A CONCENTRATION CELLS : :

In the case of galvanic cells discussed earlier, the electrical energy arises from the- chemical
reactions which take place in the cells.” There is, however, anothet category of cells in which the
EME arises not due to-any chemical reaction but due to transfer of matter from one half-cell to the
other because of a difference in the concentrations of the species involved. These are called concentration
cells. '

Cocentration cells are of two types, ¥iz.,
|. Electrode-Concentration Cells and 2. Electrolyte-Concentration Cells.

1. Electrode-Concentration Cells. In these cells, two like electrodes at different concentrations
mdippingiuﬂummlmhn.mwdmgmcl:mﬁunmﬂghpcrmmimmmqlgd:
mwmdmnfhydrnpniumnmilm“clmmd:wmnﬁmcdl.Thi:nujrbereprmdu
follows :

Pt: Hy(py) | Solution of H* ions, say, HCI solution | Ha(pz) ; Pt



The reactions occurring are ;

RHE. : H* + 2 = Hypy) (Reduction)
‘LHE. : Hp) = 2H* + 2 ) (Oxidation)
Overall reaction : Hp) = Hypy)

B 5°-% og (a/py) at 259C
Since, by definition, E®=0, we have

E = - 002955 log (py/p;) = 0-02955 log @ilp)

When p, < p,, the EMF isposhivewduld:wbolcprocmhspouumons.bdngeqmvalem
tolheexpambnofH_z_gas.. I o ., S

Another examplé of the electrode-concentration cell is that of an amalgam with rwo different
concentrations of the same metal -

Hg-Pb(c,), PbSO(soln.), Hg-Ph(cy)

The electrode reactions are :

RHE. : PO + 2. = Ph(gy) (Reduction)
LHE. : - Pble) == P2t 4 2e- : (Oxidation)
Overall reaction : Pe) == Pbcy)

TheBMFofmecellisgivcnby

-_5 =Ep-E '(%‘%#Mé)*(%-%mmq)

= 229 1og L 2 0.02955 1og L
2 Cz ) Cz < = . B
Here, 100, if ¢; < b,. the EMF is positive so that the whole process is spontaneous, ie., lead
will go spontaneously from the higher concentration amalgam to the lower corcentration amalgam.

Example 18. Calcilate the EMF of the electrode-concentration. cell Hg-Za(c,), Zo** (ag); Hg-Za(cy) at 25°C,
lﬂhemonhedunnb-nxc.=2gdﬁcp&lﬂgdw,n‘q=l|d&wI“;of
mercury.

Solution : The half-cell reactions in this case are

RHE. : Z* 2 Znicy) (Reduction)
LHE. : L) = Zot 42 (Oxidation)
Overall reaction - Zofe) = Zo(ey)

£ - 0051



Example 19. Caleulate the EMFW the electrode—concentration cell : Pt ; Hylpy), HOI, Hylpy) ; Pt st 26°C if
Py =600 torr and p, =400 torr.

Solution : The cell reactions in this case are :

RHE. : M+ = Hip (Raduction)
L.HE.: ; C OHfp) = MW +2 . - {Oxidation)
Owerall reaction HBp = Hip)
__0om  lww _ 2
E = - "'_mm 0-02955 log 3 !-l!xlr"'lf

2. Electrolyte-Concentration Cells. In these cells, the two electrodes of the same metal are
dipping in solutions of metal ions of different concentrations and hence of different dctivities. One
such cell is represented below :

7o, Zo**(a,), || Zo** (@s)p Zn

In this case, both the electrodes are of the same metal (Zn) and these are in comtact with
solutions of the same ions (Za**). The concentrations and hence activities of the ions are, however,
different. Let (a,); and (a,); be the activities of zinc ions in the two electrolytes surrounding the
electrodes. The two electrolytes, which are generally ZnSOj solutions, are separated from each other
. by a salt bridge. This is represented by the double line put in between the iwo half-cells.

The reactions occurring are : )

Zn(s) (Reduction)

RHE. : Itta), + 260 =
LHE. : Znfs) = ZIn(a,), +2 | (Oxidation)
Overall reaction : ntta)y = Zotta,) ,

The net process thus involves the transfer of I mole of Zn?* jons from the solution in which the
activity is (a,); to the solution in which the activity is (a,);.

According to Nerst equation, the reduction potentials of R.H.E. and L. H.E. are given by

. RT" 1 _.'.'E - LT e
El-Ed—-‘—rmE-Ed'*th(hh ER S .{‘5}
and L-E,-—ufkl—h=£,+-lnm,}. _ ) )
Ea=E=Ep-E - Hht_;.l . .67

For the process o be feasible, EMF should be positive. Heace, (@, );>(az);. _
Substituting activities (a,), and (a,); by molalities m; and m; (vide Eq. 38), in Eq. 47, we have

RT = ym
| E;_h_ s
Eveg = ., (4%

where y; and y; are activity coefficients of the electrolytes in the two solutions.
Consider another similar concentgltion cell represented by
P, Hyg), H*(as)y I HY(ay), Hy(®), Pt



' In this case, both the electrodes are hydrogen gas electrodes which are in contact with hydrogen
ions of different activities. The two solutions which are generally solutions of hydrochloric acid, are
sepdrated by a salt bridge, as before. - - L . .

The following processes take place at the two electrodes :

RHE.: H"'I{a.'.}; + & == 1/2 Hl{gj {Reduction)
LHE. 2He = H@a)+e (Oxidation)
Overall reaction : H'a.)y == H'a.)

The EMF of the cell will be given, as before, by reduction potential of right hand electrode
minus reduction potential of left hand electrode. The reduction potentials of the two electrodes and
the EMF of the cell are given as follows : ’

= RT | « RT 1
.E.:ER-EL =[EH'-?|ILH}—I[EH——'|H ——“] )
R, @)

F o (ah
For E to be positive, (a.); should be greater than (a.),.

