ELECTROCHEMISTRY. PART | : IONIC EQUILIBRIUM

Introduction:

Electrolytes are chemical substances which in fused state or in agueous solution can conduct
eectricity. Thisis dueto the fact that they are partially or completely dissociated into ions and ions are
responsible for conducting electricity through the solutions. These substances are also decomposed by passing
eectricity through its aqueous solution. Thisis why ions are called current carriers.

Water is unique solvent and we use always it as solvent if otherwiseis not mentioned.
The eectrolytes, which are completely dissociated in aqueous solutions, are called strong electrolytes.
The degree of dissociationi.e. fraction of molecules dissociated (¢« ) is onefor strong electrolytes.

Those dectrolytes (generally organic acids and bases) which are partially dissociated (¢ < 1) in
agueous solution are called weak electrolytes; the dissociated ions remain in equilibrium with the undissociated
neutral molecules. Such as acetic acid dissociated as hydrogen ion and acetate ion in aqueous solution and the
dissociated ions are in equilibrium with the undissociated molecules:

HAc(aq) = H*(aq) + Ac™(aq), a<l1
Thisis called ionic equilibrium. Thisionic equilibrium has the criteria similar to the chemical equilibrium.
Laws of chemical equilibrium are equally applicable to theionic equilibrium also. The law of mass action could
be applied to the ionic equilibrium and similar equilibrium constant is also obtained. Dependence of these
equilibrium constants with temperature also follow the van’t Hoff equation.

Oswald’s dilution law:
Let us take a weak acid, HA dissociated in aqueous solution as
HAc(aq) = H*(aq) + A~ (aq)
Let ¢(M) conc. of HA istaken initially and ¢ isthe degree of dissociation at this conc. When equilibrium is
attained, the conc. of the species at that state are: [HA] = ¢(1-«a), [H'] =ac and[A] = ac.
When the mass action law is applied to thisionic equilibrium, the expressions of equilibrium constant, called
dissociation constant of theacid (K, ) is:

xXa,.
K, = aH—A , Where a’s are the equilibrium activities of the species in solution.
Bia
L H1x[A1 f . xf_
Converting into conc. terms, we have, Ka = [ ] [ ] x —H A_ where f’s are the molar scale activity
[HA] fia
coefficients and [] are molar conc. terms. f,,, = 1since HA are neutral molecules and behave ideal in solution.
H Ix[A . o -
Therefore, K, :%x f7, where f. isthe meanionic activity coefficient and f? = foxf .

Sincethe acid is very weak and is dissociated to a small extent, the interionic Coulombic attraction of theions
is negligible and the whole solution is assumed to behaveideal and f, = 1.
Therefore, the expression of dissociation constant of the weak acid in ideal solution is
_[H'Ix[AT] _ acxac o K. = a’c |
2 [HA] C(l—a) ? (l—a)
Deter mination of degr ee of dissociation (a):
This expression is useful to calculate K, of the wesak e ectrolyte since the degree of dissociation (« ) can be

experimentally determined mainly by conductance measurements, & = 4./ 4,, where A, and 4, arethe
equivalent conductance of the solution at the conc. ¢(M) and at infinite dilution respectively. However, o can

also be determined from the colligative properties of the solution using van’t Hoff ‘i’ factor, 1 =1+ (n—-D«,
where n isthe number of ions produced from the dissociation of one molecule of the electrolyte and
, igati i—-1
_ observed colllgatlye property and ths o = .
calculated colligative property n-1
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Thedilution law:
K, isconstant of the weak acid at a given temperature. Thus at a given temperature, if conc. (c) of
the solution is decreased, &r?/(1- ) isto beincreased to keep K, constant. This means that if the solution of

awesk electrolyteis diluted at a given temperature, the degree of dissociation (¢ ) is enhanced.
This is called Oswald’s dilution law.
Approximate expr ession of the law:

Again, the equation can be written as: ar’c = K, (1) . Thisimplies that when the solution is

infinitely diluted, ¢ — O, the degree of dissociation, o — 1. This suggests that weak eectrolyte is completely
dissociated when the solution is infinitely diluted.
In moderately concentrated solution the degree of dissociation, o << 1asthe electrolyteisfeebly dissociated.

Thus the above equation reducesto K, = a’c or,a :JK% , o isincreased with lowering of C.

Conc. of hydrogenion, [H "] in solution:
. K ) .
From the expression, we have [H']=axc= —axc=«/Ka><c.Thlsshowsthalthough ais
c

increased but [H "] is decreased with the dilution of the solution. This suggests that decrease of conc. ¢ ismore

dominating than the increase of o with dilution of the solution.
Temperature-dependence of « :

Since K, is equilibrium constant hence it varies with temperature according to the van’t Hoff
value isincreased and
thereby « is also increased accordingly. The van’t Hoff equation at two temperatures is given as:
Ko _aH [Tz -,
K, R LT
respectively and AH isthe enthalpy of dissociation of the weak € ectrolyte in solution.

isochore. The dissociation process is endothermic always so with rise of temperature, K

diss

],Where K, and K, arethe dissociation constants at temperatures, T, and T,

Problem: A decinormal solution of acetic acid isionized to the extent of 1.3 % . Find the ionization constant of
acetic acid. How does the extent of ionization change as the temperature is increased?
[Burdwan Univ. 1996]

Solution: 1% part: K, = a%_a) , Kais dissociation constant of acetic acid. Given, « = 0.013 and

¢ =0.1(N) =0.1 (M), since for uni-univalent electrolyte, normality and molarity are same.

2
Putting the values, we get K, = (00139 x0.1_ 1.78x107°.
1-0.013

2" part: See the text above. With increase of temperature, o is increased from value of 1.3 %.

Problem: A weak acid, HA hasK of 1.00x10°°. If 0.100 mole of this acid is dissolved in one liter of water, the

percentage of acid dissociated at equilibrium s closed to
(A)0.100% (B)1.00% (C)99.0% (D)99.9% (E) 100 % [GRE Sample Question]

’K , . >
Answer: a=,|— = 1.00x10~ =1.0x10%=1.0% . Sotheoption (B) is correct.
C 0.100

pKw of aqueous solution:

Water is poor conductor of eectricity and it is feebly dissociated into H* and OH ™~ asH,0 = H* + OH™ .
Since most ionic equilibria are studied in aqueous solutions, so H™ ion plays an important rolein controlling
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L Xa,
the factor of the equilibria. The equilibrium constant, called dissociation constant of water, K, = JaTiali Y
a0
Assuming the system as ideal due to negligible interionic interaction, we can write K, = % .
2
[H20] remains practically constant and so, [H "][OH "] = K, x[H,0] =K, called ionic product of water.
[H,O0] =1000 gmlit‘1/18 gmmol *=555(M) and K, =1.0x10™ at 25°C. K, hasthus the value of
1.0x10™ 6 : .
¢ =————=18x10"". Itis constant at a given temperature. Thus, theionic product of water,
1000/18
K, =[H"][OH].

In purewater, [H*] =[OH "] andso, [H*]=[OH]= \/K_W =\1.0x10™ =107 (M)
Therefore, at 25 °C, in purewater, pH = —log[H'] =—log 107" = 7.

In general, the symbol pb=-logb, where b is some physical quantity.
Thus, pOH =—-log[OH] , pK, =-logK, , pK, =-logK,, ec.
The above expression of K, is written as (—Iog[H +]) +(— log[OH ’]) =(-logK,)

or, pH + pOH = pKy.

At25°C, K, =1.0x10" andso, pK, =14, and hence pH + pOH = 14.
According to Arrhenius concept of acids and bases, an acid is a substance which increases H* ion conc. and
abasethat increases OH ™ ion conc. in water.
Thusin a neutral aqueous solution, [H*]=[OH "] = 10" (M) and so, pH = pOH = 7.
Inacid solution, [H*]>10"(M)and [OH ]<10'(M), so pH<7and pOH>7.
Inalkali solution, [H*]<10'(M) and [OH"]>107(M), so pH>7andpOH <7.
In agueous solution, pH + pOH = pK,, isalwaysvalid. Thusif pH isincreased in a solution, pOH is correspondingly
decreased.

pH Scale: S P L Sorensen, a Danish Chemist (1868 — 1935) introduced a scale called pH scale to express the
H* ion concentration specially when its valueis very low of the order of 10™ M to 10 M. It is defined as

pH =—-loga,. or, a.. =10, where a,. =activity of H" ioninsolution=[H] x f . .
However, the solution is very dilute so assumed ideal and fH+ = 1. Replacing activity by molar conc. we have
the definition, pH =—log[H*] or, [H']=10"".

Thus, for [H*] = 10°M, the pH = 3 and for [H*] = 10, the pH = 4. The PH is increased by one unit for
ten-times dilution of H* ion conc. of the solution. Conc. is expressed in molée/liter. One benefit of using pH scale
is that trouble of using (- ve) power of tenis avoided for low conc. of H* ion.

The effective range of the pH scale may be set to as follows; for asolution of 1 mole of H* ions per liter, the
pH =—1log 1 = 0. For a solution containing one mole of OH" ion per liter, [H] is calculated from the ionic product

of water. At 25°C, K, = [H*] x [OH] = 10** so[H*] = 10*M and its pH = 14.

Thevalue of K, thus puts a practical limit to the pH scale — between 0 to 14 with a neutral solution at the
mid-point at pH = 7 at 25 °C.

Calculation of pH of some solutions:
() For 0.002(M) HCI solution: Since HCl is strong e ectrolyte and completely dissociated, so
[H*] = [HCI] = 0.002 (M) = 2x107°(M). pH =—log[H*] = - log (2 x 10%) =3 —log2=2.7
(i) For 0.002 (M) H2SOs solution, [H*] = 2x[H2S04] = 2x0.002 (M) so pH = — log [H*] = — log(4x107) = 2.4.
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(iif) For 0.002 acetic acid solution, [H*] = \/K_ x[HAC] = v/2x10°x0.002 = 2x10*(M),
since, Kaof acetic acid= 2x10°° at 25°C. Thus pH = — log [H'] = — log(2x10™) = 3.7.

The pH scale in aqueous solution at 25 °C, is given below:

[F']— 10" 107 107 10® 107 10° 107 107 10® 10® 107 10 10 107% 107
pH—> O 1 2 3 4 5 6 7 g 9 10 11 12 13 14

pOH— 14 13 12 11 10 9 8 7 6 5 4 3 2 1 0
[OF ]~ 107 107 107 107 107 107 107 107 10° 10 10* 107 107 107 10°

%acid solution \l|, alkali zolution /T|

neutral

Effect of Temperature on pH:
Dissociation of water is an endothermic process and hence K is increased with risein
temperature. Since Ky, is also equilibrium constant so it obeys van’t Hoff isochore quantitatively for its
temperature-dependency.

inKu(T) _ AH (Tz -T,
KoM R TL
Thus, if pH = 7 for pure water at 25 °C, then pH < 7 at temperature higher than 25 °C. If say, Ky, = 10%* at 50 °C

then pKy = 12 and for pure water at 50 °C, pH = 6 and it becomes the neutral point. The pH scaleis changed and
at 50 °C, it is 0 to 12 with neutral point at pH = 6. It does not mean that at higher temperature than 25 °C,

pure water becomes acidic. Since [H "] =[OH 7] so it remains neutral.

j , Where AH is enthalpy of dissociation and it is always (+ve).

Accur ate calculation of pH when [H*] is comparableto 107" (M):

Problem: Calculate the pH of a 107 (M) HCI solution.
Solution: Since [H "] fromthe acid is comparable to that from the dissociation of water, the latter is to be

taken into account for calculation of pH. It iswrong to state the pH = 8, since this assumes the
contribution of H*ion from acid only, whereas contribution of H*ion from H-O is greater than this.

pH =—10g([H " J.sq +[H e ) =—10g(10° +10") = ~log(1.1x107 ) =6.96 .

M or e accur ate calculation could be doneif common ion effect of H* ion is considered.
H* ion is generated by both H,O and HCI. Water is weak acid and its dissociation is affected by the H* ion from

the acid. Let the dissociation of water in presence of HCl is H,0 = H* + OH~ with [OH ] = x.
Thetotal conc. of H" ionin the acid solution = (X+10‘8). Since in aqueous solution, [H][OH ] =K,
hence, (x+107°)xx=10"™" at25°C. Or, X’ +10°x—-10" =0 or, x=[OH ] =9.5x10"°(M).

[H*]=95x10"°+10° =10.5x10°° (M). Hence, pH =—log(10.5x10®) = 6.9778.

Problem: Justify or criticize the following statement: For an infinitdy dilute acid solution, pH = .
[Burdwan Univ. 1992]

Answer: For very dilute acid solution, [H *] from dissociation of water has to be included in the calculation of pH.
Thus pH :—Iog{[H+]acid +[H+]Wala} . For infinite dilute acid solution, [H ]
[H']yae *107(M). S0, pH =~ —log{0+107} ~ 7.

—0 and

acid

water
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Buffer solution:
Buffer solutions are useful when pH is required to be kept reserved during a chemical reaction.
Definition:
These solutions possess the capacity to reserve acidity or alkalinity in spite of the addition of small amount
of strong acid or base. These solutions are called buffer solutions or smply buffers. They can resist the
appreciable change of pH and keep pH nearly constant though small amount of strong acid or baseis added.
Compositions of buffer solution: Buffer solutions consist of large amount of either weak acid and its salt or weak
base and its salt. Thus, these are of two types:
(a) Acid buffer: It is a mixture of weak acid and its salt such as, acetic acid and sodium acetate.
(b) Alkali buffer: It a mixture of weak base and its salt such as ammonium hydroxide and ammonium chloride.
[lustration: If one drop (0.05 cc) of conc. HCI (12 N) added to 1 liter pure water, its pH changes from 7 to 3.
But if the same amount of acid is added to 1 liter of buffer solution containing 0.1(M) HAc and 0.1(M)
NaAc of pH 4.73, the pH of the solution remains practically same at 4.73.
M echanism of buffer action:
The buffer solution maintains steady pH by adjusting equilibrium between weak acid or weak base and
its conjugated ion provided by the salt. Let us take the example of an acid buffer consisting of HAc and NaAc.
(@) If small amount of strong acid is added to the above buffer, the following reaction occurs.

H™* (added) + Ac (buffer) — HAC. Thus H" ion is removed from the solution.
(b) If small amount of strong alkali added,
OH " (added) + HAc (buffer) - H,O + Ac™ and thus OH " ion is removed from the solution.
Thisis called buffer action. However, a salt of weak acid and weak base in solution can alone act as buffer.
The buffer action of NH4Ac can be given as illustration. In aqueous solution, NH4Ac remains as NH4" and OH" ions.
When acid isadded, H ™" (added) + Ac™ (buffer) — HAC and

when alkali is added, OH ~ (added) + NH (buffer) — NH,OH .

Thus, adjusting equilibrium, added H " or OH ™~ isremoved from the solution. Similarly, KHF, can also act
as buffer, asit is the combination of weak acid HF and its salt KF.
pH of Buffer solution:
Let ustake an acid buffer of HAc and NaAc. The weak acid HAc dissociates and attains equilibrium as

HAc s H* 4+ Ac™ and dissociation constant of the weak acid, K :M o, [H'] = Kaxw.
[HAC] [AcT]
The pH of the buffer solutionisthen pH =—log[H "] :—Iogm or, pH =—log Ka—logw )
[Ac] [Ac]
[Ac]
or, H=PK, +log—— .
3 Og[HAc]

Material balance showsthat [Ac ] =[salt]+[H ], since Ac™ accumulates from complete dissociation of

the salt and from partially dissociation of HAc that isequal to[ H™ ]. Similarly, [HAc] = [acid] —-[H "],
where[acid] = initial conc. of HAc and [ H "] which is dissociated from HAC.

Therefore, pH = pKa+IOQM :
[acid]-[H"]
Since acid is weak el ectrolyte and dissociated in small extent specially in presence of commonion, AC,

[salt]
[acid]
Similarly, alkali buffer solution contains weak base BOH and its salt B*. The weak base dissociates as

we can write for acid buffer solution, pH = pK, +log since, [salt] >> [H'] and [acid] >> [H7].

BOH = B* +OH ™~ and dissociation constant of the base, K, :w o, [OH ]=K, x[BOH] _
[BOH] [B7]
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[B']
[BOH]
The weak baseis very feebly dissociated especially in presence of common B* ion and so
[base] >>[OH ] and [salt] >>[OHT].

or, pOH = pK, +log . But, [B*] =[salt] +[OH "] and [BOH] =[base] -[OH ] .

Therefore, the equation for alkali buffer solution, pOH = pK, +Iogﬂ.
[base]
. . [salt]
Since, pH = pKw—pOH  so for alkali buffer, pH =( pK,, — pK, )—log :
[base]

These are called Henderson equations and are widely used to calculate the pH of the buffer solutions.

Problem(1): What will bethe pH of a buffer solution containing 0.06 mol acetic acid and 0.04 mole of Na-acetate per
liter? Calculate the change in pH resulting from the addition of (a) 0.015 mol of a strong acid and
(b) 0.03 mol of a strong base per liter of the buffer solution? (Given, pK, of acetic acid = 4.76).
[Calcutta Univ. 1989]

Solution: The Henderson equation for acid buffer is, pH = pK, + Iogﬂ = 4.76+ Iog% =4.54.
[acid] 0.06
(a) When 0.015 mol of strong acid is added to the above buffer, the following change takes place:
H™ (added) + Ac (buffer) > HAcC. Thus, after addition,
0.04-0.015
0.06+0.015
(b) When 0.03 mol of a strong base is added to the buffer of pH = 4.54, following change occur:
OH ™ (added) + HAc (buffer) — AC™ + H0.

0.04+0.03
0.06-0.03

pH =4.76+ Iog( j =4.28 , so changeinpH of thebuffer = 4.54 — 4.28 = 0.26.

After addition, pH =4.76+ Iog( j =4.65, thechangein pH of the buffer = 4.65 — 4.54 = 0.09.

Problem(2) An artificial soft drink contains 11.0 g /L of tartaric acid C4HsOs and 20 g/ L of its potassium salt
C4HsOK . What isthe pH of thedrink? (Given K of tartaric acid = 1.0x107°)
(A) 4.24 (B) 5.21 (C)3.82 (D) 3.16 [TIFR adm.to M Sc, 2014 ]
Answer: (D)

Problem (3) 0.050 mol of acetic acid and 0.20 mol of sodium acetate are mixed and total volume is adjusted to 500 ml
inwater. The pKafor acetic acid (CH3COOH) is 4.75. If now 0.010 mol of NaOH is added to the above
mixture, what will thefinal pH of the solution be?

(A)>pH 7 (B) pH will stay at 4.75 becauseit is buffer solution (C) > pH 4.75 (D) not sufficient
information has been given. [TIFR adm. to M Sc, 2014 ]

Answer: [C].

Problem (4): The pH of blood stream is maintained by a proper balance of H.CO3z and NaHCO; concentration.

What volume of 5 M NaHCO; solutions should be mixed with a 10 ml sample of blood which is 2M

in H2COs in order to maintain apH of 7.4? K, for H 2COz in blood is 7.8x107, [2]
[ITT°93/B.Tech/Entrance test]
. . [salt] [salt] 5
Solution: Henderson equation, pH = pK, +log—— or,log———=pH - pK, = 7.4—(—Iog7.8><10 ):1.3
[acid] [acid]

[salt] 2x10

, ——— =20. Now, 10ml of 2M H,CO; contains mol =0.02 mol .
[acid] 1000

x 0.4ml = 80ml

. . . .. 1000
Hence salt i.e. NaHCO; requires 20x 0.02=0.4 moles and this containsin

i.e.80ml of 5(M) NaHCO3 should be mixed with 10ml sample of blood to maintain pH = 7.4.
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Buffer capacity (/):
The efficiency of a buffer action to resist the change in pH on the addition of small amount of strong
acid or baseis quantitatively expressed by aterm, called buffer capacity (). Itis defined as:

db da
ﬂ:

or, f=—
where db or da isthe moles of base or acid added to one liter of solution to changethe pH of buffer by unity.

d(pH) d(pH)
Thus buffer capacity is defined as the number of moles of acid or base that changes the pH of the buffer solution by
one unit. Higher the value of buffer capacity better is the buffer.

The buffer capacity () can be estimated from the plot of pH vs. moles of akali added (b) to the weak acid in the
d(pH)
db

neutralization curve, the slope of the curve is{ . The buffer capacity,  isreciprocal of the slope.

Greater the lopelessis the value of £ . Thus at the equivalence point of the solution, the slope is maximum and so
buffer capacity is minimum.

When the weak acid is half-neutralized, the slope is minimum and so buffer capacity is maximum. It can be shown also
[salt]
[acid]

buffer becomes maximum efficient in resisting the pH change. Astheratio, [salt] / [base] changes from unity in either
direction, the buffer capacity decreases. It is generally observed that buffer acts good in the pH range (pKa— 1)

to (pKa+ 1). Hence different acids are used in the preparation of buffer mixtureto over awide range of pH (1 to 14).
Similarly, the buffer capacity is maximum, when [salt] / [base] = 1 for alkali buffer.

by mathematics. Thus, when [salt] = [acid] or =1 inthebuffer, it shows maximum value of £ and the

Mathematical interludeto show £ is maximum when [salt] = [acid] in acid buffer:

Let a betheinitial conc. in molarity of weak acid HA and b be the amount of a strong monoacid base,
MOH. The baseis added to the acid during the titration of the weak acid. Let a>b and so the mixture becomes
buffer solution of weak acid and its salt, MA (which is fully dissociated in solution). As the base is added, composition
of the buffer is being changed with the progress of titration. Thus, [salt] =b and [acid] = (a—Db) in the mixture.
The Henderson equation for this buffer is,

pH = pK_ + Iog(ij
a-b

1 b i 1 s

or, pH = pKa+—In[—j where K _isthe e P 5

2303 \a-b : f et R
dissociation constant of the weak acid. 3 k- pH= 15 PR + 15 pE, -+ Jog [sal]
Inthe equation, b varieswhile a is constant. pH =7 ¥
Since b varies so pH of the buffer is also changed. -’n:"._..}:"f ;:a i
Differentiating with respect to b, we get 0 |
apH) o 1 (1 1)_ 1 a PR -l
—= =0+ (—-i- j = ( J _ : in

db 2303\b a-b 2.303 b(a—b) ALK () kg —

db 2.303b(a—b) show-cquick-slow varjalion of PH

Therefore, S = = )
d(pH) a

Now to show £ maximum at a certain value of b, the above equation is differentiated with respect to b and we get
d_ﬁ 2303 dg

T (a—2b). For the extremevalue of S at agivenvalueof b, wehave E:O and so
a
2.303
a

(a—2b) =0 or, a-2b =0or, b:%.
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Thisimpliesthat £ attains extreme value when the weak acid is half-neutralised i.e., when [salt] = [acid]

2
Again, 3&:)/3 =—2'3(::’X2 = (—ve) and so S attains maximum at the half- neutralization poirt, b:%
2.303b(a-b _
Do IS Obtained by putting bzg in the expression of ,B=—( ) and weget, 3, = 23233 .

Thisshows ..., isindependent of nature of the weak acid used in the buffer as 3, ,, does not contain K.
Thus, for acetic acid — acetate buffer, S ismaximum at pH = pKa=4.73 a 25 °C.

Similarly, for alkali buffer, let in b mole of weak base, a mole of strong monobasic acid is added in one liter solution
such that b > a. Then it becomes an akali buffer solutionin which a isvarying but b remains fixed.

The Henderson equation for alkali buffer, pH = ( pK,, — pK, )—log [[;:'SE] =(pK,, — pr)_Kloi%lnb%aa .
or 3(PH) 4 1 F+ 1 }:_ 1 b |, po__da _2303a(b-a)
da 2303|a b-a 2.303| a(b-a) d(pH) b

Now, for extreme value of 3, we have j—ﬂ = %’(b— 2a)=0 or,a= g . This also shows that when the weak
a

base is half-neutralised, buffer capacity attains maximum value. Thus, when alkali buffer contains equal amount of
weak base and its salt, it has maximum capacity to resist the change of pH.

Themaximumvalueof B is B ., = 2:3030

. Again, B .. does not depend on the nature of the base used in the

buffer.
Effect of dilution and presence of inert ion on the pH of buffer:
If conc. terms are replaced by more accurate activity terms in the Henderson equation for acid buffer,

a, . A
wehave pH = pK, +log—-= pKa+|ogu+|og f,_ . sinceHA isaneutrd moleculeso, f,,=1and f_ is
A [HA]
the activity coefficient of the salt, A". So more accurate Henderson equation is,
[salt]
H=pK, +lo +log f,_ .

When the buffer solution is diluted, ionic interaction decreases, the solution approaches to the ideality and f A

also approaches to the ideal value of one. Thus with dilution, pH of buffer solution increases dightly.
Again, when inert ions are added to the buffer, it becomes more non-ideal dueto increased ion-interaction.

Valueof f . decreases and pH of the buffer solution decreases slightly.

I mportance of buffer solution:

In analytical chemistry, many reactions are to be conducted within a narrow pH range. Buffer solutions are
extensively used in these cases to maintain the desired pH range. Selective precipitation, solvent extraction or titration
of aparticular ionin a mixture is thereby made possible.

Buffer solutions are also widely useful in biological systems. Enzyme catalysed reactions are highly sensitive to pH
change and effective pH range is maintained by buffer solutions. For example, pH of human blood is controlled within
the range of 7.3 to 7.5 by buffering action of carbonic acid (H.CO3) and NaHCO:s.
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Hydrolysis and hydrolysis constant of salts:
Introduction:
It isinteresting to find that an aqueous solution of a neutral salt does not show always neutral.
For example, aqueous solution of sodium chloride, ammonium chloride and sodium acetate reacts neutral, acidic and
alkaline respectively. These abservations could be explained by a process, called hydrolysis or solvolysisin general.
Definition of hydrolysis:
Formerly, hydrolysis was defined as the reverse process of neutralization of acid and base.
It isthereaction of the salt with water.
BA (salt)+ HO 28— BOH (base) + HA (acid)
The nature of the salt solution is determined by the relative strengths of acid and base generated by hydrolysis.
If acid is stronger than base then the salt solution shows acidic while if base be stronger than acid, then the salt
solution shows alkaline and if both are of same strength, then it shows neutral.
Now it is considered that salt is strong e ectrolyte, it is completely dissociated in agueous solution.
Thus the hydrolysis of NH4CI can be viewed as follows:
(NHf +Cl™) + H,0 & NH,OH + (H* + Cl™) or NH} + H,0 = NH,OH + H*
The net reaction is the hydrolysis of cation only and this cationic hydrolysis produces free H™ ion in the solution
resulting acidic in nature. NH4OH is aweak electrolyte and feebly dissociated especially in presence of NH, common
ion. pH of this solution is thus less than 7.0 at 25 °C.
Similarly, the hydrolysis of NaAc can be shown as anionic hydrolysis:
(Na* + Ac™) + H,0 2 HAc+ (Na* + OH™) or, Ac™ + H,0 = HAc + OH™
Thus anionic hydrolysis increases the conc. of OH ™~ and so creating the solution alkaline. The pH of the solution has
greater than 7.0 at 25 °C.
However, when NaCl reacts with water, it produces NaOH and HCI. Both are strong el ectrolytes and dissociated fully,
resulting the net reaction (Na" + Cl") + H,O = (Na’ + OH) + (H* + CI) or, H,O = H" + OH".
Since the solution contains equal conc. of H™ and OH ™~ so the solution reacts neutral.
Type of salts:
Salts could be classified into four types on the basis of their origin of formation.
(A) Salt of strong acid and strong base (viz. NaCl):
These salts do not undergo hydrolysis and the aqueous solution thus shows neutral (pH = 7.0 at 25 °C).
Explanation is given as above.
(B) Salt of strong acid and weak base (viz. NH4Cl):
If this type of salt is represented by BA, it undergoes cationic hydrolysis producing excess[ H " ] in
solution. Since salt and the acid are strong dectrolytes so it reacts with water as:
(B*+A")+H,0=BOH+ (H*+A™) or, B*+H,0=BOH+H*
If c istheinitial salt conc. and X isthe degree of hydrolysis at this molar conc., then equilibrium molar
conc. of the speciesare [B"] =c(1-X), [BOH]=xc and [H"]=xc.
The equilibrium constant, here called hydrolysis constant of the salt( K|, ) is defined as

_[BOH][H'] xcxxc X’ e
" [B'] c(l-x) 1-x '
[Since the degree of hydrolysisisvery small i.e. X <<1]. Accurateexpressionof K, isinterms of

activities. But assuming ideal behaviour, activities are replaced by conc. terms.
2

Inthe expression, K, = 1X—C , the hydrolysis constant ( Kh) is constant for the salt at a given temperature.

