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ELECTROCHEMISTRY.  PART I : IONIC EQUILIBRIUM 
 
 Introduction: 
                       Electrolytes are chemical substances which in fused state or in aqueous solution can conduct  
    electricity. This is due to 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  
    electricity through its aqueous solution. This is why ions are called current carriers.   
    Water is unique solvent and we use always it as solvent if otherwise is not mentioned.  
                   The electrolytes, which are completely dissociated in aqueous solutions, are called strong electrolytes.  
    The degree of dissociation i.e. fraction of molecules dissociated ( ) is one for strong electrolytes.  
                        Those electrolytes (generally organic acids and bases) which are partially dissociated (  < 1) in 
    aqueous 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), 𝛼 < 1 
    This is called ionic equilibrium. This ionic equilibrium has the criteria similar to the chemical equilibrium.  
    Laws of chemical equilibrium are equally applicable to the ionic 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 c(M) conc. of HA is taken initially and   is the degree of dissociation at this conc. When equilibrium is  

    attained, the conc. of the species at that state are: [HA] =  1c  , [ ]H c   and[ ]A c  .  

    When the mass action law is applied to this ionic equilibrium, the expressions of equilibrium constant, called    
    dissociation constant of the acid ( aK ) is: 

                     H A
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   , where a ’s are the equilibrium activities of the species in solution. 

   Converting into conc. terms, we have,
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   coefficients and [] are molar conc. terms. HAf  = 1 since HA are neutral molecules and behave ideal in solution. 

   Therefore, 2[ ] [ ]
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  ,  where f  is the mean ionic activity coefficient and 2
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   Since the acid is very weak and is dissociated to a small extent, the interionic Coulombic attraction of the ions   
   is negligible and the whole solution is assumed to behave ideal and f  = 1. 

   Therefore, the expression of dissociation constant of the weak acid in ideal solution is 
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Determination of degree of dissociation (α): 
   This expression is useful to calculate aK   of the weak electrolyte since the degree of dissociation ( ) can be  

   experimentally determined mainly by conductance measurements, 0c   , where  c  and 0  are the   

   equivalent conductance of the solution at the conc. c(M)  and at infinite dilution respectively. However,   can  
   also be determined from the colligative properties of the solution using van’t Hoff ‘i’ factor, 1 ( 1)i n    ,  
   where n  is the number of ions produced from the dissociation of one molecule of the electrolyte and  

                                                
observed colligative property

i
calculated colligative property

   and thus 
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The dilution law: 
                  aK  is constant of the weak acid at a given temperature. Thus at a given temperature, if conc. (c) of 

    the solution is decreased,  2 1   is to be increased to keep aK  constant. This means that if the solution of  

    a weak electrolyte is diluted at a given temperature, the degree of dissociation ( ) is enhanced.  
    This is called   Oswald’s dilution law. 
Approximate expression of the law: 
                     Again, the equation can be written as:  2 1ac K   . This implies that when the solution is    

   infinitely diluted, 0c , the degree of dissociation, 1  . This suggests that weak electrolyte is completely   
   dissociated when the solution is infinitely diluted. 
   In moderately concentrated solution the degree of dissociation, 1  as the electrolyte is feebly dissociated. 

   Thus the above equation reduces to   2
aK c  or, aK

c   ,   is increased with lowering of c . 

Conc. of hydrogen ion, [ ]H   in solution: 

                    From the expression, we have  [ ] a
a

K
H c c K c

c
       . This shows that though   is 

    increased but [ ]H   is decreased with the dilution of the solution. This suggests that decrease of conc. c  is more  
    dominating than the increase of   with dilution of the solution. 
Temperature-dependence of  : 
                       Since aK  is equilibrium constant hence it varies with temperature according to the van’t Hoff   

    isochore. The dissociation process is endothermic always so with rise of temperature, dissK  value is increased and  

    thereby  is also increased accordingly. The van’t Hoff equation at two temperatures is given as:     

    2 2 1

1 2 1
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 
  

 
, where 2K  and 1K  are the dissociation constants at temperatures, 2T  and 1T    

   respectively and H  is the enthalpy of dissociation of the weak electrolyte in solution. 
 
Problem: A decinormal solution of acetic acid is ionized 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: 1st part: 
 

2

1a
cK 





, Ka is dissociation constant of acetic acid. Given,   = 0.013 and  

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

                            Putting the values, we get 
2

5(0.013) 0.1
1.78 10

1 0.013aK 
  


. 

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

Problem: A weak acid, HA has aK  of 51.00 10 . If 0.100 mole of this acid is dissolved in one liter of water, the 

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

Answer:  
5

21.00 10
1.0 10 1.0 %

0.100
aK

c





       . So the option (B) is correct. 

pKw  of aqueous solution: 
    Water is poor conductor of electricity and it is feebly dissociated into H   and OH   as 𝐻2𝑂 ⇌ 𝐻+ + 𝑂𝐻−  .                                                           
     Since most ionic equilibria are studied in aqueous solutions, so H+ ion plays an important role in controlling 
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     the factor of the equilibria. The equilibrium constant, called dissociation constant of water, 
2

H OH
d

H O

a a
K

a

 
 .        

    Assuming the system as ideal due to negligible interionic interaction, we can write 
2

[ ][ ]
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 

 .  

    [H2O]   remains practically constant and so, 2[ ][ ] [ ]dH OH K H O     = wK , called ionic product of water.     

    1 1
2[ ] 1000 18 55.5 ( )H O gm lit gm mol M    and 141.0 10wK    at 25 oC. dK  has thus the value of 

    
14

161.0 10
1.8 10

1000 18dK



   . It is constant at a given temperature.  Thus, the ionic product of water,  

                                                                 [ ][ ]wK H OH  . 