- (49)

We shall now consider a cell consisting of two cells connected back to back ﬁnmugh silver
electrodes

Pt : Hy, HCl(a)), AgCl(s), Ag, | Ag, AgCl(s),HCl(ay), Hy : Pt
The: electrode reactions are :

RHE : Ag+ H'(a) + Cr(@) $'¢ == 1/2 Hy(l atm) + AgCl(s) " (Reduction)
LHE : - - 172 Hylam) + AgCl) == Ag '+ H*(a) + CFa) + ¢ . (Oxidation)
Overall reaction : - H*(ay) + Cl(a) == H*(a) + Cl'(a) '

Thus, the overall reaction involves no chemical change. It-consists only of the transfer of HCI

. from solution of activity a; to solution of activity a,.

The EMF of the cell is given by
E;Q_JEEF'ER—EL
» RT 1 . BT, 1
=Ey-— It ————— | Ey - — I 7
- F {“H*}g[ﬂﬂ_); ¢ F {dH+)[(EC1')1
-=%MM=RTI (i];_

(ag¢), (acr-) T (a)

2RT %:0-1131 lng[ﬂj]i at 25°C

. Foo(a (as)y
where (a.); and (a,); are th:c mean ionic activities of the HCI solutighis in the two cells.



S

Here, too, we see that when a; > a;, E is pogitive so that the process is spontaneous from right
to left and consists in the dilution of HCL from activity a; to activity @, even though the two
solutions are pot in contact with each other.

Example 20 Caleulate the EMF of the concentration cell consisting of zinc tln:troﬁﬁ.. one immérsed in'a
solution of 0-01 molality (numbesr of moles dissolved per kg of the solvent) and the other in a solution of 01 malality
at 25°C. The two solutions are separated by a salt bridge. The mean activity coefficient of the electrolyte may be
assumed to be unity.

Solutom. The cell may be represented as .

Zn, Tt (my=001) || Zod*(my=0-1), Zn

The EMF of the cell, E, is given by

o BT fahy  Y30IRT  ypmy
Eeg—h-- 2% = L . 48}
aF el 2F tog T (B4
_ﬂ'ﬂﬁgl ﬂ'll] L - - = l
=3 _T.ug o0t aL_EF _ o - n. .}
= (95 V

Example 21. Find the pontential difference between the hydrogen electrodes in the cell
Pt, Hylg), HOL, AgQls), Ag ||~ Ag, AgCls); HOI, Hylg), Pt
Latm =001 my= 010 1 st
at 25°C. The activity coelficients of 0-01 m and 010 m solutions are 095 and 0-85, respectively.
Solution = The poteitial difference (E) between the two hyl§gogen electrodes is given by Eq. 4%, vz,
RT 2303R
e

00591 . 0-10x85
1 0wy HBC=0056V R

.|

Types of Eledmlyte-ﬁmmntraﬁon Cells

Electrolyte-concentration cells in which solutions of the same electrolyte of different concentrations
are used are of two types. In ove of the types, the two electrolytic solutions are not in direct contact
with each other and the transference of ions from one solution to the other does not take place
directiy. These are called concentration cells without transference. The two solutions are separated
from each other by means of a salt bridge or by some other means to be considered shortly. In the
second type, the two solutions are in direct contact with each other, The transference of ions from
one solistion to the other takes place directly. Such cells are called concentration cells with transference.
We shall consider here both the-types of concentration cells. :

Concentration Cells Without Transference. The two concentration cells discussed above in
which the two solutions are separated from each other through a salt bridge fall in this category. But,
more often some other means are employed to keep the solutions apart and bring about the transference
of ions indirectly. . _

In order to understand the setting up of such a cell, consider a simple electrochemical cell
such as -

Pt, Ha(g), HCI (a) | AgCl(s), Ag
L atm

Let the activity of H* ions in the solution be (a.); and that of CI” jons be (a_);. Since reduction
takes place at the right hand electrode and oxidation at the left hand electrode, the two half-cell



reactions will be as follows :

Reduction half-cell reaction :
AgCl(s) + ¢ = CI" (a); + Ag(s) i)
Oxidation half-cell reaction : " o : '
- IRHyp) ‘== HY(a) + ¢ ' ' (i)

The net reaction taking place in the cell for one faraday of electricity is obtained by adding
equations (i) and (if). Thus,

U2 Hyfg) + AgCI(S) == H*(a,); + Cl(a), + Ag(s) .. (if)
Now consider the same cell with the difference that the activity of HCI solution is now aj. -

Pt, Hy(g), HCl(ay) | AgCl(s), Ag
I atm

The net cell reaction for one faraday of electricity will now be as follows :
1/2 Hy(g) + AgCl{s) = H'@ +Cr@p+A . ..

Finally, consider the situation when the two cells are connected to each other in such a way that
they send current in opposite direction. Thus, ;

Pt, Ha(g), HCl(ay), AgCI(s), Ag | Ag, AgCI(s), HCl(ay), Hy(g), Pt

1 atm 1 atm

The overall reaction of the combined cell for the passage of one faraday of electricity will,
evidently, be obtained by subtracting cquation (iv) from equation (iii), i.e.,

H'@) + Cra)y, == H¥ay), + Cra), (51)

Thus, for the flow of one faraday of clectricity, the overall reaction is the transfer of one mole
of each of H* and CI" ions or one mole of HCI, from a solution of activity a, to that of activity a,.

Hence, EMF of such a cell would be givenby .

SRy RT@y T g
Ev.o.(. F ln m + F In (a-)‘ : ( )
RT = (as)} ' :
= — Jn =2 (vide Eq. 37) «{53)
F o (a)p - el

where (ag), and (ay); are the mean ionic activities of the electrolyte in the two solutions and the
subscript w.o.t, stands for ‘without transference’, Applying Eq.-43, we have

Evor = (RTIF) In (aylay) - . A54)
where a; and a; are the activities of hydrochloric acid in the two solutions.