Thus, the expression shows that as ¢ decreases, X increasesand X—1 as ¢ — 0.
There are other two equilibria existing in the solution.
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() Wesk baseis dissociated as BOH = B* + OH™, the dissociation constant of base K, = BOH

(b) Water isdissociated as H,0 = H* + OH™, theionic product of water, K, =[H"][OH].

The relation between these three equilibrium constants is given as K, K— and K, = =x°C.

Hence, X%:% or, (x ) —( ]xc but xc=[H"] hence, [H"] =
b

Thisisthe expression of [ H™] inthesalt solution. The pH of the solution can be obtained as

1 1 1 1 1 1
(—Iog[H ]):E(—Iog KW)—E(—Iog Kb)—EIogc or, pH =3 pKW_E pr—EIogc.

Butat 25°C, K, =1.0x10™" so, pK,, =14 . Thus, the expression of pH of this type of salt solution is
1 1
pH = 7—5 pPK, —Elogc . The salt solution is acidic and pH < 7.0.

(C) Salt of weak acid and strong base (viz. CH;COONa):
Anionic hydrolysis occurs producing excess conc. of OH ™ in the salt solution.
A"+ H,0 = HA+OH™
[HAJ[OH"] x°c K.,

and K, =—=.
A T 1-x K,

The hydrolysis constant of the salt BA is K, =

Using the similar process as above,
K, *xC

we have [OH ] = or, pOH :% pKW—% pKa—%Iogc ,

but pH + pOH = pK, so pH :% pKW+% pKa+%Iogc.At 25°C, pH :7+% pKa+%Iogc.

The salt solution is alkalineand pH > 7.0 . Thisis the expression of pH in this type of salt solution.
(D) Salt of weak acid and weak base (viz. CHzCOONH,):
Both the cation and anion of the salt undergo hydrolysis in the aqueous solution.

(B"+A")+H,00 HA+BOH.
The nature of solution depends on the relative strength of BOH and HA.
_[HAI[BOH] _ XCX XC ( X jz
o, K,=|— .
[B7][A] (1—x)c><(1—x)c 1-x

The relation shows that degree of hydrolysis ( X) is independent of salt solution (c).
Besides the above equilibrium, the solution contains three other equilibria as given below.

[B'][OH]
[BOH]
[H'1[A]
[HA]
H,0 = H* + OH~, andtheionic product of water, K, =[H"][OH].
K

w

K, xK,

a

The hydrolysis constant of the salt BA is K|,

BOH = B* 4+ OH™, and the dissociation constant of the base, K, =

HA = H* 4+ A™, and the dissociation constant of theacid, K, =

The relation among these four equilibrium constantsis given as K, =

Part I: lonic Equilibrium— Dr N C Dey
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But pH of the solution is obtained fromthe H ™ dissociated from the acid HA.

L [HA] X _ _ K, xK,
[H ]_ aX [A] Ka (1—X)C Ka ( j K \/_OF [H ] \/K K \/ Kb

Thus, pH_—pK += (pK pK,)andat 25°C, pH =7+= (pK pK,) -

Three cases may arise depending on the valueof pK_ and pr
(1) When pK, = pK, or, K, =K, pH =7 andthesolutionis neutral.
(2 when pK, < pK, or, K, >K,, pH<7andthesolutionis acidic.
(3) When pK, > pK, or, K, <K, pH > 7and thesolution is alkaline.
It isinteresting to note that pH of the solution does not depend on the conc. of the solution.

Problem: 20 ml of 0.1 N acetic acid is titrated against 0.1 N NaOH. Calculate the pH of the solution (i) at the start
(i) at the half neutralization point and (iii) at the equivalence point. ( pK, of acetic acid = 4.8).
[Calcutta Univ. 1990]

Solution: (i) pH =% pKa—%Iog[acid] :%x4.8—%log(0.1) =2.4+05=2.9.(ii) pH = pK,=48.

1 1 1 1 0.1 1
i) pH =7+=pK_+=log[salt] = 7+ =x4.8—=10 7+2.4+ 1.26)=8.77.
(ii) p 5 PR+ Sloglsalt] = 7+ 2 29(2) 5x(-1.26)
Solution is double diluted at the equivalence point and hence conc. of the salt in the solution becomes half.

Problem: Which of thefollowing is correct when a solution is obtained by mixing 50.0 mL of 0.100 M HA and
50.0 mL of 0.100 M NaOH? [Graduate Record Exam. Sample Question]
I. Neutral if HA isastrong acid. 1I. Basic if HA isaweak acid. Il1. Neutral if HA is aweak acid.
(A) I only B)llonly (C)lllonly (D) landll (E)landlll. [Answer (D)]

Indicators: acid-base and its function.

Titration is an operation forming the basis of volumetric analysis. Measured amount of a solution of
one reagent from a burette (called titrant) is added to a definite amount of another reagent (titre) until the action
between them is completei.e. till the second reagent is completely used up.

Indicators are substances that identify the end point of thetitration by their colour-change when they are
added in small amount in thetitre.

We shall hererestrict our discussion for the acid- base titration only and the indicator is often called acid-
base indicator. These are phenolphthalein, methyl red, methyl orange, thymolthalein, etc.
When an acid is titrated by a base, a small amount of a suitable indicator is added to the acid. Asthe baseis added from
the burette, PH of the acid solution increases. At the PH of the equivalence point, the added suitable indicator changes
its colour and thus indicates the end-point of thetitration. Thisiswhy it is called indicator.
The PH at which the indicator changes its colour depends on the nature of the indicator. However, the PH of colour-
change of the indicator depends slightly on temperature and also on the ionic strength of the acid solution. At the
equivalence point, by using therelation V1 S; = V2 S, it is possibleto calculate S; if S;is known or vice-versa.
Function of acid-base indictors:

Acid base indicators are either weak organic acids or bases. They dissociate partially in thetitre
(usually acid solution) and remains in two forms - ionized and unionized. These two forms have two different
contrasting colours. The relative amount of the two forms depends on the pH of thetitre solution. At the equivalence
point of thetitration, there occurs a sharp pH-jump and so the relative amount of the two forms of
theindicator (which is added to thetitre solution) changes abruptly. This change of pH results a colour change of
the titre solution at the equivalence point and helps to detect the end-point.

Let usillustrate the functions of the indicator by taking the example of phenolphthalein.
Thisindicator is aweak organic acid and this undergoes the following changes as given below.
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HIn =———t S Hly et 4 I~
Imaomeric change dissociation
(keto form) (enol form)
Applying mass action law, we get the expression of the two equilibrium constants.
a,. a,.xa 3. xa | - |
K,=—" and K; = —"—, thus K, xK, = K, = ——— , whereKi, is called indicator constant and like
a'Hln aH|n* aHln

other equilibrium constant, its value depends on temperature and not on individual activities.
When the activities are changed into conc. assuming ideal behaviour, the indicator constant,

P Lo | iy AR L. [l P L
[HIn] [In"] [HIn]
The situation appears like the equilibrium,

Hin|{colourless ) i H™ +In | pink colour )

Similarly, methyl orange is weak organic base whose benzenoid formis yellow and quinonoid form is red.
In general, we can take an indicator (In) that has the acidic form Ina and the basic form Ing, and they are of
different in colour. The equilibrium between the two forms can be written as

K K
In,+HO—2=H.O0" +In, orsimply, n, —2—=H" +1n,.
In acid medium when [H] is high, the equilibrium remains in the | &ft side and the indicator shows the colour of Ina

(acid colour). In alkali medium when [H*] islow, the equilibrium remains in the right side and the indicator
shows the colour of Ing (base colour).

and theindicator constant is K, :m or, [H']=K,, x LIn,] o, PH=PK, +Iog[|nB] .

[In,] [Ing] [In,]
Human eye and colour change of the indicator:
The conc. ratio of Ing and Ina depends on pH of the solution and the nature of the indicator (PKin). Colour of the

indicator, as seen by the human eye is dependent on this ratio. The eye can recognize the colour of Ina when its conc. is
[1n,]
L Al>

[Ing]

acid colour (colour of Ina) is givenby pH = pK,, +Iog% or, pH = pK; -1,

ten times at least greater than the conc. of Ing, i.e. 10. Thus, the pH of the solution when the indicator shows

In
and for recognition of base colour of the indicator (colour of Ing), theratio % >10 and pH = pK,, +1.
nA

In brief, we can say that the indicator shows the acid colour at and below the pH of ( pK., —1) and base colour

at and abovethe pH of ( pK;, +1). In between the pH of pK,, —1to pK, +1, mixed colour of theindicator is seen.

So, pKin of phenolphthalein is 9.6. Thus, in solution, phenolphthalein will remain colourless (acid colour) up to

pH = 8.6 and it will show pink colour (base colour) above pH = 10.6.

Similarly, pKin of methyl red is 5.1 hencein solution, it shows red (acid colour) up to 4.1 and yellow (base colour)
abovepH =6.1.

It is evident that base colour dominates at higher pH and acid colour dominates at lower pH of the solution.

Acid basetitration and choice of indicator:

When an acid istitrated with a base, the pH of the acid solution (titre) is changing. With the addition of
base, the pH isincreased slowly and at the equival ence point, there is quick rise of pH. After the equivalence point,
again pH increases slowly. This slow-quick-slow variation of pH is the typical feature of logarithmic dependence.
Exact calculation can show this trend of variation in the titration of 10 ml of 0.1 N acid with 0.1 N alkali in a burette.
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Titration of strong acid by strong alkali

Alkali added [H'] pH
oml 0.1 (M) 1.0
1.00 ml 131><0.1=o.082(|v|) 2-log8.2=1.1
5.0ml 1—55>< 0.1=0.033(M) 2-l0g3.3=15
9.95ml 0.05 0.1=2.5x107* (M) 4-10g2.5=3.6
19.95
10.0ml 107" (M) 7.0
7_ 005 .,
10.05 ml [OH™ |= x0.1=2.5x10"* (M)
20.05
0™ n
or, [H']=———=4.0x10" M 11-1og4.0=10.4
(] 2.5%x10™* M) J

This shows that pH-jump for the addition of 0.1 ml of NaOH near the equivalence point is 3.6 to 10.4.

Titration of weak acid by strong alkali

(pKaOf 50)
Alkali added [acid] [salt] pH
Oml 0.1 (M) - % PK, —%Iog[HA] = 2.5—%Iogo.1=3
9 1 [salt] 1
1.0ml —x0.1(M —x0.1(M K,+lo =5.0+log==4.05
m T (M) T (M) P 9 Gd 935
8 2 [ salt] 1
2.0ml —x0.1(M —x0.1(M K. +log——==5.0+10 —=4.4
m 12> (M) T (M) PRa 1097 o g
5 5 [salt]
5.0ml —x0.1(M —x0.1(M K,+log——-=5.0+1og1=5.0
m T (M) 15> (M) P 9 ad g
4 6 [gat] 3
6.0 ml —x0.1 (M —x0.1(M K,+lo =5.0+log==5.2
m 6> ( 6> (M) P 97 1097
7.0ml i><O.1(M) 1><O.1(M) pK, +Iog[ 1 5.O+IogZ:5.37
17 17 cid 3
2 8 [&al]
8.0ml —x0.1(M —x0.1(M K. +lo =5.0+log4=5.6
" 1 0UM) 1g*0UM) PR 19 adid 0
1 9 [salt] 9
9.0ml —x0.1(M —x0.1(M K,+lo =5.0+lo ——595
" 1g*0UM) 1g*0UM) PR+ 19 acid J
9.95ml %xo.l(M) 9.95 x0.1(M) pK, +Iog@ 50+ Iog%:ll
19.95 19.95 cid 05
10ml - 0.05 (M) 7+% pPK, +§Iog[salt] =7+ 2.5+—Iog0.05=8.85
14
10.05 ml - [base] = 0055 0.1=2.5%x10" —log[H* ]-lOQ(L] 10.4

10

pH-jump in thetitration of weak acid and strong base near the equivalence point occurs 7 to 10.
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Similar calculation with strong acid by weak base shows that pH jumps from 4 to 7 near the equivalence point and
thereis practically no jump for titration with weak acid and weak base.
The neutralization curve with pH against amount of base added is aiven here.

The pH-jump at the neutralization point can be | SB

summarized as below: 5
SA + SB — pH-jump: 4 to 10 !
WA + SB — pH-jump: 7 to 10 Phenolphthalein
SA + WB — pH-jump: 4to 7 colour change WB
WA + WB — No pH-jump. Tob T _
Colour of anindicator changes at a certain range of pH of the ] o
solution. pH-range of colour ghange is oH WA cgﬁ); » gh;fige
pK., =1 to pK, +1, soit depends on the nature of the P |
indicator. The sdlection of indicator for the specific acid-base _ﬂ/ i
titration is such that pH-range of colour change of the indicator !
should match with the pH-jump of the titration. EP

Thus phenolphthalein (pKin = 9.6) has pH-range of colour

change from 8.6 to 10.6 and so this indicator is suitable for the

titration of weak acid and strong base.

For thetitration of strong acid and weak base, those indicators are suitable which changes their colour within

pH-range 4 to 7. Methyl red (pKin = 5.1), methyl orange (pKi, = 3.7) are suitable for the titration.

For thetitration of strong acid and strong base, all indicators are suitable since pH jumps from 4 to 10 at the

neutralization point and all indicators change their colour within this pH range.

However, no indicator is suitable for the titration of weak acid and weak base as there is no pH-jump occurs at the

neutralization point.

If phenolphthalein indicator is used in the titration of strong acid and weak base, it changes its colour after the

equivalence point and there occurs error dueto over titration.

Similarly, if methyl red indicator is used in the titration of weak acid and strong base, it changes its colour before the

equivalence point, and there occurs error due to under titration.

Thus, choice of suitable indicator is very important in the acid-base titration.

Problem: Anindicator with a pKi, value of 4.5 is not suitable for detecting the equivalence point of thetitration of a
weak acid and strong base. [Burdwan Univ. 1990]

Answer: Seethe Text asabove.

Hammet acidity function (Ho)

Introduction:

Hammett acidity function (Ho) is a measure of acidity of very concentrated solution of strong acids including
superacids. It was proposed by the physical organic chemist Lous Plack Hammett is the best known acidity function.
Definition:

Let ustakean acid, BH* dissociatingas BH* = H' + B, where B is very weak base of its conjugated strong acid

_[H1IB]

base added ———=

BH". The dissociation constant of the strong acid is given as KBH+ and Hammett acidity function

can replace the pH in concentrated solutions. It is defined using an equation anal ogous to the Hender son equation as,
. BH" BH" B
=K, ] [BH'] (8]
[B] [B] [BH]
Since B is very weak base of its strong conjugated acid, the value of KBH+ isvery highso, pK gy hasvery high

or, —log[H"]=-logK_ . —log or, Hy = pK,,,. +log

negative value. In thisway, it israther asif the pH scale has been extended to very negative values.

+ X +
The equivalent form of Hammett acidity function in terms of activity, KBH+ =M o, a,.= KE§H+ xaB—H
Bo- %
[BH Ixy,.. [BH ] Vs
or, =K x———8 o, -loga, . =-logK_ . —log————log—8*-
aH BH [B]X7/3 aH BH [B] 7/B
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[B]
[BH]

o, —loga,. = pK_,. +log +1log 7/7/3 or, —loga, . =H;+log Vs or, H, :—Iog(aw XAJ

BH™ yBH* yBH*

In dilute agueous solution (pH 0 — 14), the predominant acid speciesis H,O" and the activity coefficients are
closeto unity, and thus Ho is approximately equal to the pH. However beyond this pH range, the effective hydrogen ion
activity (a,,. ) changes much more rapidly than hydrogen ion concentralion([ H 3O+]) .

For example in concentrated sulphuric acid, the predominant acid species (“ H*”) is not H,O" but rather H,SO,"
which is much stronger acid. For pure sulphuric acid, the value of H, =-12. But it must not be interpreted as

pH = - 12 and that may imply an impossibly high H,O" conc. of 10" mol/L in ideal solution. Instead it means that
the acid species present ( H,S0,” ) has protonating ability equivalent to H,O" at afictitious (ideal) conc. of 10"
mol/L, as measured by its ability to protonate weak base.

Although the Hammett acidity function is the best known acidity function, other acidity functions have been
developed by authors such as Arnett, Cox, Katrizky, Y ates, and Stevens.

Typical values
On this scale, pure H2SO4 (18.4 M) has a Ho value of —12, and pyrosulphuric acid has Ho ~ —15. Take note
that the Hammett acidity function clearly avoids water in its equation. It is a generalization of the pH scale—
in adilute agueous solution (where B is H20), pH isvery nearly equal to Ho. By using a solvent-independent
guantitative measure of acidity, the implications of the leveling effect are eliminated, and it becomes possible
to directly compare the acidities of different substances (e.g. using pKa, HF isweaker than HCI or H2SO4 in
water but stronger than HCI in glacial acetic acid; and pure HF is "stronger” than H2SO4 because the Ho of
pure HF is higher than that of pure H2SOa.
Ho for some concentrated acids:

e Fluoroantimonic acid (1990): —31.3
Magic acid (1974): —19.2
Carborane superacid (1969): —18.01
Triflic acid (1940): —14.1
Chlorosulphuric acid (1978): -12.78
Sulphuric acid: —12.0

For mixtures (e.g., partly diluted acids in water), the acidity function depends on the composition of the mixture and
has to be determined empirically. Graphs of Ho vs. mole fraction can be found in the literature for many acids.

Question(1): What are superacids? How the acidity of such solution is measured? Explain with examples. 3
Calcutta Univ. 2010]

Question(2): What is Hammett acidity function? Show that for dilute solution it reduces to the pH of the solution. (3)
[Burdwan Univ. 2016]

Solubility and Solubility product
Let ustake a sparingly soluble salt, B, A, remaining in equilibrium
in agueous solution as: BT 4 A
B, A, (s) = ByA,(aq) = xB*% + yA~?- I
The equilibrium of the species in different phases is represented in terms of A )
chemical potential as J!
M () = M () = Xt T YH e - B.A,(5)

Thus, Hep s =X, +YH . When expressed in terms of activities, we have saturabed zolution of B, 4,
at temperamure T
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0

+RTIn
H BxAy(S) anAy

) :x(yf+RTIna+)+ y(y?+RTIna7),

(s

buta , =1, 1° :xyf+yyf’+RTln(afxaf) or, RTIn(afxa_y)

BxAy(s)

= —[(Xﬂf +yp) - p }= ~Ap

By (5)

o, ayxa’ = eﬁA;/RT =K, or, K, =aixa’, where K, is solubility product of the salt which is constant for the salt
at agiventemperatureand a, and a_arethe activities of the cation and anion of the eectrolytein the saturated
solution.

Replacing activities by molar conc., weget K =(c, f,) x(c f.)" = (c+X xcﬁy)x( fx fﬁy) .

Let s isthesolubility of the electrolytein mole/ litre, thenc, =xs, ¢ =ys,and f *f ¥ = ..

So, Kg =(Xy”)s 1.7,

where f, isthe meanionic activity coefficient of the solution. But when a pure sparingly soluble salt forms a saturated
solution in water, only few ions are present in the solution and f, is taken unity for the approximate purposes.

For uni univalent electrolyte, such as AgCl, therdation is Ky, = s”, for bi univalent electrolyte such as CaF,
therelationis K, = 4s°, for bi trivalent electrolyte such as Cag(PO,)2 , therelationis K, =108s’, etc.

The solubility product K, isequilibrium constant and it depends on temperature according to

van’t Hoff reaction isochore. It can be determined if the solubility (s) of the salt is known and vice versa.
The solubility product as obvious, is the ultimate value which is attained by theionic product when equilibrium has
been established between the solid state of the salt and the ions in solution.

Problem: What is the maximum pH of a solution 0.10M in Mg*2from Mg(OH), will not precipitate?
The solubility product of Mg(OH), = 1.2x10™™. [11Sc Entrance Test to M Sc, 2002]
Answer: Maximum ionic product of Mg(OH)2 = [Mg?*] x [OH]? = solubility product of Mg(OH), = 1.2x10™*.

The conc. of OH", [OH ] = (1.2><10‘1l/0.10)y2 =\1.2x10° but, pH =— Iog( K, /[OH ‘]) .

Putting the values, we get pH =— Iog(:L>< 10%5 105) =9.04.
L X

Common ion effect:
The equilibrium established in the saturated solution of a sparingly soluble salt, BxAy is given as
B.A,(s) = xB**+(aq) + yA~*-(aq)

If the salt is present in a solution having one ion common such as YA *, then the equilibrium will shift towards left

and solubility (s) of the salt decreases. Let us take a very simple salt AgCl which in the saturated solution exist in
equilibrium withitsionsas AgCl(s) = Ag*(aq) + Cl™(aq). The solubility product of AgCl is

Ke =[Ag'][CI"].
K4 of thesalt remains constant at a given temperature. As two ions form equilibrium with the solid AgCI , any
changein conc. of oneion will affect the conc. of the other ion to maintain constancy of K, .

Thus addition of common ion, say Cl~intheform of KCI affects the conc. of Ag*and it changes the solubility (s) of
of thesalt, AgCl .

Let in water, the solubility of AgCl iss, mol/litreand in KCI solution of conc. ¢ mol/litre, the solubility issmoal/litre.
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Therefore, in water solution, K, =S, butin KCI solution, Kg, =s(s+c). Since K, isapproximately constant,

hence § =s(s+c) or, § =s(s+c)=s"+sc+C.

This showsthat s< §,, the solubility of a sparingly soluble salt is lessin presence of a common ion in solution.
2
C

1
Further, the equationis s’ +sc—S =0 or, s=-c+ Z_Sg .

2
However, s isvery small, so S° in the equation is generally neglected and thus s= % :
Thisis the approximate value ( S) of the uni univalent salt in presence of a common ion.
Problem: Calculate the maximum solubility of CaF, in 0.1(M) NaF solution at 25 °C.
Solubility product of CaF, =3.2x10™ at 25 °C. [Calcutta Univ. 1999

Answer: CaF,[1 Ca* +2F s0, Kg, =[Ca”][F]* or, Kg =S(s+C)° =5(* +25C+C*) =5°+25°C+ .
Neglecting §° and 2s’cfor their small values, we get Kg, = SC* or, s= KS/CZ .

Putting the values, we get 5:3-2X10_1%0 1)2 or, s=3.2x10°.

Inert lon Effect:
True or thermodynamic solubility product is defined as Kg, = (Xxyy) SH P
For AgCl, Kg, =S°f?, for CaFp, Kg =452, for Cas(POs),, Kg =108’ f, etc.
Theinert ionsin solution affect f, which actually depends on the ionic strength of the solution, though its effect is not
so prominent like the common ion effect. With increase in conc. of inert ion, the solution becomes more non-ideal and

f, becomes less. Thus maintain the constancy of K, the solubility must increases.

However, theincrease of solubility is not much, for example, TICI has solubility in pure water is 0.016(M) but | n
presence of inert ions of 1(M) KNOs, the solubility risesto 0.031(M).

The common ion decreases the solubility to alarge extent. For example, onelitre of water dissolves 12 gm PbCl; at
30 °C whereas 1 litre 1 (M) KCI solution dissolves 0.5 gm PbCl, only.

Analytical Application: Solubility product principle states that an electrolyte will be precipitated out from the solution
when the product of conc. of ions (called ionic product) exceeds the solubility product ( K, ) of the salt at the
temperature. The precipitation will continue until the ionic product becomes equal to the solubility product of the salt.
Thus for AgCl, in solution, solong [Ag"][Cl ] > K, (AgCl) , the precipitation occurs and theions Ag* and Cl ions

areremoved from the solution, when [ Ag™][Cl ] = K4 (AgCl) , the precipitation stops. The solution becomes a

saturated solution of AgCl.

In qualitative Analysis: In group analysis of basic radicals, || group radicals (such as Cu®") forms precipitate a CuS
when HS is passed in acidic medium but I11B radicals (such as Ni?") does not form NiS precipitate from such solution.
NiS precipitate when HzS passed in the solution in alkaline medium. This can be explained as follows:

H.Sin solution dissociates as H,S = 2H* + §%~,
Inacid medium (H* ion s high), and dueto common ion effect, [S*'] islow

and so [Cu2+ [SZ’] > K & (CuS) hence CusS becomes precipitated since Kg, (CuS) is very small. But

[Ni 2 } [SZ’] < K4 (NiS)i.e ionic product of Ni* and S* does not exceed the solubility product of NiS henceit is
not precipitated out from the solution.
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In alkaline medium (H* ionislow), and so [S*] ishigh and the [ Ni** || S* | > K4, (NiS) so NiSis precipitated

out from the solution. [Given, K, (CuS) =1x10* and K, (NiS) =1.4x107].

In Quantitative Analysis
In thetitration of NaCl solution with AgNO3 solution, K>CrO4 can be used as indicator.

Thisis dueto preferential precipitation of AgCl from the solution. When all Cl ™ ions are precipitated out in the form of
AQCl, asingle drop of AgNOz solution forms precipitate Ag.CrO4 from the solution. Thisis red in colour and thus
indicates the end point when white precipitate ends with red precipitate. This preferential precipitation occurs due to

Ko (AgCl) < Ko (K,Cr0,) .
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Answer to Burdwan Univ. Questions on the lonic Equilibrium.

[Burdwan Univ. 2000]

Q 8(a). Derive an expression for the pH of an aqueous solution of sodium acetate in terms of its concentration. [8]
Ans. SeePl14

Q 8(b). How is the dissociation equilibrium of water distributed by addition of NH4Cl to it? Why is acid medium

unsuitable for the precipitation of ZnS from a solution containing Zn** by passing H,S? [4+4]
Ans. See P13.