    In pure water, [ ]H   = [ ]OH    and so, 14 7[ ] [ ] 1.0 10 10wH OH K        (M)  

    Therefore, at 25 oC, in pure water, pH = – log [H+]  = – log  710  = 7.  
                               In general, the symbol logpb b  , where b  is some physical quantity.  

    Thus, log[ ]pOH OH   , loga apK K   , logb bpK K  , etc. 

    The above expression of Kw is written as      log[ ] log[ ] log wH OH K         

                                                           or, pH + pOH = pKw. 

    At 25 oC, 141.0 10wK    and so, wpK = 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  

    a base that increases  OH   ion conc. in water.  

    Thus in a neutral aqueous solution, [ ]H  = [ ]OH   = 710 (M) and so, pH = pOH = 7. 

    In acid solution,      7[ ] 10H   (M) and 7[ ] 10OH   (M),    so    pH < 7 and   pOH > 7. 

    In alkali solution,    7[ ] 10H   (M)   and  7[ ] 10OH   (M),  so    pH > 7 and pOH < 7. 
    In aqueous solution, pH + pOH = pKw  is always valid. Thus if pH is increased 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 value is very low of the order of 110 M to 1410 M. It is defined as 
                            

         log
H

pH a     or, 10 pH

H
a 

 ,  where 
H

a   = activity of H+ ion in solution = [H+] ×
H

f  . 

    However, the solution is very dilute so assumed ideal and 
H

f   = 1. Replacing activity by molar conc. we have 

    the definition,                                 log[ ]pH H     or, [ ] 10 pHH   . 

   Thus, for [H+] = 310 M, the pH = 3 and for [H+] = 410 , 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 mole/liter. One benefit of using pH scale  
    is that trouble of using (– ve) power of ten is avoided for low conc. of H+ ion. 
   The effective range of the pH scale may be set to as follows; for a solution of 1 mole of H+ ions per liter, the  
   pH = – log 1 = 0. For a solution containing one mole of OH- ion per liter, [H+] is calculated from the ionic product  
   of water. At 25 oC, Kw  = [H+] × [OH-] = 10-14  so [H+] = 10-14 M and its pH = 14.  
   The value of Kw 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 oC. 

Calculation of pH of some solutions: 
    (i) For 0.002(M) HCl solution: Since HCl is strong electrolyte and completely dissociated, so  

             [H+] = [HCl] = 0.002 (M) = 32 10 (M). pH = – log[H+] = –  log (2 × 10-3) = 3 – log 2 = 2.7 
   (ii) For 0.002 (M) H2SO4 solution, [H+] = 2×[H2SO4] = 2×0.002 (M) so pH = – log [H+] = – log(4×10-3) = 2.4.  
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  (iii) For 0.002 acetic acid solution, [H+] = [ ]aK HAc  = 5 42 10 0.002 2 10 ( )M     , 

         since,  Ka of acetic acid = 52 10  at 25oC. Thus pH = – log [H+] = – log(2×10-4) = 3.7. 
 
                                  The pH scale in aqueous solution at 25 oC, is given below: 
  
 
 
 
 
 
 
Effect of temperature on pH: 

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

               2 2 1

1 2 1

( )
ln

( )
w

w

K T T TH

K T R T T

 
  

 
, where H  is enthalpy of dissociation and it is always (+ve). 

    Thus, if pH = 7 for pure water at 25 oC, then pH  < 7 at temperature higher than 25 oC. If say, Kw = 10-12 at 50 oC 
    then  pKw = 12 and for pure water at 50 oC, pH = 6 and it becomes the neutral point. The pH scale is changed and    
    at 50 oC, it is 0 to 12 with neutral point at pH = 6. It does not mean that at higher temperature than 25 oC, 

    pure   water becomes acidic. Since [ ] [ ]H OH  so it remains neutral. 

Accurate calculation of pH when [ ]H   is comparable to 710 (M): 

Problem: Calculate the pH of a 810 (M) HCl solution. 

Solution:  Since [ ]H   from the acid is comparable to that from the dissociation of water, the latter is to be     
                 taken into account for calculation of pH. It is wrong to state the pH = 8, since this assumes the    
                 contribution of H+ ion from acid only, whereas contribution of H+ ion from H2O is greater than this.   

                              8 7 7log [ ] [ ] log 10 10 log 1.1 10 6.96acid waterpH H H               . 

More accurate calculation could be done if common ion effect of H+ ion is considered. 
   H+ ion is generated by both H2O and HCl. 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 𝐻2𝑂 ⇌ 𝐻+ + 𝑂𝐻−  with [ ]OH   = x . 

   The total conc. of H+ ion in the acid solution =  810x  . Since in aqueous solution, [ ][ ] wH OH K   ,  

    hence,  8 1410 10x x     at 25 oC. Or, 2 8 1410 10 0x x     or, 8[ ] 9.5 10x OH     (M). 

            8 8 8[ ] 9.5 10 10 10.5 10H         (M). Hence,  8log 10.5 10 6.9778pH     .    

Problem: Justify or criticize the following statement: For an infinitely 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  log [ ] [ ]acid waterpH H H    . For infinite dilute acid solution, [ ] 0acidH    and 

                7[ ] 10 ( )waterH M  . So,  7log 0 10 7pH     . 
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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 simply buffers. They can resist the 
   appreciable change of pH and keep pH nearly constant though small amount of strong acid or base is 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. 
Illustration: If one drop (0.05 cc) of conc. HCl (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. 
Mechanism 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.  
   (a) 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) → 2H O  + Ac  and thus OH   ion is removed from the solution. 

   This is 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 is added, H  (added) + Ac
(buffer) → HAc  and  

                                       when alkali is added, OH  (added) + 4NH   (buffer) → 4NH OH . 

