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| SECTION Il : ELECTROCHEMICAL CELL

12,70 ELECTROCHEMICAL CELL

Electrochemical cell 1= a system of arrangement in which two
electrodes are fitted in the same clectrolyte or m tao different
clectrolytes which are joined by a salt bodge. Electrochemical
cells are of two types:

(@) Electrolytic cell

(b) Galvanic or veltaic cell

{a) Electralytic Cell

It is a device in which electrolysis (chemical reaction
imvolving oxidation and reduction) is carried out by using
electricity of in which conversion of electrical energy into
chemical energy is done,

{b) Galvanic or Voltaic Cell

Ii is a device m which a redox reaction is used to convert

~ chemical energy inte clectrical energy, e, clectricity can be

obtained with the help of oxidation and reduction reaction. The
chemical reaction responsible for production of electricity takes
place in two separate compantments, Each companment consisis
of a suitable electrolyie solution and a metallic conductor. The
metallic. conductor. acts as - an-electrode. - The -compartments
containing the clectrode and the solution of the clectrolyte are
called half-cells, When the two compartments are connecied by
a salt bridge and electrodes are joined by a wire through
galvanometer the electricity begins to flow, This is the simple
form of voltaic cell.

12.11 DANIELL CELL

It is designed b6 make use of the spontaneous redox reaction
between zine and cupric ions to produce an electric curment
(Fig. 12.7). It consists of two half-cells, The half-cell on the left
contains a zinc metal electrode dipped in Zn50,; solution. The
half-cell on the right consisis of copper metal electrode in a
sofution of CuS0, . The hali~cells are joined by a salt bridge that
prevents the mechanical mixing of the solution,

When the zing and copper electrodes are joined by a wire, the
following observations are made:

(i) There is a flow of electric current through the external

circuit.
(i1) The zinc rod loses its mass while the copper rod gains in
TASE.

(i) The concentration of ZnS0, solution increases while the
comeentration of copper sulphate solution decreases,

(iv) The solutions in both the comparments remain
electrically neutral.

During the passage of electnic current through external circuit,
clectrons flow from the zine electrode to the copper electrode. At
the zinc elecirode, the zinc metal 15 oxidized to Zine ions which
g0 into the solution. The electrons released at the electrode travel
through the external circuit to the copper electrode where they are

used in the reduction of Cu® ions to metallic eopper which is
deposited on the electrode. Thus, the overall redox reaction is:

Zn(s) + Cu* (ag.) — Culs) + Zn* (ag.)

Thus, indirect redox reaction  leads to the productiom of
electrical energy. At the zinc rod, oxidation occurs. It is the anode
of the cell and is negatively charged while at copper clectrode,
reduction takes place; it is the cathode of the cell and is pogitively
charged,

Thusz, the above points can be summed up &s:

(1} Vaoltic or Galvanic cell consists of two half-cells, The
reachions occurnng - half-cells are called half-cell
resctions. The half-cell in which oxidation ocours is
called oxidation half-cell and the reaction taking place
in it is called oxidation half-cell reaction. Similarly, the
half-cell in which reduction oceurs is called reduction
half-cell and the reaction taking place in it is called
reduction half-cell reaction.

(i) The electrode where oxidation occurs is called anode and
the electrode where reduction occurs 15 termed cathode.

(iii} Electrons flow from anode to cathode o the external
circuit.

V) Owerall jon movenwnt during the operation of the

galvanic cell shows that negative ions (anions) move
away from cathode where they are present in excess,
towards anode, where they are needed to balance the
charge of the positive fons (cations) formed. Similarly,
cations move away from the srode where they are
excess, towards the cathode, where they balance the
anions left in excess.
Example @ An Au(MN0y ), selution containing a gold
elecirode is connected by means of sali bridge 1o a FhCl,
solution containing lead electrode, The cell can be
correctly represented as,



Difference in electrolytic cell and galvanic cell

Electrolytic cell

Cabvanic ¢5||

1. FElectrical energy s
converied  inio  chemical
ETIETRY.

1 Anode 5 positive elec-
wrodde. Cathode is negative
electmods,

Y. loms are discharged on
baoth the eleciTodes.

d. If the electraodes are inert,
concentration  of  the

electrolyte decreases
when the electric cusrent
is circulated.

5. Both the electrodes can ba
—ftied——in— the . same-

Chemical energy is converted inte
clectrical energy.

Anode i negaiive  elecirode.
Cathade is positive electrode.

lons are discharged only on the
cathode.

Concentration  of  the  anodic
half-cell imcreases while thai of
cathodic half-cell decreases when

the two elecirodes are joined by a
wire.

The electrodes are  fited 1n
Cdafferent compartments.  — ————

Ll ni,

W) Chiemacal energy 15 converted info elecirical energy.
{vi) The net reaction is the sum of two half-cell reactions, The
reactions in Daniell cell can be répresented as:

Owidation half reaction, IniH) —sZn'{ag) + 2e”
Reduction half reaction,Cu ¥ (ag.} + Ze~ — Culs)

Met reaction Znls + Cu** (ag.) — Zn*"(ag.) + Cu(s

Electrode Signs .
The signs of the anode and cathode in the voltaic or galvani
cells are opposite o those in the electrolytic cells (Fig, 12.9),
ELECTROLYTIC CELL VOLTAIC OR GALVANIC CELL
{emi is appled to cell} {emf is generated by coll)

s rea =

Electrolytic cell Yoltaic or Galvanic cell

Anode . Caihode | -Anode Cathde
ﬂlm + - &
Eleciron 11 ol i ol in

Half reaction; oxidation mdm:l.i.u:rn] oxidation reduction

12.12° SALT BRIDGE AND ITS SIGNIFICANCE

Balt bridge is usually an inverted U-mube filled with concentrated
solution of inert elecirolytes. An inent electrolyte is one whose

ions are neither involved in.any. electrochemical change nos-do—

they react chemically with the electrolyies i the two half-cells.
Generally salts like KCI ENO,  NH, MOy, ete., are used. For the
preparation of salt brdge, gelatin or agar-agar 15 dissolved in a
het concentrated agueous solution of an inert elecirolyte and the
solution thus formed is filled in the U-twbe. Om cooling the
solution sets in the form of a gel in the U-mbe. The ends of the
U-tube are plugged with cotton wool as tn minimise diffusion
eifects, This is used as & sall bridge.

Significance of salt bridge: The following are the funchons
of the salt bridge: )

(1} It connects the solutions of teo half-cells and completes
the cell circwit.

(ii} It prevents wransference of diffiusion of the solations from
one half-cell to the other.

(iii} Tt keeps the solutions in rwo half-cells elecincally
nevtral. Tn anodic half-cell, positive 1ons pass into the solution
amd there shall be accumulation of extra positive charge in the
solution amund the anode which will prevent the flow of
electrons from anode. This does not happen becanse negative
ions are provided by salt bridge. Similarly, in eathodic half-cell,
negative tons will accumulate around cathode due to deposition
of positive jons by reduction. To newtralise these negative jons,
sufficient number of positive ions are provided by salt bridge,
Thus, sali bridge maintains elecirical nevirality.

(1w} It prevents Hquid-liguid junction-potential, ie, the
potential difference which anses between two soluttons when in
contact with each other,

A broken wvertical line or two parallel vertical lines in a cell
reaction indicates the salt bridge.

Zn|Zn™ )| Cu™ |Cu

Salt bridge can be replaced by a porous partinon which allows
the migration of 10ns without allowing the solutions to intermx.



1213 REPRESENTATION OF AN ELECTRO-
CHEMICAL CELL (Galvanic Cell)

The following universally accepted conventions are followed in
represcnting an electrochemical cell:

(i} The anode {negative electrode) is written on the lefi hand
side and cathode (positive electrode) on the right hand side.

(i1} A verbical line or semicolon (i) indicates a contact
between two phases. The anode of the ¢ell 15 represented by
wnngnmmjfnmnndﬂ\mﬂmuwmlmnprcscntmﬂlb
clectrolytic solution. Both are snp.amtud by a vertical line or &
aemicolon. Fnrexam‘pl-e;,

Zn|Zn or Zn;Zn®

The maolar concentration or activity of the solution s written
in brackets after the formula of the 1on. For example,

Zo|Znt (LMY or Zn | Ze (0LM).

M) — M™ (ag Y+ ne”

Flg. 12.10 {a)

M™ {ag )+ ne” — M (5)

__’ 1 r

__':.m.':'_m_c"' mﬂwﬂcﬁ T!-'Flﬂm_hﬁ'_mﬁg_m!_- - -

cation of the electrolyte first and fhen metal. Both are separated
by a ue-t'wat line ot semicolon. For example,
u® [ Cu or Cu™;Cu or Cu®™(1A)|Cu

{iv) The salt bridge which sqm'.alns the two half-cells is
indicated by-two-parallel vertical-lines. - -

{¥) Sometimes negative and positive =igns are also pulm the
electrodes,

The Dandell cell can be represented as:

Zn | Z0S0, {ag. )| CuS0, (ag. )| C
Anode Salt bridge Cathode
Orxidation half-cell Reduction half-cell
ar Zn|Zn™ || Cu® | Cu
or Zn | Zn* (1M || Cu® (1 M)| Cu

12,14 ELECTRODE POTENTIAL

When a metal is placed i a solution of its lons, the metal acquines
either a positive or negative charge with respect to the solution.
On account of this, a definite potential difference 15 developed
between the metal and the solution. This potential difference 15
called electrode potential. For mmpl: when a plate of zinc i
placed in a solution having Fn* ioms, it hecomes negatively
charged with respect to solution aruithuq a potential difference is
set-up between zine plate and the solution. This potential
difference iz termed the electrode potential of zine, Similarly,
when copper is placed in a solution having Cu ™ jons, it becomes
positively charged with respect 1o solution. A potential difference
15 sel-up between the copper plate and the solution. The potential
difference thus developed is termed as electrode potential of
copper. The potentinl difference is established due to the
formation of clectrical double layer at the interface of metal and
the solution. The development of negative charge (as on zinc
plate) or positive charge (as on copper plate] can be explained in
the follm-ing manner. When a metal rod is dipped in it galt
solution, two changes oocur:

Fig. 1210(b)

(a) Oxidation : Metal ions pass from the electrode into
solution leaving an excess of electrons

and thus a negative charge on the electrode.
Metal ions in solution gain electrons from
the electrode leaving a positive charge on the
elecirade,

(i) The conversion of metal atoms into metal jons by the
aftractive force of polar water molecules.