It will be observed that the cell reaction does not ‘involve transfer of electrolyte from one
solution to the other directly. It takes place indirectly. The cell is, therefore, a concentration cell
without transference. e

If the middle electrode, yiz., ‘Ag, AgCl(s), is withdrawn, the two solutions of HCI will be in
direct contact with each other. The cell will, thep become a concentration cell with transference. A
little refiection shows that a concentration cell-with transference in which the two electrodes are
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nvaﬁbkmmpeawe&(ﬂ’imhmcpmem-céc)mbemmedimam
wmwmwmp&ghmmmemmnkmmm
to anions (CI” ions in the present case). ; .

mwdamwMMm.hmummm
with‘mpect.toacation,kp'vgnlgebw:u S5 : “. . S
Za, ZaSOg(ay), PbSO4(s), Pb, PbSO(s), ZaSO4(ay), Zn
Cmﬁm%mmfmhmtummmmmm
mmﬁthMaMmsiﬂewhﬁmwacﬁmEWhMm
ahotanncmchoe!lisaMbelow:
- Ag. AgClls), HCl(ay), Hy(g), HCHay), AgCI(s), Ag
The end electrodes are reversible with respect to CI- fons while the intermediate electrode is reversible
with respect to H* ions. :
ch&mwm.uwmamunwwm
mhydmgmp:ebmd:;homwiﬁﬂasdmiomofdiﬁemw.mm

soluﬁommindireaeommacholher.ushown:

P, Hyg). HCIa) | HClay), Hy(g), Pt
1 atm 1 &m
H* — 3
— Cr ‘.
mmmmmmmmmammmmmmam.
mbnowi:gchanpmivdwd_fotdnﬂowofmfua@yofdeurkhy:
Left Hand Electrode : _ ;
THhE = H'@) +¢ i)
Right Hand Electrode :
H'@h +e = $Hyp) oo i)
M.H*msmmamunwmmmammwm
u.thgcunmfollows.S'medzsolmionsmineﬂreacontaawimachoqu.p\daumﬁuw
mﬁmmedn&damWﬂoﬁsdrmwceu.hﬂnmmMy.
H*ionsmoveﬁmmgum«dnlenhmdﬁdewmnondnﬁgm,hndﬁde.hem
mveindimctionoyposhelothuinwhichcaiommove.Cl'ionsmigmfmmriatnleﬁ.u

- shown in the cell above,

? Lat.bememmpqtmofa'ionmdl.(=l-l_)thlofH*ioninHG.Mfor
onefmdayofeba(icitypasiuq:rongb.t-&ndaywﬂlbemiedbym‘iomndt,&nd:yby
H* ions. According to Faraday's second law, 1. equivalent of CI ions will be transferred. from
sollnionofaaivityaztolledlitionofactivitya{.fl‘hismyberq)medas .
@) = rCra) - (i)
Atdnesmlime.t,etpivaleutofﬂ‘bnswillbemfmedfmmlhesolmimofacﬁvitya,
mthsofuivitya;whiehmybereprmtedas
HY @) = LHY), wfiv)
mnummkforﬂwﬂuwofanchndayofdectﬂcilyismdupbem:
Left Hand Electrode. The following operations occur at this electrode - ;
Gain of 1 gram equivalent of H* ions by process (i) _ } 5
' Loss of ¢, gram equivalent of H* ions by process (iv)” ‘



Net gain of H* ions = (1 - 1) gram equivalent = r_ gram equivalent
At the same time, N _
- net gain of C1” ions = {_ gram equivalent by process (i)
Right Hand Electrode. The following operations occur at this electrode :

Loss of | gram equivalent of H* ions by process (ii)

Gain of ¢, gram equivalent of H" ions by process (iv)

Net logs of HY ions = (1 - 1) gram equivalent = 1. gram equivalent
At the same time, '

net loss of CI” ions = 7 gram equivalent -'u:.' process (iii)

. Thus, for eyery one faraday of electricity, there is.net transfer. of r. gram equivalent of H* ions
and r. gram equivalent of C1° ions from right to left, i.e., from the solution in which activity of HCI
is a; to that in which activity of HCl is ;. ) .

These changes are represented as
i H+[ﬂ+]l F‘ L H+[ﬂ+h
LCra) = LCI(a),
The EMF of concentration cell wnhmmpm on analogy with Eq. 52, therefore, is gi'ml by
@k | (@_h
=t m BT nh -59)
B = “@n CF "y
If (as); and (a); are the mean ionic at:uﬂut:s of the two hydmchlum acic solutions, it follows
b]rmedeﬁmmngwen in Eq. 33 that .
@) = @) h and (2.} = (@, 3la,
Eq. 55, therefore, may be put as

Ey: = '-— {ﬂiﬁ ..(36)

F ()

Knowing that the activity of a uni-univalent electrolyte is given by a=(a,)?, Eq. 56 may also be
written as '

E,, = L% 2 57)
a

where a; and a;, as-already stated, are activities of HCI solutions of the ngh: and the left hand
electrode, respectively.

Eq. ﬁTmuwdhcmmmﬁjnfnﬂEmmywu:mcmﬁmﬂmﬂwmw
value of E,,, One of the solutions used should be of known activity.

Liquid Junction Potential (L.J.P.)

Eq. 57 derived above for the EMF of a concentration cell with trans e includes the potential
m:he;unmmafmemummrwmofﬂtlumllﬁq53furEMF ved earlier when the two



solutions are not in direct contact with. each other does not include the liquid junction potential.
Egs. 57 and 53 may be reproduced as

E.;'=2x_%' %- S e S
o= Gy o
Hence, liquid junction poteatial E; is given by
| 5!'5-;-5..“=(21_—1).‘;_T_m_((_:f))_:_
=(t.+(l-z.)-u%h£(:i_))zl
*('--i.)%h%

It is evident from Eq. 60 that the sign as well as the magnitude of L.J.P. depends on the
transference numbers of the anion and cation. If the transference numbers of the anion and cation of
“an electrolyte are the same or nearly the same, i.e., t.=1,, then L.J.P. = 0 or negligibly small. If
the transference number of cation is greater than that of anion, i.e., £, > f, then L.J.P. will be
negative and if reverse is the case, ie., L. > ts, then L.J.P. will be positive and will add to the
EMF of the celi. =

Potassium chloride and ammonium nitrate are amongst the electrolytes in which transference
numbers of cations and anions are nearly the same. The solutions of these electrolytes are, therefore,
Mmdnﬂhﬂsbm&ﬁddjmhmmﬂkt&n@dwam

A wn-wuwqummmmqmmuu
jouic activities of 0-01 and 0-001, réspectively. The transference sumber of H* ioa (r,) in HCI may be taken
Solution : In this caset, = 083 sothar. = 1-1, = 017
(agh = 001 ; - (agh = 0001