    Thus, adjusting equilibrium, added  H  or OH   is removed from the solution. Similarly, KHF2 can also act  
     as buffer, as it is the combination of weak acid HF and its salt KF. 
pH of Buffer solution: 
                  Let us take an acid buffer of HAc and NaAc. The weak acid HAc dissociates and attains equilibrium as 

𝐻𝐴𝑐 ⇋ 𝐻+ + 𝐴𝑐− and dissociation constant of the weak acid,
[ ] [ ]

[ ]a

H Ac
K

HAc

 
  or, 

[ ]
[ ]

[ ]a

HAc
H K

Ac



  .    

     The pH of the buffer solution is then 
[ ]

log[ ] log
[ ]

aK HAc
pH H

Ac





     or, 

[ ]
log log

[ ]a

HAc
pH K

Ac
    . 

     or,                                                        
[ ]

log
[ ]a

Ac
pH PK

HAc



   . 

     Material balance shows that  [ ] [ ] [ ]Ac salt H   ,  since Ac accumulates from complete dissociation of  

     the salt and from partially dissociation of HAc that is equal to [ H  ]. Similarly, [HAc] = [acid] – [ H  ],  
     where [acid] = initial conc. of HAc and [ H  ] which is dissociated from HAc.  

     Therefore,                                      
[ ] [ ]

log
[ ] [ ]a

salt H
pH pK

acid H






 


  . 

     Since acid is weak electrolyte and dissociated in small extent specially in presence of common ion, Ac ,  

     we can write for acid buffer solution,   
[ ]

log
[ ]a

salt
pH pK

acid
    since, [salt] >> [H+] and [acid] >> [H+]. 

     Similarly, alkali buffer solution contains weak base BOH and its salt B+. The weak base dissociates as  
 

     BOH ⇋ B+ + OH   and dissociation constant of the base, 
[ ][ ]

[ ]b

B OH
K

BOH

 

  or,  
[ ]

[ ]
[ ]b

BOH
OH K

B



  . 
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     or,  
[ ]

log
[ ]b

B
pOH pK

BOH



  . .But, [ ] [ ] [ ]B salt OH     and [ ] [ ] [ ]BOH base OH   .  

    The weak base is very feebly dissociated especially in presence of common B  ion and so  

                                            [ ] [ ]base OH   and [ ] [ ]salt OH  . 

    Therefore, the equation for alkali buffer solution, 
[ ]

log
[ ]b

salt
pOH pK

base
  . 

                 Since,  pH = pKw – pOH    so for alkali buffer,  
[ ]

log
[ ]w b

salt
pH pK pK

base
   . 

     These are called Henderson equations and are widely used to calculate the pH of the buffer solutions. 
 
Problem(1): What will be the 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, pKa of acetic acid = 4.76). 
                                                                                                                                                   [Calcutta Univ. 1989] 

Solution: The Henderson equation for acid buffer is, 
[ ]

log
[ ]a

salt
pH pK

acid
  =  

0.04
4.76 log 4.54

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) → HAc .   Thus, after addition,   

               
0.04 0.015

4.76 log 4.28
0.06 0.015

pH
 

   
 

 , so change in pH  of the buffer =  4.54 – 4.28 = 0.26. 

               (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  + H2O. 

               After addition, 
0.04 0.03

4.76 log 4.65
0.06 0.03

pH
 

   
 

,  the change in pH of the buffer = 4.65 – 4.54 = 0.09. 

 
Problem(2) An artificial soft drink contains 11.0 g /L of tartaric acid C4H6O6 and 20 g / L of its potassium  salt  

                   C4H5O2K . What is the pH of the drink?  (Given Ka of tartaric acid = 31.0 10 )  
                    (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  
                    in water. The pKa for acetic acid (CH3COOH) is 4.75. If now 0.010 mol of NaOH is added to the above  
                    mixture, what will the final pH of the solution be?      
                    (A) > pH 7   (B) pH will stay at 4.75 because it 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 H2CO3 and NaHCO3 concentration.  
                      What volume of 5 M NaHCO3 solutions should be mixed with a 10 ml sample of blood which is 2M  

                      in H2CO3 in order to maintain a pH of 7.4? aK  for H 2CO3 in blood is 77.8 10 .                              [2]   

                                                                                                                                           [IIT’93/B.Tech/Entrance test]                                                                                                     

Solution: Henderson equation, 
[ ]

[ ]
loga

salt

acid
pH pK   or,  7[ ]

[ ]
log 7.4 log 7.8 10 1.3a

salt

acid
pH pK         

            or, 
[ ]

[ ]
20

salt

acid
 . Now, 10ml of 2M H2CO3 contains 

2 10
0.02

1000
mol mol


 . 

             Hence salt i.e. NaHCO3 requires 20  0.02=0.4 moles and this contains in 
1000

0.4 80
5

ml ml    

             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 base is quantitatively  expressed by a term, called buffer capacity   . It is defined as: 

                                                   
( )

db

d pH
     or, 

( )

da

d pH
    ,  

where d b  or d a  is the moles of base or acid added to one liter of solution to change the pH of buffer by unity. 
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 alkali added (b) to the weak acid in the 

neutralization curve, the slope of the curve is
( )d pH

db

 
 
 

.   The buffer capacity,   is reciprocal of the slope. 

Greater the slope less is 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 

by mathematics.  Thus, when [salt] = [acid] or 
[ ]

1
[ ]

salt

acid
  in the buffer, it shows maximum value of   and the  

buffer becomes maximum efficient in resisting the pH change. As the ratio, [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 mixture to over a wide range of pH (1 to 14). 
Similarly, the buffer capacity is maximum, when  [salt] / [base] = 1 for alkali buffer. 
 