M s M + e’

The metal ions go into the solotion and the electrons Temain on
the metal makimg 1t negatively cha:g:d. The ten,dency of the
metal 0 change into ions is known as electrolytic solation
pressure.

(i} Metal ions start depositing on the metal surface leading

to & positive charge on the metal.
MY +ne” —— M
This tendency of the ions is termed osmotic pressare.

In the beginning, both these changes cccur with different

speeds but soon an equilibrium is established.
M—=M" +ne

In practice, one effect is greater than the other, if first effect is
greater than the second, the metal acquires a negative charge with
respect to solution and if the second is greater than the first, it
acquires positive charge with respeet to solution, thus in both the
cases a potential difference 1s set-up.

The magnitude of the electrode potential of a metal = a
measure of iis relative tendency to lose or gain electrons, ie, 1t is
a measure of the relative tendency to undergo oxidation (loss of
electrons) or reduction (gain of electrons). The magnimde of
potential depends on the following factors:

(b} Reduction :



{1} MNature of the electrode,
(11} Concentration of the ons n solution,

(ni) Temperature.

Depending on the nature of the metal electrode to lose or gain
clectrons, the electrode potential may be of two types:

(i) Oxidation potential: When electrode is negatively
charged with respect to solution, i e, it acis as anode. Oxidation
CCUTS.

M—M" +ne

(i) Reduction poteniial: When electrode is positively
charged with respect to solution, fe. it acts as cathode
Reduction occurs.

M™ +ne” —a M

It is not possible 10 measure the absolute valwe of the single

electrode potential directly. Only ihe difference in potential

between two electrodes can be measured experimentally, Inis,

therefore, necessary to couple the electrode with another
electrode whose potential s known. This electrode 15 fermed as
reference electrade. The emf of the resulting cell is measured
experimentally, The emf of the cell is equal to the sum of
potentials on the two electrodes.

Emf of the cell = Ey 0 + Ergpe

— - = Oxidation potential of ancde
+ Reduction potential of cathode

Enowing the value of reference electrode, the value of other

clectrode can be determined.

12,15 STANDARD ELECTRODE POTENTIAL

In order to compare the electrode potentials of variows electrodes,
it 15 necessary to specify the concentration of the ions present in
solution in which the electrode is dipped and the temperature of
the half-cell, The patential difference developed between metal
electrode and the solution of iz jons of unit molariry (1 A7) a0
25 C (298 K) is called standard electrode potential.
According 1o the [UPAC convention, the reduction potestial
alone can be called as the electrade poteniial (£ ), i.e.,the given
value of electrode potential can be regarded as reduction
potential unless it is specifically mentioned that it is oxdation
potential. Standard reduction potential of an electrode means that
reduction reaction is king place at the electrode. If the reaction
is reversed and written as oxidation reaction, the numerical value
of electrode podential will remain same but the sign of standard
potential will bave to be reversed. Thus,
Standard reduction podential = — Standard oxidation
potentizl
or  Standard oxidation potential = — Standard reduction
potential

12.16 REFERENCE ELECTRODE
(Standard Hydrogen Electrode,
SHE or NHE) -

Hydrogen electrode is the primary standard electrode. It consists
of a small platinum strip coated with platinum black as to adsorb
hydrogen gas, A platinum wire is welded to the platinum sinp and

sealed in a glass be as to make comtact with the oufer circuit
through mercury. The platinum strip and glass tube 15 surrounded
by an outer glass tube which has an inlet for hydrogen gas at the
top and a number of holes at the base for the escape of excess of
hydrogen gas. The platinum strip is placed in an acid solution
which has H™ ion concentration 1 AL Pure hydrogen gas is
circulated at one ammospheric pressure, A pan of the gas is
adsorbed and the rest escapes through holes. This gives an
equilibrivm between the adsorbed hydropen and hydropen woms
i1 the solution.
H, == 2H" + %"

The temperature of the cell is maintained at 25°C. By
international agreement the standard hydrogen elecirode is
arbitrarily assigned a potential of exactly £ (000 .. volt,

I-\'

Fig. 1211 Hydrogen electrode

The hydrogen electrode thus obtained forms one of two
half-cells of a voliaic cell, When this half-cell is connecied with
any other half-cell, a voltaic cell is constiated. The hydrogen
elecirode can 3¢t as cathode of anode with respect to other
elecirode. .

SHE half reaciion Elecirode potential
Hy —3IH"* + 2¢ 0.0V { Anodz)
H™Y + % —H, 0.0 Y (Cathode)

12.17, MEASUREMENT OF ELECTRODE
POTENTIAL

The messurcment of elecirode potential of & given electrode is
made by constituting a voltaic cell, e, by connecting it with a
standard hydrogen electrode (SHE) through a salt bridge, 1 A
solution is used in hydrogen half-cell and the temperamire is
maintained at 25° C, The emf of the cell is measured either by a
calibrated polentiometer or by a high resistance volimeter, £e . a
valve volimeter. The reading of the volimeter gives the electrode
potential of the electrode in question with respect to the hvdrogen
elecirode. The standard electrode potential of a metal may be
determined as it is the potential difference in volt developed ina
cell consisting of two electrodes: the pure metal is in contact with
2 moler solution of one of its jons and the standard hydrogen
clectrode.



Wakes wolftmater — =

Eleciran fow i metal b
has a positive alecirode
potential

Hydrogen

Fig. 12.12

{i} Determination of standard electrode potential of

Zn!Zn*' elecirode: A zine rod is dipped in | M zine sulphate
solution. This half-cell 15 combined with a standard hydrogen
electrode through a salt bridge. Both the electrodes are connectid
with & volimeter as shown in Fig, 12.13. The deflection of the
voltmeter indicates that current is flowing from hydrogen
electrode 1o metal electrode or the electrons are toving from zine
rod to hydrogen electrode. The zine electrode acts as an anode
and the hydrogen electrode as cathode and the cell can be
represcnted Bs

ol Zo " ag.) I TH "{ag) | Hyig)

Anode -] Cathode (+)
Zn —sZntt + 26 IH++1E_—&H1T
{Chaadation) (Reduction)
g m e

lT 1\“-./; T‘

Waoltmatar
Zn rod ™ Cathode
[Anoda) Salt bridge e H,
{at 1 atm)

a

1M HCH

Fig. 1213 Zn-H, glectrochemical cell
The emf of the cell is .76 W]lu
Ecen = Epsose + Euncse
ll?6=£|:.m +0 o E:"ﬂ =+ 076V
A the reaction on the anode 15 codation, ©e.,

7n— Fnt & 2e,
E:m is the standard oxidation potential of zine. This potential is
given the positive sigi.

E, (Zn/Zn™ )=+ 076 volt
&n, standard reduction potential of Zn, i.e, E#(Zn™ [ Zn)
=—EL, =—-(+0.76) r-"‘ﬂ

ﬂo*-n
=—{).Tavolt
The emf of such a cell
grves the postive value of
standard oxudation polential apoq.
of metal M. The standard
reduction potential (£° ) is

obtained by reversing the
sign of standard oxidation
potential, _ ) H*.'H
: Fig. 12.14
(i) Determination of standard electrode potential of
Co® / Cu, electrode: A copper tod is dipped in 1 A solution
of CuS0y. It is combined with hydrogen electrode through a salt
bridge. Both the electrodes are joined through a voltmeter. The
deflection of the volimeter indicates thai current 15 flowing from
copper electrode towards hydrogen electrode, i e, the clectrons
gre moving from hydrogen electrode to copper electrode. The
hydrogen glectrode acts as an anode and the copper electrode asa-
cathode, The cell can be represenied as
H,(g)] 2H *(agq.) || Cu™" (ag.)| Cu
Anodei-} Calhixteis)
Hy —2H* +2¢” ;Cu™ 4267 —Cu
Ul dation Rt
The emf of the cell is 0,34 valt,
cent = Enne +E:?l.lude
034=0+ 'EEHhah
Since, the reaction on the cathode is reduction, fe,
Cu™ + 2 — O, EE,,M 15 the standard reduction potential
of copper. This is given the + ve sign.
E®, Le  standard reduction potential of Cu ™ Cu = 0.34 volt
So, E_ (standard oxidation potential of copper) = — 0.34 volt
The emf of such a cell gives positive value of reduction
potential of metal electrade. The standard oxidation potential of
thiz electrode iz obtzined by m'emng the sign of standard
reduction potential,

i —
wmmhh
Anode Cathode
Hy—=2H" +28° M™+na —M

Fig. 12.15



it 15 thus concluded that at the metal electrode which acts as
anode with respect to hydrogen electrode (cathode), the reduction
potential is given the minos sign and at the metal electrode which
acts as cathode with respect 1o hydrogen electrode (anode), the
reduction potential is given the positive sign.

The standard elecirode poteniials (oxidation or reduction) of
various elements can be measured by combining the electrode in
question with a standard hydrogen electrode and messuning the
emt of the cell constituted.

12.18' EMF OF A GALVANIC CELL

Every galvanic or voltaic cell is made up of two half-cells, the
exidation half-cell (ancde) and the reduction half-cell (cathode).
The potentials of these half-cells are abways different. On account
of this difference in electrode potentials, the electric current

Emf , Potential difference

1. It iz the potential difference |t iz the difference of the
between two electrodes when no | electrode potentials of the two
current is flowing in the circuit. | electrodes when the cell i under

operation.

2. It is the maximum voltage that |1t is always less than the
the cell can deliver. maximum  valoe of voltage

which the cell can deliver

3. It is responsible for the sieady 1t is not responsible for the
flow of current in the cell. steady flow of carent in the

cell.