WY h :
o - 'r+—h
E=-t)7 E*—(% (Eq. 60)
0-001

= @17 - 0:83)-00591 dog 5o = 00899 V (@ 250

Example 23. Calculate the liquid junction potential associated with the following cel :
Ag(s), AgCKs), HCI (my=1-0, 5 = 0-809) : HOl (m; =005, y,=0-830), AgCl(s), Agls).
" if the transference pumber of H* is 0-83.
. Solution : t, = 083sothat ¢ = 1-08 = 017. Heace, from Eq. 60,
ct- Ea@h R Tm
E =( ")Fh(h -1 thﬂ

0“3 x0-05
= ©17 - s :
©17 - 0-83) x0-0591 log 809 x1-6 at 25°C

= 0050 volt = S mV

~A60) - -



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

- L. Determination of Activity Coefficients of Electrolytes. Suppose we want to determine the
miihymfﬂchmofhﬂmhhtﬁCmﬂduaedlﬂMliquﬂﬁmhnmxhthCLm
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).
Evidently, the first electrode is the hydrogen electrode and the other can be the silver-silver chloride
electrode. Accordingly, the cell arrangement is as follows : :

: Pt; Hyg) (1 am) | HQ (m) | AgCl(s), Agls)
where m is the molality of HCI solution.
The cell reaction is ; . .
U2 Hyg) + AgCls) ==  Ag(s) + H*(m) + Cl(m)
According to Eq. 20, the EMF of the cell at 25°C is given by

e et e mw wm .
E = E° - 00591 log 2y : . (61)
(o)~
=E°- 0091 log 9. 0, ' A62)

because activity of each of Ag(s), AgCi(s) and Hy(g) at 1 atm pressure is taken as unity.
As already discussed, . »
T a8y = (@) = (rgm)? = 42 m * (Eqs. 43 and 44)
where y, and m are the mean jonic activity coefficient and the molality of HCI, respectively.
Substituting in Eq. 62, we get

E = E° - 0059 log yim® : A63)

- : =E°-01182log vy - 01182 login (69
' mm‘. . . . ;

E+01182logm = E° - 01182 log 74 ..{65)

The two unknowns E° and y, in Eq. 65 can be determined by measuring the EMFs of the cell
over various concentrations of HCI, including dilute concentrations. ‘At infinite dlution, m=0 and
. Y¢=1 50 that log y, =0. Thus, a plot of E+0-1182 log m versus m, extrapolated to m=0 gives E° as
. the y-intercept. Knowing the valve of E°, the mean ianic activity coefficient v+ of HCI at any other
concentration 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 v, = = 0509 |z,2.| I'? ..(66)
to substitute for the log y, term in Eq. 65, giving
E + 0-1182 log m = E° + 00602 I'? 467

Thus, a plot of E + 0-1182 log m versus /"2 will give a straight line at low concentrations where the
limiting law is valid. The extrapolation of this plot to /'2=0 gives £° as the y-intercept of the line.

In practice, however, an extension of the DHLL is needed to make a satisfactory linear extrapolatiod.
For a uni-univalent electrolyte in dilute aqueous solution at 25°C, an empirical extension of Eq. 66 is

log v, =-0509 m"? + bm ...(68)
where b is an empirical constant.



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

E+01182logm-00602 m'? = F = E° - (01182 b)m «(69)

This equation shows that the left hand side (which
we have designated as E'), when plotted against m,
~ will give a straight line whose inteccept-at m=0, is [ . .
E* (Fig. 4). t
Example 25. Coasider the followlng cell : E'V)

Agis), Ag*(a=0001 m) || Ag"(e=0-1 m, a unknown), Agis)
Iis EMF at 25°C Is + 1-11V. {a) Write the cell resction
and (b) Caleulate the activity coefMicieat of the Ag* ion in
01 m solution. !

Solution : a) The cell reaction is
Agt (=01 m, a=say, x) o= Ag*(a=0-001 m)
It is & concentration cell with no net reaction. Hence,
- E = -00591 log (0001/x)
log x = log 0001 + 1’878 = - 1122 = 1.878
Taking antilogs, x=0-076.Thus, @ = 0076, Hence, the activity coefficient
T o=alc=0076/01 = 0-76

Example 26. EMF of the cell Cd(s), CACly(m=002) | AgCl(s), Ag(s) Is found to be 0:780 V at 25°C,
Ustng the standard poteatials, viz., B¢, o, = 0403V and Ep o, . = + 0:222 V, calculate the mesn ouic
activity coeffeclent of CACly at this temperature,

Solution + The half-cell reactions are :

m (mol kg1)—e
Fig. 4. Determingtion of E*.

O RHE.: 2400 () +2 == 2Ag0) + 201 ; B etomv

Cd?*(ag) + 2¢" ; Ef =-04mV .

1

(i) LHE. : C 20d)
Hence, adding Egs. (1) and (1), we get . '
- Cdls) + 20505 = Cd**(ag) + 2Ag(s) + 2C1(aq),
S = Ep-E =022 - (- ﬂ-#oii - 0625 V
CACl fonises in solution a5 CdClilag) == Cd?*(ag) + 2C1(ag)
Thus, the number of lons produced on lonization of CdCly = 3 with x=1 and y=2, Hence,
Goacly = (agl™ = (@) (@Y a4 = pum, = pumemym (v x= 1)
@ =ym = ymy = 2ym (v y=2
Moy = (@g) = (ram) @rm)? = dyoyd)md = ayy) m

The EME of the cell is given byEs g»-“‘_‘“j.".'_m.g,e .g--iﬂz.‘-‘ﬂ log (ag) st 25°C



o 0780 W 0625 - 0-0295 log [4(y,)n") . 7
log 4w = - LTS o 52546 - 954
Taking antilogs, Ay, P = 557106
- N " o [ss1xioey? _(ss7x106 V2 gesf
e =[50 r [ «002y I
Example 27. Calculate the EMF of the following cell at 25°C :
Cdis), CaClyim=0-005, y,=0-817) | hﬂn Agls)

using the data given in the last exmphe.
. Solution : As shown in the kst ecample, E* = 0625 V

Also, . o0y '{'g]""ﬁ't”l;
The EMF of the cell is given by

22 bog(a,y

= B - U‘Wﬁhll"n]’ﬂ
= 0625 - nma;mam’m-mm-tmv

r 8 mmanﬁmnummm the EMF of a concentration
cell with transference, represented by E,, ;, in which the end electrodes are reversible with respect
tucdhl.upmbyliq 37, viz.,

Ey. = LRTIF) 1 (aylay) ; v

MEHFﬂhmﬂMhmﬂmwﬁmm denoted by E, . is
S"'HWRI 54, iﬂ.