1% Part. Water forms equilibrium in the process of its dissociationas H,0 = H* + OH~ and it shows neutral with
equal concentrationof H* andOH ™. At 25°C, [H"]=[OH ]=10"(M)and pH =7

But when NH4CI which is strong e ectrolyte is added to water, NH,,* combines with OH ~ion forming an

excessof [H']. NHf + OH™ + H* = NH,OH + H* theresulting solution reacts acidicand pH < 7.
This process of disturbances on the dissociation equilibrium is called cationic hydrolysis. It could be shown

1 1
that the solution of NH4CI will have pH = 7—5 PK, —Elogc, where c is Salt constant.

2" Part. H,S is weak acid and dissociatesas H,S = 2H™ + S~ . In acid medium ([H*] = high), the dissociation
equilibrium shiftsin the | eft side and concentration of S* islow. The [S*] is so low that the ionic product
of Zn?** and S* doesn’t exceed the solubility product of ZnS and so the precipitation of ZnS doesn’t occur.
However, in alkaline medium ([H*] = low), dissociation equilibrium lies in the right sideand [S* ] is so
high that the ionic product of Zn?* and S*~ exceeds the solubility product of ZnS and precipitation of ZnS
takes place, ie. In acid medium, [Zn*"]x[S? ] < K and precipitation does not occur & in alkaline

medium, [Zn*"]x[S*] > K, and precipitation occurs. Thus acid medium is unsuitable for precipitation of
ZnS from a solution containing Zn?" by passing H2S.

[Burdwan Univ. 2001]
Q 5(b). Thedissociation constant of NH4OH is 1.8x 10°°. The solubility product of Mg(OH) is 1.22x 10,
How many gms of solid NH4Cl must be added to a mixture of 50cc of (N) NH4OH solution and 50cc of (N)
MgCI; solution so that the precipitate of Mg(OH)- just disappears? It is assumed that the volume of the
solution is not changed by dissolving solid NH4Cl and that the dissociation of the neutral salt is complete. [5]
Ans. Conc. of Mg? in the solution = 50x 1.0/100 (N) =0.50 (N) = 0.25(M) and conc. of NH4OH = 0.50(M).

Wehave Kg =[Mg*][OH]* or, 1.22 x 10 = 0.25x [OH "]?

or,[OH ] = \/1-22><10‘%_25 =6.98x10°(M).

Thisistheconc. of OH ™ just to prevent the precipitation of Mg(OH). from the resulting solution. The OH ™
is obtained from the dissociation of NH4OH and it dissociatesas NH,OH = NH; + OH~ and
_[NH,Tx[OH"]

b . However, dissociation of NH4OH is highly suppressed by the presence of common

[NH,OH]
-5
ion, [NH,"]= Ky X[NH_“OH] _ 1810 " x (_)650 =1.289(M). Assuming very small contribution of
[OH ] 6.98x10

NH4OH tothe valueof NH,", [NH4"] = [NH.CI] all NH," is obtained from NH.CI.

thus 1.289 mole NH4Cl is to be added per 1000cc of the solution to prevent the precipitation of Mg(OH)..

1'283 «100% 53.5 = 6.89.

Hence for 100 cc solution NH4CI to be added in gms =
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[Burdwan Univ. 2002]
Q 1(0). Remark if the pH range for boric acid —borax buffer liesin the acidic range. [1]
Ans. pKaof boric acid is 9.24 & hence boric acid — borax buffer liesin the alkaline range 8.24-10.24.

Q 2(e). If pH =7-(logx)/2 , find K, of pure water. [2]
Ans. pH= —log [H']=7—(logx)/2 or, logC’, =-14+logx or, C2, =xx10™ .
Inpurewater K, = [H'][OH] =[H']? =xx10".

Q 5(e). The solubility product of MgF. is 7x 10™. Find its solubility in water and in 0.01(M) agueous NaF solution
approximately. [5]
Ans. For MgF, = Mg** + 2F~ Kg =4S, s,=Solubility of MgF, inwater. So, 4s) = 7x10™*or, §,=0.056(M ).
In 0.01(M) NaF solution's (s+0.01)> =7x10™ or, S~ 7x10*/0.01L 7x10*(M )
[Note: Ky, of MgF should be 7 x 10°(Wrong data supplied)]

Q 6(a)(ii). Calculate a, of asolution of Alx(SOa)s of strength 8.25x10*m , given », = 0.9913 and that of
compound dissociated completely. [5]
Ans. For thedectrolyte B A, a=a"’ = (XX Al ) mYy

For Al(SOq)s, @° =(2°x3*)nfy.° or, &, =3108my, , a =¥/108(8.25x10*)x(0.9913)

or, a, = 2.08x10°m.

Q 6(b). Define buffer capacity, Consider the acetic acid-acetate buffer to show that it is maximum when pH = pKa .
Given, Ko = 1.8 x 10° for acetic acid, find the degree of hydrolysis of a 0.01(M) Na-acetate solution [10]
Ans. For 1% and 2™ part, see P9 and P10.

39 part: therelation, K, = K, /K, = x’Cwhere x =degree of hydrolysis of salt

14
s, x= | =\/ LOA0 " _ 535x10.
K,xc V1.8x107x0.01

the degree of hydrolysis of sodium acetatein 0.01M solution is 2.35x10™*.

Q 2(a). The pH of aweak monobasic acid decreases by 0.1 unit when the temperature changes from 300K.
Calculatethe value of AH for the dissociation of the acid. [2]
[Neglect the change in concentration due to the change in temperature.]

Ans.  For monobasic acid, [H*]=,/K,xc or, pH :Iog[H+]=% pKa—%Iogc.

1 1
Fromthe problem, (pH )., —(PH )y, = E( PK. ) oo _E( PKa )anox

(Ka)aox } 1 AH 10K

1
or, 0.1==| -log(K, +log(K, =lo ==x X

2[ 9(Ka e +100( )31°K] g{(Ka)300K 2 Rx2303 300K x310K
or, AH =0.1x 2x 2.303x 2 cal mol K x 300K x 310K /10K =8567cal mol ™.

[Burdwan Univ. 2003]
Q 1(b). When does solubility decreases with temperature? [1]
Ans.  When the dissolution of the substance is an exothermic process, then the solubility of that substance decreases
with temperature increase.
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(g). How does K, changes with temperature? [1]
Ans. Dissociation of water is an endothermic process & so Kw increases with increasing temperature.
(r). What pH rangeis suitable for acetic acid/acetate buffer? [1]
Answer: the suitable P" range for acetic acid/acetateis pKa—1to pKa+ 1or, 4.76 — 1t04.76+1 or 3.76t0 5.76

since pK, of acetic acidis4.76 at 25 °C.

(t). For aqueous solution of varying pH, plot pH vs. pOH at a given temperature. ;
Ans. At agiven temperature, in agueous solution pH + pOH = pKy = Constant 1 iaﬁx
or pH= pKy — pOH, sotheplot of pH vs. pOH isa graight line with negative slope. pH

[1]

Q 2(d). The solubility product of a sparingly soluble salt MAz is 2.7x107. e ——
Find its solubility assuming complete dissociation. [2]

Ans. For thesalt MAs, Kg = (X'y?)s*Y =27s" and 275" = 27x10° or s=1x107(M).

Q 4(b)(i). Derive an expression for the pH of a salt of aweak acid and weak base dissolved in water. [5]
Ans. SeeP15. pH = 7+ %2( pK,— pK,).

(ii) Find the pH and degree of hydrolysis of a salt of aweak acid ( K, =1.8x 10°°) and strong base if the
concentration of the salt is 0.01 M in an agueous solution. [5]
Ans. pH =7+(1/2) pK, +(1/2)logc=7+(1/ 2)(—Iogl.8><10’5)+ (1/2)log(0.01)=10.74.
J 1.0x10™
1.8x107° x0.01

Again, X’c = K, = % =1.0x10*/1.8x10° so, X= or x=2.35x10".

a

Q 3(e). If 0.25moles of NH4Cl is added to a litre of 0.1(M) NH4OH solution, find the degree of dissociation of NH,OH

(K, =1.8x10"° approx.) (5]
NH,” || OH"
Ans. K, = [NH,J[OH]_ 025xa ~0.250 =1.8x10° or, @ =7.2x10°°.
[NH4OH] (1—a)c
[Calcutta Univ.91]
Q 10(a). The solubility of a sparingly soluble salt AB; in water at 18 °C is10™ (M). Calculateits solubility in 0.01(M)
NaB solution at this temperature. [2]

3 -4)3
Ans. Ky :4%3 :s(s+c)2 ~ SC’, since s<<cor, 5:4(:—5;):4x 50.0122 :4X1078(M).

Thus, the solubility of AB2 in 0.01(M) is 4x10°® (M)

[Calcutta Univ. 92]

Q 10(b). The pH of a 10° M aqueous solution of weak acid was found to be 4.0 at 25 °C. Find the degree of
dissociation of the acid at this temperature. [4]
_ 10"

1073

Ans. pH =—log[H " ]=-log(ac) or, ac=10" =10, but c=10°(M) s0, & =0.10.

[Calcutta Univ. 95]

Q 10(c). 50 ml of a0.1 N acetic acid is titrated with 0.1 N NaOH solutions. Calculate the pH of the solution at the start
and at the half neutralisation point (given, K, = 1.75x 10°). [4]
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Ans. pH atthestart: [H"] = /K, =+1.75x10°x0.1 =1.32x10° (M). Hence, pH =2.88 at the start
at the half neutralization, pH = pK.= —log (1.75><10’5) =4.75.

[Calcutta Univ. 97]

Q 9(d). Calculate the pH of the solution obtained on titrating a solution of decinormal acetic acid and decinormal
NaOH at the equivalent point and half equivalent point. (pKa of HAc=4.75) [4]
Ans. At the equivalent point, the salt Sodium Acetate of conc. 0.1/2=0.05 (M) isformed. So, pH at the equivalent point

isgivenby pH =7+ (1/ 2) pK, +(1/ 2) logc=7+ (1/ 2)(4.75) +(1/ 2) Iog(0.05) =8.72
at the half equivalent point using Henderson equation, pH = pKa = 4.75.

[Calcutta Univ. 98] [WBCS’95]

Q 10(a). Define buffer capacity. Find the condition when it has the maximum value. Y ou are supplied with 0.1(N)
NH4OH and 0.1(N) HCI solutions show how you will use these solutions to prepare 100 ml buffer solution of

pH = 9.0 (Given K, for NH/,OH=2x10"°). [1+3+3=7]
Ans. 3" part: Henderson equation is, pOH = pK, +Iog[[ ]] or, log [[:il ]] = pOH - pK, =5-4.7=0.3
r, [salt] =10°*=2, since pOH =14—pH or, [salt] = 2.0 and total volume of the buffer = 100m
[base] [base]

Let x ml of 0.IN HCl istaken. Then[salt]=x and[base] =100—2x, since x ml HCI neutralise x ml

salt, Thus X 2 or 5x=200 ,or, x=40ml.
100 - 2x

Hence 40 ml HCI and 60ml NH4OH each of 0.1N concentration are to be taken to prepare 100 ml buffer
solution of pH =9.

Q 10(c). The solubility product of Pbl, is 7.47x10™ at 15 °C and 1.39x10® at 25 °C. Calculate molar hest
of solution of Pbl, . [3]

K T,-T,
Ans. Using van’ Hoff reaction isochore, we have |og 2 = ART =T
Kg R{ TT,

or, 10g Ks ] AH(T,-T, o In 1.39x10°® _AH 10
’ Kg R TT, " 7.47x10° 2  298x 288

or, AH = [ 2% 298 288} In(l'sgjcal mol - = 10659 cal mol ~* = 10.659 keal/mol

10 1.47

[Calcutta Univ. 99]

Q 9(d). Calculate pH of the solution prepared by mixing 15ml of 0.2N NH4OH solution and 10ml of 0.15N HCI

solution at 25 °C. [Kp of NH,OH =1.8x10°°]. [2]
Ans.  10ml of 0.15N = 1.5 ml of IN HCl and 15 ml of 0.2 N = 3.0 ml of IN NH4OH
Excess NH4OH = 3.0 -1.5=1.5ml of 1IN and salt NH4Cl formed = 1.5 ml of 1N.

[salt] o 15
Thus pOH = pK, + o — (~log1.8x10°®) +log=> = 4.75
us POH = pK, +log, -+ =(~log1.8x J+log 5
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0, pH =14— pOH =14-4.75=9.25

Q 9(e). Calculate the maximum solubility of CaF, in 0.1M NaF solution at 25°C.
Solubility product of CaF, =3.2x10™" at 25 °C. [2]

3.2x10™

Ans. Kg =5(2s+¢)” buts<<cso, Ko =sc?or, S:K—f. Putting the value ¢ = ~—=32x10"M .
C 1

[Burdwan Univ. 2004]

Q 1(x). Remark on the statement; Solubility increases with temperature. [1]
Ans. [f the process of dissolution is endothermic (AH > 0), solubility increases with temperature But if the processis
exothermic (AH < 0), the solubility decreases with temperature.

Q 2(e). What would roughly bethe pH of a 10”7 M agueous HCI solution? [2]
Ans.  pH =-10g([H " ],5q +[H Joue ) =—109(10 7 +107) = —log(2x10") = 7-log2=7-0.3=6.7.

4(d)(i). Starting from Ostwald’s dilution law, find an approximate expression for the pH of 1 M acetic acid solution.
When is your expression likely to work poorly and why? [10]
Ans. For acetic acid dissociating as HAc = H* + Ac~, let cisthe molar concentration of HAc and
and ¢ the degree of dissociation at this concentration then [HAc] =(1—ea)c and [H'] = [Ac] = ac.

_[HIx[Ac] a’c

The dissociation constant of HAcis K, = HAQ 1 , however, o <<1 hence,
c -a

K,=a’c=

or, [H*] =K, xchbutc=1M and K.=1.8x10" at 25°C, or,

pH :% pKa—%logC .But pK,of HAc=4.7s0 pH =%x4.7=2.35.

Since concentration of HAc is very high, use of concentration termis only
approximate and so poor result of
the expression yie ds.
(ii). If NaOH solution is gradually added to a solution of acetic acid, what will be
the buffer capacity just at the neutralisation point and why? 100
Ans. The pH jumps from 7.0 to 10.0 at the neutralisation point of the above
db 1 7

d(pH) B sope P
but the slope is maximum at the neutralisation point. So, the buffer capacity
becomes minimum.

reaction. Since, the buffer capacity (B) is defined as S =

[Burdwan Univ. 2005]

Q 1(c). During an acid base titration, when is the buffer capacity of the system under titration minimum? [1]
Ans. At the neutralization point, see Burdwan Univ. 2004, Q 4(d)(ii).

(d). An aqueous solution of Mohr’s salt gradually becomes turbid, why? [2]
Ans. Hydrolysis of FeS0, forming Fe(OH ), which makes the solution turbid.

(p). Criticize: pH of a10°°M HCI solution (aq) is 8. [1]

Ans.  Wrong, it is approximately 6.96, see page 6.
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Q 3(e). A salt of astrong acid HA and strong base BOH shows pH = 6.2 when dissolved in water to make a 0.1(N)

solution. Find the dissociation constant of BOH and explain why that of HA cannot be determined from this
observation.

Ans. The pH-value shows that acid HA is stronger than the base BOH. The equation for pH of such salt solution is
1 1 1 1
H=7-=pK, -=logc or, 6.2=7-=pK, —=log0.1
p 2Io b5 g 2p b5 g

or, % pK, = 7—6.2—%x(—1) =7-6.2+05=13 or, pK, =26 or, K, =107° =25x10",

[5]

HA is strong acid and so it’s conjugate base A~ isvery weak. The A” from the salt cannot produce HA so the
ionic equilibrium HA = H* 4+ A~ does not exist and thus K of the acid HA is not determined.

Bur dwan Univ. 2006

Q 1(ix). Explain why a mixture of aqueous solutions of NaH>PO4 and Na;HPO, can act as a buffer, although both
areacids.

Ans. NaH:PO, dissociatesas Na*™ + H,PO,” but H,PO,” actsasan acid, dissociating as
H,PO,” - H" +HPO,> Thus, H,PO, (acid) and HPO,* (salt, from Na,HPO, ) act as buffer.

Q 2(d). Derive the expression for pH of an aqueous NH,Cl solution of molar concentration c. [2]

Ans. Seethetext to derive pH :% pPK,, —% pPK,, —%Iogc.

Q 3(d). Derivethe expression for buffer capacity of a solution prepared by mixing solution of weak acid and strong
base. Find also the condition under which the buffer capacity is maximum. [5]

b(a-b
Ans. Seethe Text to derive, buffer capacity, f = [2.303u] and find the condition for S, whenb :% .
a

Q 4(a)(i). ““Salt hydrolysis is in fact a manifestation of the Le-Chatelier’s principle on the dissociation equation of
water.” - Explain. [3]

Ans. Let usconsider the two equilibrium that exist in the solution of NH,Cl .
NH; + H,0 = NH,OH + H* andH,0 = H* + OH~
When NH," of thesalt takesup OH ™ , equilibriumof H* & OH "~ water isdisturbed H™ Conc. is
increased due to forward process of ionization of H,O process. The solution becomes acidic.
K, =[H"][OH ] = constant at a given temperature. When OH ~ isremoved by NH," , H,O isfurther
dissociated to keep thevalueof K, constant. [H "] isincreased in solution.

(ii). Calculate the pH of a0.1 N agueous solution of NH,Cl , given K, of NH,OH =1.5%x10"° at the
experimental temperature.

1 1 1 o 1 1 1
Ans. pH :7—5pr—Elogc:7—§log(l.5x105)—§Iog(0.1)=7—§><4.824—§><(—1)

=7-2412+0.5=5.088.

(iii). Show quantitatively that the degree of dissociation (a) of weak acid increases with dilutionand o —1 as
c—>0.

[4]
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2
Ans. Seethe Text for theanswer. [Hints: K =2C o a%c= Ka(l—a) -Whenc >0, a—1
~—a

(Old Registration)
Q 1(e). By raising the temperature of water, its PH can be lowered but still it remains non-acidic. Why? [1]

Ans. When temperatureisraised, K, isincreased & hence [H "] isincreased resulting the lowering of pH.
But by dissociation of H,O it produces equal conc. of H* & OH "~ and water remains neutral.

(k). What happens to degree of hydrolysis (a) and hydrolysis const. ( Kh) of aniline hydroxide in its aqueous
solution when a few drops of aniline are added to the solution? [1]
Ans. Thedeg. of hydrolysis () is suppressed but hydrolysis constant (K, ) remains unchanged.

(X). A mixture contains a equivalent of HCl and b equivalent (a>b) of NaOH in atotal volume of 1 dm®.
What is the expression for buffer capacity of the mixture? [1]

a-b
Ans. Seethe Text for the expression of [ = 2.303x bu.
a

Q 3(d). Derive an expression relating the pH of an aqueous solution of a weak acid with its conc. Hence discuss how
the pH changes with conc. and temperature of solution. [5]

1 1
Ans. Seethetext, pH = 2 pK, — 2 logc. Asconc. (c) isincreased, pH is decreased. Again with rise of temperature,

K, is increased, pKa isdecreased and pH is decreased. Again, withrise of T, Kaisincreased, pKa is

decreased and pH is decreased.
Burdwan Univ. 2007

Q 1(g). ‘pH of 10%(M) aqueous solution of acetic acid is greater than 2.0° - Comment. [2]
Ans.  Acetic acid isweak electrolyte and so it is partially dissociated in aqueous solution.
HAcll H* + Ac so, conc. of [H*] <102 (M) and hence pH > 2.0.

(). Draw the pH titration curve of strong acid with a weak base and indicatein it, the color change interval of an
indicator with pK;, =9.1. (2]
Ans. Color changeinterval of theindicator is8.1t010.1 pH but pH jump for the abovetitrationis 4.0 to 7.0 pH.
Seethe Text for the titration curve of strong acid with aweak base.

Q 2(e). Deduce the expression of pH of a solution of a salt of weak acid and strong base. [6]
1 1 1
Ans. Deduce the expression pH = > pK,, + > pK, + 2 logc [Seethe Text].

Burdwan Univ. 2008
Q A(vi). An aqueous solution of KHF, can act as buffer. — Justify or criticize. [2]

Ans. The agueous solution of KHF, is the mixture of weak acid HF and its salt KF.

KHF, — KF + HF . So the solution acts as buffer.
Q B(ii)(a). From the concept of molecularity in chemical kinetics explains why the degree of dissociation of aweak
dectrolyte increases with dilution. [4]
Ans. The weak eectrolyte HA dissociatesas;, HA = H* + A~ and if ¢ isthe molar conc. of HA taken and ¢ isthe
degree of dissociation then [H*] = ac, [OH] =ac and [HA] = (1-a)cC.
Theforward processis unimolecular and so first order the rate of forward reaction
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R, =k[HA] = k;c(1-a). Therate of the backward processis kinetically bimolecular and hence 2™ order
so, R =k x[H][A ] =k, xaCxaC. Whenthetwo rates are equal, equilibriumissetupand R, =R,

2
or, k—f = (ac) o, K, = a_zc:’ where Ka is constant and independent of conc.
K, C(l— a) l-«
Thus, when dectrolyte solution is diluted, ¢ is decreased so to keep Ka constant, the degree of dissociation (a)
isincreased.
(b). Areactionisgivingout H,O" and a product, whichis stableonly at pH = pK, of acetic acid. Explain why a
mixture of ammonium acetate and acetic acid is best suited as medium to carry out the reaction. [6]

Ans. When the acetic acid HAc and ammonium acetate NH4AC aretaken in the medium, pH of the solutionis given
[salt]
[acid]
of acetic acid. If equal conc. of NH,Ac and HAc aretaken, then pH = pK,

Thus the reaction product is stable in the medium which contains equal conc. of NHzAc and HAc

by Henderson equation, pH = pK, +log , where pK, =—logK_, and K, isthe dissociation const.

(c). What isthe limitation of human eye that makes the color changeinterval of an acid-base indicator PK, +1 .

Ans. The limitation of human eyeis explained as follows: 1. ===lu;+ " and this follows that
I . I
pH = pK, + Iog{lnB] . The human eye can recognize the color of Ing; when LIng] >10, pH > pKn + 1.
A nA
. [Ing] 1 .
Again, when —B=-<— 'pH < pK,— 1. The color of In, isseen.
[In,] 10
So, pH-range of color change of acid-base indicator is pK,, £1.

(Old registration)
Q 1(r). Why does K, change with temperature?

(1]

Ans. Dissociation of water H,0 = H* + OH~ is endothermic process and so with rise of T, K, Will increase.
(s). Aqueous solution of ammonium acetate is neutral. Why? [1]

1 1
Ans. For the hydrolysis of salt of weak acid and weak base, pH = > pK,, +§( pK, — pK,).

1
But pK, of acetic acid is equal to the pK, of ammonium hydroxide. Hence pH = > pK,, =7 , neutral at 25°C.

Q 2(g). The pH of a buffer solution containing a weak acid and its salt should be closed to pK, of the acid. When and
under what condition? 2]

Ans.  Henderson equation states that pH = pK, +Iog% .But pH = pK, of theacid when [Salt] = [Acid].
aci
Q 4(c)(ii). Calculate the pH of a mixture of 50cc 0.2(N) acetic acid and 100 cc of 0.1(N) NaOH . [2]

(Given K for HAc=1.8x10")
Ans. 50cc0.2 (N) HAc is completely neutralized by 100 cc 0.1 (N) NaOH .

[NaAc] = (50x0.2)/150=0.2/3(N). pH :7+% pKa+%Iogc:8.78
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[Burdwan Univ. 2009]

Q 2(iii). Explain whether ionic product of water charges with temperature. [2]

Ans.

K,, isalso an equilibrium constant for the equation of the process, H,0 = H* + OH~
All equilibrium constant depends on temperature, except only for AH of the processis zero.
This process is endothermic so, K, increases of temperature.

Q 2 (b)(i). Derive an experiment for the pH of an aqueous solution of a salt BA (where BOH is a strong base and HA is

aweak acid) and hence explain whether the solution will be acidic or alkaline. [6]

1 1
Ans. SeetheText, for theprocess A~ + H,0 = HA + OH~ (anionic hydrolysis), pH = 7+§ pK, +§Iog[$alt]

Q 2(c)(iii). The pH of an acid buffer does not change with dilution. Explain. [2]

Ans.

[salt]

[acid]

Thus with dilution, both [salt] and [acid] change by the same ratio and hence [salt]/[acid] remains fixed so,
pH is unchanged.

pH of acid buffer solution is calculated by Henderson equation, pH = pK_ +10g

. . A D :
But if we consider for more accuracy, then pH = pK_ + Iog[—+ log f, . With dilution, f . increases and

[HA]
approaches to the value of 1 and so pH is dlightly increased by dilution.

Q 3(v). Starting from Ostwald’s dilution law, find an approximate expression for pH of 1 M acetic acid solution.

AnNs.

When is your approximation likely to work poorly and why? [6]

For acetic acid dissociated as The weak eectrolyte HA dissociates as, HA = H* + A~ and if cisthe molar

conc. of HA taken and « isthe degree of dissociation then [H'] = ac, [OH] =ac and[HA] =(1-«a)cC.
2

Conc. of theacid istaken ¢ (M) and K, = 1“ ¢

. For approximate value of pH, « isneglected inthe

denominator as o <<1.

2
C +12
Thus, KazaZC:uzgo& [H*]=,K,xc or, pH =—log[H"]=-logK_xC

c

since c=1 (M) sologc=0.

a’

1 1 1
or, pH = 5 pKa—ElogC. But c =1 M hence, pH =5 pK

[Burdwan Univ. 2010]

Q 1(v). Aqueous solution of 1 (M) NH.Cl and 1 (M) (NH4)2SO4 do not have exactly the same pH- Justify or criticize.

Ans.

[2]

The statement is correct.
1 (M) NH4CI when hydrolyzed gives NH,Cl + H,0 = NH,OH + HCl
Oor, NHf + H,0 = NH,OH + H*
But when 1 (M) (NH,), SO, is hydrolyzed it gives
(NH,),S04 + 2H,0 = 2NH,OH + H,S0, or,2NH; + 2H,0 = 2NH,OH + 2H*
Thus 1 (M) (NH4)2 SO, produces moreH" so the solution have less pH than the 1 (M) NH ,Cl solution.
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Q 2(i)(b). The hydrolysis constant of KCN is1.39x10°. Calculate the degree of hydrolysis of KCN in 10™(M) and
10%(M) solution of KCN. [4]

xc

e x’c or, x=,/K, /c  Thus, in 10*(M) solution of KCN,
_X .

X = /1-39><10’ZO,1 or, Xx=1.8x1072. In102(M) solution, x = /1'39><10%sz =37x102 |

Q 2(i)(c). Explain briefly and qualitatively the mechanism of action of a mixture of CH,COONa and acetic acid

solution as a buffer. [4]
Ans. Seethebuffer action of the two solutions.

Ans.  For the hydrolysis of KCN, K, =

Q 2(iii)(c). Aqueous solution of two salts AB and A'B" at equal molar concentration has equal pH. The acid HA and
base B(OH arestrong whiletheacid HA' and base BOH are weak.
Egablish arelation between pK values of the weak acid and weak base in terms of salt conc

Ans. ThetwosdtsAB and A'B' arehydrolyzedas 4F + H, () —= j,q jf}},.' and pH = 7——pK ——Iogc
1
and 4'B'+ H.0O—— HA4+RB'0H Sofor thissolution pH =7+§ pKa+§IogC,
- WE SE
. 1 1 1 1
but both solutions have same pH and have same ¢, so 7—5 pK, _§|OgC: 7+§ pKa+§IogC,

or, %( pK, + pK, ) +logc=0 or,( pK, + pK, )+2logc=0 or, (pK, + pK,)=-2logc

Thisisthe required relation between pK-values of weak acid and weak base in terms of salt conc. (c).
[Burdwan Univ. 2011]

Q 1(v). “The degree of dissociation of weak acid increases with dilution but its H" ion conc. decreases.” Comment on

the statement. [2]
2 2

ac .- When the solution is diluted, conc. ¢ islowered and a
(1-a) (1-a)

So, @ isincreasedas K, isconstant at a given temperature.