12.1% REVERSIBLE AND IRREVERSIBLE
CELLS

Draniell cell has the emf value 1.09 wvolt, I an opposing emf

mioves Troan the electrode af gher potential o the clecfrode &t
Yo poeterial, §E o catliode o anode; The direction of the
flow of electrons is from anode io cathode,
Flow of elecirons
Anpde T Cathode
Flow of curresa

The difference in potentials of the two half-cells is known as

the electromotive force (emf] of the cell or cell potential.
The emf of the cell or cell potential can be caleulated from the

values of electrode potentials of the two half-cells constituting _

the cell, The following three methods are in use:

(1} When oxidation potential of anode and reduction potential
of cathode are taken into account:

E,y = Oxidation potential of anode
+ Reduction potential of cathode
=E> (anode) + E-, (cathode)

(i} When reduction potentials of both electrodes are taken
into AcCount:

EZ, = Standard Reduction potential of cathode
- Standard Reduction poteniial of anode
= Eaihodn = En
= Ergin = By
(i) When oxidation potentials of both electrodes are taken
o &Ccount;
Ey = Oxidation potential of anode
- Ciidation potential of cathode
= E,, (anode) - E,, (cathode)

Difference between emf and potential difference: The
potential difference is the difference between the electrode
potentials of the two electrodes of the cell under any condition
while emf is the potential generated by a cell when there is zero
clectron flow, Le , it draws no current. The points of difference
are grven ahead: '

sxactly equal W 109 volt is apphied o The celt, e cell rection, —

T In+@ —Gu+d™

stops but if it is increased infinitesimally beyond 1.09 volt, the
cell reaction is reversed,

Cu+Zn™ —»Zn+Cu™
Sucha cell 15 wemmed a reversible cell, Thus, the following arethe
two miain condittons of reversibility:

(i) The chemical reaction of the cell stops when an exactly
equal opposing emf is applied.

(1) The chemical reaction of fhe cell is reversed and the
current flows in opposite direction when the opposing emf is
slighily greater than thai of the cell.

Any other cell which does not obey the above two conditions
15 termed as irreversible. A cell consisting of zine and copper
eclectrodes  dipped into the solution of sulphuric acid is
irreversible. Similarly, the cell

Zn|H;50,0(aq.)| Ag _
is also irreversible because when the external emf 15 greater than
the emf of the cell, the cell reaction,

Zn+2H® —Zn™ +H,

is not reversed bat the cell reaction becoimes
Qg+ IHY — 24" + H,

1230 SOME OTHER REFERENCE
ELECTRODES

Simcd, a standard hydrogen elecirode i3 difficult to prepan: and
maintain, it is usually replaced by other reference electrodes,
which are known as secondary reference electrodes, These are
convenient to handle and are prepared easily, Two imporiant
secondary reference electrodes are described here,

(i} Calomel electrode: It consists of mercury at the bottom
over which a paste of mercury-mercurous chlonide is placed. A
solutton of potassium chloride is then placed over the pasic. A
platinum wire scaled in a glass tube helps in making the electrical
contact. The electrode is connected with the help of the side tube
on the lefi through a salt bridge with the other electrode to make a
complete cell. E



Ft wire

Fig. 12,16 Calomel electrode:

where, n is the number of electrons involved, & 15 the value of
Faraday and £° is the cell emf. AG can be negative if £ iz
positive.

‘When E® is positive, the cell reaction is spontanéons and
servies us a source of electrical energy.

To predict whether a particular redox reaction will occur or
not, write down the redox reaction into two half reactions, anc
invalving oxidation reaction and the other involving reduction
reaction, Write the oxidation potential wvalue for oxidation
reaction and reduction potential value for feduction reaction. Add
these two values, 1f the algebraie summeation gives a positive
value, the renction will ocour, othersise naot.

[Mote : The true conditions for operating voltaie cells ane :

AG <0, E>0]
The potential of the calomel electrode depends upon the
e D e aor. 1T potssium DE AND-CELL POTENTIALS—
< chloride mmmﬁ known aﬁlﬂ_mlﬁ_ﬁ_mm
calomel electrode (SCE) and if the potassium chloride solution is NERNST EQUATION

| &, the electrode 1z known as normal calomel electrode (NCE)
while for 001 N poiassium chloride solution, the elecirode is
referred 1o as decinormal calomel electrode (DNCE)  The
electrode reaction when the electrode acts as cathode js:

—;H’Elt‘lz +¢& w=——Hg+Cl

The reduction pedentials of the calomel electrodes on
hydrogen scale at 298 K are as follows:

Saturated KCL 02415 Y
1.ONELC] 02800 v
0.1 KOl 03338V

The electrode potential of any other electrode on hydrogen -

scale can be measured when it is combined with calomel
electroade. The emf of such a cell is measured, From the value of
electrode potential of calomel electrode, the electrode potential of
the other electrode con be evaluaied. 5

(i} Silver-silver chloride eléctrode:  This is another widely
nsed reference electrode. It is reversible and stable and can be
combined with cells containing chlorides without mserting liquid
junctions.

Silver chlonide s deposited electrolytically on a silver or
platinum wire and it 15 then immersed in a solution containing
chlomde 1ons, Iis standard electrode potential with respect 1o the
standard hydrogen electrode is 0.2224 V at 298’ K. The clectrode
is represented as:

Ag| AgCl|Cl”
The electrode reaction is:
AgCl+e” — Ag+ Cl7

12.21° PREDICTION FOR OCCURRENCE OF
A REDOX REACTION

Any redox reaction would oceur spontaneously if the free enerpy

change (AG) is negative, The free energy is related o cell emfl in
the following manmner:

A" =—nFE"

The electrode potential and the emf of the cell depend upon the
pature  of the electrode,  lempersture and the achvities
(concentrations) of the lons m soluton. The vanation of

electrode and cell potentials ~with concentraion of wns W

solution can be obtamed from thermodynamic considerations.
For a general reaction such as

md +my i+ —m X+l +0 )

occurning in the cell, the Gibbs free energy change is given by the
cquation

L L]
AG = AG® + 2303RT log, —* ‘;J—- oo (i)
. ”.4'“‘*3

where, * o' represents the activities of reactants and products
under a given set of conditions and AG® refers to free encrgy
change for the reaction when the various reactants and products
are present at standard conditions, The free energy change of a
cell reaction is related 1o the elecirical work that can be obtained
from the cell, ie, AG=—nFE_, and AG®=-nFE® On
substituting these values in eq. (i), we gel

u Mxak,..
—HFE gy =—nFE"y +2303RT log,y —— Y " (i)
Mart ..,
A ]
n Momat .
or E g =Eoy - 230587 log,, —X ¥ - (iv)
a:"J xd;’

This equation is known as Nemst equation.
Puiting the values of 8 =2314 K" mol™, I =298 K and
F = 965000, eq. (iv) reduces to '

oy oy
E=£°-n'mgllugm a) xal ... -
" ayl xag ..,
0.059] [Products) .
E® = lo
- " k1o [Reactants) vi)



Potential of single electrode (Anode): Consider the

peneral oxidation reaction,
M—M™ +pe
Applyimg Memstequation,

g, 0059l

[M*]
M ]
where, £, is the oxidation ‘potential of the electrode {anode),

Ey, i the standard oxidation potential of the electrode,
[Mede: The concentmation of pure solids and liguads are taken s unity.]

0.0591
Eon =E:: TIDELHI-“ |

Eo log g

Let us consider a Dansell cell 1o explain the above equations.
The concentrations of the electrolytes are not | M.

00581

0.0591

E, m E:“

log g |E“=L]
log g (42" |

e 0059] [Cu?]
=E:h+'ﬁmd_ 7 log g Ma,,],.
0.0591 Co™

3 bog 1o [ . 3
[Ag"]

E-r:d ='E:ﬂ +

E=E, *E 4

=E::'II -

jiiees 1
T Example 31. Construct the cells in which the following

reactions are faking place. Whick of the electrades shall acr as
anode (regatve elecrrode) ard whick one ar cathode (pasitive
elevtrode)?

Zn(s)+ Cu’" {ag )= 7n"" (ag.} + Culs)

ZnlsH] Zn " (ag) || Cu®* (ag.}| Cu

Potential at zine elecirode (Anode)
o 0591
B = oy~ logyg [Z™ ]
Potential at copper electrode (Cathode)
0,059]

Epg = £y 4 log g [Cu™ |
Emf of the cell
By =Ep +Ey

5 o 0.0591 Zn™
=(Ey tEm )= log g [F}
v 00591 Zn®
=E.m — ]“gllil|:‘:“;,_:|

The value of m = 2 for both zine and copper.

Let us consider an example, 1n which the values of » for the
two iong In the two half-cells are not same. For example, in the
cell

Cuftu™
The cell reaction is:
Cuisi+ 2Ag" —Cu™ + 2Ag
The two half-cell reactions ane:
Cu——Cu™ + 2
Aptre —Ag

The second equation i3 multiplied by 2 to balance the number
ol eleclrons,

lAg" |Ag

2ApT + 2T —— 2Ax

Nnnimmﬁmﬂmf

mm.mmmmmmuﬂ;w

(@) Z2n+ Cul0, = Znl0, + Cu

(b)) Cu+ ZAghil, = CulNOy ). + 24g

(e} Zn+ H,80, = ZnS0y + H,

(d) Fe+ SnCl, = FeCl, + Sn

Solution: It should a.lwa.:.f.s be kept in mind that the metal
which goes into solution in the form of its ions undengoes
oxidation and thus acts as negative electrode (anode) and the
clement which comes mito the free state undergoes reduction and
acts as positive electrode (cathode):

{a} Inthis case Zn is oxidised 1o Zn** and thus acts as anode
{negative electrode) while Cu ™ is reduced to copper and thus
acts as cathode (positive electrode). The cell can be represented
as

Zn | ZnSO, |1 CuSO, | Cu

ZolZn® 1Cu™ 1Cu
Amode (-} Cathode (+)

(b} In this case Cu is oxidised 1o Cu™ and Ag™ is reduced 1o
Ag. The cell can be represented as
Cu | CulNO, ), 1 AN, | Ag

CulCu Il ag* lag
Andde (-} Cathode (+)

or

or

(¢} In this case, #n is oxidised to Zn ™ and H' is reduced 1o

H.. The cell can be represented as:
Zn | ZnS0y, 11 H, 30, | Hy(Pt)
ZniZn® 11 2H* | Hy(P1)
Anade (=) Cathode (+)
{d)} Here, Fa is oxidised to Fe™ and 807" is reduced to Sn.
The cell can be répresented as:
Fe| FeCl, 11 5nCl, | 5n

FelFe®™ 150" | Sn
Asode (-} Camode (+)

ar

The valué of £2. |, {onidation potentisl of Za) is+ 0.76

volt and the ulurul'ﬂ';;. . {reduction potential of copper) is + 0.34 volt. The elecirode having lower value of reduction potential acts as =n arode

whille that having higher value of reduction patential acts as cathode.