Eyor = (RTIF) In (ay/ay) il
Dhiﬂm: i) br (i), we have _ . .
o= Eilbuer : (61)

Thus, unﬂuu[ﬁ:ﬁhﬂ&ofummuih mwmmmmuum
without transference, gives the transference nuimber of the anion, if the end electrodes are reversiblé
mmmmm

If the end electrodes are reversible with respect to the anion, mmmammm
mﬂ;mmcmfummlfﬂtnﬁmnfmeehwdm

3. Determination of Valency of Tons 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 (cy), Mercury
The salt bridge represented by the two vertical lines connecting the two solutions contains saturated

+~ solution of ammonium nitrate.

TheEHFnﬂh_cu]l.E.lmﬁngm:tﬂvhymefﬂclmmhnqwnwrf,hﬂmbym
expression
"E = (RTInF) In (cy/cy)



where n is the valency of mercurous ion and c; is greater than ¢;. Thus,
0-0591 hg-‘l (@t 25°C)
; ad . H - I.'l_ . - & = 5 = 5 . = - ow T
It was found that when cyfc; was 10, the EMF was 0-0295 volt. Therefore, the valency of
mnrcumusiunislandltslnulﬂh:mprum:duug%‘.

E =



rmr”

5. Determination'of p. a. By using hydrogen electrode. The poteatial of 2 hyrogen glectrode -
in contact with a solution of H* ions involving the reaction e
H* + ¢ == 12 H, (1 atm)
is given by Nernst equation, viz., : ' c: :
- Eq = Ey + 2:303(RTIF) log [H'] .70)

By convention, = iy, ie., the standard electrode potential of hydrogen electrode, is zero.
By = Z3BRT |0 (1) = < 00591 pH (a1 25°C) - )

'lhus.tbepotentialofahydrogeneleamdedependsuponlhcpllofthesoluxionwilhwhichitis
in contact. This can be determined by combining the hydrogen eléctrode with a reference electrode,
say, calomel electrode. The complete cell is represented as

Pt, Hy (1 atm), H*(c = unknown) || KCI (sat. soln.), Hg;Cly(s), Hg.
The EMF of the cell is determined potentiometrically. This is given by
: E = Eg - E, = 0:2422 - (- 0-0591 pH)
or " 00591 pH = E - 0422
E -0:2422
* PH = 5 0591



b. By using quinhydrone electrode. The quinone-hydroquinone system involves the following
equilibrium :
CeiO + 2H" + 20 =  CgHe0,
Quinone Hydroquinone
Q . Q) . s 53
For the reduction reaction given above, the potential developed on a platinum electrode
lnthh:ynunlsgivenbyd:e&mlequmonn

. 230RT.  [QHy) @
= - |
Semly oy * Qe

o 2303RT  [QIH*P
= E lo
o + F 8 [QH; ) ' . (74)

o 2303RT Q] = 2:303RT +
=E, + s | ) s b e H
o gt .19)

 Instead of taking quinone and hydroquinione, a small amount of quinkydrone, which is an equilimolar
compound of quinone (Q) and hydroquinone [QH},, is taken. Since hydroquinone (QHy) is a weak acid, |
its lonhationls’vcrysnullpmkuhrlyifthcpl-l of the solution is less than 7, Therefore, the
concentration of hydroquinone [QH,] is the same as that of quinone [Q], i.e., the quantity [Q] /(QH;)
is unity. The middle term in Eq. 75, therefore, reduces to zero. Hence,

2:303RT

By = Ba + =—(H") = B} + 0.0591 log [H*) a1 25°C
= Ej - 0-0591 pH . | ...76)
The standard electrode potential of the quinhydrone electrode, E; = +0-0699 V
Ej = + 0:6996 - 00591 pH TN

. ~Thus, the potential of the qulnhy&vne clectrode, just as that of the hydrogen electrode, depends
upon the pH of the solution with which it is in contact, i.e., the quinhydrone electrode behaves as a

reversible hydrogen electrode. Consequently, this electrode can be used for measusing pH values
of solutions,

This electrode is preferred to the hydrogen electrode as it can be set up easily by merely adding
a pinch of quinhydrone to the solution under examination and inserting a clean platinum electrode for
making electrical connection. The- electrode gives accurate results even in the presence of ‘oxidising
ions which usually interfere with the working of the hydrogen electrode, '

The quinhydrone electrode is combined with a saturated calomel electrode to form a cell. The
combination may be represented as _

Hg, Hg,Cl; (5), KCI (sat. soln.) il H*(unknown conc.) Q, QH,; Pt

‘l'beBMPoflhetboveocllhgivcnby
_ E = Ep-E; = (06996 - 0-59] PH) - 0-2422 at 25°C
or 0-0591 pH = 0-6996 - 02422 - E
PH = 0-6996 - 0.2422 - E .(78)

0-0591



- ou

Limitation of quinhydrone electrode. The quinhydrone eléctrode cannot be used for solutions of
pH more than 8. In more alkaline solutions, hydroquinone ionises appreciably as an acid and also gets
oxidised partly by atmospheric oxygen. This alters the normal equilibrium between quinone and
hydroquinone which forms the basis of the above equation.

* " Example 30. W&m&,ﬂd:dm&eqﬁlﬁmmu'.QQ&'ﬁd
in conjunction with & saturated calomel electrode, as represented below :
Hg, Hg,Cly () ; KCI (sat. soln.) | H*(unksown); Q, QH;, Pt
'DeMdlhedmhdth-ﬁnllB‘C.Cthhﬂhopﬂddua&ﬂnllﬂlm
Ecsiomet = + 0:24 volt st 25°C wod B 0oy =+ OOV
Solution : The EMF of the cell is given by ’
E=E-E
026 = 0-70 - 0-0591 pH - 0-24 (st 25°C)
070-024 - 026
% M =01 =W
c. By using glass electrode. It has been found by experiment that differénce of potertial exists
at the interface between glass and a solution containing hydrogen ions. The magnitude of this difference
ofpotenualfonngenvarmyofglmvmeswuhtheconéemnuonofthehydrogenmald.a
'25°C, is given by the equation ’ K
Eg = Eg + 0-059 log [H*) (1)

= Eg, - 0-0591 pH ’ : .(80)

where E/. is a constant for the given glass electrode. The electrode reaction is assumed to involve
the reduction of H ions. The glass electrode, thus, functions in the same manner as a reversible
hydrogen electrode.