Mathematical interlude to show   is maximum when [salt] = [acid] in acid buffer: 
               Let a  be the initial conc. in molarity of weak acid HA and b be the amount of a strong monoacid base, 
MOH.  The base is 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 b ) in the mixture.  
The Henderson equation for this buffer is,  

                          loga

b
pH pK

a b
 

   
 

 

 or, 
1

ln
2.303a

b
pH pK

a b
 

   
 

,where aK is the  

dissociation constant of the weak acid.  
In the equation, b  varies while a  is constant.  
Since b  varies so pH of the buffer is also changed.                  
Differentiating with respect to b , we get   

  1 1 1
0

2.303

d pH

db b a b
 

   
 

  = 
 

1

2.303

a

b a b

 
   

 . 

 Therefore, 
 

 2.303b a bdb

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 

 
2.303

2
d

a b
db a


  . For the extreme value of   at a given value of b , we have 0

d

db


  and so    

  
2.303

2a b
a

  = 0  or, 2a b  = 0 or, 
2

a
b  .     
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This implies that   attains extreme value when the weak acid is half-neutralised i.e.,  when [salt] = [acid]   

Again,  
2

2

2.303 2d

db a

 
   =  ve  and so   attains maximum at the half- neutralization point, 

2

a
b  . 

max  is obtained by putting 
2

a
b   in the expression of 

 2.303b a b

a



  and we get, max

2.303

4

a
   . 

This shows max  is independent of nature of the weak acid used in the buffer as max  does not contain Ka.    

Thus, for acetic acid – acetate buffer,    is maximum at pH = pKa = 4.73 at 25 oC. 

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 alkali buffer solution in which a   is varying but b  remains fixed. 

The Henderson equation for alkali buffer,  
[ ]

log
[ ]w b

salt
pH pK pK

base
    =  

1
ln

2.303w b

a
pK pK

b a
 


. 

Or,  
 

 
1 1 1 1

0
2.303 2.303

d pH b

d a a b a a b a

  
           

 or, 
 
da

d pH
    =

 2.303a b a

b


. 

Now, for extreme value of  , we have  
2.303

2 0
d

b a
da b


     or, 

2

b
a  . This also shows that when the weak 

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.  

The maximum value of   is  max

2.303

4

b
  . Again, max  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,  

we have 
[ ]

log log log
[ ]

A
a a A

HA

a A
pH pK pK f

a HA







      , since HA is a neutral molecule so, 1HAf   and 
A

f   is 

the activity coefficient of the salt, A .   So more accurate Henderson equation is,  

                                                    
[ ]

log log
[ ]a A

salt
pH pK f

acid
    . 

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

f 

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

A
f   decreases and pH of the buffer solution decreases slightly. 

Importance 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 a particular ion in 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 (H2CO3) and NaHCO3. 
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Hydrolysis and hydrolysis constant of salts: 
 Introduction: 
                         It is interesting 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 observations could be explained by a process, called hydrolysis or solvolysis in general. 
Definition of hydrolysis: 
                         Formerly, hydrolysis was defined as the reverse process of neutralization of acid and base.  
It is the reaction of the salt with water.     

                             
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 electrolyte, it is completely dissociated in aqueous solution.  
Thus the hydrolysis of NH4Cl can be viewed as follows: 

(𝑁𝐻4
+ + 𝐶𝑙−) + 𝐻2𝑂 ⇌ 𝑁𝐻4𝑂𝐻 + (𝐻+ + 𝐶𝑙−)  𝑜𝑟  𝑁𝐻4

+ + 𝐻2𝑂 ⇌ 𝑁𝐻4𝑂𝐻 + 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 a weak electrolyte and feebly dissociated especially in presence of 4NH   common 

ion. pH of this solution is thus less than 7.0 at 25 oC.  
Similarly, the hydrolysis of NaAc can be shown as anionic hydrolysis: 

(𝑁𝑎+ + 𝐴𝑐−) + 𝐻2𝑂 ⇌ 𝐻𝐴𝑐 + (𝑁𝑎+ + 𝑂𝐻−)   𝑜𝑟,    𝐴𝑐− + 𝐻2𝑂 ⇌ 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 oC.  
However, when NaCl reacts with water, it produces NaOH and HCl. Both are strong electrolytes and dissociated fully, 
resulting the net reaction  (Na+ + Cl-) + H2O ⇌ (Na+ + OH-) + (H+ + Cl-) or, H2O  ⇌ 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 oC).   
       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 electrolytes so it reacts with water as: 

(𝐵+ + 𝐴−) + 𝐻2𝑂 ⇌ 𝐵𝑂𝐻 + (𝐻+ + 𝐴−)   𝑜𝑟,    𝐵+ + 𝐻2𝑂 ⇌ 𝐵𝑂𝐻 + 𝐻+ 
       If c  is the initial salt conc. and x  is the degree of hydrolysis at this molar conc., then equilibrium molar  

       conc. of the species are [ ] (1 )B c x   , [ ]BOH xc   and [ ]H xc  . 

      The equilibrium constant, here called hydrolysis constant of the salt  hK is defined as  

                                                
 

2
2[ ][ ]

[ ] 1 1h

BOH H xc xc x c
K x c

B c x x






   

 
.   

      [Since the degree of hydrolysis is very small i.e. 1x  ].  Accurate expression of hK  is in terms of  

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

      In the expression, 
2

1h

x c
K

x



, the hydrolysis constant  hK  is constant for the salt at a given temperature. 