23. Calculate the emf of the following concentration cell at 25°%C:
Agis) | AgNO, (0,01 M) | AgNO, (0.05 M) | Agis)

{a)- 0414V (b) 0.EZEV
ATEIERY (d) o414 v
[Ans.  {d)]

[Hini: E=E£° -@ logy, £

(- E° = 0 for all concentration cells)
0.0591 00l

=9_Thﬂm[ﬁ]=umu V]

24. The equilibrium constant of the reaction:
Cuoiz)+ ZAg” (ag. )= Co?* (ag.)+ 2Ag(s)
E® = 0.46 V at 298 K is: [CESE. (Med.) 2007]

1223 ELECTROCHEMICAL SERIES

By measuring the potentials of varous ¢lectrodes versus standard
hydrogen electrode (SHE), a senies of standard electrode
potentials hos been established. When the electrodes {metals and
non-metals) in contact with their ions are arranged on the basis of
the values of their standard reduction potentials or standard
oxidation potentials, the resulting series iz called the
electrochemical or electromotive or activity serles of the
elements, ’

By iotemational convention, the standard potentials of
electrodes are tabulated for reduction half reactions, indicating
the tendencies of the electrodes to behave as cathodes towards
SHE. Those with positive £ ° values for reduction half reactions
do in fact act as cathodes versus SHE, while those with negative

{a) 2.0 10" (b) 4.0 10°° E* values of reduction halfl reactions behave instead as anodes
b 4.0 100 ) 2.4 % 10" mﬁﬂﬁﬁﬂﬁtﬂhﬁmm series is shown in the given
[Ans. (g)] B '
ectrode Potentials at 25°C——
) RE® _ 2 3 0046 Standard Aquevos El
[Hin: K = aniilog s " antilog TR ‘The Electrochemical Series’
= antilog 13353 Element Elcctrode Reaction mlmpmﬁu
=319x10" o Reduction) o E®yvelt
g 107 T B T s T
15. The cell reaction of a cell is: K E*+é =K — 105
Mg(s)+ Cu™ (ag.)¥== Cu(s) + Mg"* (ag.) - O + 36 w0 _agr
If the standard reduction potentials of Mg and Cu are — 2,37
and +0.34 V respectively. The emf of the cell is: Ha W™+ =Ha -7
[JEE (WE) 2007] Mg Mg’ + 26" = Mg -237
@203V (B)-203V (+2TIV (@)-271V Al : AI* 53¢ =Al — 166
[Ams. ()] Zn E @ | ™ el =T Eg - 01,7628
[Hint: Efy = Erge ~ Ennsae o SE| orewec g1 - 074
_ Fe g-:?—' Fe'* + 2¢ aFe 'Eg — 044
= Eretee s ~ Eoitod oo cd o E Cd* 125 =Cd g8 - 0.403
=03 - {-23T) =+ 271V | Ni :-._EI NiT* & 26 = Ni IE: 028
26.  The equilibrium constant of te following redox reaction at % E a } g
W8 K is]x 108 Sm B Sn** 4 2¢ = Sn - 014
e’ (ag. ) + U (ag.) == IFc™*{ag.) + Lis) e gg | Wv2 =M £ 000
If the standard reduction potential of iodine becoming bodide Cu Cu®* + 2 =Cu g + 0,337
is + 0.54 V. What is the standard reduction potential of I = L +2 =2I £ + (.535
Fe’* / Fe*'? |PMT (Kerala) 2008] * e +079
{a) + 1.006 V ) — 1.006 V . Ag +enig
{€)+0TTV -077V Hg Hg** + 26 = Hg + 0,885
(g)- D652 W Br; Bry + 2¢ = 2Br + 1.0%
[Ans. ()] 1, Cly + 26 =200 + 135
[Hint: £ = 0.059 logyy K Au Jo Au™ o 3e mAn + 150
" R R+ 26 = 2F +2.87

=H;!" g 107 = 11236

=

=
Een = Enutued secies ~ Enutied pecis

0236=E,, ;. -054

£ gt =07TV]
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Characteristics of Electrochemical Series

{1} The negative sign of standard reduction potential indicates
that an electrode when joined with SHE acts as anode and
axidation occurs on this electrode. For example, standard
reduction potential of zine is — 0,76 volt, When zine elecirode is



Jeined with SHE, it acts as anode (~ve electrode), 7 e, oxidation
gecurs on this electrode. Simdlarly, the 4ve sign of standard
reduction potential indicates that the electrode when joined with
SHE acts as cathode and reduction occurs on this electrode.

(1) The substances which are sttonger reducing agents than
hydrogen are placed sbove hydrogen in the series and have
negative values of standard reduction potentials. All those
substances which have positive values of reduction potentials and
placed below hydrogen in the senies arc weaker reducing agents
than hydrogen.

(iif} The substances which are stronger oxidising agents than
H* ion are placed below hydrogen in the series,

{iv) The metals on the top (having high negative vahes of
standard reduction potentialz) have the tendency o lose electrons
readily. Thess are active metalss The activity of metals decreases
from fop to bottom, The non-roetals on the botiom (having high
positive valses of standard reduction—potentinly)—have—the
tendency to accept electrons readily. These are active non-metals-
The activity of non-metals increases from top to bottom,

Applications of Electrochemical Series

(i) Reactivity of metals:  The activity of the metal depends
on its endency to lose electron or electrons, i.& , wendency to form
“eation (M), This iendency d&pﬁ‘lda-i:'m the magnitude of
standard reduction poteniial, The metal which has high negative
value (or smaller pogitive value) of standard reduction potential
readily loses the electron or electrons and s converted into
cation, Such a metal is said to be chemically active,
The chemical reactivity of metals decreases from 1op to

bottom g the senes. The metal higher in the senes 18 more active

than the metal lower in the series, Forexample,

(o) Alkali metals and alkaline earth metals having high
negative values of standard reduction potentials are chemically
active. These react with cold water and evolve hydrogen. These
readily dissolve in acids forming comresponding salis and
combine with those substances which accept electrons.

() Metals like Fe, P, Sn, Ni, Co, ete., which lie a little down
in the series do not react with cold_water but react with steam 1o
evolve hydrogen,

(c) BMetals hke Cu, Ag and Au which lie below hydrogen are
les= reactive and do not evolve hydrogen from water,

(i} ‘Electropositive character af metals: The
clectropositive character also depends on the tendency o lose
electron or electrons, Like reactivity, the electropositive character
of metals decreases from top o bottom in the elecirochemical
series. On the basis of standard reduction potential values, metals
are divided into three groups:

{a) Strongly electropesitive metals: Metals  having
standard reduction polenbal near about 20 volt or more
nl:gn.tiw: like alkali metals, alkaline carth metals are strongly
electropositive in nature,

() Moderately electropositive metals:  Metals having
values of reduction polentials between 0.0 and about -2.0 volt are
moderately eleciropositive. Al, £n, Fe, M1, Co, e, belong to this
group.

() Weakly electropositive metals: The metals which are
below hydrogen and possess positive walues of reduchon
potentials are weakly electropositive metals. Cu, Hg, Ag, #c.,
belomg to this group.

{iii) Displacement reactions:

(a} To predict whether a given metal will displace another,
from its salt solution: A metal higher in the series will displace
the metal from its solution which is lower in the series, Le, the
metal having low standard reduction potential will displace
the metal from its salt’s solution which has higher value of
standard reduction potential. & metal higher in the senies has
greater tendency to provide electrons to the cations of the metal
to he precipitated. i

(b) Displacement of one non-metal from its salt solution
by another mom-metal: A non-metal higher m the senes
(towards bottom side), ie, having high value of reduction
potential will displace another non-metal with lower reduction
potential, Le., oceupying position above in the serics. The

T T-CEElS wiiich poasess high positive redaction potentials have
the fendency 1o accept electrons readily. These electrons are
provided by the ions of the non-metal having low value of
reduction potential. Thus, C1; con displace bromine and odine
from bromides and rodides.

-Gl 2R —— 2KCY 1, o

A" —— 1y +2e” (Cheidation)

{Reduction)

[ The activity or clectronegative character or oxidising nature

of the non-metal increases as the value of reduction potential
increases. |

{¢) Displacement of hydrogen from dilute acids by

metals: The metal which can provide electrons to H' jons

present in dilute acids for reduction, evolve hydrogen from
dilute acids.

Cly +2¢° —201°

Mn —s Mn™ + {Oxidation)
(Reduction)

The metal having negative valoes of reduction potental
possess the property of losing electron or electrons,

Thus, the metals occupying top positions in  the
electrochemical serics readily liberate hydrogen from dilute
acids and on descending in the series tendency to liberate
hydrogen gas from dilute acids decreases.

The metals which are below hvdrogen n electrochemical
series like Cu, Hg, Au, Pt #lc., do not evolve hydrogen from
dilute: acids,

{d) Displacement of hydrogen from waler: Iron and the
metals above iron are capable of liberating hydrogen from water,
The tendency decreases from top to bottom in electrochemical
RCTIESR,

Alkali and alkaline earth metals liberate hydrogen from cold
water but Mg, Zn and Fe liberate hydrogen from hol waler or
steam.

(iv) Reducing power of metals: Reducing nature depends
om the tendency of Iosing clectron or glectrons. More the negative

M 42 —H,



reduction podential, more is the tendency io lose electron or
clectrons. Thus, reducing nature decreases from top to botiom
in the electrochemical series. The power of the reducing agent
increages as the standard reduction potential becomes maore and
TrHIre negative,

Sodium iz a stronger reducing agent than zinc and zinc is a
stronger reducing agent than iron.

Element Ma Zn Fe
Reduction potential =271 -078 -044
Reducing nature decresses

Alkali and alkaline earth metals are strong reducing agents.

(v) Oxidising nature of mon-metals: Oxidising nature
depends on the tendency to accept electron or electrons, More the
value of reduction potential, higher is the tendency fo accepl

K*, Ca®™ Na* Mg™, Al™, Za®t Fe™ H, Cu®™, Ag", Au™

Incrensing order of deposition
Similarly, the anion which is stronger reducing agent (low value
of standard reduction potential) is liberated first at the anode,
The increasing order of discharge of few anions is:
8037, NO;, OH, C1°, Br 1
Increasing order of discharpe
Thus, when an aqueous solution of NaCl containing Ma®,
€17, H" and OH ions is electrolysed, H™ ions are discharged at
cathode and €17 jons at the anode, £e ,H, is liberated at cathode
and chlorine at anode.
When an aqueous solution of CuS0, containing Cu?' 505,

H* and OH ~ ions is electrolysed, Cu’* iong are discharged at

clectron or electrons. Thus, oxidising nature increases from

cathode and OH ~ jons at the anode,

top to bottom in the electrochemical serfes. The strength of an
oxidising agent meréases as the value of reduction potential
becomes more and more positive.