The glass electrode is made of a special
glass of relatively low melting point and high

- electrical conductivity. It is blown in the form | Vacuum tube
of a bulb which is then sealed to the bottom of
a glass tube (Fig. 5). A solution of 0-1 molar * Platinum wir

hydrochloric acid, which fumishes a2 constant
hydrogen ion concentration, is placed inside the
bulb and 2 Ag,AgC! electrode or simply a2 | Glass :
platinum wire is inserted to make electrical | electrode e =
contact as shown. The reference electrode :
employed is usually the calomel electrode. The | | s ¢
schematic arrangement of the cell thus formed o
may be represented as =
Pt, 0-1 M HCI | glass | Experimental soln. | e
KCI (salt. soln.) Hg,Cly(s), Hg: OIMHO Hg+Hgn

The EMF of such a cell can be determined : :
conveniently by means of a potentiometer. Since Fig. 5. Desermination of pii by gless eleciwade
the potential of the calomel electrode is known,
thnoflhcglmelectrodecanbeeudyulculmdandthepHofmccxpammlwlnﬁunls
evaluated, 'Ihevah:cofsa is first obtained by working with solutions of known pH.

N

g

said.”
solution
Hg




The pH of the solution is given by
'-pH=§i__~__ 2422 - E at 25°C . - B -
0-0591

The glass electrode has a number of advantages over other electrodes. It can be used even 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

- chewmical, industrial, agricultural and biological laboratories.

Potentiometric Tirations. As discussed earlier, the potential of an electrode depends upon the
concentration of the ion to which it is reversible in accordance with Nernst 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 Titrations ' S . . : oo

2. Oxidation-Reduction (Redox) Titrafions

3. Precipitation Titrations ' -

There are a number of advantages of potentiometric titrations over the ordinary titratinns_’mv_ulving
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 a proper indicator is selected. However, no such
information is required in the case of potentiometric titrations,

Acid-Base Titrations. Suppose we want to titrate a solution of HCI against NaOH. Any electrode
whose potential depends upon H* ion-concentration (e.g., hydrogen electrode, quinhydrone electrode,
glass electrode) 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™
indicating electrode and a saturated -caldmel electrode ‘is used as the reference electrode, then the
galvanic cell may by represented as o .. " . .o

Pt, H3{1 atm), H*(c=unknown) || KCI sat. soln ; Hg;Cl,(s), Hg
The EMF of the cell is measured potentiometrically. It is given by

E=E = Eg - EL = Ecatomei ~ Enydrogen .
= (0-2422 - 0-0591 log H* = 0-2422 +.0-0591 pH (B2)

Suppose 100 ml of 0-1 M HCI is to be titrated against 1 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* fon concentration goes on decreasing, i.e., pH of the solution
goes on increasing, hence, according to Eq. 82, the EMF of the cell goes on increasing. It is evident
that the EMF of the cell would increase by 0-0391 volt for every ten-fold decrease in the concentration
of H* ions or one unit increase in the pH of the solution. _ ca -

Assuming, for thie.sake of simplicity of calculations, that there is no change in volume during the
titration, it is.evident that the addition of first 9 ml of NaOH solution wﬁl give a change of 0-0591
volt. ‘However, the addition ‘of next 090 ml will produce the same change and the addition of next
0-09 ml will also produte the siiie change and so on. Thus, the EMF of the cell changes slowly at
first but more and more rapidly as the endpoint approaches.

After the end. point, further addition of NaOH produces very little cfgﬁge in the H* jon 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 seen, 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.
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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
becomes poorer.
Fig. 7(b) shows a plot of the slupe of the fitration 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
the equivalence point. The volume at the equilvalence point is determined by drawing a vertical
llne from the peak to the volume axis. Of course, there is some uncertainty in locating e:m:ﬂ:,r

peak. The more complete the: reaction, the sharp:r the peak and hence the more accurate is the
location of the equilvalence point. -

Fig. 7(c) shows a plot of the change in the slope of a titration curve (A2E/AV?) against the
volume ofthe titrant. At the pmnl where the slope AE/AV is a maximum, the derivative of the slope
is zero. The equivalence point is located by drawmg a vertical line from the pmm‘. at which A’E/AV2
is zero on the volume axis. The steeper the portion of the curve joining the maximum a.nd minimim
value of A2E/AV?2, the more complete is the titration reaction.

" Example 31. 25 ml of a solution of HCI (0-1 M), is being titrated potentiomeirically 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,
24-9, 2495, 25-00 25-05, 25-10 and 3000 ml of MaOH 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=unknown) || KOl sat. soln., HgaCly (5), Hg
The EMF of the cell would be given
E = Esg - Eppgrogen = 0°2422 - 0-0591 log H*
= (-M22 + 00591 pH at 25°C {Eq. §2)
T-ElltlﬂipH of the titration solution, wz., 01 M HCl = - log [H*] = - log {0-1) = | so thar E = 0-3013 V.

Since the product of volume of the solution in m] and the concentration In mol dm? of a solute gives the
amount of the solute in millimoles, hence

Amount of HCl initially present in the titration solution = 25x0-1 = 2:5 millimoles
The amount of NaOH in 20 m! of 0-1 M solution added during titration = 20x0-1 = 2-0 millimoles



Amaunt of HCI left in the titratiod
solution on adding 20 i of NaOH| = 25 = 20 = 05 millimole
Total volume of titration solution = 25 + 20 = 45 ml
0-5 x 1000 .
1000 x 45
pH of the titration solution = - log [H]* = - log (0-5/45) = 1-95
The corresponding value of £ is 042 + 00591x1-95 = 0-3574 V

Proceeding as above, the pH values of the titrand on the addition of 24-%0 and 24-95 ml of MNaOH solurion come
out to 370 and 4-00, respectively and the cormesponding values of E are 0-4600 and 0-4786 V, respectively.