      Thus, the expression shows that as c  decreases, x  increases and 1x  as 0c . 
      There are other two equilibria existing in the solution. 
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      (a) Weak base is dissociated as   𝐵𝑂𝐻 ⇌ 𝐵+ + 𝑂𝐻−, the dissociation constant of base 
[ ][ ]

b

B OH
K

BOH

 

  

      (b)  Water is dissociated as  𝐻2𝑂 ⇌ 𝐻+ + 𝑂𝐻− , the ionic product of water, [ ][ ]wK H OH  . 

      The relation between these three equilibrium constants is given as w
h

b

K
K

K
  and 2

hK x c . 

      Hence,  2 w

b

K
x c

K
  or,  

2 w

b

K
xc c

K

 
  
 

, but [ ]xc H   hence, [ ] w

b

K c
H

K
 
 .   

      This is the expression of  [ H  ] in the salt solution. The pH of the solution can be obtained as  

            
1 1 1

log[ ] log log log
2 2 2w bH K K c       or,

1 1 1
log

2 2 2w bpH pK pK c   . 

      But at 25 oC, 141.0 10wK    so, 14wpK  . Thus, the expression of pH of this type of salt solution is       

                              
1 1

7 log
2 2bpH pK c     . The salt solution is acidic and pH < 7.0. 

(C) Salt of weak acid and strong base (viz. CH3COONa): 

               Anionic hydrolysis occurs producing excess conc. of OH   in the salt solution.  
𝐴− + 𝐻2𝑂 ⇌ 𝐻𝐴 + 𝑂𝐻− 

      The hydrolysis constant of the salt BA is 
2[ ][ ]

1h

HA OH x c
K

A x




 


  and w

h
a

K
K

K
 .  

      Using the similar process as above, 

we have  [ ] w

a

K c
OH

K
 
 ,   or, 

1 1 1
log

2 2 2w apOH pK pK c    ,  

but wpH pOH pK   so  
1 1 1

log
2 2 2w apH pK pK c   . At 25 oC, 

1 1
7 log

2 2apH pK c   . 

   The salt solution is alkaline and pH > 7.0  . This is the expression of pH in this type of salt solution. 
(D) Salt of weak acid and weak base (viz. CH3COONH4): 
          Both the cation and anion of the salt undergo hydrolysis in the aqueous solution. 

                                      2B A H O HA BOH    .  

      The nature of solution depends on the relative strength of BOH and HA.  

      The hydrolysis constant of the salt BA is  
   

[ ][ ]

[ ][ ] 1 1h

HA BOH xc xc
K

B A x c x c 


 

  
 or,  

2

1h

x
K

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. 

                     𝐵𝑂𝐻 ⇌ 𝐵+ + 𝑂𝐻−, and the dissociation constant of the base, 
[ ][ ]

[ ]b

B OH
K

BOH

 

 , 

                    𝐻𝐴 ⇌ 𝐻+ + 𝐴−,  and the dissociation constant of the acid, 
[ ][ ]

[ ]a

H A
K

HA

 

   and 

                    𝐻2𝑂 ⇌ 𝐻+ + 𝑂𝐻−,  and the ionic product  of water, [ ][ ]wK H OH  . 

       The relation among these four equilibrium constants is given as w
h

a b

K
K

K K



.  
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       But pH of the solution is obtained from the H   dissociated from the acid HA.       

[ ]
[ ]

[ ] (1 ) 1a a a a h

HA xc x
H K K K K K

A x c x




 
       

  
 or, [ ] w w a

a
a b b

K K K
H K

K K K
 
 


. 

       Thus,  
1 1

2 2w a bpH pK pK pK   and at 25 oC,  
1

7
2 a bpH pK pK     . 

           Three cases may arise depending on the value of  apK and bpK  

       (1) When   a bpK pK  or, a bK K ,   pH = 7 and the solution is neutral. 

       (2) when   a bpK pK   or, a bK K ,   pH < 7 and the solution is acidic. 

       (3) When  a bpK pK  or, a bK K ,  pH > 7 and the solution is alkaline. 

       It is interesting 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  
                (ii) at the half neutralization point and (iii) at the equivalence point. ( apK of acetic acid = 4.8).  

                                                                                                                                                       [Calcutta Univ. 1990] 

Solution: (i)  
1 1 1 1

log[ ] 4.8 log 0.1 2.4 0.5 2.9.
2 2 2 2apH pK acid        (ii) pH = apK = 4.8.    

                (iii) 
1 1

7 log[ ]
2 2apH pK salt    =  

1 1 0.1 1
7 4.8 log 7 2.4 1.26 8.77

2 2 2 2
 

         
 

. 

               Solution is double diluted at the equivalence point and hence conc. of the salt in the solution becomes half. 
 
Problem: Which of the following 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 is a strong acid.  II. Basic if HA is a weak acid.  III. Neutral if HA is a weak acid. 
               (A) I only         (B) II only       (C) III only       (D)  I and II     (E) I and III.   [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 complete i.e. till the second reagent is completely used up.  
                     Indicators are substances that identify the end point of the titration by their colour-change when they are 
added in small amount in the titre. 
                     We shall here restrict 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. As the base is 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 the titration. This is why 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 the relation V1 S1 = V2 S2, it is possible to calculate S2 if  S1 is known or vice-versa.  
Function of acid-base indictors: 
                         Acid base indicators are either weak organic acids or bases. They dissociate partially in the titre 
(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 the titre solution. At the equivalence 
point of the titration, there occurs a sharp pH-jump and so the relative amount of the two forms of  
the indicator (which is added to the titre 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 us illustrate the functions of the indicator by taking the example of phenolphthalein.  
This indicator is a weak organic acid and this undergoes the following changes as given below. 
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Applying mass action law, we get the expression of the two equilibrium constants. 