F. (Fluorine) is a stronger oxidant than Cl,, Bry, and L.

Cl fl:'hlonne] is astrongu oxidant than Br, and L.

Element 1 Br, Cl, F
Reduction potential +053 +1.06 +136 +285

Oiclising nanere increases
Thus, in electrochemical series

E

Top  (Strongest reducing agent)
Highest negative reduction potential &

eohpe
abure

or
{Minimum reduction potential) =

Bottom { Strongest oxidising agent)
Highest positive value of reduction potential
{vi) Thermal stability of metallic oxides: The thermal
stability of the metal oxide depends on its electropositive nature,
As the electropositivity decreases from top 10 battom, the therrmal
stability of the oxide also decreases from fop o botlom. The
oxides of metals having high positive reduction potentials are not
gtable towards heat. The metals which come below copper form
unstable oxides, i e, these are decomposed on heating.
Hear 1
AB:0——>2Ag +0;
Heat
2HgD » 2Hg + 0,
BaO |
Ma O
Aly Oy
{vil) Products of electrolysis: Incase, two or more types of
positive and negafive jons are present in solufion, during
electrolysis certain jons are Jischarged or liberated at the
clectrodes in preference 1o others. In genéral, io such
competition the fon which is stronger oxidising agent (high

value of standard reduction potential) is discharged first at
the cathode, The increasing order of deposition of few cations is:

Heat
Mo decomposition

u +2¢” —sCu {Cathodic reaction)
40H™ —= 0y + IH; 0+ 42~ (Anodic reaction)

Cu is deposited on cathode while Oy is liberated at anode.

— {vili) Latimer diagram: - Bedox chemistry of an element

can he understand by comparing the standard elecirode potentials
of the various oxidafion states of the element, Latimer diagram
showing relative stabilities of different oxidation stales are given
below :

Acid Medim
:FE E:..n;;q.— =044 Y ,F.gi* E; T g =0Ty ‘Feﬁ“‘-
Alkaline Medium .
FG—E“E. pt OBV et Fpdt g Y sFe'”
In acid medium, the positive value nt‘E;_anc-" indicates that
iron will dissolve in acid medium to form Fe'' ion; since

E' e pe® 15 negative, bence +2 state of mon will be more stale
than +3 state in acid mediam.

When the potential on right of a species 15 more positive ﬂass
negative) than that on the left, then the species will tend to
undergo disproportionation.

Example :

Alkaline Meditm

- = ‘| L]
o Y 1 B

2

Thues, Tl will undergo disproportionaion inte T and Cl10O°

ions in basic medim. )
Cl, +0H —— 1" 40107 +H, O

{ix) Corrosion of metals: Corrosion i5 defined as the
deterioration of a substance because of ils reaction with its
environment, Thiz is alse defined as the process by which metals
have the tendency 1o go back to their combined state, [e., reverse
of extraction of metals.

Thus, the process of weathering away aof the metal due fo
attack of the atmospheric gases on the surface of the metal

_=-aY
107




reswlting into the formation of compounds such as oxides,
sulphates, sulphides, carbonates, et i3 called corrosion.

The process of corrosion of iron I8 called rusting. Rust is
chemically the hydrated oxide of iron having the formula
Fey 0y -xH, 00 Other examples of comosion of metals are
tarnishing of sibver and those of copper and bronze etc, Corrosion
of copper and bronze forms a green coating on the surface. The
corrosion  of metals, particularly fron, causes damage fto
buildings, dams, bridges, etc., and we lose a lot of money every
VEAr

Mechanism of Corrosion : Corrosion is a redox process by
which metals are oxidised by oxypren in presence of moishire.
The mechanism can be understood by taking the example of
rusting of iron. The theory of rusting is called electrochemical
theory. In this theory the process of rusiing can be explained on

Step 4 : The ferrous jons (Fe®" ) formed in the previous step

reacis with dissolved oxygen or oxygen from air io form ferric
oxide (Fe, 0, L

"1;:1* +G= + 4‘!‘130—' IFEJ! I:I_. + EH" [:-ﬂg:l
Hydration of fermc oxide gives rusi. ~
F:I':l] +II]]D—:‘ cho} 'Il'l.zn

The process of rusting may be diagrammatically represenied
as in Fig. 12.17.

T —

Rusting of ron involves the following steps )
Step 1 ; The water vapours present in contact with iron surface
have dissodved OO, and O, from air,
Hy O+ 00y (g)—— H, 00, (1)
.. Thus, the surface of ivon.is covered with-an agueous solution
of carbonic ackd, which undergoes dissociation 1o a small extent,
Ha.tlih‘.},-.:“IH+ +COy7 (lonisation of carbomic acid)
H,07=—H" +0OH" (lonization of water)
Step I : Second step involves oxidation of iron. Oxidation of
metal izkes place ai the point of strain. For example, a sicel nail
first corrodes al the tip and head, The tip of the nail acis as anode
where iron is oxidised to ferrous ion.
Fe{s)——Fe™ + 2 {hmdj:_m oxidation) ...(1)
{‘E:'e’".l& = ={l44 volt)
Step 3 : The electrons flow along the nail to the areas

containing impurities which acl as cathode where oxvgen
{dissolved in water) 15 reduced to hydroxyl ions,

Oq(g )+ 2H, O+ 4e” ——40H |
{Cathodic process, reduction)
(E s = L23volt)
The process of reduction involves the following two seps ;-
First of all H* ions are reduced to hydrogen atoms,
HY + &~ ——=[H] (]
These hydrogen atoms combine with oxygen dissolved in
water or from air. i

4[H] + 0, ——2H,D - Lii}
Combining (ii) and (iii), we get
':':"""H' 44" —— IH,O{I) L)

(E:,; = 123volt)

Adding equations (i) and (iv), we get, the overall reactions of
microcells established on the surface of ron.

2Fe(s)+0; (g)+ 4H (ag)—— 2Fe’ (ag)+ ZH,0(1)
(Ela =167 voli)

Oxidation : Fe(s) — Fe® (ag) + 267
Reduction : O+ 4H" (8g.) + 48 — 2H0 ()

Ah'rn:upharlc dFet & Og + a4Ho0 () — 2Fey04 () + BHYag))
Cmdﬂlun FaOy + 5H0 — Fa 05, .d'l;;D

Fig. 1217 Rusting of iron

Factors Affecting Corrosion )

1. Standard reduction potential : Lesser is the standard
reduction potential, preater is the tendency of corrosion. In other
wirds, more is the reactivity of metal, greater is the tendency of
COITOSPOn.

1. Strains and eorrosion : Comosion of metals occurs more
readily at points of strain, bend, nick and scratches.,

X Impurity of metal and corrosion : Presence of impurity in
metals increases the probability of Ihr.l.r corroston. Pure metals,
&2, pure iron does not undergo rusting ’

4. Salinity of water and corrosion : Ifwater iz saline, it helps
it the: flow of current in microelectrochermcal cells on the surface
of iron and hence, increases the process of corrosion,

5. Pollution and corroston : The acidic oxides like CD,,
50, N0y efc., present in air act as catalysts for corrosion, It
should be noted that if iron is placed n vacuum, it does not
undergo rusting,

Prevention of Rusting : Prevention of rusting is not only
important from the point of view of economy but also from the
point of view of safety, Prevention of corrosion not only saves
money but also prevents accidents due to collapse of bridges and
buildings.

Some important methods for pne*l.reﬂnng COITORION  are
described below:

" L Using antirust soluthon : Alkaline phosphate and alkaling
chromate solutions are the commonly uwsed antirusi solutions,
Alkaling phosphates tend to form an insoluble film of iron
phosphate on the serface of iron, thereby protecting it from
corrosion. In addition, the alkaline nature of an antirust solution
decreases the availability of H' jons which facilitate the
oxidation of Fe to Fe®' . These solutions are used to prevent
rusting of radiators of cars and waler coolers,



1. Barrier protection : It is one of the simplest methods of
preventing cormosion. In this method a barmer of coating is
applied to prevent the surface of the metallic object from come in
contact with the atmosphere. This can be achieved by the
following methods :

(i) Qil paints on the surface of metal prevents its contact with
st air,

{ii} By applving grease or oil on the surface of iron tools and
other objects, rusting can be prevented.

{111} Michrome (N1 + Cr) plating on the surface of iron also acts
a5 a barrier between metal and atmosphere.

(iv) Bisphenol is an important chemical which can be applied
on the surface of the meial to aveid its corrosion,

3. Sacrificial protection : In this method, the surface of iron
is coated with 8 more active medal than iron. This active metal

loses-electrons, e, mmm_pm&mmwu'unm

i covered with such metals the corresion of iron is prevented, If
the surface is scratched or the coating iz broken, even then the
rusting of irof does nol sta,

Zinc metal 15 the most stable metal to cover iron surfaces, The
process of coating the irom surface by zimc is called
galvanization. Zinc melal present tnthe surfaceof ron forms a
thin protective  laver of basic zme  carbonate, ie,
ZnC0y - IndOH), due to the reaction between zine, oxygen, CO,
and moisture in air.

Zn" 426 ——Znis); = = Thvolt
Fe'' +20° —Fe(s);  E]a . =-Od4dwolt

{Zing will undergo oxidation m preference o iron.)

Since, standard reduction potential of zme 15 less than won,
hence, ron will not undergo corrosion (oxidation) even when the
zinc coating s broken due to scratches or some other mechanical
SiTess, '

Sometimes an iron surface s coated with tin metal and this
process is known as tinning or tin plating. This methad is not as
effective as galvanization.

E:
za¥ iz

Sn® {ag)+2e” ——Snis); E;‘bm = =114 valt
Fe'' (ag)+ 26~ —— Fe(s); E} 2o, =04 volt

{Iron will underge oxidation in preference to tin.)