On the addition of 25 ml of NaOH, the acid is completely neutralised giving NaCl.- The pH of the resulting
solution is, therefore, 7 and £ = 0-6560 V

On adding 25-05 ml of NaOH, the excess volume of NaOH = 0-05 ml
Amount of NaOH in 0-05 ml solution = 0-05%0-1 = 0005 millimole

. Concn. of NaOH or OH- jons o 0:005 1000 o) g
Y S T Tow “es .

~. Conca. of HOl or ‘of H* jons in the Solution = mol dm*

Since [H*] [OH] = 10°" ax 25°C,
. . Bl an
. m -%‘-‘i mol dm~? and hence pi = 100
THME!#'.U-M?

Proceeding as above, the pH values of the titrand afier the addition of 25-10 and 30-00 mi of NaOH solution
would be 10-30 and 10-96, respectively and the comresponding E values zre 0-8510 and 0-890 V, respectively.

The titration data obtained as sbove are summed up in Table 2.

‘{um : . i P i
Potentiometric Titration of 0-1 M HCI Solution against 0-1 M NaOH Solution, at 25°C
Volume of NaOH solution added EMF of the cell, E Change in EMF
_{mh) - . velt) S PR . . T
000 T oan ' '
- } oose
2000 - 0357
240 0r4609
Sl oom
2495 04786 |
) ] 0o1™
payil] 6560
} o1m
505 05332
} oons
510 08510
3000 0-8900

of NsOH. Around the end point, however, the ‘same change in EMF is brought about by the addition of
as of the titrant. -As can be seen, the EMF around the end point increases sharply from 0-4786 1 0-833
V-by the addition of just two of MsOH. Afver the end point, there is again a small change in EMF.

()



If the above data are plotted graphically, the titration curve obtained would be exactly similar to
the one shown earlier in Fig. 7(a).

2. Redox Titrations. Like acid-base titrations, the redox titrations are also carried out
potentiometrically. In this case, the electrode reversible with respect to H* ops is replaced by an
inert metal, such as platinum wire, immersed in"a solution coritaining both the oxidised and the
reduced forms of the same species. The electrode acts as an oxidation-reduction electrode.

Let us consider the redox reaction

Fe'*(ag) + Ce'*(a) = Fe'*(ag) + Ce*(ag)
- involving the oxidation of Fe?* ions by Ce** ions bei carried put potentiometrically. Prior 1o the
addition of Ce** ions, the solution contains only the Fe** ions. On adding a small amount of Ce**
ions 10 the solution, a small amount of Fe?* ions is oxidised to Fe* ions. With the presence of both
the Fe?* and Fe** ions, the lectrode behaves as an oxidation-reduction electrode whose potential,
according to the Nernst equation, is given by

3+ -
£ -t S ESL G
i 3+
= Ey +0.0591 1@:—:,;%’ - wBe . (83)

Evidently, the electrode potential is controlled by the ratio [Fe**)/[Fe?*). For instance, if the
ratio is equal to 0-01, the electrode potential would be given by -

" Ey = Ey +0-0591 log (0-01) = E*~0.1182

With further addition of Ce** jons, the ratio [Fe**)/[Fe?*] changes, thereby changing the value of
E,. For every ten-fold change in the ratio of [Fe**)/Fe?*, the poteatial of the electrode would

change by 0-1182 V, evidently.
At the equivalence point, [Fe?*] = [Ce**] and [Fe**] = Ce**] 5o that the electrode potential
nﬂxeqnilvq&oepoim.;&,,,hﬁvmby_- . 8 3 ' :

Eqq = Ey +0:0591 log g,;:;—:—% = E + 00591 m%;% | . (84)
The above equations may be rewritten as - !

Ey = E + 00591 log [Fe**] /[Fe?*] 85)
ad © Eq = + 00591 log [Ce**] /[Ce>*) Coey - {86)-

Adding and simplifying, keeping in mind that at the equivalence point,
[Fe?*] = [Ce**] and [Fe**] = [Ce®*], we get
Eq = (B +EB)12 .(87)
The numerical values of E and E) are 0-77 V and 1-61 V, respectively, according to
the equations :
Fe'*(ag) +¢ = Fe'*(ag); E =0TV

Ce'*(ag) + ¢« = Ce'*(ag); E =161V

Beyond the equivalence Pohtéthe’*] = 0 as a result of which the electrode potential thereafter
is controlled only by the [Ce*}/[Ce**) ratio.



For potentiometric measuremeas, the oxidation-reduction electrode (viz., Pt Fe*t, Fe'*) is combined
" with a refefence electrode, e.g., a samrated calomel. electrode, to form a galvanic cell which is
represented as : n o :
Hg, Hg;Cl, (5), KCI (sat. soln.) || Fe**, Fel*; Pt
in accordance with the positions of these electrodes in the electrochemical series (Table 1). -
Before the equilvalence point, the EMF of the cell would be given by

E = Ep- Ey = Ey =00591log {[Fe™ /[Fe™ 1} - Ecyiomel
: = 0-T7 + 0-0591 log {[Fe3+)/[Fe**]} - 0-24 ... (88)
and after the equilvalence poini, the EMF of the cell is given by
TE-= 161 + 00591 log {[Ce**[Ce**]} - 0-24
At the equivalence poini, as already discussed, the EMF of the cell is given by
E ;—-—“'77;"“-0.14 ' S
The EMF of the cell is measured potentiometrically at each stage of titration and the EMF data

thus obtained are processed for the equivalence point. The redox titration curve is exactly similar to
the acid-base titration curve shown earlier in Fig. 7(a).