HIn
t

HIn

a
K

a



  and InH

d

HIn

a a
K

a







 , thus InH

t d in
HIn

a a
K K K

a





   , where Kin is called indicator constant and like 

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, 

                          
[ ][ ]

[ ]in

H In
K

HIn

 

  or, 
[ ]

[ ]
[ ]in

HIn
H K

In



     or, 

[ ]
log

[ ]in

In
PH PK

HIn



  . 

The situation appears like the equilibrium, 

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

 

In acid medium when [H+] is high, the equilibrium remains in the left side and the indicator shows the colour of InA 
(acid colour). In alkali medium when [H+] is low, the equilibrium remains in the right side and the indicator  
shows the colour of InB (base colour).  

and the indicator constant is 
[ ][ ]

[ ]
B

in
A

H In
K

In



   or, 
[ ]

[ ]
[ ]

A
in

B

In
H K

In
       or,     

[ ]
log

[ ]
B

in
A

In
PH PK

In
  . 

Human eye and colour change of the indicator:  
The conc. ratio of InB 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 

ten times at least greater than the conc. of InB, i.e. 
 
 

10A

B

In

In
 . Thus, the pH of the solution when the indicator shows 

acid colour (colour of InA) is given by 
1

log
10inpH pK    or, 1inpH pK   , 

and for recognition of base colour of the indicator (colour of InB), the ratio 
 
 

10B

A

In

In
  and 1inpH pK  . 

In brief, we can say that the indicator shows the acid colour at and below the pH of  1inpK   and base colour 

at and above the pH of  1inpK  . In between the pH of 1inpK  to 1inpK  , mixed colour of the indicator 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 hence in solution, it shows red (acid colour) up to 4.1 and yellow (base colour) 
above pH = 6.1.  
It is evident that base colour dominates at higher pH and acid colour dominates at lower pH of the solution.    
Acid base titration and choice of indicator: 
                   When an acid is titrated with a base, the pH of the acid solution (titre) is changing. With the addition of 
base, the pH is increased slowly and at the equivalence 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 
    0 ml                                                    0.1 (M)                                                         1.0 

    1.00 ml                                     
9

0.1 0.082
11
  (M)                                2 log8.2 1.1   

   5.0 ml                                       
5

0.1 0.033
15

  (M)                               2 log3.3 1.5   

    9.95 ml                                    40.05
0.1 2.5 10

19.95
   (M)                      4 log 2.5 3.6      

   10.0 ml                                                            710 (M)                                                     7.0 

   10.05 ml                          40.05
0.1 2.5 10

20.05
OH         (M) 

                                       or, 
14

11
4

10
[ ] 4.0 10

2.5 10
H


 


  


 (M)             11 log 4.0 10.4   

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 
                                                                (pKa of 5.0)                                                     
Alkali added              [acid]                         [salt]                                        pH 

      0 ml                    0.1 (M)                          -                             
1 1 1

log[ ] 2.5 log 0.1 3
2 2 2apK HA       

     1.0 ml                  
9

0.1
11

 (M)            
1

0.1
11

 (M)                           
[ ] 1

log 5.0 log 4.05
9a

salt
pK

acid
     

     2.0 ml                 
8

0.1
12

 (M)            
2

0.1
12

 (M)                            
[ ] 1

log 5.0 log 4.4
4a

salt
pK

acid
         

     5.0 ml                 
5

0.1
15

 (M)             
5

0.1
15

 (M)                              
[ ]

log 5.0 log1 5.0a

salt
pK

acid
     

     6.0 ml                
4

0.1
16

  (M              
6

0.1
16

 (M)                            
[ ] 3

log 5.0 log 5.2
2a

salt
pK

acid
     

     7.0 ml                 
3

0.1
17

M              
7

0.1
17

M                            
[ ] 7

log 5.0 log 5.37
3a

salt
pK

acid
     

     8.0 ml                 
2

0.1
18

M               
8

0.1
18

M                            
[ ]

log 5.0 log 4 5.6a

salt
pK

acid
     

     9.0 ml                  
1

0.1
18

M              
9

0.1
18

M                             
[ ] 9

log 5.0 log 5.95
1a

salt
pK

acid
     

    9.95 ml              
0.05

0.1
19.95

 (M)         
9.95

0.1
19.95

 (M)                   
[ ] 9.95

log 5.0 log 7.1
0.05a

salt
pK

acid
     

    10 ml                    -                               0.05 (M)            
1 1 1

7 log[ ] 7 2.5 log 0.05 8.85
2 2 2apK salt            

    10.05 ml               -                40.05
[ ] 0.1 2.5 10

20.05
base                    

14

4

10
log[ ] log 10.4

2.5 10
H






 
   

 
    

pH-jump in the titration 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 
there is practically no jump for titration with weak acid and weak base. 
The neutralization curve with pH against amount of base added is given here. 
                   The pH-jump at the neutralization point can be  
                                      summarized as below: 
                                SA + SB → pH-jump: 4 to 10 
                               WA + SB → pH-jump: 7 to 10 
                               SA + WB → pH-jump: 4 to 7 
                              WA + WB → No pH-jump.  
Colour of an indicator changes at a certain range of pH of the  
solution. pH-range of colour change is  
      1inpK   to 1inpK  ,  so it depends on the nature of the 

 indicator.  The selection of indicator for the specific acid-base 
titration is such that pH-range of colour change of the indicator  
should match with the pH-jump of the titration. 
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 the titration 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 (pKin = 3.7) are suitable for the titration. 
For the titration 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 due to 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: An indicator with a pKin value of 4.5 is not suitable for detecting the equivalence point of the titration of a  
                 weak acid and strong base.                                                                                         [Burdwan Univ. 1990] 
Answer: See the Text as above. 
Hammet acidity function (H0) 
Introduction:  
      Hammett acidity function (H0) 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 us take an acid, BH+ dissociating as 𝐵𝐻+ ⇌ 𝐻+ + 𝐵, where B is very weak base of its conjugated strong acid 

BH+. The dissociation constant of the strong acid is given as 
[ ][ ]

BH

H B
K

BH





  and Hammett acidity function 

can replace the pH in concentrated solutions. It is defined using an equation analogous to the Henderson equation as,  

       
[ ]

[ ]
[ ]BH

BH
H K

B



     or,  

[ ]
log[ ] log log

[ ]BH

BH
H K

B



       or, 0

[ ]
log

[ ]BH

B
H pK

BH
 

  . 