Tintiing s effective in checking the rusting of iron 5o long as
the surface of ron s fully covered by tin, Once the tin coating is
broken or scratched then nusting will start because standard
reduction potential of iron is less than that of tin,

4, Electrical or Cathodic profection : 1T a bunied steel pipe is
connected 1o an active metal, Le., highly electropositive metal,
say magnesium, a voliaic cell is formed; the sctive metal is the
anode and iron becomes the cathode, Wet soil o moisture forms
the electrolyte and the electrode reactions are :

Mgls)—— Mg (ag)+2e7;  EL o

Oy g+ 2H, N+ de” ——40H (ag)  E,, =123V
Owverall: 2Mgis)+ Oy (g )+ 2H, 00
——2Mg® +4QH; Efy =360V

==1.3TV

Flg. 1218 Cathodic protection of a burled steel pipe

Az the cathode, the iron containing steel pipe is protected f
oxidation. OF course, the magnesium rod is eventually consw
~and must bereplaced, but this-ts-cheaper than- digging ap-the

limeFhis methvod 15 used-to-prevent the rusting of submarines.
base line of oil refineries.

(3} Extraction of metals: A more electropositive metal
displace a less electropositive metal from its salt’s solution, ©
pringciple ia applied for the e:rruﬂlm of A;g and Au by ey

it 15 more niml:rq;mmw: than Ag.
INaAE(CN), +Zn — Na,Zn(CN) , + 2Ag

Concept of Equilibrium in Electrochamical Cell
In an electrochemical cell & reversible redox process b
place, e g, in Daniell cell:
Za(s)+ Cu’" (ag. )=—=Zn"" (ag. )+ Cu(s)

(1} At equilibrinm mass action ratio becomes equal
equil ihrium COonSLant,

L, Cak,
(2) Oxidation potential of snode = — Reduction potential
catk
fe, emf=Oxidation potential of anode
+ Reduction potential of cathode
={
Cell is fully discharged.
Acconding to Memnst equation:

00591

E=E" -2 jog . Qat25°C
]

At equilibrium, E=0,0=K

0=E° —@Lugwﬁ:

antilog [n:r u591}
Work done by the Cell

Let n faraday charge be taken out of a cell of emf E; then «
done by the cell will be calculated as:



Work = Charge » Potential
=uFE
Work done by the cell is equal to decrease in free energy.
=AG = nFE )
Similarly, maximum obtainable work from the cell will be

Wi = nFE®
standard emf or standard cell potential.

=AG® = nFE®

The Relationship among K, AG* and E = Call

where, E* =

faE‘I

Case I1I: W'hmt;; =, then nFE < AN, i.e., process
Y,

ingide the cell is exothermic,

1Z24 PRIMARY VOLTAIC CELL
(The Dry Cell)

In this cell, once the chemicals have been consumed, further
reaction is not possible. It cannot be regenerated by reversing the
current flow through the cell using an external direct current
source of electrical energy. The most common example of this
type is dry cell.

The container of the dry cell is made of zine whicl, also serves

- s one of the electiodes, The other electrode is a carbon rod in the

centre of the cell. The zine container is lined with a porous paper.
A moist mixture of ammonium chioride, manganese dioxide, zing

chloride and a porous inert filler occopy the space between the

Fig. 12.19

Heat of Reaction in an Electrochemical Cell
Let n faraday charge flows out of a cell of emf E,
Then -AG =nFE e (1]
Cibbs-Helmholtz equation from thermodynamics may be
given as;

AG = AH + r[aas] i)
F

aT
From equations (i) and (ii), we get
—nFE=AI+T [M]

AE
*"‘""[h—rh
A = -nF'E+nFI‘[aE]

a7l e

Here, [%] = Temperature coefficlent of cell
ll.'

Case [: W’IEE[EE] =), then AH = = nFE
ar ) s

{%] =0, then nFE > AH, ie, process

b,

inside the cell is endothermic,

Case II: When

paper lined zing contzmer and the carbon rod. The cell is scaled
with 2 material like wax.
As the cell operates, the zinc is oxidised 1o Zn**
Zn——Zn™ + 2"  (Anode reaction)
The- electrons—are ~utilized-at-carbon rod (cathode) as the
INH; + 2¢” — INH, + H, (Cathode reaction)
The cell reaction is
Zn+ INH, — Zn* +2NH, + H,
Hydrogen is oxidised by MnO, in the cell,
IMRO, + H, — 2MnO(OH)

Ammaonia produced at cathode combines with zinc ons o
form complex ion,

Zn®* + 4NH, — [ZniNH,), 1>
E, . is 1.6 volt.
Aldkaling dry cell is similar to ordinary dry cell. It contains
potassium hydroccde. The reactions i alkaline dry cell are:
En +20H — Zn{0H), +2e”  (Anode reaction)

IMnO, + 2Hy0+ 26” — IMaO{OH) + 20H"

(Cathode rﬂ.::tlunj
Fn + 2Mn0, + 2H; 00— Zn(0H); + IMa(0H) (Overall)
E oy 18 1.5 valt.

Button cell : The button cells ar- ,mullypﬂlmurp:ﬂatm
construction and look like a button in shape. Owing to their small
sizes, they are used in small electronic devices like hearing aids,
electronic watches ete. These cells are basically primary cells,
Mercuric oxide button cell is the most commonly used button
cell, In this cell, zine anode and mercuric oxide plus carbon paste
cathode is uzed. The electrolyte is a paste of Zo0) and KOH.




am (negathe);
m m +

A P Hg) umgmni
Gasket Cell oan
Cathoda Beapanstor
{positive]:

ZN0 + KOH slectrolyte

Fig. 12.20

The cell process iz given helow

Anode : Zn  +20H ——2nl0{s)+ HyO+ 22"
[#smalgan

Cathode: HgO{s)+ HyO+ 2e” — Hg{l)+20H

Owverall : zn + HgW 5} —— EnN )+ Hgil)

_mmmﬂmmmﬂy_p}swmm_m_uw

Nickel-Cadmium storage cell ; It is also a common storage
battery. It is more expensive than the lead storage battery but it is
light, therefore, used in caleulators, portable power tools, etc.

It is & woltaic cell consisting of an anode of cadmium and a
cathode of hydrated nickel oxide on nickel. The electrolyie in the
cell iz agueous solution of potassium hydroxide, Flecrode
processes are given below :

Anode: Cd(s)+ 20H" (ag) —> CHOH), + 2™
Cathode: NiD,{s)+2H, O+ 2" —— Ni{OH]), + 20H
Cdiiz)+ Wil {)+ 2H, (1) — CdiOH) , ""Nii;mﬂz

In the recharging of the cell the process is reversed,

Cd{OH), + Ni(OH), —>Cd(s)+ NiO, (r)+ ZH, /)

mmumumdmngmhf:mmmﬂ reaclion does not— — Foeleells-are-anoiher means by which-chemical energy may be

involve any iom whose concentration can change dunng the
PrOCESS.

1225 SECONDARY VOLTAIC CELL

_ (Lead Storage Battery)

The cell in which criginal reactants are regenerated by passing
direct current from external source, L e, it is recharged, is called
secondary cell. Lead storage batiery is the example of this type,
Tt consisis of a group of lead plaies bearing compressed
spongy lead, altemating with a group of lead plates bearing lead
dioxide, Fb0,. These plates are immersed in a solution of about
30%% HyS0,. When the cell discharges, it operates as a voltaic
cell. The spongy lead is oxidised to Pb™ jons and lead plates
acquire a negative charge.
Ph—Pb™" + 2" (Anode reaction)

Pb** igns combine with sulphate ions to form insoluble lead
sulphate, PhS0, , which begins to coat lead electrode,

Pb’" + 807 — PhSO, {Precipitation)
The electrons are utilised at Ph(), electrode.
PhO, + 4H' +2¢” — 3 Pb** 4 IH,0 (Cathode reaction)
Pb** + 507 — PhSO, (Precipitation)
Cheerall cell reaction is:
Pb+ PbO, + 4H * + 2503 —— 2PBS0, + IH,0
E . is 2.041 volt.

When a potential slightly greater than the potential of battery
is applied, the hattery can be recharged. *

IPbS0, + 2H,0— Ph + PbO, + 2H,50,

After many repeated charge-discharge cycles, some of the lead
sulphate falls to the bottom of the contamer, the sulphuric acid

comcentration remains low and the battery cannot be recharged
fially.

converted into electrical energy. The main disadvantage of a
primary cell is that it can deliver current for a short period only.
This is due to the fact that the quantity of oxidising agent and
reducing agent is limited. Bui the energy can be obiained

indefinitely from a fuel cell as long as the outside supply of fuel is

maintained. Chne of the examples is the hydrogen-oocygen fuel
cell, The cell consists of three compantments separated by a
porous  electrode. Hydrogen gas @5 introduced  into  one
compartment and oxygen gas 15 fed inte another compartment.
These gases then diffuse slowly through the electrodes and react
with an electrolyte that 15 m the central compartment. The
electrodes are made of porous carbon and the electrolyte is a resin
containing concentrated agueous sodium hydroxide solotion.
Hydrogen is oxidised at anode and oxygen is reduced at cathode.
The owverall cell reaction produces water, The reactions which
DCCur ang:
Anode [Hylgh+ 20H (ag.) — ZH 00 + 2™ | = 2

Cathode Oy (g) + 2H,O0) + 4™ —— A0H (ag.)

This type of cells are used in space-crafts, Fuel cells are
efficient and pollution free.
Thermodynamic efficiency of fuel cells is the ratio of the
electrical free energy to the enthalpy of the reaction,
Al

Al

1227 CONCENTRATION CELLS

If two plates of the same metal are dipped separately into two
solufions of the same electrolyie and are connected with a sali
bridge, the whole arrangement is found 1o act a8 a galvanic cell.
In general, there are two types of concentration cells:

(0} Electrode concentration cells: In these cells, the
potential difference is developed between two like electrodes at
differemt concentrations dipped in the same solution of the
electrolyte. For example, two hydrogen electrodes at different
gas pressures in the same solution of hydrogen ions constitule a
cell of this type.



Pt, H, {Pressure p ) H; {Pressure py) Pt
Anode: Cathide
If p; = p,, oxidation occurs at LHE electrode and reduction
oocars at RHS electrode,
oy =09 e LB a0
2 (p:)
Ini the armalgam cells, two amalgams of the same metal at rag

different concenirations are immersed in the same electrolytic
solution.