Ans. FormulateK, = is increased.

2.2 +72
Again, K zoczc:ﬁzM or, [H*]=/cxK, when c islowered [H"] is also decreased.
c c

Q 2(i)(b). Explain why the color change interval of anindicator is pK,, £1 , where K, theindicator is constant.

n— [4]
_IHAONGD DI _ [In,]
[in] or, [H]=K,, [in.] or, pH_me+Iog[|nA].

>10, human eye can recognize the acid color of the indicator. So to view the acid color.
[LINIS
[Ing]

Thus pH rangefor color change of theindicator is pK, +

Ans. For indicator lnjx\l“—‘H"Hn o, K. =

[In,]

[Ing]

But when

pH = pK,, —1 and less. When , base color is recognized and for that pH = pK,, +1 and above.

|n—
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Q 3(ii)(a). Calculate the pH of a buffer solution containing 0.2 M acetic acid and 0.02 M sodium acetate. What will be
the changein pH when 1 ml of 1 N HCl is added to litre of this buffer? (Ka :1.85><10‘5) [4]

Ans.  Henderson equation for acid buffer, pH = pK_ +log [[sa.lcti]] , where pK, :—Iog(1.85><10‘5) =473
aci

_ 0.0 -
thus, pH = 4.73+ |og( %_2) ~371.
When 1 ml of 1 N HCI is added to 1 lit of this buffer solution [H*] added, H* reacts with Ac™ of the salt.
[H'] :1><](N%000=1><10’3(N) and [acid] = 0.2+1x10° = 0.201(N) = 0.201M
and [salt] = 0.02—-1x10® = 0.019M. Thus pH = 4.73+ |og(0-019 A 201) =3.706 .
so the change of pH by the addition of 1 ml of 1 N HCl = 3.71-3.706 = 0.004.

[Burdwan Univ. 2012]

Q 1(ii). An acid-basetitration curve shows inflexion from pH = 6.0 to pH = 11.0. Draw the curve for pH against
volume of added alkali and indicate in the diagram the color changes interval of the indicator which is most

suitable for thetitration: Choose the indicator from the list: Methyl Orange ( pK;, =3.7),

Methyl Red( pK;, =5.1) , Phenolphthalein( pK;, =9.6) [2]
Ans.
24 &
SRR iR
g el s i Phenolphthalein is the most suitableindicator.
pHso |--——e-f} -k of the indicatar The pH range of color change of the indicator is 8.6 to 10.6.
i L pH=60t011.0
¥ | EF
Lydese - -

Q 2(d)(ii). How buffer capacity of a solution is described? Show that buffer capacity is maximum when pH = pK .

Ans. SeetheText. [6]

Q 3(c)(ii). What are redox indicators? Give an example. [2]
Ans. Theredox indicators are used to indicate the end point of the redox titration. They are usually organic

compound which shows different contrasting colors in the reduced and oxidized forms.
One example is barium biphenyl amine sulphonate (BDS). It is colorless in the reduced form but

violet in the oxidized form.
Q 3(e)(ii). Calculate the pH of a0.02 (M) aqueous solution of NH,Cl (Giventhat K of NH,Cl =1.85x10°) [2]

Ans. ThepH of thesolutionis pH =7—% pr—%logc. But pK, =-logK, =—log(1.85x10°)=4.73

Thus, pH = 7—%>< 4.73—%I0g(0.02) - 5.48.
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[Burdwan Univ. 2013]

Q 1(iii). Estimatethe pH of a solution obtained by mixing 5 gm of acetic acid and 7.5 gm of solution acetate per
500 ml of solution at 25 °C. (Given, K, = 1.85x10°° at 25°C) [2]

Ans. TheHenderson eguationis pH = pKa+ Iog[ﬂj , herepKa= —log (1.85><10‘5) =4.73.

[acid]
_(75) (1000) .7 5 1000 _
[salt] = (—jx[%j_o.BS(M) and [acid] = 60X 500 0.167(M).

82
0.183
0.167

=4.77.

Putting the values in the equation, pH =4.73+10g

Q 3(a)(i). State Ostwald’s dilation law. Show that degree of dissociation of a weak electrolyte approaches unity as
conc. tends to zero. [1+2]
Ans. Seethe Text.

(ii). Calculate the pH of a 0.1 (M) solution of ammonium lactate at 25°C .
[ pK, of lactic acid = 3.86, K,, of NH,OH = 1.8x10°° ] [2]

1
Ans. Ammonium lactate is salt of weak acid and weak base, so the pH of the salt solution, pH =7+§( pK, — pr).

PK, of NH.OH = —log(1.8x10°®) =4.74. So pH = 7+%(3.86—4.74) =6.56 .

(iii). Proof the variation of pH with conc. of ammonium lactate is an aqueous so'! #inn [1]
Ans.  pH of agueous solution of ammonium lactate is independent of salt con ot

So the plot of pH vs. conc. is straight line paralldl to conc. axis.

rH
[=lt]
[Burdwan Univ. 2014]
Q 1(v). Calculate the percentage of ionization of an acid-baseindicator (HIn) at PH = PK, +1. [2]
Ans. HIndissociates as, Hmﬁr—_*ﬂ "+ I . The Henderson equation is
In™ : . In"~ In"™
pH = pK,, +Iog[ ] , comparing with the problem, Iog[ ] =1 or [In"] =10.

Hin Hin " Hin
If o = degree of dissociation of HIn, then 0%1—05)0210 or, a =0.909 or percentage of ionization of

Hin =90.9 %.
Q 2(d)(i). What isthepH of 0.1 M solution of acetic acid? [K =1.85x10°M]. 2]

Ans.  [H]=,[K,xC=+185x10°x0.1=136x10*(M). Or, pH=—log[H"] = ~log(1.36x10°*) = 2.87.

(ii). Prove that the buffer capacity is maximum when the acid and the salt are present in equal conc. 2]
Ans.  SeeText.

Q 3(f). A buffer solution is 0.1(M) in acetic acid and 0.1(M) in solution acetate. Calculate the changein pH upon
adding 2 ml 5(N) NaOH solution to 1 liter of buffer solution ( pK, of acetic acid = 4.8) [3]
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Ans.  pH of buffer initially = pKa+Iog%:4.8+logg—'i =4.8
i )

When 2 ml of 5 (N) NaOH is added to 1 lit buffer[ OH ™ | = 2x% = 0.01(N) , when strong alkali is added,

HAc + OH™ = H,0 + Ac™ resctionoccurs. [salt] = 0.1 + 0.01 = 0.11(M ) and
[acid] = 0.1-0.01 = 0.09(M)

pH = 4.8 +|og(0-1%_09) — 4.887.Changeof pH = 4.887-4.8 = 0.087.

Thus, change of pH by addition of 2 ml 5 (N) NaOH to 1 lit buffer of pH 4.8 is 0.0087 only.

[Burdwan Univ. 2015]

Q 1(iii). An agueous solution of KHF, can act as buffer— Justify or criticize. [2]
Ans.  The statement is correct. KHF; is HF and KF in which HF is weak acid and KF, the salt of the acid. Thusit can
act as buffer.

When H" is added to the solution, it is neutralized by F~ as H* (added) + F~ (buffer) — HF
Again when OH ~ from strong base is added, it is neutralized by HF.

OH "~ (added) + HF (buffer) —— HO+F~
Q 2(b)(i). Show that [H30"] of a solution containing two weak monoprotic acids of conc. c:and c; is given by

[Hs0] = {KG +KyG, . [S]

Ans.  Thetwo monoprotic acids are dissociating as H,0 + HA; = H;0" + A7 and K :%
but[HA] = ¢,(1-a)=~c,. Thus, [H.O][A 1=K
Similarly for the2™ acid, [H,O"][A 1= K,C, (1)
[Al_Kg AT AT A
A1 K, and [HO'] =[A1+[A ] 2
o, [Al-[A]xS ©

KZCZ
asthedissociation is small, especially in the presence of [H3O"] of the other acid which acts as common ion.

PuttingequaIion(Z)inequaIion(3),wehave[H30*J :[Az’] x%—k [Az’]

OF,[H30+:' = I:Az_il(l_'_&] =[A2—]X£K1C1+K202] , Now from (1) [Azi] Ky, .o,

KoC, KyG, [H07]
[H,0"] =([5fg]j x{chg;gZCZJ or, [H30+]2= K +Kye, or, [HO" | =K +Kg, .
3 2

Q 2(b)(ii). For theindicator thymol blue, the value of pH is 2.0 when half of the indicator is present in the unionized
form. Calculate the percentage of the indicator in the unionized form in a solution of 4.0x10° M hydrogen
ion conc. [4]

[In"]
[HIn]
Thus, Butat pH =2, [In"]=[HIn]. Thus, 2.0 = pK,, . Now at the[H"] =4.0x10°° (M),

Ans.  Lettheindicator isrepresentedas HIn = H* +In~ and pH = pK,, +log
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pH = —Iog(4.0><10’3): 2.398., sowehave2.398 = 2.0 +Iog[|n_]
[HIn]

orlogl™) — 2308-20= 0398 or, WM g o5 [HINHINT_ 5p 1 55
[HIn] [HIN] [HIn]
or, Lw:i: 0.2857 so, percentage of theindicator in the unionized form,[HIn] = 28.57.
[Hin+[In] 35

Q 3(f)(i). Calculate the pH of a0.01(M) sodium solution ( K =1.8x10"° and pK, =4.74 ). [2]

aceticacid

1
Ans.  Sodium acetate undergoes hydrolysis in agueous solution and its pH is given as pH =7+% pK, + > log[salt]

s0, pH =7+%x4.74+%log(0.01) = 7+237-1.0=837 a25°C.
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Conductance
provides the
evaluation of

ELECTROCHEMISTRY
rnﬁrmms OF IONIC SOLUTIONS —PART II

(CONDUCTANCE)

[Syllabus of BU: Specific conductance, equivalent conductance and molar conductance
— variation with temperature, Kohlrausch’s law; Walden rule; transport number and
ionie nobilities (definition and properties). Conductance measurements and solubility
products. Principle of conductometric titrations)

INTRODUCTION:

This chapter deals with conductance of electricity by electrolyte
solutions*This conducting ability of the electrolyte solutions is a direct proof of existence
of ions in solution. The experimental determination of conductance provides the behavior
of ions in solution and this helps to determine various physical quantitics like solubility

various  oroduct of sparingly soluble salt, fonic product of water, dissociation constant of weak
properties of gcids or bases, hydrolysis constant of salt etc. It also provides the basis of conductometric
electrolyte  giiration.
solution.  ELECTRICAL CONDUCTORS: i ;
Conductors are the substances that allow the flow of
electric current though it. It is classified as
Metallic or electronic conductors Electrolytic conductors
(1) Electrons are responsible for the (1) lons are responsible for the
conductance conductance.
T ¢ | (2) Electrons move from higher potential to (2) lons move towards the oppositely
R lower potential, charged electrodes.
It (3) No chemical change occurs of the (3) Chemical change of the electrolyte
conductor. , ! oocurs at the electrodes.
(4) Conductance decreases with the (4) Conductance increases with the
increase of temperature. increase of temperature.
This occurs duc to the resistance offered to | This is due to increase of velogity of ions in
the moving electrons by the vibration of solution.
atoms or ions comprising the conductor.
At very low temperature 3 — 4K, many
conductors behave as super conductor.

ELECTROLYSIS — FARADAY'S LAWS: -
Chemical changes that occur at the
electrodes due to passage of electricity through the electrolyte solution is called

- electrolysis. It follows Faraday's laws.

1% law: The amount of decomposition at the electrodes (w) is directly proportional to the
quantity of electricity passed (Q). : )
ie we Q,or w=2ZQ,orw=ZIt, where ‘Z’ is electrochemical equivalent of the

decomposing substance,
‘I' is the cugrent strength i.e. amount of electricity passing in unit time and
“t" is time flow of electricity.
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Definition
and value of
ong faraday.

Measurement
of electric
charge =
Ag-

Coulometer

Caleulation
of

Avogadro
number

(Nl

{One clectron
is transporied
with the help
of one H jon
and Cl 1o

The amount of electricity required to decompose one gram equivalent of a substance is
called one faraday (F). Its value is 96,496 coulomb/gm equiv. We take approximately,
I F=96500 coulomb/gm equiv.
This is why, one faraday is called one gm equivalent clectricity.

It is not easy to keep ‘1" constant o the charges (Q = 1 = t) is difficult 1o measure flowing
in a circuit. A good way to measure () is to put an electrolytic cell in series in the circuit.
™ is caloulated from the weight of the metal deposited (w) using the relation,
o= whm:,ﬂuel&:mhenﬂcnleq:ivﬂ:mafﬂmmeuLz=_?iF_ b

£ 8
Such a device is called coulometer, Ag is the metal =
commonly used. 1 5% solution of AgNOs in a platinum basir RE =
15 inseried in the circurt,
The basin acts as cathode and Ag is deposited on the basin
when the electricity is passed in the circuit

Zag=0.001118 gm/C and Q = wiay / Zag i .

AR - cocdiedl i
2" law:  Weight of different substances (w) decomposed
at the different electrodes by a given amount of electnicity are proportional

11 basin

to their equivalent weights (E). Faradav's T T
ie. —L = 5 these rules were followed with great
w, K accuracy. So far we know these
laws are exact.

This law helps determine Avogadro's Number (N, ).
For decomposition of | gm ion (mele) substance at the clectrode, zF electricity is
required. Again | mole of the ion carries zeN,, amount of charge.

Therefore, we have, zeN, = 2F or, Ny = F/e, where z = valence of decomposing ion.
08, 500 mol ™

1 E21070 = 6.023x10% mol™.

The numerical value of Avogadro’s number, N, =

FROCESS OF ELECTROLY 515 )
AR MECHANIDS OF ELECTROLYTIC CONDUCTARCE:

Let us take the electrolysis of  cusass— | uea
HCI solution through Pt electrodes. As seen in the figure, M P
there is surplus of electrons at the cathode and deficit of
electrons at the anode. H ion in solution mowves towards
cathode by Coulombic force and receives one electron Wl | A E
from it and thus forms H-atom. ﬂ . ﬂ
On the other hand, CI' ion in solution moves towards
antde, departs one electron o it and forms newtral
Cl-atom. One electron is transported from cathode to anode by H' and CI in solution.
But due to such transport of eleciricity, the ions are
decomposed at the electrodes. Two H-atoms fovm a Hy molecule and escapes from the
soluttion and two Cl-atoms also at the same time frrm Cls molecule and liberates from
the solution. This mechanism can thus explain alzo Faraday's two laws of slectrolysis.

nﬂl

pracuas af weclioms

ELECTRODES:
These are electronic conductors purtly immersed in solution and impart electrons
or receive electrons from the solution. We may consider twio types of electrodes.
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(1) Inert electrodes: |
These electrodes do not participate m the electrode reactions. They meraly help

in the transfer of electrons to and from the solution. Pt, Au ete. are such type of

electmdes.
When CuS0, solution 15 electrolyzed between Pt elactrodes, Cu is deposited at the

cathode by receiving two electrons.
Cu™+2e —Cu

8047 will not discharge at the anode due to its high deposition potential. OH ien
present in the solution iz discharged at the anode as its depositon potential is lower

than 504" 1on.
20H' = H0 + %O + 22

£ % cathode
cathads || e
! *
|
= =
Ca™ 43¢ Ca Cu0at+ 3
catedeatal |y o3 i -
- [ =»
rd) e
Electrolysis bebween
Fleciralyas balwsen reaclng slsclrodes
ineet elctrodes

(2) Reacting electrodes: These electrodes participate in the electrode reactions either by
contributing ions to the solution or accepting the discharged ions from the solution.
When CuS0y solution is electrolysed between two Cu electrodes, Cu is deposited at
the cathode as usual but equivalent amount of Cu is dissolved at the anode.

{Mote; This process is commonly used o produce pure Cu from impure Cu.)

Main points in this connection may be noted:
(17 Current carrying ions are discharged at the electrodes.
(2) In agueouns solution, when (=jve ions are difficult fo be
discharged due to high potential, OH ' ions get discharged.
(3) When (+)ve ions are difficult to be discharged, H™' ions are
discharged from the selution.

FProblem — Calculate the quantity of electnicity which would be required to reduce
9. Bdegm nitrobenzene to aniline . If the voltage across the elecirolyvie will be
2.4 voli, what energy would be consumed in the process?

Answer - The solution reaction can be writien as, CsHsNO: + 6H = CiHsNH: + 2H0.

50 the equivalent weight of nitrobenzene is 5112+5;1‘+31 =20.5.

9.84 gm of nitrobenzene is thus cquivalent o 9.84/20.5 = .48 gm cquiv.
The electrical energy would be consumed in the reduction process
= DAB= 96500 2.4Toule =111.168 k7.

The quantity of electricity would be required = 0.48 96500 = 46320 Coulombs,
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TRANSPORT HUMBER fi)
We have zeen that ions are current-camiers & squivalent amount

of ions are discharged at cach electrode by passage of electricity. But fraction of total

Definition of current carried by cations and anlons may not necessarily be the same,

“"J;‘:P"‘;‘ For example, in dilute solution of HNO; acid, 84% of current is carried by H' and only

o e 16%is carried by NOy". This is due to the fact that H' moves faster than NO;

r:““ s v:hh Contribution . to the transport of electricity of an ion is quantified
hthcmu, by a term, called transport number. The fraction of total current carried by an ion is called
VEIOCIY:  the transport number of that ion (t). Thus,

L =ir_‘ and -IT-.MJL+L=I,MH=I'¢ I, and ] are the current camied by the
cations and anions respectively. The transport number of an ion signifies its contribution
to the transport of charge from one electrode to the other. It is directly related to the
velocity of the conceming ion and its co-ion in solution.
The exact relation between the transport number and velocity is formulated below
TRANSFORT NUMBER AND YALOCITY OF IONS:
Let us build up & relation between the ransport number and
velocity of an ion. For the purpose, an electrolyte solution is taken between two inernt
electrodes under an electric field E.
The following notations are used in this formulation. e (S Fi".. —_—
n, = number of cations per unit volume. Bl Pt
| - ARIONS ===m—mmr e amns
Tﬂﬁmﬁ:’;ﬁﬂ z, =valence of cation of the electrolyte. = —
the formulation. ke - anion _ : :
v, =velocity of ¢cation under electric field E. }j et A ﬂ
V. = mvemn anion 1 _ :
Let us imagme a plane of surface area ‘a” and see how mﬁ
much charge is passing through the plane in one second
time. In one second, cation moves from v, distance and anion moves from v_ distance of
the imaginary plane.
{,= charge passed through the plane in unit time by the cation = (axv, )n, z,¢, and
| = anion = (axv )nze.
Thus the transport number of cation, (¢, ) = = laxv,)r.z.e :
I +I (axv)nze+laxvinze
Since the solution iz elecinically neutral, n.z e=n 2 e.
Utilizing the condition, we get, the transport number, ¢, = L md o
Transpon ¥, +¥ v, ¥
number of an  These are the required relations. It is seen that transport number of any ion depends on
ion isnot its  the velocity of that jon and also that of other ion with which the ion is associated in
absolute  solution, :
property.  Hence transport number is not an absolute property of an ion. In general, transport

number of an ion depends also on the velocity of ather jons present in the solution. -
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Problem: The speed ratio of silver and nitrate jons in an aqueous solution of AgNO; has
been found to be 0.92. Calculate the transport number of these two types of
ions. [VU'8T).

Answer: Transport number of Ag” = 0.48 and that of NO;" = 0.52.

CETERMIMATHON OF TRANSPORT NUMBER :

{A) Hintorf Method:

Hitorf (1853 - 59) made significant contribution to build up
concept of transport number of ions in electrolyte solution. For this reason transport
number is some times called Hittorf number to show the honor to the scientist.

Hittorf rule:
This rule acts as principle for determination of transport number of

Fallin conc. an ion. Due to different speed of cation and anion of an electrolyte solution, the conc.
around an  amound the electrodes changes when electrolysis occurs. This difference in conc. around
elactrode is  cathode and anode is taken advantage to determine transport number of the ions.
directly related To explain the principle, let us divide the solution nto three
with jonic  imaginary compartments — anode, cathode and middle compartments. Let us take each
velocity compartment contams equal amount of the electrolyte.
Before passing elecincity, each
extlode e compartment let contains five
i b equivalent of cations and anions,
g ok | et et |+ NU'WE.!‘I:E[]]IHEI.I]E n?ﬂ
— e et ) s Gt ll e o pimmsemyst faraday electricity, electrolysis
P it e W orcurs. Latﬂ:larvqlﬂmtylmm of
S E, L e B e s cation and anion is one i.e., when
Hitiorf rul s IR TP R —— cation moves one step towards the
¢ cathode, anion alse moves one
:-4-4-41-4-& ¥ +etle mmmmm
===l == === |- -E====]*="%==  Fallin equivalent conc. in the
akbrde rddls e o cathode and anode compartment
erepariid | Semputat | g is equal and it is one equivalent,
e When the velocity ratio
s ot of cation and enion is 32, 1.e. ina
given time when the cation mowves 3 steps, the anton moves 2 steps 1o the respective
electrodes, the fall in cone. in each cathods and anode compartment is not aqual after Pﬂiﬂﬂﬂ
¥ electricity. Though 5 equivalent cations and 5 equivalent anions are deposited in cach
electrode. the fall in cone. in cathode compartment is 2 equivalent and in anode
compartment is 3 equivalent.
Taking various cation-anion velocity ratios, we can come 1o the
following conclusions.
s {i) Fall in equivalent cong. around any compartment
Th‘f H[“ﬂrf = velocity of the ion leaving that compariment.
principle (i) Total equivalent of ion deposited in each electrode

= sum of velocity of cation and anion (v, +v_).
Therefore, transport number of cation (¢, )
v, _ Fallinequivalent conc.of the anode compartment
v, +v.  Total equivalent of ion deposited ar any electrode
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And the transport number of anion () = (1-t,).
Hittorf used the above principle to determine the transport number of ions. _
The apparatus consists of three compartments. The cong. of electrolyte in cach compartment is
determined before and after electrolysis. Analysis of the middle compartment is used to
check up any interfering effect that may occur during the experiment.

o S A current of about 10-20 milliamps is usoally passed for 2-3 hours 1o get an
15:&:; appreciable change in cone. in the anode and cathods compartment. Low current strength
F is used to avoid heating effect (heat produced by passing of current = 'R t )

_|:|:£':: eathods i L
- L Buttery
t i M® _I_\'h-lbh resat.

¥ 15% & ghC_ sokation
H_‘ Ag - coulometer

H B

cathods compar. arts cospart

The junction of the compartments is kept narrow to avoid mass diffusion.

(a) When the electrodes are reacting:
Let an approximate (N/10) AgNO; selution is
electrolysed using Ag electrodes. Let the anode elestrolyte (anolyte) solution is
analyzad after electrolysis. Let ¢ is the inftial

Caleaiatio nrtfm conc. (in gm equiv.) of the anolyte solution that cathods -—L'-’-P-L_._
m;pn - . a - AR E
it b 15 taken for experment and cilsﬂzeﬁnﬂnm:-

the slectrodes  (i0 gm equiv.) of the anolyte solution after

are reacting electrolysis. ¢, gm equivief Ag is deposited in ._.“E_ j
N

the coulometer connacted in senies with the ci.w,it'.”‘
Then ¢, gm eguiv of Ag is also dissolved in the
snolyte salution. LT

If ¢, gm equiv. of Ag is migrated out from the

anode compartment, then considering the mass-balance of the anolyte solution,

we gel, ¢ +6,— ¢, =€, O, € =¢ +¢, 0.

As c:, is directly proportional to the velocity of Ag’ ion, the ranspont number of Ag”,

c [ P
. =—m o f =m——a L
C

o o’ c,
(b) When the electrodes are inert:
The same solution may be elecimolysed using Pt

electrodes which remain inert during the ¢lectrolysis. In this case, ¢, in the numerator
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of the sbove equation is equal to zero, since there would be no dissolution of Ag” jon
from Pt electrodes. Thus, the transport number of Ag” is given as,
E o =5'—E‘—t=’— and rm,_ ={1=1 .1}
(B) Moving boundary method:

This method directly measures the velocity of the ions
Direct method by noting the movement of boundary under an applied electric field.
The q?amlus consists of a long but narmow vertical tube of uniform cross-section of area
g" em”. It is fitted with two iner electrodes at the two ends. The principal electrolvie, BA
(here, HCI) is kept at the cathode end and the indicator electrolyte, B'A (here, CACL) is
kept at the anode end of the tube. The conditions of the indicator electrolyle are:

Conditions of W) velocity of B is greater than that of B so that &' only follows B when the two move
i {ii} The tweo clectrolyte solutions are taken in increasing density downwards so the
mixing is avoided.

These two selations form a boundary CIve

in the nammow tube.

Let on passing Q faraday of electricity e

thmt{ﬂIh:mhuhn,ﬂ!tbaundﬂqrmw 1| ot sy \

the distance * / ' cm due to . - T (BA)

movement of ions B and 5"
Calculation  The gm equiv. of B” moves towards cathode i e
“fm’hﬁ“ 't :'i:::ﬂ, where, ¢ = conc. of BA solution T amaake

in normality. Thus, chargs carried by B’ I

_ cxlxa ¢ f4y. Hn _enlxag

10 ' il St <0 r o

The result obtained by this method is very ol

accurate and the experiment is quick and casy e Agsimioniis

tor handle. Mowsg boundary mathod

TRANSPORT NUMBER AND HYDRATION:

The transport number of an ion is closely related with its

hydration in solution. We may discuss the effect of hydration on the alkali metal ions. :

i The cxpected values of transport number of alkali metal fons = £, 34, )} 1 ..
e

hydration of But experimentally observed values =1, (£, . (f,..
an ion, lower [t is expected that small size Li" ion would have high velocity and hence high transport
will be its  number. But the experimental results are just opposite to the expected one.
transport  The explanation of this anomaly is that cations are heavily hydrated; different ions have
number.  different extent of hydration. Due to small size of Li", its ionic potential,
@ (= charge /radius) is large and extent of hydration is also large. Thus, hydrated size of
the jons are Li* )Na' } K' . Since higher the size resulls in lower velocity and hence
smaller is its transport number. This explains the anomaly of transport number of alkali
metal ions.
{I—]}'dﬁjiﬂﬂmn‘ﬂ:trnfLi'r =f,Na'=4, K"=2,Rb" =1}
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Cause for
apparent

transport
number

Example of
abnammnal value
of transport

numkber

APFARENT TRANSPORT NUMBER (#' ) AND TRUE TRANSPORT NUMBER i) : -
As the ions are hydrated fo large extent due to ion-
dipole interaction,, the transport number determined by Hittorf method is only apparent.
When a cation moves under potential towards the cathode, it canries with it some water
molecules from the anode. Similar results ocour for the anions also. The migration of
water with the jons makes an additional change in conc. of the anode and cathode
compartments. But this has not been considered in Hittorf method. Thus, relation

between true () and apparent (') transport number of a cation is given as,
I, o=t +x s
w

When w, gm equiv. of the electrolyte is present in W moles of water,

and x mole of water is migrated out (net loss of water) of anode compartment
This relation shows that ¢ (r_, as 2™ term of the right hand side is 8enerally (+)ve

We know that ;:nEn.=ﬂ__¢£. but due to migration of water from the anode
[

o E-I'
compartment, conc. in gm equiv. of cation is increased by x E’L'
Thus, ¢, is apparently increased and 50 1, 15 epparcat transport number and it is less.

