredox reaction isused for producing electrical energy.

2. Seesec. 15.6.2

3. Seesec. 15.8

4. Mg>Al>Zn>Fe>Cu>Ag.
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