Since B is very weak base of its strong conjugated acid, the value of 
BH

K   is very high so, 
BH

pK   has very high 

negative value. In this way, it is rather as if the pH scale has been extended to very negative values. 

      The equivalent form of Hammett acidity function in terms of activity, 
BH

BH
BH

a a
K

a








  or, BH

H BH
B

a
a K

a



     

or,           
[ ]

[ ]
BH

H BH
B

BH
a K

B







 

 
 


    or,    

[ ]
log log log log

[ ]
BH

H BH
B

BH
a K

B







 



      
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or, 
[ ]

log log log
[ ]

B
H BH

BH

B
a pK

BH




 




     or, 0log log B

H
BH

a H







    or, 0 log B
H

BH

H a







 
   

 
 

  

         In dilute aqueous solution (pH 0 – 14), the predominant acid species is 3H O and the activity coefficients are 

close to unity, and thus H0 is approximately equal to the pH. However beyond this pH range, the effective hydrogen ion 

activity (
H

a  ) changes much more rapidly than hydrogen ion concentration  3[ ]H O .   

For example in concentrated sulphuric acid, the predominant acid species (“ H+ ”) is not 3H O but rather 3 4H SO   

which is much stronger acid. For pure sulphuric acid, the value of 0 12H   . But it must not be interpreted as  

pH = – 12  and that may imply an impossibly high 3H O  conc. of 1012 mol/L in ideal solution. Instead it means that 

the acid species present  3 4H SO   has protonating ability equivalent to 3H O at a fictitious (ideal) conc. of 1012 

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, Yates, and Stevens. 
 
Typical values  
On this scale, pure H2SO4 (18.4 M) has a H0 value of −12, and pyrosulphuric acid has H0 ~ −15. Take note 
that the Hammett acidity function clearly avoids water in its equation. It is a generalization of the pH scale—

in a dilute aqueous solution (where B is H2O), pH is very nearly equal to H0. By using a solvent-independent 
quantitative 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 is weaker than HCl or H2SO4 in 
water but stronger than HCl in glacial acetic acid; and pure HF is "stronger" than H2SO4 because the H0 of 
pure HF is higher than that of pure H2SO4.   
H0 for some concentrated acids: 

 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 H0 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 us take a sparingly soluble salt, x yB A remaining in equilibrium  

in aqueous solution as: 
  𝐵𝑥𝐴𝑦(𝑠) ⇌ 𝐵𝑥𝐴𝑦(𝑎𝑞) ⇌ 𝑥𝐵+𝑧+ + 𝑦𝐴−𝑧− 
The equilibrium of the species in different phases is represented in terms of 
 chemical potential as   
                                   ( ) ( ) z z

x y x yB A s B A aq B A
x y     

   . 

Thus, ( )x yB A s x y     . When expressed in terms of activities, we have 
 

https://en.wikipedia.org/wiki/Sulfuric_acid
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             
( ) ( )

0 0 0ln ln ln
B A s B A sx y x y

RT a x RT a y RT a          ,  

but 
( )B A sx y

a  = 1, so  
( )

0 0 0 ln
B A sx y

x yx y RT a a          or,  ln x yRT a a   

                                         
( )

0 0 0

B A sx y
x y    

      
 

 

or, x y RT
spa a e K



     or,  x y
spK a a   , where spK  is solubility product of the salt which is constant for the salt 

at a given temperature and a  and a are the activities of the cation and anion of the electrolyte in the saturated 

solution. 

Replacing activities by molar conc., we get     
x y

spK c f c f      =    x y x yc c f f     .                         

Let s  is the solubility of the electrolyte in mole / litre, then c xs  , c ys  , and x y x yf f f 

   . 

So,                                                x y x y x y
spK x y s f 

 .    

where f  is the mean ionic 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, the relation is 2
SPK s , for bi univalent electrolyte such as CaF2,  

the relation is 34SPK s , for bi trivalent electrolyte such as Ca3(PO4)2 , the relation is 5108SPK s , etc. 

                                The solubility product SPK  is equilibrium 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 the ionic 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+2 from Mg(OH)2 will not precipitate?  

                 The solubility product of Mg(OH)2 = 111.2 10 .                              [IISc Entrance Test to MSc, 2002] 

Answer:  Maximum ionic product of Mg(OH)2 = [Mg2+] [OH-]2 = solubility product of  Mg(OH)2  = 111.2 10 .  

               The conc. of OH-,   
1

11 52[ ] 1.2 10 0.10 1.2 10OH        but,  log [ ]wpH K OH   . 

               Putting the values, we get 
14

5
1 10log 9.04

1.2 10
pH





    
 

. 

 
 
Common ion effect:  
                                   The equilibrium established in the saturated solution of a sparingly soluble salt, BxAy is given as 
                                                                   𝐵𝑥𝐴𝑦(𝑠) ⇌ 𝑥𝐵+𝑧+(𝑎𝑞) + 𝑦𝐴−𝑧−(𝑎𝑞) 

If the salt is present in a solution having one ion common such as zyA  , 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 with its ions as  𝐴𝑔𝐶𝑙(𝑠) ⇌ 𝐴𝑔+(𝑎𝑞) + 𝐶𝑙−(𝑎𝑞). The solubility product of AgCl is  

                                                                [ ][ ]SPK Ag Cl  .      