Similarly, for anions, 1 =# -z %E'-

ABNORMAL TRANSPORT NUMBER
In some electrolyte solutions, experimental velue of
transport number of ions is found abnormal. For example, in very dilute solution of CdEk.

f,.p+ =0.4 but with increasing conc. of the solution, [ drops sharply below 0.4,
becomes zero and even negative at very high cone. At the same time, t,. apparently

increases beyond 0.6, becomes one and eventually exceeds unity.
This abnormality in transport number is explained by complex formation at high conc.

2Cdl; == Cd"* + [CaL]?

The equil®, exists largely in right hand side at concentrated solution. Thus, Cd" jons exist
partly n complexed and partly as simple. These two ions move towards opposite
electrodes when elecinecity is passad.

), |8

cathode |F__‘mndn The transport number of Cd™ ion is £t =5

Pt Ft Cy
As the conc. increases, the formation of complex
ion, [CdL]™ is also increased. Now when electricity
:=r is passed, Cd* ion migrates out of the anode

compartment, while [Cdly|™ ion enters into the

compartment simultansously, Thus, conc. of

...

A cadmium ion in anolyte solution is compensated
;i_._\ to & large exaent.
cayt cat The value of c, decreases and so 7., decreases.
Concentrated solution of
Cdly
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When conc. is high,, coming of [Cdl]™ into the anode mmpmam compensates fully
the Joss of Cd™ due to migration away, c_= 0 and fogn =
Still at larger conc. of Cdl; in solution, more of C&h]“" ion comes to the mn]yl:
than Cd*? ion leaves it due @ its higher veloeity of {Eﬂ‘f ¢, = (=)ve and s0 1. = (-)ve.
Similar phenomenon occurs for AgCN in EE'N solution.

TRANSPMORT WEIMBER AND TEMPERATURE:
With rise in temperature, the transport numbser of

cation and anjon of an electrolyte solution try (o be equalized.
Thus, when transport number } 0.5, it decreases with increase of temperature.
and when transport number (0.5, it increases with rise in empemture,
TEAMSPORT MUMBER AND DILUTIMM:

Slnuefﬂavuimn}'ufmunmﬂmdcmdmm
and they do not necessarily change at the same mie as ¢ changes, transpont number

depends on cone. Transport number bears a linear relationship with J& . The relation may

be given ag

=1, +ke
where, . and 7, are the transport number of an ion at cone. "¢’ and at infinite dilution.
When ¢, =05, k=0, when 7, 0.5, k= (+)ve and whens, {05, k=(-)ve,
1t meens that if the ransport number is greater than 0.5, it increases with increase of
conc. If the transport number is less than 0.3, it decreases with increase of cone.
However variation of transport number with conc. is small.

The observed t-values lies between 0.3 and 0.7 for most of
the ions. H:0" and OH have unusually high t-values in aqueous solution, because of
their high velocities, Some values of t; in aqueous solution at 25°C and | atm are given.
in HC selution, ¢, =0.82 and £, =0.18, in KCl sclution, /. =049 and ¢, =051,

in CaCl; solution, I, =044 and r:\,_ =.56.

TRANSPORT NUMBER OF aM JON [N MIXTURE:
Transpon number of an ith kind fon in a solution

containing & mixture of electrolytes is given by, §, = E{ﬁi
E'-I'
where, £ and 4 are the cone. and ionie equivalent conduetance of the ith kind of ion.
Problems:
(1} A solution of AgNO, was electrolysed with Ag electrodes. 0.174 g Ag was deposited
on the cathode. The amount of Ag present in the anode solution before and after

elecunl:.rsus were 05200 g and 0.62%0 g respectively. Wha:. i the transport number of
Ag ion.
Solvon: 1, JGtme, (0.520040.174-0.6290)80f AR _ o 5y
o 0.174g of Ag
(2} A moving boundary eaperiment is done to measure the transference number of Li% ion
¢ in 0.01 mol L of LiCl solution. In a tube having a cross sectional area 0.125 cm’, the
boundary moves 7.3 em in 1490 sec. Using a current of 1.8 = 107 A, caleulate t.,
asixe 0. 12%5em =T Jem=0.0lmal £

Solution: 1, :. ' ; . = 1.328.
0P x( lﬂ"::m’L"H{l.E:rclﬂ".-lxld.ﬂﬂmﬂﬂﬁjmrmnr‘}
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(3) A 2 molal solution of FeCl; is electrolyzed between Pt electrodes. After electrolysis,
th:mhﬂdtmmtmlﬂmwmgmnglﬂgmfmmdmbelISmDhIchClj,
and | molal in FeCl,. Calculate the transport number of Fe™ and CI ions. [CL"99].
Solution: The loss of gm equivalent of Cl ion in the cathode compartment after

electrolysis =2 x3 = (115 x 3+ 1 % 2) = 6 - 5.45 = 0.55.
I molal FeCl; is converted to 1 molal FeCl; in the experiment.
S0 the total gm eguivalent change cccurs in the cathode compartment = 1
So, £, = —-L—-i-g-%sﬂiifmd: = 1-0.55=0.45.
W

(4) A 4 molal FeCl; solution is electrolyzed between platinum electrodes.
Aﬂntheela:lrul}mam:mhud:mlumnmghngiﬂmmﬂlﬁmﬂiﬂmF:Cl;md
I molal in FeCly. What is the ransport number of Fe' and CI' jons? [WBCS’95)

(Answer: 1., =045 and ¢, =0.55.)

{Ejham&ngm&merpcﬁmmnth:bnmdwnfudilmeﬁﬂimiuﬁmmnﬁd
through a capillary of a radius 2.073 mm under a constant current 1.82 milliamp.
The boundary moved through 20 mm in 25 min. The specific conductivity is
(0.2788 Sm™. Caleculate the mobility of the K jon.

. fae lacF 10°x A. lax
Solution: r_, = but 4., =1,.x “TEI{FHH or, - =

{% £ F It

The mobility of K', u,

_Jax 20107 mxe 3. 1402073107 m) « 02788 S m ™

It 1.82107" % 25x 60C
= 2.75x 1078 m’ € =2.75x107 (ohm As) ' m* =275 x10% m® V' g,

{6) In a moving boundary method, 33.27 (mM) solution of GdCl; is taken with LiCl
as the following solution. A constant current of 5.594 mA is passed for 4406 s and the
boundary travels between two marks on the tube; the volume between these two
miarks is 1.111 em’, Find the cation and anion transport number in the GdCls solution.
Solution: Conc. of GACls solution in normality =3 ® 3327210 = 9981 %107 (N).

The transport number of Gd"™ on in the solution,
_lalyeF _L1llen’ x9.981% 107 gmequiv.L" »96500C(gmequiv.)”
& 10l 10% cnr L (5.594 % 107 4% 4406 5)
= (1.434 and transport number of Cl" is | = 0.434 = 0.566.

(7 A 0.14941 wt % aqueous KCl solution at 25°C is electrolyzed in a Hittorf apparatus
using two Ag — AgCl electrodes. The cathode reaction is AgClis) + ¢ — Ag(s) + CI
{aq); the anods reaction is the reverse of this. Afier the experiment, it is found that
160.24 mg of Ag has been deposited in a coulometer connected in series with the
apparatus. The cathode compartment contains 120.99 g of solution that iz 0.19404 %
KCl by weight. Calculate t+ and t . in the KCl solution used in the experiment,

Solution: Finial ooné. of KClm—Ui290% 150 60 m 0 23485 =S o gouie.
=3.15<10" g equiv.

100 —0.19404 74.55
Ag deposited in g equiv. = 160.24<10%/107.87 =1 485=107,
0, 14541 120,909 — 02345

Initial FKCIi ;o =2.424x107,
o L A e R B A "
g+, —C,  (2.424+1.485-3.19)=107
Foom = =0.511 and f_,  =1=0.511= 0485
or .: | 4852107 e -

o
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Dhm’s law
and s
applicability.

Fastors on
which
resistance

depends,

Conductance and
résiglance ane
reciprocally
related.

Defimition and
unit of specitic
conductance
().

Factors on which
x depends.

CONDUCTANCE OF ELECTROLYTE SOLUTIONS

Resistance of a conductor (R) is defined by the Ohm's law,
2-=L,

Ohm's law is equally applicable to both electronic conductor and eleetrolytic conductor,
provided potential difference is not extremely high and thus stcady state 15 maintamgd.

In case of electrolyte solution, Ag is the potential difference of the two electrodes

and [ is the current flowing through the solution.

R is the resistance of the solution that obstructs the flow of current.

Unit of resistance (R) iz ohm ( £2), given in honor of the German scientist, G. 5. Ohm.

Resistance of a solution depends on the nature of the electrolyte solution ( p ),
and the distance of separation of the rwo electrodes (! } and the area of the electrode (a)

within which the solution is enclosed. —
lhcemctdemuimwisgivmb}rﬁnmlaﬂm,jhp[%]. fp

o is the specific resistance of the solution. S
Reciprocal of resistance is called conductance (C), Le. O =% ;
so conductance is the property of an electrolyte solution that a
helps to conduct electricity in the solution, sidkiition

Similarly, specific conductance ( ) is the reciprocal of
specific resistance i.e. r=l . Since p is constant of a solution,

fz)
50 & is aleo constant ﬁjramlﬂﬁmaﬂddﬂﬂmtdtpcﬂdﬂnﬁcﬂﬂ]mm% .
Specific conductance (& )

The above relation of resistance when expressed in terms of conductance gives

L) el

When ! = | cmand a= 1 em®, & = C. Thus, specific conductance is the
conductance of the solution enclosed between two electrodes 1 cm apart and 1 cm? area,
In other words, the specific conductance (& } may be defined as the

conductance of 1 ¢ solution enclosed between ¢lectrodes | cm apart. }—-
Uinit of specific conductance: be
Unit of conductance (C) 18 ohm™ or mho.

Thus, the unit of specific conductance (& ) =ohm™ x—

In 81 system, unit of conductance is siemen in honor of the scientist,
Sir William Siernen.
The unit of specific conductance in ST system is siemen meter” (Smy €1 em—>
Effect of dilution on specific conductance ( & ):

Specific conductance 15 conductance between the two faces of a unit cube.
Thaus, specific conductance depends on (1) number of ions per ec of the solution,

{2) charge of the ions and (3) velocity of the ions in the solution.
In case of dilution of strong clectrolyie solution, rumber of ons per cc decreases while
the velocity of the ions increases due to less interionic attraction.

| solution|
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Specifie
conductance
decreases

with dilution.

Definitiom of
equivalent
comductance

Relation
between ap.
conduct. and
equiv. conduct.

Unit of 4 in cgs
and 51 systems.

Drefinition
and unit of
molar

Equiv, conduct. of
atmng electrolyte
increases with
dilution and attains
limiting value.

But the 1* factor dominates over the 2™ factor and net result is the decrease of specific
conductance with dilution of the solution.
But in case of dilution of weak electrolyte solution, though the disseciation is enhanced,
yvet net number of ions decreases per cc of the solution. Velocity of the 1ons is not
affected with dilution as numbers of ions present are small and interionic attraction is
ingignificant. Thus, in this case also, the specific conductance decreases with dilution.

It also depends on temperature (T} of the solution. Specific
conductance ( &) increases by 2% per degree rise in temperature. This is due to lowering
of viscosity of the medium that facilitates the higher velocity of the lons.

Equivalent conductance { 1):
It is defined as the conductance of the solution that

contsing 1 gm equivalent electrolyte and the solution is enclosed between two parallel

electrodes of 1 cm apart.

Relation with specific conductance (& )

Let the conc. of the electrolyte solution is c{N).

If the volume of the solution is V cc and it contains

1 gm equiv. electrolyte, then, Pl (W) *
The solution is kept between two electrodes of 1 cm apart
and specific conductance { x ) is the conductance of | cc

solution placed between the electrodes of | ¢in apart,
hence, the equivalent conductance (A)=V =x .

Y. oo solution containing

Replacing V by cone. ¢, we get, 1 gm equiv.electrolyte
10 &
A= ;
Ciwi

Umrnf:quwalmtmnduﬂ&rmn{nhm cm’) / (gm equiv, em™) = ohm’ cmﬂgm un-'
animﬂlsyﬁtﬂnltmﬂm gImequiv.
Among these properties, conductance (C) is extensive and other two are intensive.

Molar conductance { ~ );
It is defined by similar fashion as the conductance of solution
that contains 1 mole of an electrolyte and the solution is placed between two parallel

electrodes of 1 em apart. [ts relation with specific conductance (k) I8, A= lfj 5
L §

The unit of molar conductance is ohm™'cm® mel™ and in 8 [ system is 8 m* mol™,

Effect of dilution on equivalent conductance:
This is discussed separately for two types of electrolyte solutions.

(a) Strong electrolyte solutions: In this case the clectrolyte is fully dissociated (o = 1)
s0 the total nomber of iong in 1 gm equivalent electrolyte
is fized. The totul-charge of the ions in solution is |

— also fixed. Thus, with dilution, the interionic separation
is increased and the lonic attraction becomes less, The
2 i velocity of the lons are increased resulting the increase

of equivalent conductance of the solution.

With more dilution, equivalent ¢conductance increases
—— more and attains a limiting value, called equivalent
diution——  Conductance at infinite dilution (4, ).
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¥ohlrausch plot to ol Strong electrolyte solutions obey Kohlrausch equation,

determine A, of T ‘ A=dy-kie.
This is an experimental equation, formulated by

SRS \ Kohlrausch from the conductance data of strong
electrolyte solutions at different conc.
k = constant but it depends on temperature (T).
dielectric constant and viscosity of the solution.
Thus, when 4, is plotted against /¢ , a straight line is obtained and the extrapolated
intercept gives the value of 4, . This is an important method to determine the ﬂmﬁvnlzm
conductance of a strong-electrolyte at infinite dilution (A4, ).
(b) Weak electrolyte solutions: In this case the dissociation is incomplete (o 1) and low.

%o the numbers of ions in solution are relatively few,

& —

v ¢ ' the interionic attraction does not play any impartant role.
E:E:ai :1%;1: : The movements of the ions are free. _
increases with dilution With dilution, numbers of ions are increased according to
but does notreach 2 ﬂmﬂdﬂuﬂﬂnhwan:quM?iﬁlemmz_{ﬂ}
limiting value increases but the effect is prominent at high dilution only.
. Thus, with further dilution of the solution, the resistance

of the solution becomes comparable to that of water and

A ! it is not experimentally possible 10 reach the limiting
value of equivalent conductance ( 4, ).
Weak clectrolyte solutions do not obey Kohlrausch
Kohlrausch plot does equation 5o its 4, value can not be determined by the plot
not help o determing B~
limiting value of A, vs. Ve, a it does not produce straight 0e. .
equiv, conduct. {4, ). ! However, it is determined by other methods to be
a, discuzsed later.
As the solution s more and moere diluted, extent of

digsociation is increased very rapidly and
e | when ¢ =0, @ —1. g
This helps Arrhenius to formulate a relation for
calculation of degree of dissociation from the
Arthenins  measurement of équivalent conductance data of weak electrolyte in solution.
formulation of  The relation is proposed as follows:

degree of A, o numbers of ions present in solution at conc. o(N) and

Uissbiieden ) Ay = total numbers of ions present when the weak electrolyte is fully dissociated.

Thierefore, the degree of dissociation at fhe come. o/of the soluticn, &, = L;:

Problems: For mercury at 0°C, &= 1062963 x10° Sim.

{a) If the resistance of a cell containing mercury is 0.243166 (01,
what ig the cell constant of the cell?

{b) If the same cell is filled with potassium chloride solution at 0°C, the resistance
of the cell is 3.966x10* £, What is the conductivity of the KC1 solution?

(¢) If the average cross-sectional area of the cell is 0.9643 mm’,

what is the effective distance between the electrodes?

Answer: () 0258476 =10° m™ (b) 6.517 S/m (c) 0.2492 m.
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DETERMINATION OF A, OF A WEAK ELECTROLYTE FROM A SET OF CONDUCTIVITY DATA OF THE
WEAK ELECTROLYTE ITSELF

The equivalent conductance at infinite dilution { 4; ) of a strong
electrolyte is determined from the extrapolated intercept of the plot 4 vs.+/c according

to the Kohlrausch equation, 4 = 4, -k Ve -
But weak electrolyte solution does not obey the above equation and
A, of weak electrolyte can not be determined by the above method. However, we can

collect the equivalent conductivity data of a weak electrolyte solution at different conc.
and these data can be used to calculate 4, and also dissociation constant (K) of the weak

electrolyte.
Let the weak electrolyte is represented by HA which is dissociating
partially in aqueous solution as,
HA = H +A
Let the conc, of HA is cmol lit” and @ is the degree of dissociation,
then, ¢,, =c(l~a), Cppe =ac¢ and €, =ac,

ﬂ'{-‘}iﬂ'f ﬂ!":lf.'

of, K =

¥ a

The dissociation constant of the weak acid, K, = 2=
Cay c{i—a}

But according to Arrhenius formulation, & = % 5

=

where A is the equivalent conductance of the electrolyie at conc. e{M).

Putting this, we get KE=E{E}Z;= 3;1_21 or, K, 5 =K, b, =4 e,
1  exd

Dividing by K, A4 A and rearranging, .‘E:':-l-_j:_,

Whm%isplnﬂmdagainstc!i,w:gﬂamm 1

: ! B i 1

lne and itsslope = == andistercopt=—-. 1 / i
From the slope and mntercept, A, and X can be | g
caleulated. il ersepr
MEASUREMENT OF CONDUCTANCE (C), SPECIFIC ed

CONDUCTANCE (k) AND EQUIVALENT CONDUCTANCE (4 ) OF AN ELECTROLYTE SOLUTION
Kohirusch modified the Wheatstone meter bridge to

determine conductance (C) of an electrolyte solution.

From the conductance, the specific conductance( x Jof the solution is caleulated by the

10" xx can be used to caleulate the
Ciw

use of the equation, r-m-lf'x[iJ and again 1 =
a

equivalent conductance ( 4, ) of the solution.
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Direct current (DC) in the meter bridge is replaced by
alternating current (AC). The frequency of AC is further increased to 500 — 1000 ofs

DC is replaced through induction coil.

b}.fg If DC is used, resistance(R) hence conductance {1/R) can not be determined accurately
due to the following two effects.
{1) Electrolysis oceurs and so cone. of the electrolyte in solution changes and

Problems oceurs resistance does not attain steady value.

HDCisused,  (2) Further the products of electrolysis (specially when gaseous products are formed)
accumulate at the surface of the electrodes and change the resistance of the
solution. These products set up a counter emf of polanization which opposes the
passage of current,

AC eliminaies 10 eliminate the above effects, AC is used between two platinum electrodes, coated with

back emf.  Colleidal Pt black. In AC, the direction of current is reversed many times and polarization

produced in each pulse (half cycle) of the current is neutralized by the next half cycle,
provided the alteration is symmetrical.
Aimmﬁeﬂfﬁﬂrequmesﬂmreplanmmtufgdvmhy

Gal a headphone or any other electronic device to detect the current-flow in the circuit.

w PN L The headphone is connectad to a sliding contact. On completing the circuit, a buzzing

isreplaced by oo 0 is produced in the headphone. The sliding contact is then moved on along until a

headphone-  nimum sound is obtained.

Let | is the length of the wire at which null-point is obdained,

Then the resistance of the solution, & = Rﬁ'x( J }
Fesistance is 1001

determined.  since the total length of the wire is 100 cm and resistance
is direcily proportional to the length of the uniform
cross section wire. Bh is the variable resistance connected
in the circuit.

The conductance of the solution (C) =

1
r::mtuuce{ﬁ}
Ciirs s b tkan Care must be taken fo eliminate the vanation of temperature which results due to heating
effect of current flowing in the solution. Accurately controlled thermostat is used

to eliminat
tmmmm-: otherwise resistance will vary with variation of temperature.
i Water must also be taken in extremely purity form as very small impurity can produce

variation of conductatice. Conductivity water must be used to prepare the solution.
For caleulation of specific conductance (k) of a solution, llwﬁcllmt.(_/ﬂ:]uf

Determination  the conductivity cell is known. This value is obtained by measuring conductance
of cell constant. (resistance) of KCl solution of known strength whose specific conductance data is given
in a table supplied by Kohlrausch himself.
The equivalent conductance ( A ) of the solution is known from specific conductance (&)
of the solution using the above appropriate relation,
Problem: At 25°C, a solution of KCl having conductivity of 0.14088 S/m exhibits a
resistance of 654 {1 in a particular conductivity cell. In this same cell, a 0.10 mol /L
mlutmnufﬂ!ﬁﬂﬁhasar:mmafﬂﬂ The limiting molar conductance of
NH,OH is 271.85 10™ $ m* mol™. Calculate
(a) the cell constant (b) the molar conductivity of the NH;OH solution
() the degree of dissociation of the 0.01 mol /L. NHsOH
" (d) the dissociation constant of NH,OH. (Physical Chemistry — Castellan, problem 31.34)
[Ans. (a) 92.135 m™ , (b) 3.65 x10”* 8m” mol” () 0.0134 and (d) 1.83 =x10°%).
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Spanmgly
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KOHLRATSCH LAW OF INDEPENDENT MIGHRATION OF MONS

The law states that at infinite dilution, each ion moves independent of the
influence of its co-ion and contributes a definite share to the equivalent conductance (4, )
of the electrolyte, provided the solvent and temperature of the solution remains same.

This law is valid only when the solution is infinitely diluted.

At this dilution, the electrolyte is fully dissociated (& = 1) and interionic attraction is not
operative as the distance between the ions in solution is large,

The definite share of one gm equivalent of a type of ions is called its
ionic equivalent conductance (or, simply ionic condpctance) and it is dependent on the
nature of this type of ion and independent of the other type of ions present in selution,
provided the solution is infinitely diluted. Thus according to the law,

$ _ g0 a0
Agy=d.+A_,
here, ..%:, am:li:_ are the ionic conductance of the cation and anion respectively.

Experimentally it is seen that difference of A4, - values of electrolytes

with common ion is same and independent of the nature of the commeon ion.

This 18 shown as,

Apey = Ay =149.9-115.0=34.9 and A.:,E,]—Afm =145.0-110.1=34.9
again, A -Jdp., =49 and A, A, =4.9, all are in cgs unit.
We have seen that A, of the weak electrolytes can not be determined by
plotting 4 vs. /o using Kohlrausch cquation 2, = 4, -k +/c.
However, 4, of weak electrolyte such as HAc can be calculated by using this law.
B = By 2y, = (A 0, V(A0 28, ) (4, + 2,
Artge = Aaice + Ayose = A
Each of the 4, - values of the electrolytes can be determined by using the plots of
A vE. W, since all these in the RHS are strong electrolytes.
We know that ionic conductance is proportional to its velocity, so the transport
number of an ion can also be expressed in terms of jonic conductance.
. L] L
i A ar, ] =j‘—+.
A AT N 3
Thus, the limiting ionic conductance of an ion can be known from its transport number.
A =1" % A, . Similarly for the apion, A" =1"x 4, .

For example, 4, =426.14 ohm™ cm’equiv.” and 1. =0.82 are given at 25°C.

So, the ionic conductance of H' ion is, 4, =r., x A, =0.82x426.14 ohm™ cm’equiv.”
= 349.82 ohm™em” equiv.”

and that of CI” is according to Kohlrausch law, 47 = 426.14 - 349 82
= 76.32 ohmem® equiv.™,
By the use of the law, it is also possible to calculate A, of a sparingly soluble salt which
can not be determined by the Kohlrausch plot. Thus, A, of BaS0y is calculated as,

j; -.EI:M + A0 -‘1:7.'{‘

1
E.w. 2 FH] 'it:-t'i.
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AENORMALLY HIGH CONBUCTANCE OF HYDROGCEN AND HYDROXVE MHINS
B ACATEOUS SOLUTION

Experimental values of limiting ionic conductance nfdiffnrmliﬂu;inaqﬁﬂus solution are
given in a table below for comparison. ( 4, - values are in ohm™ em™ equiv.)

Cations H A B A 1.4 | 1 Mg Na'
Table for 2 - 2 i S
showing A, - A’ -valpes | 3498 | 7332 | 6364 | 6192 59.5 53. i
values of ions for Anions OH lSﬂ' 3 Br- r Cr NOy Ag
COMPATiSon. i
A values | 197.6 §0.00 78.14 T6.80 T6.34 T1.44 40.90

The A4 - values of H' and OH ions are abnormally high in agueous solution.
Grotthus special This was first explained by Von Grotthus and so the explanation is known as Grotthus
jumping special jumping mechanism, This mechanism involves the protoo-jump from one water
mechanism.  molecule to another instead of pushing the solvent molecules for its flow, Solvents, instead
of creating resistance in the transport of H™ and OH ions, act s bridge for them. Thus
solvent HzO helps in the conduction of electricity.

2 H—’r:}-_“:"L—H—“'-?‘_-H-"'--H;ﬂ-‘“- -H-Zp™* i i W T'_H""?_H""?—Hr---?—l-] *
J-II H r!l :|-|| ) H H H H
Initial bonding in @ group of Final bonding in a group
aranted water molecules of water molacules

In order to another H' to be transfierred to the left (cathode) through this group of water
Solvent molecules molecules, molecular rotations must ocour to produce again a favorable orientation for
require rotation  charge transfer. ,
and orientation for This mechanism is supported by the fact that NH," and NH;" ions in liquid NH; solvent
conduction of  have also abnormally high ionic conductance.
charge: Again it is expected that RO in ROH solvent should exhibit high conductance, but this is
not observed. It may be due to high energy barrier for rotation and re-orientation of the
solvent ROH molecules.
These cvidences support the Grotthus mechanism.
Various evidences The temperature coefficient of ionic conductance is generally 2% per degree rise in
in support of the  temperature, i.c. ﬂ
Grodas 5, = R, [140:02(1-25)]
However, the temperature coefficient of H and OH are 14% and 16% respectively.
This is probably due to the difference in conduction mechanism of these two ions.