IH"|

M (HgC,) |M™ | ZnHg C;)

The emf of the cell is given by the expression
Eoy = Dﬂﬂﬂlhgc‘l 135

] C-;
concentration  ecells:  In  these cells,

-l Fleetenlyte
__glectrodes are identical but these are smmersed in solutions of the

same electrolyte of different concentrations. The source of
electrical enesgy in the cell is the tendency of the slectrolyte to
diffuse from a solution of higher concentration to that of lower
concentration. With the expiry of time, the two concentrations
tend to become equal, Thus, at the start the emf of the cell is
maximum and it graduaily falls to zero. Such & cell is rq:m:enwd
in the following manner:

(C, is greater than C, ).

MIM™(C || M™(Cy) I M

Zn | Zn*(C)) || Z0*(C,) | Zn

or
Anode Cathode
The emf of the celi4s given by the following expression:
C
oy =l].ﬂ5’9!i 3 (RHS) at 25°C
A C.m'l

The concentration cells are used to determine the solubility of
sparingly soluble salts, valency of the cation of the elecirolyie
and transibion point of the twao allotropic forms of & metal used as
electrodes, eic.

Example 43. A cell containg two hydrogen elecrrodes. The
negative electrode is in comtact with a solution’ of 107% M
Fvdrogen ions, The emfof the cell iz 0,118 volt ar 25° C. Caleulane
the conceniration of hvdrogen tons ai the posifive elecirode,

Solution: The cell may be represented as

PtIH, (lam}l H* uH*IH,{lum}IPl
107 M
Anode Cathode
[~ve) (+ ve)
Hy = 2H* +2e” H" +2e” =H,
00591 [H ™ Joumaae
Em = I

0,118 = (0.0591) log [1};

H" lcaneae _ D118
1 — T =
o8 1 0,0591
‘ +
H " Leabode _ 10°

i
[H* Jrumage =107% 2107 =107 M
Example 44, The emf of the cell
Ag| Agl in 0.05 M KI | Sol. NH ,NO, | 0.05 M AgNOy | Ag

is 0.TEE wolt ar 25°C. The activity coefficient of KT and sifver
nitrate in the ahove solution is 090 each. Calowlate (1) the
solubility product of Agl and (i) the sofubllity of Agl in pure
werlir af 257,

solution:  Ag” ion concentrition on AgND, side

m 0.9 % 0.05= 0,045 A

‘Similarty T ~ ion concentration in 05 A KT solution
= (08 0.9 = 0,045 M

+*
E. =“'Dﬂ]1 [Ag_Jans = 0.0591 lug—ﬂ'?ﬁ
1 [AE lups A hew
o log D045 _ 0788 _ .,
; Ag* lius 0.05'91
0.045
Ap* S
IAE duss = o g 107
=206 % 10°"F M
_ Solubility product of Agl=[Ag"1[1"]
= 2,105 = 107" % 0.045
=0472% 107"

Solubility of Agl = /Solubility product of Agl

= ,,I'9.4?1 k1077

=9.732% 107 g mol L
=073 107 % 1435 L™
=1.396x107% gL
" Example 45, The observed emi of the cell,
Pr| Hy (Lam)| H* (3107 MOILHT (M, )| Hy (1am)| Pt
ir 0154 ¥, Calculare the value of M, md pH of cathodic

soluiion.

Solution: E

M, 0154

o
o E w10~ 00591

——— = L6058



" The pH of the solution is given by

-.pﬂ=gi‘2‘;2‘.:£ at 25°C . . - 8D -

0-0591
The glass electrode has a number of advantages over other el des. It can be used evea in
strong oxidising solutions which interfere even with quinhydrone electrode. It can also be used in the
presence of metallic ions, poisons, etc. It is simple to operate and is, therefore, extensively used in
- chemical, industrial, agricultural and biological laboratories.

Potentiometric Tiratioos, As discussed earlier, the potential of an electrode depends u‘p:ll_lhc
concentration of the ion to which it is reversible in accordance with Nemst equation. In a titration,
there is change in ionic concentration which can be followed by measuring the potential of a suitable
electrode. The potentiometric titrations are, thus, those titrations which involve the measurement of
electrode potentials with the addition of the titrant.

The potentiometric titrations generally fall into the following three categories :

1. Acid-Base Titratons~ -~ - ~ - : .

2. Oxidation-Reduction (Redox)

3. Precipitation Titrations -

There are a number of advantages of potentiometric titrations over the ordinary titrations mvulvmz
the use of indicators. Potentiometric titrations can be carried out in coloured solutions while indicators
cannot be used in such cases. Also, in ordinary titrations, one must have a prior information about
the relative strengths of acids and bases before 2 proper indicator is sclected. However, no such
information is required in the case of potentiometric titrations.

Acid-Base Titrations. Suppose We want o titrate a solution of HCI against NaOH. Any clectrode
whose potential depends upon H* ion-concentration (e.g., g de, quinhyd
glass clectrode) is placed in the HCI solution. It is connected to a reference electrode (e.g., calomel
electrode, Ag,AgCl electrode) to form a,galvanic cell. If hydrogen electrode is used as the H

1

indicating electrode and a saturated-caldmel electrode 'is used as the reference elecirode, then the |

galvanic cell may by represented as : S
Pt, Hy(1 atm), H*(e=unknown) || KCI sat. soln ; Hg,Cly(s), Hg
The EMF of the cell is measured potentiometrically. It is given by
E=E= §R = B = Eeytoma - Ehwmglz'n .
= 0-422 - 0-0591 log H* = 0-2422 +.0-0591 pHl 8

Suppose 100 ml of 0-1 M HCl is to b_e' titrated against | M NaOH (the titrant). The concentration
of the titrant is usually 5 to 10 times higher than that of the solution to be titrated so that the volume
change is as small as possible. )

As the titration proceeds, the H* ion concentration goes on decreasing, i.e., pH of the solution
goes on increasing, bence, according to Eq. 82, the EMF of the cell goes on increasing. It is evident
that the EMF of the cell would increase by 0-0591 volt for every ten-fold decrease in the concentration
of H* ions or one unit increase in the pH of the solution.

Assuming, for tie sake of simplicity of calculations, that there is no change in volume during the
tiration, it is. evident that the addition of first 9 ml of NaOH solution Wil give a change of 0-0591
volt. ‘However, the additiori‘of next ¢:90 ml will produce the same change and the addition of next
0-09 ml will also prodiite the sale cliange 2nd so on.. Thus, the EMF of the cell changes slowly at
first but more and more rapidly as the end;pcinr._éppmches.

After thie cod point, further addifion of NaOF produces very litte cHiige in the H fon concentration
and hence there is very little change in the. EMF of the cell.

A plot of E against the volume of NaOH added is shown in Fig. 7(a). As can be scen, the EMF
of the cell initially rises gradually and thereafier more rapidly near the equivalence point. Beyond
the equilvalence point, the EMF of the cell.again increases slightly on adding more of NaOH.

.

l I h
1
w i
& AE AE
§ ' ¥ : Av: 0
'
o i H il
i |
: |
. H .
Volume of NaOH —~a- Voluse of NaOH —=  Volume of NaOH —=
fa} tb) fe)

Fig. Tfa). Polentiometric curve obtained in acid-base titration. Fig. 7 (B) and (¢ determination of
. . end point in acid-base titration. L0

Once the titration curve is obtained, the analyst has to determine, by inspection, where the curve

"+ is steepest, He may draw a vertical line through the steep portion of the curve and find the intersection

of this line with the volume axis. There occurs some uncertainty in this procedure and this will be
reflected in the ultimate volume reading. For a reaction that goes to completion, the titration curve
is so steep near the equilvalence point that the uncertainty is small. However, for a reaction with
small equilibrium constant, the precision with which the equilvalence point may be determined
beoomﬁ.s_ poorer. .

Fig. 7{b) shows a plot of the slope of the titration curve, that is, the change in the EMF with
change in volume (AE/AV) against the volume of the titrant. The resulting curve rises to a maximum
at the equivalence point. The volume at the equilvalence point is determined by drawing a vertical
line from the peak to the volume axis. Of course, there is some uncertainty in locating exactly the
peak. The more complete the: reaction, the sharper the peak and hence the more accurate is the
location of the equilvalence point. * . . - E

Fig. 7(c) shows a plot of the change in the slope of a titration curve (A’E/AV?) against the
volume ofrthe titrant. At the point where the slope AE/AV is a maximum, the derivative of the slope
is zero. The equivalence point is located by drawing a vertical line from the point at which A?E/AVE
is zero on the volume axis. The steeper the portion of the curve joining the maximum and minimem
value of A’E/AV?, the more complete is the titration reaction. :

" Example 31. 25 ml of a solution of HCI (01 M), is being titrated potentiometrically against a standard
(0-1 M) solution of NaOH using a hydrogen-electrode as the indicator electrode and saturated calomel electrode
(SCE) as the reference electrode. What would be the EMF of the cell initially and after the addition of 20,
249, 2495, 2500 25-05, 2510 and 30-60 ml of NaOH solution ? Comment on the data obtained.

Solution : The galvanic cell formed in this case may be represented as follows :

Pr, Hy(l atm), H* {c=unkuown) || KCI sar. soln., Hg,Cl (5), Hg
The EMF of the cell would be given
E = Eycg ~ Eyytrogen = 02422 = 00591 log H*
. = 0-M2 + 0-0591 pH o 25°C (Eq. §2)

Initial pH of the titration solution, viz., 0:1 M HCl = = log [H*] = - log (0]} = | so that £ = 0:3013 V.

Since the product of volume of the solution in ml and the concentration in mol dm”? of a solute gives the
amount of the solute in millimoles, hence

Amount of HOI initially present in the titration solution = 25x0-1 = 25 millimoles

The amount of NaOH in 20 ml of 0-1 M solurion added during tirration = 20%0-1 = 2-0 millimolas



' Cathode reaction :
. A4 H20,+0; — zco§
cnmnr-uunmnim
CO + Hy + 0 —» CO; + ;0
The efficiency of the coal-fired fuel cells is greater than 55%.

In coal-fired fuel cells, sofid electrolytes have also been used in place of molten alkali carbonate.
In one of the cells of this type, ZrO, stabilised by Y;0; is used as the solid electrolyte which
exhibils adequate ionic conductivity at the temperatures of operation (viz., 1000°C and above). In the
case of fuel cells using solid electrolytes, the cathode material is porous strontium-doped LaMnO;y
and the anode is Ni or Zr0,. The efficiency of this type of cells is at least 3% which is greater
than that obtained in thermal power plants.