Example 32. . Caleulate the at 25°C of a cell consisting of saturated calomel electrode (SCE) and
a platinem-wire indicator electrode in a titration vessel that initially contains 25-00 ml of 0-01 M
Fel*, after the addition of 5-00, 12-50, 20-00, 24-00, 25-00, 26-00 30-00 and 50-00 ml of 0-01 M Ce** solutioa.
The SCE is attached to the negative terminal of the voltmeter. '
Solution : The half—cell reactions in this case are :
Fet o= Fet + e ; ,E_:Ir:ﬂ'ﬂ"q’
. e . E =161V
The overall reaction in the titration flask is the redox reaction ' '
’ Fet + Ce*t # Fet + Ce?* )
Before the equilvalence point, the cell potential is controfled by the concentrations of Fe’* zud Fe* ions preseet in
solution and after the equivalence point the cell potential is controlled by the concentrations of Ce* and Ce** jons.
Thus, before the equilvalence point, the cell potential is given by ' .
' E = E - Escg.  where Egcg = 024 V
=E - 00591 log {[Fe*V[Fe'*1} - Esce
= (-77 - 0-0591 log {(Fe!*[/[Ee**]} - Esce
= 0-53 - 00591 log {[Fe**)/[Fe**]}

During titration, the Fe!* jons present in the titrand are oxidised to Fe®* ions by the titrant. The concentrations
of Fe'* and Fe?* ions which prevall after the addition of various of amounts of Ce't solution of known mobarity
and the resulting cell potentials can be caleulated a5 shown below

After the addition of 5-00 ml of Ce** solution, we have
[Fe'*) = jm:;;}n'":;;g;”r:i”ml =167x10 M
R = (2500 el x 0-10 millimol /mi™%) ~ (500 ml x 0.01 millimol / ml~")
(2500 + 5000 ml
= 667x 107 M &
Hence, using these values of [F&'*) and [Fe™*], E = 0491 V - .
Similarly, after the aﬁdiﬁnn of 12-50, mﬂ{; and 24-00 ml of the titrant (Ce** solution), the concentrations and




the cell potentials would be as follows

12-50 x 0-0100 -
1250 ml : Fel*] = X700 _ 5, 0 M
" e swinn o] | |
[Fet*] = 25005 0000 - 12-50 x 0 -0100 =333 x107M
25-00 + 12 .50 .
E =05V (. the logarithmic term = 0)
20400 ml : [Fe™*] = 4-44x10° M ; [Fe2*] = L 11x10° M ; E=0%YV
2400 m - [Fe*] = 400x103 M : [Fe*] = 204%107 M ; E=061V

The equivalence point of the titration is reached when 25-0 ml of the titrant is added. At the equivalence point
we must use both half-cell reactions to caleulate the potenital :

E = 077 - 00591 log {[Fe™*)/[Fe’*]}
and E = 161 - 0-0591 log {[Ce**}/[Ce**]}
Adding, we otain, 2E = 238 - 00591 log {[Fe?*JCe®*J/[Fe?*] [Ce**)}
At the equivalence poimt it is evident from the balanced chemical equation that
o [Fe) = [Ce™] and [Fed] = [Cet] =
Usigg these substirutions, we obtain i -
E =28V (.- the logarithmic term = 0}
- Eg =119V and E=Eg-FEgg=119-02 =95V
Alter the equivalence point, we use the following equation Lo calculate the cell potential ;
E = E - Excg = E; ~ 00591 Jog {[Ce** /[Ce**]} - Egep
= 161 - 00591 log {[Ce’*)/[Ce*)} - Egcp
= 1-37 - 0-0591 log {[Ce*+)/[Cet*])
Afier the addition of 26-00, 30-00 and 50-00 ml of tirrant, the concentrations and cell potentials are as follows :

2000 ml : [E‘-ﬂ-l-"l - E:ﬁ 'g-;]ﬁ*r:;}g-ul} = 196 « ID_.M - . {
oy o SO0, S
0] = 25 %0+ 25. Kl

E = 1-37 - 00591 log
(490 10%)(1-96x10% = 129 V
3000 ml : [Ce**] = 909%104 M
[Cel*] = 4:55%107 M
E=113V
5000 mi : [Ce**] = 333107 M
[Ce'*] = 3:33x107 M
E = 1-37 ¥ (. the logarithmic term = 0}
The results of the calculations are ploned a5 & titration cirve
shown in Fig. 8,
Mote : The.end point of a titration is usually considered 1o 0-04 .
correspond fo_ the inflection point. The equilvalence point in the III] 2:& 2'5 -3.0 4'0 30
mmmspugdslwdw_lnihmnpmuuirﬁxm:shm TITRANT VOLUME (ml) —s-
the molar quantities of fitrand and dimanr at the equilvalence point
are equal (when the coefficients for titrand and titrant in the Fig. 8. The calculated potentiometric titration curve

balanced chemical equations are identical) and for titrations in | for the titration of 25-00 ml of 0-01 M Fe'* with

which the titrand is not significantly diluted by the addition of | 001 M Ce**, The equilvalence point and the end
the titrant during the ttration. poine are located &t titrant volume of 2500 ml.

E (in V)—s




i i ilver nitrate by titrating
uppose we want to standardise a solution of silver nitraic by
mﬁlfm Eolﬁt:?ﬁnhnn:‘piam ;:m“lde. The silver electrode is. used as the indicator electrode
ag
R ing it with the calomel electrode,
' The potenti - +,Ag, is measured by connecting it W e
'I'I_w Pﬂwm-@légﬁem ::aimga standard solution of Emlum ch'lm:adl? lﬁwﬁm °
ﬁhﬁﬁﬁtﬂﬂ times Iuﬂxu' As the reaction proceeds, the Ag* jons get gradually
silver chloride. R Co ) _ |
Agf +NOT +(K* +C1) == AgChi+ K' +NOj

. . ' AL
Thegoncentration of Ag* ions goés on decreasing and hence the potential of the Ag”, 4

oy

electrode, given by the Nernst eqiition, viz.,

ot = Ey + 00591 log [Ag*] (at 25°C) (90)

£0¢s on decreasing continuously on the progressive addition of KCI solution. The electrode potential
will change slowly at first but more and more rapidly as the end point approaches. At the end point,
the eoncentration of-Ag* fons is very small as this is now only on accounr of slight solubility of
AgCl. Hence, the change in electrode potential is maximum at the end point. If the addition of KCI
is continued further, the concentration of Ag* ions remains almost unaffected except for very small
decrease on account of the common jon effect. The addition of KCI beyond the end point, therefore,
causes only a small change in the electrode potenial,

The potentiometric titration curve obtained in this case
the case of acid-base titration described earlier.

s exactly similar to the one obtained in