Problem: What will be the value of 4 for a 0.001 solution of ammonia?
Given, for NHyOH, K= 1.8 x 10” and’ 4,= 238 ohm™ cm’equiv.”. [CLI"96]
Solution : For weak base ammonia, K, =a’c, now putting the values,
1.8%10° = &' = 0001 or, @ =0.134,
But A =@ x4 = 0,134 2238 = 31.93 ohm™ cm’equiv.”.
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IONIC MOBILITY AND ITS RELATION WITH MONIC CONDUCTANCE

Besides other factors like conc., temperature ete, velocity of an ion depends on the
potential gradient (electric field) applied to the electrolytic solution. In fact,

Definition of velocity of an ion (v ) = pnmmaimrlleutlp]:hud. _
ionic mobility or, velocity of an ion (v) = constant » potential gradient applied. :
This constant is called mobility (u) of the ion and it is defined as the velocity per unit
potential gradient applied. That 1s,
2L ; velocity of the ion(v)
if = :
i o dosl) potential gradient{Ag | &) applied
. - i J |
”ﬁ;ﬁl‘.:f“ Unit of ionic mobility (u) = ~—=—=cm"sce™ yolt™" (in cgs system),

and the unit in SI system is m” s’V

Relation of ionic conductance with ionic mobility:
Let us consider a conductivity cell of the type used to define equivalent conductance.

1;-11 Two electrodes of 1 cm apart are inserted
IF into a solution thet contains 1 gm equiv.
2 lectrol
o |+  eathae () ¢ i _
; For an applied potential difference, Ap,
|_ T ‘| let the current, I is flowing through the cell.
Sohition and the ™ o Since the solution obeys the Ohm’s law, 50
cell used for . Ap
L . - [=— or, I=4dxAp.
derivation with &—unit distance R 4
proper sketch Ag the sohition contains | gm equiy.
electrolyte, so the conductance (1/R) is equivalent conductance ( A ).
If the solution is taken very dilute so to interaction is totally absent, then 4 = 4.
Thus, [ =1, +1 = 4 xAp =(4]+ A" JAp=1]Ap+ LAg.
Separating into two equations, we get, J, =AJAp andl =A"Ap.
This flow of current can be analyzed from considering the movement of ions in the cell.
For the formulation, let an imaginary wall is considered at the middle of the cell.
The solution contains 1 gm equiv. strong electrolyte which is very dilute and it is confined
within the electrodes of unit distance apart. The cations which are at 8 maximum distance
of v, away from the imaginary wall can cross the wall in unit time. The solution contains
{Nafz+) number of cations and (Ma/z.) number of anions. The charge transported by
cations through the imaginary wall in unit time is
Ho. of cations that reach the ﬂwwmdb}‘theeuﬁum,L:ﬂ[L]n:; =, (N, xe)=y, xF
cmaginary wall in unit time 5
' b1
= .L.‘[LJ and, the current carried by the anions, /_ =v_ [ﬁ}u ze=v (N, xe)=v.xF
2 Z
The relations are  Comparing with the expression of J, and [_, AJA¢ = v, F or, 4, z[ s }-:F_
Al=F=u, A
P, But the term within the bracket is ionic mobility (u), so the relation is 4, = Fx u,,

A'=Fxu_ foranion, A° = Fxu_, The relations are also valid approximately for dilute solutions.
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Ionic mobility and transport number:
o
We have the limiting mobility of the cation, u_="17/ , and ﬂf’:r_.i‘w

hence, n*s-t"?ﬂ" and that for anion, w_ =%-'—.
At appreciable concentrated solutions, , and u_ will be slightly less.

Experimental measurement of ionic mobillity:
Moving boundary method is used to determine the () cathods|
mobility of an ion in sclution. ;
Let us determine, for example, the mobility of K ion \U;,
Sy in KCl solution. Experimental sel up is that, ki solition (BA)
Frpermental  KCl solution is placed over a solution of CdCla -1‘

__E,-

solution in an narrow electrolysis mbe of uniform
cross section. The solution used must have common Boundary —
anion, here, CI'. When the current flows, the K jons
migrate upward to the cathode, and Cd™ ions only EdCE solution{Ba)
follow the K" ions in the same direction. For the
Condition for two  experiment to work, the cations of the lower solution
solutions used in  must have a lower mobility than the cations of the upper

the experiment  solution, i.e. | R {+),anode

The velocity of K* is found by measuring the distance /
that the boundary moves in time t. The boundary between the solutions is visible because
of a difference in refractive index of the two solutions.

Pt

Velocity and .
mobility of the Thus, the velocity of KF ions, Vel =£ and its ionic mobility, W, - -Er- , where, £ =P£ y
ion f
E is electric field applied which is equivalent to the potential gradient.
Problems:(1) The equivalent conductance of LiCl at infinite dilution is 115.03 ohm™ cm®
gm equiv.”. The transport number of the cation is 0.336.
Related two (a) Calculate the mobility of the cation.
their solutions 4.0 cm apart.
Solution: Lonic conductance of the cation = , x A7, = 0.336 = 115.03
= 38,65 ohm™cm® gm equiv.”.
a =1 3 e =l
Mobility of the cation = 2. = 35.83 O CmgmequIV_ _ , o) » 104 em? V! sec™.

F 96, 500C gmeguiv.”
Velocity of the cation = u, u[%] = 401 =107 e VV'sec! * (64)V cm?

= 6.0 x10™* cm sec™,
(1] At 18°C, the mobility at infinite dilution of NH,™ ion is 6.6 *10™ em® V'sec” ,
while that of chlorate ion is 5.7=10 em® V'sec™.
Caleulate A of ammonium chlorate and transport number of the two lons, [CLM98]
Solution: 4, =A%+ A° =F (a’ +u*)= 96500 =(6.6 + 5.7y<10™ =118.69 ohm ' cm’” equiv.”
;o 5% 10~ em™V "sec™
* (6645710 cm?V 'sec ™!

=053 and £ =1-1, =1-0.33=047,
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APPLICATIONS OF CONDUCTANCE MEASUREMENT

Conductance of a solution 15 a measure of its current carrying
ability and the ions are the current carriers, Thus, measurement of conductance gives
information about the ions in solution. Several physical properties of the solution could be
“known from this conductance measurement. We may discuss in brief the determination of
various physical constants of the electrolytes.

(1) Degree of dissociation and dissociation constant of a weak electrolyte.

A weak electrolyte say, weak acid HA ¢ven in fairly dilute solution is
partially digsociated and interionic force of attraction is negligible as the ions are far
apart in solution.

2
The dissociation constant, K, =, whee, @ =%,ca.1.l¢ddegw: of dissociation.

A and A, are the equivalent conductance of the solution at cone. ¢ and at infinite
dilution. A is obtained from determination of specific conductance  x Jof the solution
and 4, is obtained from ionic conductance data given in table, A5, =47, +4 .
Thus, knowing & , dissociation constant of the weak acid (K,) can be determined.
Problem: The equivalent conductance of a (1.01(M) solution of chloroacetic acid is
110 ohm™ em® equiv.”. Find the dissociation constant of the acid from the
fellowing data:
AL, =428, 22 =150 and A% o =132 (in ohm™ em’ equiv.”)
Solution: Using Kohlrausch law, Aoy ceon = 450 + Aen oo — 4o
Putting values, A%y ceoy =426 + 132 — 150 =408 ohm™ cm® equiv.”
A _ 110 ohm e’ equiv'

issociati = =127,
The degree of dis on, & %~ H08ohm o equi

i 4 r |
The dissociation constant of the acid, K, = Iﬂr s =ﬂ'l;? ;;m =1=107,
- =1
{2) lonic product of water:
Water is a very weak electrolyie and is feebly dissociated as,

H0 2 H' +OH
The 1onic product of water is, K_ =[H"|[OFH ], but in pure water, [F" | =[OH |=ac¢.
& is the degree of dissociation of water and ¢ is its molar cone.

10° 5"
Thus, K_ = a’c®, but E‘=% and i:.mir.hltliug the values, E'=_-j§i-
« is determined by measuring the conductance of pure water and 4, of water is obtained
from the limiting ionic conductance of H' and OH ions, Ay ;= A7, + A7 _.
Thus the jonic product of water can be determined by conductance measurement.
Problem: The specific conductance of water is determined as 0.58 = 107 ohm™ em™.
The Hmiting ionic conductance of H' and OH are 349.8 and 198
in ohm™ cm’® equiv.” unit respectively. Find Ky of water.
: 0%t 0% ={0.58x107)
K, 2 (349.8 +198)

=1.0=10"",
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(3) Solubility(s) and solubility product (K,) of 2 sparingly soluble salt.
Minute amount of these salts are soluble in water and their cone. in

Em::._nft_hz golution is =0 small that chemical analysis is not able to find the value.
solution 15 However, conductance measurement can be used to determine the solubility of these salts,

small. Let us first formulate the relation between solubility product (K)
and solubility (¢) of a sparingly soluble salt (B,A,). The salt remains in equil™. in solution
. as follows:
Relation between B.A,(s)s2B.4,(ag)=1B" (ag)+y 47 (ug).

FETFKFS?“ [f s moles of the salt is dissolved per litre of the solution and makes 2 saturated solution,
then, conc. of cation = x5 and that of anion = ys and the solubility product = BPPAF

solubility(s).
or, Ky = (x5)" *(ys) . So the required relation, K, =(x"p" )s™".
For 1-1 salt like AgC), the relation is K, =7, for 2-1 salt, like CaFa, K, =457,

for 2 3 salt, like Ca, (PO,),, K, =1275", _
The cone. (c) of the saturated salt solution is calculated by measuring specific

T mtductmm{ﬂuftht?luum b
specific .-?.=I Lor o=
conductance. Tt A

The solution is very dilute as the salt is only sparingly soluble, so A — 4, {limiting valuc).

,luﬂfmﬂnltisnhmimdﬁummﬂﬁnﬁﬁngcmmmnfthcmnﬂﬁmmimsnﬁhnmh
A=2+ 4

Again, specific conductance of this very dilute solution is comparable with that of water,

so specific conductance of water is subtracied from the measured value for the solution.
K

K= K o e
: s 1 »
Eﬂlub'llit_'r'ﬂlfm Thus the conc. of the samrated salt solution, L'H?-m{lml‘“ I'H}
solution. This cone. in normality is to be expressed in

molarity and this gives solubility (s) of the sali.
Problem: At 25°C, specific conductance of a saturated solution of Sr80, and that of
(1) Wwaterused are 1.482 x10™ and 1.5 %10 ohm™ em” respectively.
(tiven, the ionic conductance of the strontium and sulphate ions are 59.46 and
79.8 ohm'em® (g.eq.)" respectively at this temperature.
Calculate the solubility of the salt in g.L™'. [The formula weight of S:S0, = 182)
Solution: Putting the values given in the problem,
. 10482107 ~1.5x10")
o (59.46+ 79.8)
[CL'94]  Problem: At 25°C, in a saturated solution of BaSO, Ba™ and 50,7 ions take 151 sec and
(2) 121 sec respectively to cover a distance of 1 cm across which a potential '
difference of 10 volts is applied. The solubility product of BaSO, at 25°C is
10°'? (considered in gm equiv./lit). The conductance of the solution is 2.2<10
ohm™ in a cell and in the same cell, conductance of water is 0.8 10 ghm™ at
25%C, If in the same cell, conductance of 0.01N KCl sahstion be 1.40 =107
ohm™ at 25°C, what should be its specific conductance at the same temperature?
Solution: 4, of BaS0y =143.66 chm'em’ (g.eq.)”, k of BaS04 soln =1.44x10°* ohm™ cm™
Cell const. = 1,03 cm™, and i of KC1 soln = 1.44 %107 ohm™ em™ |

[CU" 96]

= 1.05 = 107 (N) = 1.05 = 167 t%?- =0.096 g L™
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{4) Degree of hydrolysis and hydrolysis constant of a salt:
For this conductance method, one restriction is that the
resulting free acid or base from the salt hydrolysis should be non-conducting. Howewer,
Criteria of the absolutely non-conducting acids are rare but many non-conducting bases are known.
zalt for this So this method is mainly applied for the salt of weak base and strong acid such as aniline
method, hydrochloride. The salt reacts with water as,
CeHsNHHCl + H0 = CgH;NH; + (H:O" +CI)
Let ¢ is the molar con. of the salt teken and x is the degree of hydrolysis of the salt then,
[HCI] = xc and [unhydrolysed salt] = c(l-x).
The conductance of this solution is partly due to HC] formed as a result of hydrolysis and
partly due to unhydrolysed salt. Thus conductance of the resulting solution,

Conductance of the ch=cll-x) A +xedy, .

resulting solution. Sclving the above, we pet the degree of hydrolysis, x = 1‘3-‘2
L

The degree of hydrolysis is small, so the cone. of HCI is also very small. Thus,
Amlﬂgﬂ=i:. +doe
A = equivalent conductance of the resulting solution and it is calculated from the

Measurement of measurement of specific conductance of the solution, ..I.-msr

equiv. condict. ¢

of the solution in i = equivalent conductance of the salt if it would remain unhvdrolyvsed in the solution
hydrolyzed and and it is determined from the solution in presence of excess of the base, aniline.
urmﬂrwd Under this condition, hydrolysis of the salt is suppressed and equivalent

conductance is taken for unhydrolysed salt insolution.
Using the above values, it is possible to find the degree of hydrolysis ( x )
Hydrolysis : : : ; x'c
constant (Ky). The hydrolysis constant of the salt is also calculated by using expression, K, = s
Problem: The equivalent conductance of 0.011(M) solution of aniline hydrochloride is
120 ohm™ cm® gmequiv.”'. When the solution is saturated with excess aniline,
the equivalent conductance drops to 104 ohm™'em’ gmequiv.”. The equivalent
conductance of HCI at the same conc. is 410 chm™ cm® gmequiv.”’.
Find the degree of hydrolysis and the hydrolysis constant.
_ . A-4, _ 120-104
Solution: The degree of hydrolysis, x= = =0.052.
g of Bydeolydls, X =01 4i0-104

rc = (0.052)" = 0L011

The hydrolysis constant, £, = =3 14107
|=x 1-0.052
(5) Condutemetric Titration:
Titration forms Titration is an operation forming the basis of volumetric analysis. The addition

hasis of of measured amount of & solution of one reagent from a burette (called the *titrant") to &
ST RS definite amount of another reagent (called “titre”) is done uptil the 2* reagent is depleted. .

analysis. When the end point of various volumetric titrations is located by conductance
End pomt of  measurement, it is called conductometric titration. This method utilizes the variation of
titration is conductance with the progress of titration especially when it varies sharply at the end
located by point. Let us take a titre (B*A”) titrated with the titrant (D7'C).
Em With the addition of titrant, the following reaction occurs.

T (B4 )+(D°C)=(8"+C )+ D4,
where, DA is either weak electrolyie or an insoluble salt and it is only poor conducting,

PROPERTIES OF IOMIC SOLUTHONS - N C DEY 72



With the addition of the titrant (D'C’), A" i= being replaced by C and if there is difference

End point is nfmnﬂmmn:evﬂuauf‘ﬂ:emmmthamndm:ﬂﬂﬂmhmmchmgmmdaﬂﬂ
located by mmdmmmemmmmdhdmmﬁmh:ruddmnnufﬂwum{{Dﬂ
drawing curves. The conductance data at cach addition are plotted against volume of the titrant added.
Twao straight lines with difference in slope are obtained. The volume of titrant at the point
' of intersection of the two straight lines gives the end point of the btration.
Tt is mare In order to avoid the dilution effect on conductances, the conc. of the titrant 15 kepd
concentrated. 1ot ten times greater than that of the titre. Otherwise, C will increase with dilution.
The titre is taken in conductivity cell which is again kept in thermostat of
Temperature  accurately controlled temperature. Otherwise, the heat of reaction will change the
requires 1o be  yemperature and thus conductance will also vary during the titration.
controlled.  8pme examples of the titrations are given here.
HCI {aq) + NaOH (ag) = NaCl{aq) + H;O (weak electrolyte)
NaCl(ag) + AgNO; (ag) = NaNOs (ag) + AgCl (insoluble solid).
(A) Acid-base titrations: Several types of such titrations could be made by this method.
(&) Strong acid (HCL) by strong base (NaOH):
Before additton of NaOH solution (titrant),
Higher conductance {(C) of HCI solution (titre) is very high
conducting ion is  due to hlghcmﬂuctmg}r m"l‘h.t:re:anﬂun is, €
replaced by (H+Cl') + Na"+0H) = (Na*+CI') + H:0. —

lower conducting  'With the addition of NaOH, H' ion is replaced by . Y

oM.

C!@Ilnductanﬂt
Increases with a

hump.

Conductance
decreases and then by low conducting NH;" ion and conductance
remains steady after falls.

end point.

low conducting Na* ion ie., ..FL“I y AL_ . volume of NaOH soin,

and 5o conductance falls. Atli:teendpu-mi,a.ul-[" ions are

replaced and conductance becomes minimum.

After end point NaOH is still added and conductance increases sharply.
(b) Weak acid (HAc) by strong base (NaOH):

Before addition of NaOH, conductance (C) is low since it 15 weak
electrolvte and dissociation is small. With slight addition of NaOH, conductance
falls slightly due to suppression of dissociation
of the weak acid in presence of common Ac” jon, A
formed from the salt.

With further addition of NaOH, conductance
increases due to formation of Na'© and Ac jons c
of the salt. The reaction of the titration is, il vt
HAp+ NagDH = Naidc +H:0. E.f‘" 2

Aﬂerlhemdpnmt,mndmmmmwahﬂrply volume of NaOH saln.
due to addition of NaOH.

(c) Strong acid (HCI) by weak base (NH,OH): A

Before addition of WH,OH,

the conductance of HCI solution is high.
With the addition of NH4OH, H' iz replaced -

(H'+CI') + NHyOH = (NH," + CI) + HO. 1 x
After the end point, with further addition of volume of HH*QH goin.
MNHOH, conductance almost remains constant

as the added WHyOH is virfually not dissociated due

10 the common NH," ion present in the solution.
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However, when a strong base (NaOH) is titrated by weak acid (HAc), the curve
obtained is similar to the titration of strong acid by weak base [discussed in (¢)].
{d) Dibasic acid (oxalic acid) by strong base (MaOH):
The neutralization of this dibasic acid occurs in two steps as shown below,
H,C,0, + HaOH — I'Hrﬁ:ﬂ'q + HD

NaOH 4 H,C, 0, + H,D
Condition for two AT
inflexions in For this acid, K, =100, and so the titration with NaOH produces two inflexions.
dibasic acid. WV = volume of NaOH sclution required
for nentralization of first dissociated
H" ion of oxalic acid. T
Vs = total volume of NaOH solution for
complete neutralization of the acid. c
Vi= V= volume of NaQOH for -
neutralization of second i !
dissociated H" ion. ul -,:.-2
volume of NaOH added —

{e) Mixture of strong acid and weak acid
. (HCI + HAc) by strong base (NaOH):
&mﬁmﬁlﬂg& Same type of curve as sbove (d) s obtained. In this case, the volume
corresponding inflexions are given below.
V= volume of NaOH for neutralization of strong acid (HCI) in the mixtare.
Va2 — ¥ = same for weak acid (HAc) in the mixture,
{B) Titration involving displacement reactions:
{a) Salt of strong acid and weak base (NHLCI) by strong base (NaOH):
The reaction that involves in the titration is,
(NHs + CI) + (Na’"+ OH) = (Na' + CI) + NH4OH (weak electrolyte),

NH4C] solution : s, .
With the progress of the fitration, WHs ions are

lﬁﬁnﬂtﬂdb}" B:lhynq.. B.u[NI-{'_+- £ Iml
NaOH solution. replac a ns 1N 1% 8 ¥
more conducting than Na' ion, T
Ay =T3.5 while 4% = 50.1 in cgs unit. c
Thus, conductance of the titre is slightly (and point

decreasing and after the end point rises steeply. i
{b) Mixture nfsahnfmwg acid-weak base (NH4Cl) and strong acid {(HCI)
by strong base (NaQOH):

. Before addition of NaOH, the conductance
A mixture of of the solution is high due to H' ions of HCI,
NHiCland HCl - Afier addition of NaOH, H ions are replaced
15 titrated by Na' ions and conductance falls sharply. T
by NaOH After neutralization of the HC] in the mixture,
NH," ions are being replaced by Na® jons.
The conductance is slightly decreasing,
Afler the complete replacement NH,®, Wy Vo
conductance increases steeply due to further wolurng of NaOH added —s
addstion of NaOH.
{c) Salt of weak acid and strong base (NaAc) by strong acid (HCI):
The reaction involved in the reaction is,
(Na" + Ac) + (H +CID = (Na' CI) + HAc (weak elecirolyte).
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At ions are replaced by slightly higher conducting C1' jons, so conductance is
NaAcis slightly inereasing, 4’ =76.34 and A7_=40.9 in ohm™' cm® gm equiv’.
o HFRed After the end point, conductance increases sharply due to high 2, - value of HCL
[The curve is same as in (a) only in the 1¥ part, conductance increases instead of

decreasing].
Mixture of NaAc f.d:ibh;ﬁmut e;ﬁh{;i: T;mk acid - strong base (NaAc) and strong base (NaOH)
: strong :
nmagHHﬁl HC first neutralizes NaOH in the mixture then it reacts with the salt, NaAc.
[Same as in (b), only the difference is in the 2™ part in which C increases slightly].
{C) Precipitation tifrations:
In these titrations, one of the reaction products is insoluble
and does not contributes to the conductance of the solution.
{a) Sodium chioride (NaCl) by silver nitrate (AgNOh):
IaC"] solution is The reaction occurs in the titration as,
N ity (Na' +CI) + (Ag' +NOy) = (Na” + NOy) + AgCl (insoluble solid).
AgNC; solation. C1" ions in the titre is replaced by NO3' ions
and the two type of ions have nearly same

A, - values, so the conductance remains almost
unchanged with the addition of AgNOs. h J

duc 1o further addition of AgNO;. :and point
(b) Magnesium sulphate (MgS0,) by i
Baryia water [Ba(OH): solution]: volume of AgNO;—
MES0. The r:aﬂhm‘:lhehmd the T.llI;EI'[II._T:;Ill is,
actlEitRin ik (Mg' + 804 + (Ba™+20H) = ME{GHJEL + BaS0,/
titrated by In this titeation, both the reaction products are
Baryts water insoluble and hence conductance drops sharply. T
After the end point, conductance increases \/
due to further addition of Ba(OH): solution. E
Advantages of the titration: g"w Sl
(i) Weak acid and weak base titrations could
}bednneb}rmismud:mnmm-lnmﬂhud welme: By ¥
though the indicator method fails due to
lack of suitable indicator.
(ii) Colored solutions could be titrated though indicator method is not suitable.
(iii) A mixture of strong and weak acid can be titrated and each strength of the acid
can be determined
(iv) This method can determine cone. of strong electrolyte solution even up to 107 (N).
Precautions:

{1) Titrant must be taken at least ten times stronger than the titre in order to avoid
dilution effect and to get sharp end point of the tifration.
(ii) Volume of the titre that changes due to addition of titrant may be correctad by
multiplying measured conductance with F:r_
v
and v = volume of titrant at each addition.

where, WV = initial volume of the titre
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Situation created
tor a single ion
to act
independently in

salution.

Diriving force on
this single ion
under applied

electric field, E.

Crpposing
viscous force
experienced

by the ion.

Formulation of
Walden rule 1o
this single ion.

Walden rule
applied to ion.

Walden rule for
an clectrolyte
solution at
infinite dilution.

Rule is applied in
different solvents
at given T and
also at different
T in & given
solvent.

WALDEN RULE:

When an electrolyte solution is infinitely diluted, it is fully dissociated and
interionic attraction is also absent. The ions move freely and independent of the influence
of the other ions present. Under this situation, ions are considered independent in activity
in solution. A single such independent jon in the solution is subjected 1o an electric ficld E .

The electric field will exert a driving force to move the jon towards
opposite electrode. This driving force on the ith ion of valence z, is,

Jamg=E 2,8
The ion also experiences a viscous force that opposes the motion of the ion. The viscous
force on the ion is given by Stoke”s law, assuming spherical shape of the hydrated ion,
Frivoe OV
r and v" are the radius and limiting velocity of the hydrated ion.
When the forces are balancing each other, the ion will move with sicady velocity,
Then, 6xnrv = Eze
Rearmanging the equation, dividing by E and then multiplying by faraday, F, we get
WrF _zeF o Y AF  piiting ionic coaduotance of the ith jom, 4°
E b E
Since the solution is infinitely diluted, 57— 7, viscosity of the solvent used.

So, A'=

il [i]. From this equation we get the interpretation of 47 .
b \

This relation shows that in a given solvent at a particular temperature, greater the valence
and smaller the size of the ion, higher is its limiting ionic equivalent conductance ( 47 ).
Rearranging , we have Walden rule applicable 1o ionic conductance,
a..  eF[E

ey
For a given ion, A" i, = constant, independent of the nature of solvent at a given

temperature and independent of temperatare in one solvent.
Adding the above relation for cation and anion of an electrolyte in infinitely diluted
solution, we have,
{,L"+Jlf}rj,=g[i—:+%]. or, A, m-g}{[%ﬂri—:]tmiﬂg Kohlrausch law).
This iz the basizs of Walden rule which states that

Ay 17, =<constant for a given electrolyte and is independent of temperature.

At a given temperature for an electrolyte, the relation states that 4 g, = 4} 5} = constant.

Thus, at 2 given temperature if limiting equivalent conductance of an electrolyte ( 4, ) is
known in one solvent of viscasity (1, ), it is possible to know the same ( 4 ) in another
solvent of viscosity {n5).

It also explains the temperature effect of equivalent conductance. With rise of one degree
temperature, viscosity is decreased by 2% and so equivalent conductance is also increased
bwv 2% per degree nise of temperatune.
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Walldiiy: This rule is valid for the electrolytes comprising of large size fons such as tetra
methyl ammonium iodide, [(CHs)N'T], picrate ion, CeHa(NO2p O

: Sﬁ!“ﬁn" For small ions, there occurs salvation and so radius of the solvated ions vanes
invalidates the depending on the extent of their solvation in different solvents,
rule. This law 15 not applicable to H;0" and OH" in aqueous solution as viscosity of

the solution does not control the movement of these ions.
This rule can be utilized to compare the radius of ions in aqueous solution.

o 1}
Rule is used (o - . oo A eF (1 A&7
o redics From the relation applied to single 1on, '—-rzl ﬁmjﬂ[r; or, = a-:—zl
of ions. - i . .
: ] . . .1 | This shows that radius
Thus for, Mg™ ion, A"’; =26.52 ohm™cm® gm equiv.” I b iy leer s
i comparable to that of

D 1
and for (C3Hs)N™ ion, L""{-’s"_‘- 2342 ohm™'cm’ gm equiv.” ,I tetra ethyl ammonjum |

ion in aqueous solution.
Since, RaN" ion has very litthe hydration duc to hydrophobic | A
gmupRﬂmrea.r:tsmﬂHj with the water dipole and these R remains on the surface of the
ions. But Mg™ ions due to hjghchﬂ'g:mdsmﬂ]md:mmhmﬂrhydmbdmdm:
hydrated radius is comparable to the (CaHs),N" ions.

Problem: Estimate the radii of Na'(aq) and Mg™(aq), given that the viscosity of water at
25°Cis 0.89 cp, 4, and A , are 50.1 and 53,0 in ohm™em” gm equiv.”.

One problem is
worked out to Soluton:
comparethe _ eF [z, | _16x107""Cx96500C (gmequiv.) |
radius of ions. LA TTA U 6x3.14x 089 =107 poise ksn.mﬁ.-n'tmz g equiv.”