Hydrogen-Oxygen Fuel Cells in Manned Space Flights. The hydrogen-oxygen fuel cells are
playing important role in some of the manned space flights. The electrolyte used.in these cells is an
ion-exchange material and not a solution of KOH or NaOH. The ion-exchange m:mlwhich is used
in the form of a membrane allows easy passage of protons.

Themphnedeumdemmnkuﬂbrmuinpm;mdmﬂ: Ptmml:nly:.m
electrodé acts as the cathode. Thils is in contact with H,.

H; fuel ionises on the metal-catalyst and the protons produced by the electricity-producing reaction,
viz., Hy(g) — ZH* + 2¢, pesslimmlbeﬂun(ﬂlmmlhmk)mrhbrmesmnﬂmﬁu
proton mobility, as mentioned above and reach the other i de which is also i
with platinum catalyst . ma.mm This electrode is in contact with O,. “Here the
following reaction occurs :

o,m + 4H* (ag) + 4e" — 2H;0 (1)

] The protons required for this reaction: are those which come r.lmulh the membrane from the
ionisation of Hy-on the other side of the mémbrane as stated above. -

nmyhmmmdhhwdhd.odlisdmdfudem
engine 1o be used in automobiles in place of the to heay lead-acid batteries that are being used at
present in vehicular transportation. The electrochemical engine will have a far greater efficiency than
the internal combustion engine. The main advantage would be the elimination of bazardous air polltants
such as CO, NO;, SO; elc., whwhmﬂermﬂyassonuted-nhﬂ:emumlombmm

Rnwul)r.:no-drrlel
d du «of -oxygen of the air (Oy(g) + 2H;0 + de” s 40H"), brought about in
the prﬂcnne cfa catalyst, travel through the liquid electrolyte (NaOH or KOH) and reach the zinc
anod:(cnnwri:mgnfaperformdp&dzhm ye.]l:ts] where they react to form zinc oxide (Za +

20H" — ZoO+H,0+2¢"). These oxidati reactions g electricity, the overall
fusel cell reaction being 2Zn + Oy —» 2Zn0.
The zinc oxide prod in the . The spent electrolyte is pumped out and

subjecwdwaspeclﬂmmfarmeupmmmorzm in the form of zinc pellets. The regenerated
electwlweand!hempellﬂ.lmmdqlin

Fuel cells are associated with a oumber of advantages. Their efficiency is very high. About 75
per cent of chemical energy cam be converted into electrical emergy. The individual cells can be
smhedlndcumwdiqnﬁumgmmtle.m“ voltages. They are also very light.

However, there are a number of engineering porblems which shal: have to be solved before fuel
cells become practical sources of electrical energy. Once it is done, fuel cell technology would bring
revolution in the area of energy production.

a5 part of the electiochemical’ ~

. in which zinc metal is used in place of hydrogen gas,
Imbaeudcwhpeﬂmlhcusa s a source of power ‘in automobiles. In this cell, the OH" ions’

Applications of EMF Measurements .
The EMF measurements find a number of useful applications. Some of these are given below.

. Dmm-uhnofmﬂmywmdmednmu.&mewmmdmmm
activity coefficient of hydrochloric acid: Consider a cell without liquid junction containing HCL. The
two electrodes are so chosen that one is reversible with respect to the cation of the electrolyte (in
this case, the H* ion) and the other is reversible with respect to the anion (i.e., the CI ion).
Ev:dcul)',l:h:rmehcmismwmmmm“nbeheaﬂmr-ulmchhﬂ:
electrode. Accordingly, the cell arrangement is as follows :

) Pt; Hy(g) (L atm) | HCI(m) | AgCls), Agls) ~
where m is the molality of HCI solution.
The cell reaction is . g .
2 Hy(g) + AgCl) = Agls) + H*(m) + CI(m)
Al:curdmgm Eq. 20, the EMF of the cell at 25°C is ;lvenby

a .a - o v .
E -r-muu—% ) -{(61)
(ow:)
= E° - 00591 log 84 Oy | ’ .{62)

because activity of each of Ag(s), AgCl(s) and Hy(g) at 1 atm pressure is taken as unity.
As already discussed,
,,mc,—=(n=)?-{:rtnr)’ vim (Bs. 43 and 49)

where y, and m are the mean ionic activity coefficient and the rnnlallty of HCI, respectively.
Substituting in Eq. 62, we get

- E = E* - 00591 log v . A6

' i =E® - ﬂ-lllb;'rt —(Hlnlogm L A64)
" Rearranging, c -

E+011821logm = E° - 0-1182 log v, -{65)

The wo unknowns E° and v in Eg. ﬁmk&ummﬁbymmm;dmﬁlﬂsm’lltmn
over various concéntrations of HCl, including dilute concentrations. ‘At infinite dlution, m=0 and

L ¥e=1 soumlogr,ﬂ] ‘Thas, a plot of E+0-1182 log m versus m, extrapolated to m=0 gives E* as

the y-intercept. Knowing the value of E°, the mean ianic activity coefficient v -of HCI at any other
comcentration can be determined. from the EMF data of the cell at that concentration.

Alternatively, we can use the Debye-Hiickel limiting law (DHLL) equation, viz.,

log y; = - 0509 [z,2| I'? -{66)
to substitute for the log v, term in Eq. 65, giving
E +0:1182 logm = E° + 0-0602 "2 6T

Thus, a plot of £ + 01182 log m versus /'? will give a straight line at low concentrations where the
limiting law is valid. The extrapolation of this plot to I'2=0 gives £° as the y-intercept of the line.

In practice, however, uenunmoflheb!ﬂl.unmdndmmkgamhfmmryhnwcmmm
For a uni-univalent electrolyte in dilute aqueous solution at 25°C, an empirical extension of Eq. 66 is

log y5 = - 0:509 m*? + bm .(68)
where b is an empirical constant.



Substituting this equation in Eq. 65 and rearranging the terms, we obtain

E+ 01182 log m- 00602 m'2 = E = E° - (0-1182 b)m (69)

‘This equation shows that the left hand side (which
we have designated as EY), when plotted against m,
will give a straight line whose intercept-at m=0, is e
E° (Fig. 4). f

Example 25. Coasider the following cell : EMV)

Agls), Ag"(@=0001 m) || Ag*(e=01 m, & uaknown), Ag(s)
Its EMF at 25°C Is + 1-11V. {a) Write the cell reaction
ﬂﬂjmmd&m‘hh‘ ion in
01 m solution.

Solution : fa) The cell reaction is
Ag* (=01 m, a=say, ) = Ag*(a=0-001 m)  (mol kg ) —-
It is 2 concentration cell with no net resction. Hence, Fig. 4. Desermination of E°.

E = - 0091 log (0-001ix)

0001 __ L1V
ey oaspy ~ - 1T

log x = log 0001 + 1678 = - 112 = 3.678
Taking antilogs, x=0-076.Thus, @ = 0-076. Hence, the nctivity coefficient
Y =ale=0076/01 = 076
Example 26, EMF of the cell Cd(s), CdCly(m=0:02) | AgCl(s), Agls) is found to be 0-780 V st 25°C.
mmummm.mn’e‘,, --ﬂuvmr a- =+ 0222V, calculate the mean josic
mmramsum
Solutlon 1 The half-cell reactions are :

O RHE MO +2 == 240 + 20° ; " E esomv

(i LHE. : C0Hs) = CEYag) + 2 ; E =-0amv -

Hence, adding Eqs. (1) and (), we get : .
o + 20 - ca*w+mm+wtan.
E' wpBy-F = Mn-(-mmp-uﬂsv
CdC,y lonises in solution a5 CdClylag) == w*wnzcr(m
Mwmdwmumﬂm,-3wim-1wy-1.nm,
Gogchy = (03P = @,F (0 @, =yumy =y =yam (v x=1)
q.-r.u.'-r.uj-zr.n i ) (xy=2
Mgy, = :n,)’ = (rem) rm)? = diy,2)mt = 4p,P md

mmwuwhmm.g«_””’ gad = B “039‘10.1.)3 it 25°C

ELLL AT ILVID I =T I UT WALV UYL LELLD T4

o O 0625 - 00295 log (401, Fw]
tog 4y’ = - LT o 52546 _ 5754

Taking 'mm. Ay, P = 557%106
) L Lasaxits Y (557108 VL sy
& ( n® #002)3
Example 27. Calculate the EMF of the following cell at 25°C
Cdfs), CACI{m=0-005, 1,=0-817) | AgCl(s), Agls)

using the data given in the last example.
Solution : As shown in the kst eample, £° = 0-625 V

Also, T ey = () = 4y
The EMF of the cell s given by

00591

E=E- og(a.a?) = B*- L0 o0 p

-= E* = 00295 log [dy,)'nr") :
= 0625 - 0:0295 log [4(0-817°(0-005)"] = 0819 V

2. Determination of Transpact Numbers. As has becn shown earler, the EMF of » concenradon
cell with transference, represented by E,,., in which the end-electrodes are reversible with respect
mmm,nsgwmlyﬁqi‘!-lz_ I

Ey, = £{RTIF) In (a/a)) & wafi)

The EMF of the same cell with the same solutions but withour rransference, denoted by Eyq, is

mwﬁqs"&-

Eyo. = (RTIF) In (ay/a;) wefll)
Dwme i) by fii), we have LGP T IR
] b SRy : (61

Thus, umﬂumﬁﬂ:mmuwum one with transference and the other
without transference, gives the transference nuinber of the anion, if the end electrodes are reversible
with respect to the cation.

- Hmeenddmwodummﬁkwﬂhmw:mhmmmerﬁdmmm&
wiuglveﬂnmfummﬁndu:mdmurm_mm.

3. Determination of Valency of Ions In Doubtful Cases. The valency of mercurous jon was in
doubt for a considerable time. It was finally established by determining the EMF of a concentration
cell of the type given below :

Mercury, Mercurous nitrate solution (c;) || Mercurous nitrate solution (c;), Mercury
The salt bridge represented by the two vertical lines connecting the two solutions contains saturated

+ solution of ammonium nitrate,

The EMF of the cell, E, assuming the lcdvltyeoemciemwbeequaltomlry is given by the
expression
"E = (RT/nF) In (cyley)