=92 % m"“uﬁmwﬁt:upom [ﬂhm?iﬂ]ﬂ{:m
=1.83=10" C = (dyne em™ sec) gwmjm = 1.83 =10 J dyne’’
= 1.83 =10 = 10" cm = 1,83 %10

1
Now, 7o = # ke Sh w183 %10 cm.x :f-x :';:; =3.4%10° em.

h':u'
P
These are hydrated size of the ions. Hydration number of Na® is 4 and that of Mg™is 12.

Relation between equivalent conductance ( A ) and molar conductance ( ~ ).
For a strong electrolyte, B A, dissociating as, 8,4, (ag) —» xB'™" (ag)+yA™ (ag).
M
A=
2 YI_
Thus for, Cuy(POy)z(ag) we havex =3 and z, = 2, 50 equiv. conduct.{ )= A /6.
Table — Specific conductance of KCI solution (k) in ohm™'cm™

Cone. in equiv / liter 0*C 18°C 25°C
0.01 00007751 0.0012227 0.0014114
0.10 0.007154 0.011192 0.012886
L.00 0.06543 0.0982 0.11173

Problem: Using the above table, find the molar conductance uf] 00 mul-"dm3 aqueOUs
solution of KC1 at 25°C.  [Ans. 112 ohm™ em® mol™].
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Debye and
Huckel
proposed 100
atmosphere
model.

When electric
field is applied,
the central ion
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moYe,

Retarding
effect due to
ASVMIMELTic
chape of on
atmosphere.

Retarding effect
due to movement
of solvent
miolecules
associated with
ion atmosphere.

DEEYE ~HUCKEL-ONSAGAR CONDUCTANCE EQUATIOMN

Dependence of equivalent conductance ( A, ) of strong electrolyte on its solution

cone. (¢) is formulated by Kohlrausch on the basis of experimental data. The equation is,
A=A, —~kJe.

When the solution is not infinitely diluted, ionic interaction operates and this
results a definite pattern of arrangement of jons in solution. Debye, Huckel and later
Onsagar proposed ion atmesphere model and on the basis, they explained the above
equation.

According to their proposed model, each ion is surrounded by spherical haze of ions in
which the opposite charge ions dominate over the like charge ions, This spherical haee is
called ion atmosphere whose net charge on a time-average is equal but opposite to that of
central ion. in absence of electric field, the ion atmogphere is spherical in shape and
surrcunds the central ion symmetrically,

Mow when the solution is subjected to an electric ficld, E, the driving force on
the central ion to move towards oppositely charged electrode is,

g =EEE.
When the central ion begins 10 move, various retarding effects acting on it are outlined
below,
(1) Viscous effect: This effect retards the motion of the central #on and according to Stoke,

itis T =0 npr, v, = kv, where, k = 6agr,
{2} Asymmetric effect: Under the applied electrie field, the central ion hegins to move and
A its surrounding jon atmosphere does not remain symmetrical, it

i . lags behind. More of the ion atmosphere remains behind than in
- > = front of the central ion. Oppositely charged ion atmosphere attracts
778 =  the moving central ion from behind, This retards the velocity of the

——— ceniral moving ion, Asymmetric shape of the ion atmosphere is the
Fieid o cause of this retardation and so0 it is called asymmetric effect.
_l_ In another way, it can be said that the 1on atmosphere relaxes for

e e sometimes and can not move symmetrically with the moving
~ = .central ion. This is why this effect is also called *relaxation effect’

= = The magnitude of this effect = &, £,
TR e Where, k .
field on | 3 9 [BT];H
(3) Electrophoretic This effect anses from the motion of the solvent molecules
cffect: associated with the ion atmosphere in the direction opposite 1o

that of the central ion. Both the ion atmosphere and the central
ion pull solvent with them and each is, in effect, swimming
upstream against the motion of the solvent.

m;mgmmd.enfth:scﬁaﬂ k.-,E"'r

l
Where, k, mw_

With higher viscous solvent, motion of the solvent associated
with ion atmosphers is slowed down and the central ion
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Eﬂ‘eeiufmnu_;. The effect of conc. (c) is that as ¢ increases, the density of 1ons in the atmosphere
on BSYIMMEINC  j40ceqges and the ionic mobility is further reduced by this asymmetric effect.
retardation.  when the driving force on the jon is balanced by these opposing forces, the jon moves

with steady velocity.
Eze = ky, + hE-e + KEJC .
i vxF =zj£_F' _(.tj+.k3:|F\ll.;
’ E k k
Guﬂ;ﬂﬂ bm_v';F=.-L.ismﬂndimic¢qtﬁwlmtmndmnflhﬁiﬂm
Huckel- .
Dﬁh};ﬂsaw Thus the equation becomes, v‘1=z':‘r “”;‘}F Je.
equation. : zeF.
Again, when the solution is infinitely diluted, ¢ =+ 0, A" = =3
k, +k)F '
putting in the equation, we have, A =4 ~ "—J"—""F

I.
For the particular ith jon this equation is valid. But for an electrolyte comprising of cation
and anion, the above equation can be extended to the form
A =1,-(Ad+BA)e (Applicable to 1-1 strong electrolyte).

The term A+Jc originates from electrophoretic effect, and £ 4, +/e comes from

asymmetric effsct. The value of A=——-" - and ﬂ-””“g |
Values of n(pTY" (DT)
constants in the For aqueous solution at 25°C, D= 786 and T =298 K, n =8.95x10™ poise,
equation. A =602 and B = 0,23 and the Debye, Huckel and Onsagar equation becomes

A=A ~(602+0234)e
Test of the equation:
To verify the equation, A4, vs.+/c plot is made from the points of
experimental data and alzo from the points obtained from Debye, Huckel and Onsagar
equation. These two curves coincide at low cone, of the electrolyie solution.

I for HCl — =

1 I for KOl —s © Solid lines represent the theoretical curves obtained
1 for AgNO; —s @  FOM equation, and |

I cross points represent the experimental data.

The curves shows that the equation is valid only for

serification of

Experimental ‘|\
the equation.

a &
i o low conc. of the electrolyte solution.
iy The equation is closely obeyed up to the
cone. 2x107(N).
-E [}

A farther test is done by investigating what happens
when the effect of the ion stmosphere it eliminated. This can be done by the experiment
Conceptual e by Wien and Falkenhagen.
verification In Wien effect, to eliminate the effect of ion atmosphere, the mobility of

of the the ions is increased tremendously high at very high electrie field so that no stmosphere
CqUANON.  has time to build up around the central jon.
Another way is to measure the conductance at very high frequencies.
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Ohservabion.

Explanation.

mﬁﬂﬂ.}

Explanation.,

Mini
frequency of AC
required for the
effect to appear.

. High electric
1 field applied fo
weak
electrol yte.

Thmﬂ::wnhﬂimiq’mnwdhdmmdmdfﬂrmdmmpidimmdme retarding effects
of ion atmosphere ought to average 1o ZeT0. This is Debye Falkenhagen effect.

wikN EFFECT:

In 1927, Wimohgmrndﬂmﬂanui‘mkﬂtmndum{lc}af
gmugtiedmlytemluﬁﬂnufm.:-isfqmdhinwwhm field strength at about
20,000 V ¢cm and higher is applied.

This phenomenon is explained on the basis of ion atmosphere model

of electrolyte golution. Under this high electric field, an ion moves at a velocity of about
1 meter /sec. The ion, with this high velocity, moves several times the thickness of ion
ﬂmwptmhﬂnmhxﬂﬁmﬁm{ﬁmfﬂrﬂmhnmhﬁcm rebuild around the central
iun‘_l,Thﬂimmwphmhﬂgmmlmptﬁmemﬁxmim:ifmdthnmuﬁngimmd
mmmmummhmmmmﬂdﬂmmmwmm
hmﬂﬂhﬁiﬁhmﬂﬂmmwmm&ﬂmﬂmﬁhm
solution due to gradual elimination of retarding asymmetric effect of ion ammosphere

Wseﬁ:ﬂiﬁmﬂtﬁprmmnmdﬂmmhatﬁmluﬁmufhighuvﬂcmm.

BEEYE FALEENHAGEN EFFECT:

Dichye and Falkenhagen observed that when alternating
current nfﬁﬁﬁquhmmmvﬂmmﬂumuhmudmlmh
solution Hm.chﬁm-hmﬂmmﬁmmnmﬁmiﬂngvﬂue
i.c.,A,—H,,Ihi:emuthuﬁﬂmdmdntmmimzunf:mgﬂmulm, '

Whmﬁtufvwhighﬁathu&ad,thnimﬂnmhﬁmmgnmdﬂme
with very high frequency. The time of oscillation becomes very small in comparison to the.
time of relaxation () of the ion atmosphere. The asymmetric charge distribution has got
mﬁmsmﬁrrmwnp}ﬂﬂymmﬂﬂ:mwiﬂgmﬂimﬂmmﬂmmnmim
mﬁhaﬂkmimmiinﬂwhthmlh:imammwﬂmﬁ.ﬁﬂdmggiﬂgfmm
dunmuymmmmﬂddmuﬂmnﬁu:ffmwmmdmn.ﬁwmunﬁm
frequency is very high, the ion becomes virtually stafionary and the lon atmosphere
mmmmeﬁm-mmmmmiﬁmdﬂmphmic'mﬂemmﬂyeﬁmm
and the equivalent conductdnce ( A,) of the solution hecomes its limiting value (4, ).

The relaxation time (&) for 1-1 electrolyte is about 1977/ sec.
3 i = -3 1 I :|:l]-'r~";_“I =10 5
Thus for solution of ¢=1x107(N), the relaxation time, & Aﬂlﬂ" =107 sec.

Thnﬂm‘mﬂv]ﬁfﬁ!ﬂﬂntuﬁnﬁﬂuatﬂmmﬂmn&mtmmismhccxpeutedig
S ! P
i =—=—=10 .
ety o i
‘{hisismuImﬁngﬁequemynfm;uuﬁchjtbegimtummfmﬂxahnvesumnm-
The effiect is more pronounced in concentrated solution of high valence ions.

DISSOCIATION FIELD EFFECT:

Weak electrolyte is dissociated to small extent in solution.
But when applied field strength (E) is raised, dissociation becomes several times greater
than expected in the definite cone. of the golation. Tt is highly probable that the powerful
electric field produces temporary dissociation into fons of the molecules of weak acids and
bases. When the electric field is withdrawn, the dissociation reverts to its initial state.
This phenomenon is referred to as ‘dissociation field effect’.
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ELECTROCHEMISTRY
PART I11: ACTIVITY AND ACTIVITY COEFFICIENT
(DEBYE HUCKEL LIMITING LAW)

INTRODUCTION

Chemical potential in ideal solutions

Ideal solutions have certain criteria, one of which is that the chemical potential and other
thermodymic properties can be expressed by conc. such that

=4’ +RTInX , where X is molefraction of the i th component in the mixture.
Chemical potential in non-ideal solutions

But for non-ideal solutions, if conc. is used for calculation of the thermodynamic properties,
much errors have crept in, and activity in stead of conc. gives better results, such that

4 =4’ +RTIng , where a isactivity of the i th component in the mixture.

Non-electrolyte solutions and gaseous systems are ideal

Non-€electrolytic solutions and gaseous systems behave ideally even at moderate conc. and
pressure. The physical properties of these cases can be calculated by using conc. and pressure respectively.
Thisis dueto the fact that very weak van der Waals forces are operative. The effectiveness of these
forces occur only when conc. of these solutionsiis large and pressure of the gas is high. These forces are short-
range forces.

Electrolyte solutions ar e non-ideal

But eectrolyte solutions even at low conc. behave non-ideal and activity is to be used to get
accurate value of the physical properties. Thisis due to strong Coulombic force operating between the ions and
this forceis long-range one.

Relation between activity (a ) and conc. of a species
The activity (a) of a component is related with conc. as
a =c f., where ¢c. = molar conc. of the i th component and

f. = molar-scale activity coefficient of that component in the solution.
and, a =my;, where m =molal conc. of the i the component and

y, = molal-scale activity coefficient of that component in the solution.

The example is showing the better result when activity isused instead of conc.
One example of calculation of dissociation constant of a weak e ectrolyte, such as acetic acid
can be given below to show that activity instead of conc. gives more accurate value of the property.

DISSOCIATION CONSTANT OF ACETIC ACID AT 25°C

conc. (molarity) x10° 2.8 21.8 1028 948.0 2000.0
K, (conc.) x10° 1.77 178 180 183 1.84
K (activity) x10° 1.75 175 175 175 1.74

Question: Why do deviations from ideality begin to occur at much lower conc. for electrolytic
solutions than for non-electrolytic solutions? [Burdwan Univ. 1993]

RELATION BETWEEN ACTIVITY AND CONC. OF AN ELECTROLYTE IN A SOLUTION
Strong electrolyte, B, A is usedin therelation

Let ustakea strong dectrolyte, B, A dissolved in a solution of activity ‘@’ and molarity ‘C’
dissociating completely as: B A, — xB™ + yA™
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z_and z arethe magnitude of the valence of cation and anion of the eectrolyte respectively.
If c mole of the electrolyteis dissolved in ¢, mole of the solvent, then total free energy of the solution is
G=cu +cCu,
where u, and ¢ arethe chemical potential of the solvent and solute respectively.
But the e ectrolyte in solution remains in ionic forms and hence we can write
G=Coug+C(Xu, +yu.), )

as Xc and yc arethe mole of cations and anions respectively.
Comparing equation (1) and (2), we get

=X, + Y (3)
Mean ionic chemical potential is defined as,
. _XH YR or, (x+ y),ui =Xu, + Y 4
X+Yy
Reation between p of the dectrolyte and the ions.
Two equations (3) and (4) are collectively writtenas s =(X+Y) 2, =X, + Y (5)

Expressing chemical potential in terms of activity, we have
u1°+RTIna=(x+ y)[,u;’ +RT Inai] = x[,uf +RT Ina+]+ y[yf’ +RT Inaﬁ]
° superscript denotes term at the standard state. @, a, @, and a_arethe activity of the electrolyte, mean ionic

activity , activity of the cation and anion respectively.
The above equation can be written as

#°+RTIna=(x+y)u’ +RTIna, ™ = =(xu? +yu’)+RTIn(a*a”) (6)
Relation (5) holds also for standard conditions and hence,  1° =(X+Y) s =X + yu°.
Relation between activity of electrolyte and theions
Inserting the abovein equation (6), we have a=a" =a’xa’ 7)
Relating with conc. terms, we have a=a*"" =(c, f ) x(c f. )y = (cj x cf)( fXx fﬁy)
where ¢, and C¢_ aremolar conc. of the cation and anion respectively.
But for the electrolyte, ¢, = XC and C_ = yc. Putting these values, we get the final relation

a=a"" =(xc)"(yc)” £

or, a= aix+y) _ (Xxyy)cx+y fix+y ’
where = fXxf’
and f, is called molar-scale mean ionic activity coefficient of the electrolyte.

Relation between activity and conc. of a strong electrolyte
When molal conc. is used in the expression, we have

a=at = (Xxy )mﬂyﬂﬁy

and y, is called molal-scale mean ionic activity coefficient of the eectrolyte.

For uni uni valent eectrolyte, x=1, y=1, sotherdationis a=a’=c’f’ and a=a’=m’y?.
For bi uni valent electrolyte, x=1, y=2 sotherdationis a=a’ =4c’*f} and a=a’ =4m’y_.

Question: Demonstrate, starting from 4y, » = Pr4y +0uy that theactivity of asalt, M X, can be

written as, Ay X, (p q ) mP*dy P
where mis the molality and y, is molal-scale mean activity coefficient. [Burdwan Univ. 1996]
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Question (1): How is the activity ‘ @’ of Lay(SOu)s related to the mean ionic activity?
Solution: For thesalt, x =2,y =3andso a=4a.°. [ Burdwan Univ. 2008]

Question (2): Show that mean ionic activity is the geometric mean of the individual ionic activities.
Solution: We have mean ionic chemical potential ( ., ) is related with ionic chemical potentials

as (X+Y) s, =Xu, + Yz . Then proceed as abovein the text.
Question (2): Calculate a, for a0.1 molal solution of H.SOa at 25 °C, where y, = 0.265.
[Burdwan Univ. 1998]
Solution: a**) = (Xxyy) m*Yy XY but here, x = 2,y = 1, hence a,® = 4m*°.

Putting the values, a,® = 4(0.1)° x(0.265)" or, a, = 0.042.
Question: Giventhat i =v u, , therdation a=a,” follows. — Justify / criticize. [Burdwan Univ. 2008]

Question: Show that mean ionic activity is the geometric mean of the individual ionic activities.

EXPERIMENTAL OBSERVATION ON ACTIVITY COEFFICIENT ( . ) AND CONCEPT OF IONIC STRENGTH OF AN
ELECTROLYTE SOLUTION

Mean activity coefficient (7@) of an eectrolytein solution could be experimentally determined by solubility

measurements, e.m.f. measurements, etc. On studying the various results of y, in different electrolyte
solutions, following observations have been made.
Variation of y, with conc. of pure electrolytein solution
(1) In pure eectrolyte solution, y, of an electrolyte decreases, attains minimum and then increases with the
increase of conc. of the solution provided the solution is dilute.
When y, isplotted against \/E

or, —logy, is plotted against Jm, T
the curves are abtained as given: 1.0

The approximate relation vy -logy,
between y, and \/E can be written as;

—-logy, = AJm.
Where A is constant for a given
eectrolytein a given solvent at a given ""E 5 0 ‘\I'IE —
temperature,
Variation of ¥, with conc. of same valence-type electrolytesin solution

For the dectrolytes of same valencetype T
1.0

Mg,

with \/E is same up to certain conc. (m = 0.01) but Cact
at higher conc. individual character of theions playsits role. ¥i Malil
Influence of different ionson y, of an electrolytein solution Kl

(2) Lewis and Randall found that the influence of anionin
amixture on the activity coefficient of an dectrolyte
depends on the conc. of the ion and square of its valence. ,\,I';; —_—
Thus a bivalent ion (say Ca'?) influences the activity
co-efficient of an eectrolyte (say NaNOs) in mixture four times
that of monovalent ion (say K™).

(uni-uni valent or bi-uni valent , etc.), the variation of y,
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Definition of ionic strength (i) of an electrolyte solution
For comparing the activity coefficient of electrolytein pure stateor in
mixture with other electrolytes, Lewis and Randall introduced a conc. term, called ionic strength
of the solution. It is obtained by multiplying the conc. of each ion present in the solution with
square of its valence and dividing the sum of these products by two.

Thustheionic strength (i) of the solution is :%(”lzlermngernng _____ ):%Z mz?

Theionic strength considers the effective influence of each ionin solution towards y, of an
eectrolyte inserting due weightage of the conc. and valence of each ion.
¥, of an electrolyteis same in solutions of samei
(4) Lewis and Randall further observed that in very dilute solutions, y, of an electrolyteis samein
all solutions of sameionic strength.

Some problems on the calculation of ionic strength (i)

Calculation of ionic strength of pure electrolytesin solution
(1) For pure eectrolyte solutions of molality, m.
(@) uni-uni valent (1, 1) electrolyte (BA), example: NaCl, KNOs, HCI, etc.

BA dissociatesas BA — B* +A’, so, i== é[mxlz +mx2’ |=m
(b) bi-uni valent (2, 1) dectrolyte (BA2), such as CaCl,, Mg(NOs) , etc
i= =2[mx2*+2mx2?]=3m
2
(c) bi-bi valent (2, 2) dectrolyte (BA), such as CaSOs, MgSQO., €etc.
1= =2 mx 2’ +mx2*]=4m
2

Short-cut way to find ionic strength of an electrolyte solution
Thus for pure eectrolyte solutions, ionic strength (i) is related with molality (m) as:
i =km

where, k = 1 for (1, 1) dectrolytes,
= 3for (2, 1) dectrolytes,
= 4for (2, 2) dectrolytes,
=6 for (3, 1) dectrolytes,
=9for (3, 3) dectrolytes and
=15for (3, 2) dectrolytes.

(2) In mixture of eectrolytes in solution:
(a) A solution containing 0.008 m BaCl, and 0.005 m KClI. [Burdwan Univ. 2011, 2014]

Solution:  i== g[o.oosx 2% +0.005x12 +(2x 0.008+0.005) x 1* | = 0.029 (m).

(b) Calculate the ionic strength of the resulting solution obtained by mixing 25 ml 0.002 m K4 Fe(CN)g]
solution and 75 ml 0.003 m K3[Fe(CN)¢] solution.
Solution: Molality of K4Fe(CN)g] in the resulting solution

= 25x0002 _ ) ooe o and Kg[FE(CN)g] = 75x0.003 _ ) \oooe
(75+25) (75+ 25)

- i[(4>< 0.0005 + 3x 0.00225) 1 + 0.0005x 47 +0.00225x 3 | = 0.0185 m

(c) 60 cc of 0.015 (m) BaCl; solution is mixed with 40 cc of 0.0125 (m) KCI solution.
Calculate the ionic strength of the solution. Consider ideal mixing of the solution.
Solution: i = 0.032(m) [Burdwan Univ. 1990]
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(d) Assuming compl ete dissociation, calculate the ionic strength of a solution formed by mixing
equal volumes of 0.01 m K>SO, and 0.02 m BaCl, solutions. [Burdwan Univ. 1993]
Answer: i = 0.025(m)

(e) Calculate theionic strength of M molal solution of LaCls. [Burdwan Univ. 2014]

(f) What isionic strength? Calculate the ionic strength of a solution obtained by mixing equal
volumes of 0.01 (N) NaCl and 0.02 (N) NasPO4 [West Bengal Civil Service Exam. 2003]
Solution: i = 0.025 (M)

(9) What molality (m) of CuSO4 solution has the same ionic strength as 1 m KCI solution
Solution: 0.25m. [NET-CSIR, UGC. 2000]
(h) Calculate theionic strength of a solution obtained by mixing agueous solutions of 50 ml of
0.02(M) AICls, 25 ml of 0.04(M) K2SOs and 50 ml of 0.02(M) ureaat 25 °C. [Ans. 0.072(M)]
[Calcutta Univ. 2013]

Debye Huckel Theory and limiting law

Introduction
P. Debye and E. Huckel (1923) first formulated an expression to calculate the activity

coefficient (. ) of an electrolyte in a solution of ionic strength (i). This formulation is based on ionic

atmosphere model they have proposed earlier. Thisis called Debye-Huckel theory and it consists of the
following postulates:
Coulombic for ce between two ionsin solution
(1) Thetheory assumes strong dectrolyte (o = 1) and it isin dilute solution. It thus considers that
the non-ideality of the solution is only due to long-range Coulombic force. The short-range van
der Waals forceis not effective in this dilute solution as theinterionic distanceis large.
The Coulombic force between theions in solution is given as:

2
A 4Z€ '
Dr?
The eectrolytes of higher valenceions, low dielectric constant (D) and high concentrated
solution favours the solution for being non-ideal as these factors can produce high Coulombic
force among the ions in solution.
Comparison of non-ideality in different solutions
Thus, NaCl in alcohol solution is more non-ideal then in water solution of same conc. as

D.cona <D [Burdwan Univ. 2002]

terms have their usual meaning.

water  *
Again, CaCl, in agueous solution is more non-ideal than NaCl in agueous solution of same
conc. as Zoo = L -

However when the solution is infinitely diluted, Coulombic forceis negligibly
small asinterionic distanceis very large and the solution behaves ideal.
Effectsresponsible for formation of ion atmospherein solution
(2)The arrangement of ionsin el ectrolyte solution depends on two opposing effects.
The one effect is Coulombic potential which is trying to keep theionsin ordered state as we
have seeninionic crystal. However, the Coulombic forceis D timeslessin solution thanin air.
The other effect is dueto thermal energy which tries to keep the ionsin random
arrangement. A comprise of these two effects result in the formation of ion atmosphere surrounding a
particular ion. Thus each ion (referenceion) is surrounded by spherically symmetrical ion
atmosphere that contains both cations and anions but the oppositeions to that of referenceion
dominate in theion atmosphere. The net charge of theion atm. is equal in magnitude but oppositein sign
to that of thereferenceion (wecall it central ion and it is taken positiveion). If the central ion has

(+Z;e)then theion atmosphere has the charge (-z;e).
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(3) lon atmosphere actually screens the central ion and thus the activeness of the central ionis
diminished from that when it is not screened by ion atmosphere.
The chemical potential of the central ion is also decreased due to formation of ion atmosphere.

4;(non—ideal) = 4§ + RT Ina, = (4 + RT Inm; )+ RT Iny,

but, u; (ideal )= 1} + RTInm,
, 41, (non—ideal) =y, (ideal )+ RT Iny, .
Sincein dilute solution, 7 <1 0 u;(non—ideal) < 4 (ideal) .

Similarly, potential dueto central ion at a distance r from the central ion is less than that it
would bewhen it is not shielded by the in atmosphere.

v (shielded) < y (unshielded)

FORMULATION OF POTENTIAL DUE TO SHIELDED CENTRAL ION AT A DISTANCE, I

Formulation of charge density ( o ) of theion atmosphere

The charge density of the ion atmosphere (charge per unit volume) of theion atmosphere at a

distancer from the central ion of charge, (+2;€) isgivenas.
p=Xzexne ¥

N, = number of ions per unit volume at a distance where central ion has no influence (at infiniter )

zey =amount of work required to bring oneion of charge, zefrom infinity to the point P where

v isthe potential.

So, ne **’*" = number of ith kind ions per unit volume (cc)
at the point P, where each ion has excess energy
Zey . Xistakentoincludeall the ions present
per cc at the point P. (Boltzmann distribution law)

Expression of chargedensity (o)

Expanding the expression of p and neglecting higher powers of
small term, zey /KT , we have

: _ e
p=2nae(1—‘e”kT] S Znae—(ﬁmzjw’
where y isthe potential at the point P due to the central ion when it is shielded by the ion atmosphere. But
2nze = 0asat theinfinite distance the solution is electrically neutral.

2
The charge density at point P, p= _(E_TZ n 42}/, .
Poisson’s equation

For finding expression of p and y , werequire another relation and that is the Poisson’s equation

and the Poisson’s equation is V2 = —%p , where V? (Laplacian operator) = %i(ﬁij astheion
redr dr

atmosphereis spherically symmetrical and so independent of azimuthal angle (¢ ) and zenith angle (9).
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Expression of K

1d dy A€’ 1d({ ,dy)_ o
We have — 2|2 2 or, — 2222 | = ko,
r? dr(r drj (DszrM jw rzdr[r dr v
4re? . , N.d , 2N.d.
where, 2 = ¥nz?,a0an Inz =—A-Yymz°=—"=22"j,

where, m is molality of i thkindion and d is density of the solvent.

87e’dN _ L . 1
Or, =| . |[===—2A |\/i , wherei = ionic strength of the solution= =¥ mz? .
" (\/ 10°DKT J\[ 2 =M4

Evaluation of A and potential of central ion alone, ¥/ o

Solving the equation, izdi[rzz—‘//j = K’y , we get the expression of potential, 7 = Ae™™" .
redr r

At infinite dilution, ion atmosphereis not formed and x = 0. The potential, ¥ = A

Thisisthe potential dueto central ion alone when it is not shielded

by ion atmosphere. Thisis, ¥ = %°,50 A= %, , ze

Dr Dr =
Plot of potential vs. r for shielded and unshielded ion Wtmes

Inserting A, we have potential dueto central ion surrounded by
ze
ion atmosphere at adistancer, = D; e
r
Since, e <1, O, ¥ < Ve
i.e the potential at adistance, r dueto central ion is less when shielded by the ion atmosphere.
v and v ., Canbeplotted against r, and we have the following plots.

v isdecreased morerapidly than v ., asr increases

T ) since, %€ and €™ both terms decrease as r increasss.
y [eanabaicl dod ) Dr

.E v [atmatded) As r=0,y > wandr — o, y —0

B \'\\M Again, as, =0, Wegpa — ©
r—=3 and r— o, Woua — 0.

Question: What isthe unit of « inthe equation, 7 = Ae ", r being the distance. (Ans. length™)

[ Burdwan Univ. 2001]

Potential dueto ion atmosphere (¥,,, 1)

ze
Expanding the expression of potential, y = ——e ™" taking kT <<1,

Dr
ze ze zex
we get, =7 (1—r or, B D ik
V= (=x7) “or b
Potential, i consists of two parts—onefor central ion and other for ion atmosphere
It could be written as _4%_ %% = Wewa T Wienam-

"o o(F]

First termis the potential dueto central ion alone at a distance, r from the central ion and it is

ze . , . o
Y ooral = ﬁ . Second term is the potential dueto ion atmosphereand it is ¥/, um = _%

The expression of ., showsthat x hasthedimensionof L™ and its unit is cm™® or m™.
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Concept of potential and thickness of ion atmosphere

Again, the above relation does not contain r and ion atmosphere has charge (—zj e) ,itis
assumed that it is the potential due to the ion atmosphere at the central ion (assumed to be point charge) and
when the whole charge of the ion atmosphere (—zj e) is assumed to be concentrated at a point, ( % ) distance

away from the central ion. Thus ( % ) is assumed to be the thickness of ion atmosphere

(it is sometimes called Debye length, 1, ).
Expression of potential due to ion atmosphere from mathematical view point:

We have, V = Vewa T Vionam

— — Ze e = ze
ThUS, Vionam = ¥ — Veara = ——e* — i - #li}(e*”)—}:l
Dr Dr D|r r

zZe zZe

Di|r 2 r D |\r 2 r
_ Zje( 1, j
= —||—K+=KT———|].

D 2

. ze
Thevalueof v, . a thecentral ion (r = 0), ¥,onam = JFK_KJF%K% ___ﬂ
r=0
o,  Wignam = _%. Thus, the expression of .., can be formulated mathematically.

Question: According to Debye Huckel model, eectrical potential at a distance r from the central

positiveionisgivenby ,, _%®_%% . Show that x hasthe dimensionof L™.
Dr D

Interpret the two terms in the right side of the equation. Plot w vs. r for two values of
(say k=0and x =1) Burdwan Univ. 2001

Expression of charge density and other facets of ion atmosphere

ze
We have already formulated the charge density as, p= _[%2 042]'// and potential, y = ﬁe’“ .

Replacing i inthe expression of p , we get

Expression of p 5 2
€ ze ze( 4n€ ; Are
. - =3 2 | SIS ) 2 | oAt ’but Tt 5 2 | — 2,
asa_functlonof P (kT nz )Dre 47zr(DkT nz Je [DkT nz J K
distancer ) . . . L
The expression of charge density of theion atmosphere at a point r from the central ionis
ze
—_ Kze—Kr
r» Ar
A plot of magnitude of p vs. risgivenas,
Both the factors containing r decreases 1\
Theplotof p  withincreaseof r and dueto the
VS, I exponential term, o decreases very @
rapidly with increase of r .

When, r — 0, p—>wandr - o, p —0. .
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Calculation of total charge of theion atmosphere:

Let us consider a spherical shell within the ion atmosphere &

of radius r from the central ion of thickness dr.
The volume of the spherical shell, dv = 4zr?dr .
Charge contained within the shell, dg= pdv.

ze
or, do=| ———«x’€™" |x4zr’dr =(-ze)x’re*dr .
Arr .

ion atraosphe re

So the total charge of the ion atmosphere,

= J'(—zje)rczre"“dr -z, e Izc re*dr =
0

ed(xr)=(-ze).

qi on atm

O'—:S

[Since [t €'dt =1, here, t = T ].
0

This shows that total charge of theion atmosphereis (— z, e) which is equal but opposite in sign to the charge

of the central ion,(+zje).
Expr ession of thickness of the ion atmospher e:

The fraction of total charge of the ion atmosphere that is contained within the spherical shell
2 ~—KT
—z.e)xkre dr
- _da =( ©) = k’re*'dr = F(r)dr
Gion atm (_Zje)

KT

where, F (r) =x’re™ andit is called charge distribution function of theion atmosphere.

It may be defined as the fraction of the total charge of the ion atmosphere contained within the spherical shell
of radius, r with unit thickness.

When F(r) is plotted against r, the curve starts from origin and increases, attains maximum and then
decreases to asymptatic value with increase of r.
Thisis dueto the fact that the F (r) consists of two terms — one is non-exponential term (r) and

other is exponential term( e"' ) This type of distribution is called Gaussian distribution.

Atr =0, F (r) =0and now asr increases, the non-exponential

term increases but exponential term decreases. At low value of r,

the non-exponential term dominates over the exponential T
term and so value of F (r) increases. But at high values of

r, the exponential term dominates and F (r) decreases. Flr)
Whenr — oo, F (r) — 0.

F (r) attains maximum values at a certain radius, r_, of the

spherical shell in which the maximum fraction of charge of the " e F—=
ion atmosphereis present.

The expression of r_, can be obtained from the condition of maxima and minima, dFd_(r) =0.
r

Thus differentiating F (r) with respect to r and equating to zero, we have
dF (r)

dr
(i) when x =0, there isnoion atmosphere, (ii) when e " =0, r=o0,anditisminimum point

= i? (e*” —rxe’ ™ ) =0 or, Kee ™" (1— rK) =0
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and (iii) 1-rx =0, it denotes maximum point of thecurve, so 1, = %{

This shows that the spherical shell of radius, ( %{ ) with unit thickness contains maximum fraction of total
charge of theion atmosphere. Thus ( %{ ) is called the thickness of theion atmosphere or called Debye length
(rp):

; 87€’dN - i :
Putting the value of - 103—[)|<TA Ji inthe expression, we get the thickness or Debye length,

Expression of thickness of ion atmosphere

= ( }/ ) = M Ji , putting the value of universal constants, ¢ :1'987X10_10VDT cm
k)~ \8refdN, ° i

3.03 A

i

For agueous solution at 25°C, D =78.6and T = 298K, r, =
Thefactorsthat controlsthe size of theion atmosphere

Thus the thickness of the ion atmosphereis of angstrom range and it depends on dielectric

constant (D), temperature (T) and the ionic strength (i) of the solution. Greater the value of D

and T, more diffuse is the ion atmosphere and thickness is large, while higher the ionic strength of the solution,
more compact is theion atmosphere and thickness is small.

However, it is to be noted that the thickness of ion atmosphere does not depend on the charge of the central ion
and every ion is surrounded by ion atmosphere of same size in a given ionic solution.

Comparison of size of ion atmospher e of different valence type eectrolytes

Comparison of thickness of ion atmosphere in different valence type electrolytes of 0.01 molal
agueous solution at 25 °C are given below:

DO Qe s

i=3im i=dm i=ém i= Iim
N Cl ] Iz 50, AL LIPD, MIESOJ,EE
; ! = = r,=TE&
r, =3034 ro =173k r,o=1515h  r o =1237A 7 =I101E 7%

Question: The thickness of ion atmosphere Debye Huckel theory may be written as
b=a A"B"CP , where ¢ is someconstant and A= %2 .

(D = dielectric constant; e = dectronic charge), B = kT and C has the dimension of L=,
(i) Expressthedimension of AandBintermsof M, L, T.
(Ans. A=M?'L3T? B=ML?T?
(i) Put them in the given expression for b to find how m, n and p are rated.
(Ans.2n—-3m+3p=1)
(iii) Find mif the condition m= n= p holds. (Ans. m=1%2)
(iv) Identify the quantity C. (Ans. Cisreciprocal of ionic strength).
[Burdwan Univ. 1997, m = 1x2 +3 +1+2 = §]
Question: Calculate the thickness of ion atmosphere for a0.01 (M) MgCl. solution at 298 K,
given that the thickness of the ion atmosphere of 0.1 (M) NaCl solutionis 0.96 nm at
298 K. (Ans. thickness of ion atmospherein MgCl; is 1.75 nm) Burdwan Univ. 2000]
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Question: Discuss the effect of temperature and dielectric constant of the medium on the thickness
of theion-atmosphere. [Burdwan Univ.2013]
Solution: Seethetext as above.
Formulation of Debye Huckel limiting law

We have, chemical potential of the j th kind ions (they are taken as the reference ions around which ion
atmaosphere is formed)

; (non-ideal) = 1° +RT Inag,
but &, =m,y,, putting, x, (non-ideal) = (yj°+RTInmj)+ RTIny, = y, (ideal )+ RTIny,.
Thus, u; (non-ideal) - x; (ideal) = RTIny,
or, Au; =RTIny,
Calculation of (A,uj ) from Debye Huckel model

This decrease of chemical potential of the reference ions is due to electrical
interaction in non-ideal solution. And this additional chemical potential (A ) originates from excess

energy acquired by j thiion for its surrounding ion atmosphere.
This (ij ) can be calculated from the work required to bring one mole j th kind ions from

the ideal solution (wherethere is no ion atmosphere) to the non-ideal solution (where there exists ion
atmosphere surrounding the ion).

Thisis equivalent to the difference of work required to charge one mole of the central ioninideal
solution (x = 0) and in non-ideal solution (x # 0) .

ze 2.2

zZ€e
I i dq __J
, Da 2Da
In the reversible process of charging an ion, small amount of charge, dq is added to the neutral ion
on the surface (where distance from the central ionis, a= radius of theion).
Work required in charging the sameion in non-ideal solution in presence of ion atmaosphere

ze ze 2.2 2.2
f (9 o« z'e 7€k
W g = | wdg= | == == |dg=2—- .
non-—ideal J(; l// q J; [ Da D j q ZDa 2D

Work required in charging the central ioninideal solution, w,, = I wdg=
0

The additional work required to charge the central ionis equal to the additional free energy
7€’k
2D

For one mole (Na number) of j th ions, the additional chemical potential, Az; = N, x Aw.

acquired by the central ion dueto ion atmosphereand it is, AW=W,_ i — Wgea = —

z°e’N
Therefore, we have Ap; = _JZ—DAK but, Au;=RTIny;.
2%’ N,k

2D

: : 8re?dN, | 2N, [ [8z€’dN, | ;
Inserting the expression of - =| , [===—"A |/i, wege Iny =—— A
" (\} ot |V " =9ort | 150k |V

2 2
Or, Iny, =—zj2[ €N, |[8re dNAJ\/i_ or, Iny, =—ZjZB\/i_Where, Bz[ &N, SHGZdNAJ.

2DRT \ 10°DKT 2DRT \| 10°DKT

Equating two expressions of Az, , we have, RTIny, =-

0f,|097,~=‘212(%.303)\/i_ or, logy, ==z"AVi where, A=B/ .
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Thus Debye-Huckel limiting law is given as, Iogyxj :—szA\/i_ where, Ao 1 —
(pT)”
A is called Debye-Huckel constant and A = 0.509 ~ 0.51 for aqueous solution at 25 °C.
Problem (1): In abook, the following expression for the Debye Huckel limiting law has been written:
Iny, =2 °B\/i , thealgebraic sign (*) being blurred by bad printing.
Put the appraopriate sign giving reasons. [Burdwan Univ. 1994

Answer: (-)vesign. Asi increases, the y; of the solution decreases, hence the negative sign.

Problem (2): Explain qualitatively the effect of dielectric constant on the value of 1og Vi

[Burdwan Univ. 2005]

Answer: D.H. constant, oo 1, hence explain the effect.
(DT)?
Problem (1): Thevalue of Debye Huckel constant, A= 0.51 at 25 °C. Calculate its value at 30 °C.
Solution: The value of A at 303 K =0.507.

Problem (2): If the Debye Huckel limiting law iswrittenintheform, f, = exp.(—szZ\/i_), find B,
giving the Debye Huckel constant, A = 0.51. [Ans. B = 1.174]

Problem: Calculatey, , y_ and y, for 0.001 m NaCl solution in water at 25 °C using Debye Huckel
limiting law. [Given, A = 0.509] [Burdwan Univ. 2007]
Question: Assuming free energy change of one mole of it h kind ions for interionic interaction
(,8)°N,
2D

in electrolytic solution, AG =

, 1
K‘;ﬁ_ )m ;2}2 . Arrive at the Debye Huckel limiting law.

[ Burdwan Univ. 2007]
Question: According to Debye Huckel model, the electrical potential at a distance r from the
central positive ion of charge ze is given by
ze zex

!// =
Dr D
Interpret the terms. Find the work done for transferring the charged ion from the solution in infinite
dilution to that in a given concentration. Find the dimension of . [Burdwan Univ. 2008, 2015]

Expression of mean ionic activity coefficient (, ) of an electrolytein solution
For an electrolyte, dissociating completely as, B A, — xB™ + yA™,
where z, and z arethe numerical value of valence of cation and anion respectively.

X+y __

The mean ionic activity coefficient, 7, =»,*y_* or, (x+y)logy, = xlogy, + ylogy._.
Using Debye Huckd law for activity coefficient of cation and anion,
(x+y)logy, = x(—Az+2\/i_)+ y(—Azf«/i_) = —A[XAZ + ny]\/i_
= ~A(xz,z, +yz z )\i

But the electro neutrality condition of the electrolytic solutionis Xz, = yz.
Using the above condition, weget  (x+Yy)logy, = -Az,z (x+ y)i

or, logy, :—Az+z_\/i_ or precisely itis logy, = - A z+|z_|\/i_ , Where Aoc%

(DT)?
Thisis Debye-Hucke limiting law.
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Significance of the term ‘limiting’ in the Debye Huckel law

The term ‘limiting’ is used as the law is valid at very low conc. of the electrolyte solution, i <0.01.
lonic solution of moderate molalities may have activity coefficients that differ from the values given by the
above expression. Thelaw isfound to give good result when i = 0.01 and less hencefor (2, 2) dectrolyteit
corresponds to molality 0.0025.

Question: Starting from therelation: log f; = AZJ-Z'\/i_, arriveat aformulafor log f, .

Draw log f, vs. Ji for a(1:1) dectrolyte stating clearly the value of the slope.
How does the slope vary with temperature? [Burdwan Univ. 2005]

Question: Show schematically the plot of log f, versus p . [Burdwan Univ. 2006]
Question: Arriveat the expression of mean ionic activity (a, ) interms of activities of the

individual ions of an electrolyte. Assuminglog;/j I—BZ]-Z\/i_, find the expression
of logy, inasolution having ionic strength, i. [ Burdwan Univ. 2010]

Question: Obtain expressions for the mean activity co-efficient of a (I uni-uni valent), (ii) uni- trivalent
and (iii) bi-bi valent type of salts assuming ionic strength of the solution asi .
[Burdwan Univ. 2010]
Question: Arrive at the expression of mean ionic activity (@, ) interms of activities of the individual

ions of an dectrolyte. Assume logy, =—-B, 42\/; , find the expression of l0gy, ina solution
having ionic strength . [Burdwan Univ. 2013]
Question: Compare the values of mean activity co-efficient for uni-bivalent and bi- bivalent type of
dectrolytes having the same ionic strength in agueous solution at the same temperature.
[Burdwan Univ. 2014]

Answer: Iog_y/i =2, where ;/i' and y, arethe meanionic activity coefficient of bi-bivalent and

logy,
uni-bivalent type of eectrolytes respectively.

Extended Debye Huckel law for moder ately concentrated solution

For relatively concentrated solution 0.1>1 > 0.01, Debye and Huckel equation is modified by considering
that central ionis no longer point-charge and dielectric constant (D) will also vary from one point to another
point within the medium. The potential dueto ion atmosphereis modified as:

ze where, a = radius of the central ion and %{ = thickness of theion atm.

In concentrated ionic solution, %{ is comparable to ‘a’ and S0 it can not be neglected.

The above potential can be written as, Wi = I .
1onam D(1+ aK')
Inserting the expression of x and simplifying we get, logy, = _M :
: 1+aA i

(i) For dilute solution, i is very small so the 2" termin the denominator can be neglected in
comparison to 1 and we have Debye Huckel limiting law, logy, =-A z |z | \/I_ :
(ii) For moderate concentrated ionic solution, 0.1>i >0.01, the equationis
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logy, =-A z,]| z_|\/i_(1+ aAl\/i_)fl =-Az,| z_|\/i_+(aAlA z,|z))i

or, —logy, =Az,|zNi—Ci , where C=(aAAz]|z]).
Theplot of —logy, vs. i isgivenas:
Ati=0, —logy, =0.For low valueof i , first term dominates and
—logy, increaseswithincreaseof i butas i isfurther increased, T
second term dominatesand —log y, is decreased after attaining “logyy
maximum value,
N - i—

Question: Giventhat log f, :—A\/|_+ Bi , discuss the nature of

log f, vs. Ji plot. (A and B are positive) [Bur dwan Univ. 2004]
Question: An extended form of Debye Huckel limit law equation

o AN
for 1:1 dectrolyteisgivenby log f, = —L_ , Where A and B are constants.
© 1+BVi
Suggest a suitable linear plot to find A and B. [Burdwan Univ. 2006]
. 1 11 B 1 1 . . W

Answer: Hints; = d —— vs. —= plot givesa straight line.

=———+—an
logy, ANi A logy, Wi

Verification of the law

Thelaw can be tested by using different type of saltsin
solutions of different ionic strength.

Solid lines { —) are
theoretical curves

Cobalt amine complex salts of the following type
aretaken for the test.
Variousvalence-type  I. (1, 1) type salt: [Co(NHs)4 CIZJCI ,
cobalt amine complex
saltsaretakenfor |- (2 1) typesalt: [CO(NHS)5 CI]CI2 and
verification 1. (3, 1) type salt: [Co(NHa)GJCI3. ~logr,
Now —logy, of the above salts are plotted against \/I_

from experimental data. The curves verify the
Debye Huckel limiting law when the solution is very
dilute within limit, i <0.01

J—
Slopes of 1011 :I1I=1:2:3

Problem: The experimental value of mean activity coefficient (. ) of 0.005 mKCl at 25°C

is 0.927. What is the % of error inthe value of y, predicted by the Debye Huckel

limiting law? [CSIR-UGC-NET, 2000]
Solution:  The Debye Huckel limiting lawis logy, =—A z,|z | i or, 7. =10 "=1=M

Putting the value, 7, (predicted value) =10°5%/0% _ 0 9203,

% of error inthevalueof y, = mg_Tgfzm’xloozon.
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Solubility of sparingly soluble salt and ionic strength of medium

Let us take a sparingly soluble salt, B, A remaining in equilibrium in agueous solution as:

BA(GSU BA(agl xB™ +yA™.

The equilibrium of the species in different phases is represented in terms of chemical potential as
M9 = M @) = XHgn T YH e

Thus, 14 s = X Y When expressed in terms of activities, we have

0
By ()

+RTIna,, =X(42+RTIna, )+y(4°+RTIna ), but a, ., =1,

(s)

U

0
By ()

=xyf+yy?+RTln(afxaf) or, RTIn(aj><a}’)=—[(x,uf+y,uf)—yo }z—A,u

By (5)

U

—Au
o, a'xa’ = Var =Ky or, Ky = a'xa’, where K issolubility product of the salt which is constant

for the salt at a given temperatureand a, and a_arethe activities of the cation and anion of the electrolytein

the saturated solution.

Replacing activities by molar conc., weget Ky, =(c, f, )X x(c f_)y — (c+" x c_y)x( fx f_y) .

Let s isthesolubility of the electrolytein mole/ litre, thenc, =xs, ¢ =ys,and f*f ¥ = .

So, Kg =(Xy”)s* 1,7 1)

Thisis relation between the solubility ('s) and solubility product ( K, ) of the sparingly soluble salt.
For AgCl, K, =s°f.%, for CaFp, K, =4s°f,° and for Cag(PO.),, K, = (22 X 33) s°f.° ec.

The equation (1) can be written as: ( }fSpy jxw =, 2
Xy B
= constant for a given electrolyte at a given temperature.
Taking log of both sides and rearranging, logs= . | log Ko )_ log f, ©)
X+Yy xX*yY B
Using Debye Huckel limiting law, —log f, =A z,|z. |\/i_ in the above expression, we get
K
logs= 1 log| —2 |+A z,|z Wi ()
Xty (XY’ T
- . . . . slope =&z, |z
Solubility ('S) of the eectrolyte is determined experimentally in 1ogs T _
solutions of different ionic strength. Theionic strength (i) can be |-~ extrapolated irtercept
varied by adding different amount of inert ions in the solution. _ [ K, ]
When log s is plotted against Ji, astraight line is obtained. xrp o Lxy
The extrapolated intercept givesthe value of K. S

Further knowing the value of K of the electrolyte, we can also determine f, from the measurement of
solubility ( S) using equation (3).

Lastly, the slope provides the value of Debye Huckel constant, A. Thus Debye Huckel law is verified if ‘A’
comes to the value of 0.51 for aqueous solution at 25 °C.
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Let us explain the matter with an example of sparingly soluble salt, MgCOs in agueous solution.

The salt dissociates as MgCOs(s) [  MgCOs(aq) — Mg*™? + CO5?
The solubility product of thesalt, K, =a, xa_ =c, f, xc f_=(c, xc ) f,? =s*f.?

or, s, =, / Ky = constant for the electrolyte at a given temperature.
. . 1

Taking log of both sides, Iogs:ilogKSp—log f,.

Using the Debye Huckel limiting law, —log f, =A z |z | /i =4AVi.

we have, Iogs:%logKSp+4A\/i_ T

—

A plot of logs vs. \/|_ gives astraight line with intercept equals  1ngs ,/sjopezm

to E |Og Ksp and Slope equaJs to 4A. exfrapolated irtercept
2 - log 7,

Solubility product of the salt, Kg, and Debye Huckel constant, ‘A’

can be obtained. J—

Mean ionic activity coefficient of the salt in solution can also

. : . . . JK
be obtained by measuring the solubility of the salt (s) using the equation, f, =V s

Solubility (s) of the MgCOs is determined by titration with standard EDTA solution using ErioChrome Black

T (EBT) indicator.

Theionic strength (i) of the solutions is varied by adding some inert salt solution like KCI solution.

To summarize results of the discussion, we can mention the following points:
(1) The thermodynamic solubility product of ( K,) of a sparingly soluble salt can be

experimentally determined.
(2) Linear plot of logs vs. \/I_ verifies the Debye Huckel limiting law.

The value Debye Huckel constant, A determined from the dlope of the plot and it is same with

that
obtained from cal culation of the law.

(3) The mean ionic activity coefficient ( f, ) can be obtained by measuring the solubility ( S) of the

sparingly soluble salt in solution.

Problem: Solubility of MgCO:s at a particular temperature is 10° mol litre. Calculateits solubility

in 0.1 (M) KNOs solution. [Burdwan Univ.1994]

Solution: For agiven electrolyte at a particular temperature, S f, = constant.

If ‘0’ superscript is added to the term for aqueous solution, then S° f.° =sf,

s’ f.°

or, s , But fi° = 1, since the agueous solution of the salt is very dilute

+

and f, =107"%12N1 =10 0552201 = 296 asionic strength is contributed mainly

from 0.1 (M) KNOQOs in the solution and MgCOs is only dlightly soluble in water.
s f° 10°x1
f, 0.226

Putting the values, s= = 4.425x10 3 mol litre™.
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Problem: Show that the solubility s of (1:1) salt in water is given approximately by
(Ksp )}/2 exp.[l.l?Z(s)}/z} , where K, = solubility product. [Burdwan Univ.1996]

ﬂ/K
Solution: For (1:1) salt, K, =sf?, or s= fs" . Bu, f, _ g 05123035

+

—051x2.303/s _ e71.172x/§

o, f,=e , since, i = s. Thus putting the expression of f_,

JK
wehave s=—~—>— or, s=,[K "™ Thus, (Ksp)%exp.[l.ﬂz(s)%]
oL

Problem: Solubility of AgCl in pure water is 10° mol / lit. Calculate the solubility on 0.01 (M)
KNO;s solution. [Given, D.H. Constant, A = 0.51] [Burdwan Univ.1999]

Solution: Solubility of AgCl inthe0.01 (M) KNOs solutionis 1.12 x 10 mol / lit.

Problem: An (1:1) weak electrolyteis 10 % dissociated in a 0.01 (M) solution at 298 K.
Calculate the thermodynamic dissociation constant.
[D.H. Constant = 0.51 at 298 K] [Burdwan Univ.2001]

2

Solution: The thermodynamic dissociation constant, K, = 1a Cf2. But f, =10"%12M
—a <

and i :E(qu +cz%)= E(acxl2 +acx1’) = ac=0.1x0.01
2 2

Putting the values, f, =107%%""0>00% = _ (9635,
2
Thus the dissociation constant, K_ =% f,2 =

(0.1)°x0.01

1-a ~ 1-0.

(0.9635)" =1.03x10™ .

Problem: Theresistance of a 0.05 (M) solution of a weak monobasic acid in a cell
(cel constant = 1 cm™®) is 500 ohm at 298 K. Calculate the thermodynamic dissociation

constant of theacid. [Given, A=0.51and 4, =400 ohm™ cm? gmequiv']  [Burdwan Univ.2004]
cel constant 1
resistance 500
10°x  10%x0.002
c 005
A _ﬂ_

The degree of dissociation of the weak acid, o =2~ 200 0.1.

Activity coefficient, f, = 107 A%12NT _ 1905103005 _ o go
True or thermodynamic dissociation constant of the monaobasic weak acid ( Ka) ,

2 2
K, -2C 2 (01 *0.09% 0,92y = 4.70x10* at 25°C.
l-a* 1-01

=0.002 ohm™cm™.

Solution: Sp. conductance, x =

Equivalent conductance, A = = 40 ohm ‘en (gmequiv.) .
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Problem: Solubility of AgCl in water is 107> M. Calculate its solubility in 0.1 M KNOs.
[Burdwan Univ.2005]

Solution: Solubility product of AgCl is Kg, = §*f,,” = S*f,?, where S, = solubility in water
=10°M, f,,=mean activity co-efficient of AgCl in water = 1 asthe solution very dilute, Sand f, are
solubility and mean activity co-efficient of AgCl in 0.1 M KNOs solution respectively.

-5
Thus, §f, =S¥, or, S= % f, =10°0% — 069 Putting the values, s = éOGQ

+

Thus the solubility of AgCl in 0.1 M KNO3is 1.45x107° M.

Problem: The solubility product of BaSO, is 9.2x10™ mol? dm®. Calculate the mean activity coefficient of
Ba®* and SO4* ions in a solution that is 0.05M in KNO; and 0.05M KClI, assuming the Debye-Huckel limiting
law to apply. What is the solubility of BaSO4 in that solution and in pure water? [Burdwan Univ.2013]

=1.45x10°M

Solution: Hints; Theionic strength of the solution (i ) = 0.10. Mean activity coefficient of Ba?* and SO,* ions
in a solution is 0.2264. Solubility of BaSO, in the above solution is 4.2366x10™ mol/dm®. The Solubility of
BaSO; in pure water is 9.59x107° mol/dm®,
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