SPK  of the salt remains constant at a given temperature. As two ions form equilibrium with the solid AgCl , any 

change in conc. of one ion will affect the conc. of the other ion to maintain constancy of SPK . 

Thus addition of common ion, say Cl  in the form of KCl affects the conc. of Ag  and it changes the solubility (s) of  

of the salt, AgCl .  

Let in water, the solubility of AgCl  is 0s  mol/litre and in KCl solution of conc. c  mol/litre, the solubility is s mol/litre. 
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Therefore, in water solution, 2
0SPK s , but in  KCl solution,  SPK s s c  . Since SPK  is approximately constant, 

hence                                2
0s s s c   or,  2 2 2

0s s s c s sc c     .  

This shows that 0s s , the solubility of a sparingly soluble salt is less in presence of a common ion in solution. 

Further, the equation is  2 2
0 0s sc s    or, 

2
2
0

1

2 4

c
s c s    . 

However, s  is very small, so 2s  in the equation is generally neglected and thus  
2
0ss c . 

This is the approximate value ( s ) of the uni univalent salt in presence of a common ion. 
Problem: Calculate the maximum solubility of CaF2 in 0.1(M) NaF solution at 25 oC.  

                 Solubility product of CaF2 =
113.2 10  at 25 oC.                                                        [Calcutta Univ. 1999]  

Answer: 2
2 2CaF Ca F   so, 2 2[ ][ ]SPK Ca F   or,  

2

SPK s s c   2 2 3 2 22 2s s sc c s s c sc      . 

                Neglecting 3s  and  22s c for their small values, we get 2
SPK sc  or, 2

SPKs
c

 . 

                Putting the values, we get 
 

11

2
3.2 10

0.1
s

   or, 93.2 10s   .   

 
Inert Ion Effect: 

                                True or thermodynamic solubility product is defined as   x y x y x y
SPK x y s f 

 . 

For AgCl, 2 2
SPK s f ,  for CaF2, 

3 34SPK s f ,   for Ca3(PO4)2, 
5 5108SPK s f , etc. 

The inert ions in 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 SPK , the solubility must increases. 

However, the increase of solubility is not much, for example, TlCl has solubility in pure water is 0.016(M) but I n 
presence of inert ions of 1(M) KNO3, the solubility rises to 0.031(M).  
The common ion decreases the solubility to a large extent. For example, one litre of water dissolves 12 gm PbCl2 at  
30 oC whereas 1 litre 1 (M)  KCl solution dissolves 0.5 gm  PbCl2  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 ( SPK ) 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, so long [ ][ ] ( )SPAg Cl K AgCl   , the  precipitation occurs and the ions Ag+ and Cl- ions 

are removed  from the solution, when [ ][ ] ( )SPAg Cl K AgCl   , the precipitation stops. The solution becomes a 

saturated solution of AgCl. 
In qualitative Analysis: In group analysis of basic radicals, II group radicals (such as Cu2+) forms precipitate a CuS 
when H2S is passed in acidic medium but IIIB radicals (such as Ni2+) does not form NiS precipitate from such solution. 
NiS precipitate when H2S passed in the solution in alkaline medium. This can be explained as follows: 
      H2S in solution dissociates as              𝐻2𝑆 ⇌ 2𝐻+ + 𝑆2−. 

In acid medium ( H    ion is high), and due to common ion effect, 2[ ]S   is low  

and so  2 2 ( )SPCu S K CuS         hence CuS becomes precipitated since ( )SPK CuS  is very small. But 

2 2 ( )SPNi S K NiS         i.e. ionic product of 2Ni  and 2S  does not exceed the solubility  product of NiS hence it is 

not precipitated out from the solution. 
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In alkaline medium ( H    ion is low), and so 2[ ]S   is high and the 2 2 ( )SPNi S K NiS         so NiS is precipitated 

out from the solution. [Given, 44( ) 1 10SPK CuS    and 24( ) 1.4 10SPK NiS   ]. 
In Quantitative Analysis:  
                                            In the titration of NaCl solution with AgNO3 solution, K2CrO4 can be used as indicator.  

This is due to preferential precipitation of AgCl from the solution. When all Cl  ions are precipitated out in the form of  
AgCl, a single drop of AgNO3 solution forms precipitate Ag2CrO4 from the solution. This is red in colour and thus 
indicates the end point when white precipitate ends with red precipitate. This preferential precipitation occurs due to  
                                                                2 4( ) ( )SP SPK AgCl K K CrO .    
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 Answer to Burdwan Univ. Questions on the Ionic 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.      See P14 
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 Zn2+ by passing H2S?                             [4+4] 
    Ans. See P13. 
1st Part. Water forms equilibrium in the process of its dissociation as 𝐻2𝑂 ⇌ 𝐻+ + 𝑂𝐻− and it shows neutral with  

               equal concentration of H   and OH  . At 25 °C,  7[ ] [ ] 10H OH M    and  pH =7 

  But when NH4Cl which is strong electrolyte is added to water, 4NH  combines with OH  ion forming an  

  excess of [ ]H  .  𝑁𝐻4
+ + 𝑂𝐻− + 𝐻+ ⇌ 𝑁𝐻4𝑂𝐻 + 𝐻+ the resulting solution reacts acidic and   pH < 7.   

  This process of disturbances on the dissociation equilibrium is called cationic hydrolysis. It could be shown    

   that the solution of NH4Cl will have 
1 1

7 log
2 2bpH PK c   ,  where c  is Salt constant. 

2nd Part. H2S is weak acid and dissociates as 𝐻2𝑆 ⇌ 2𝐻+ + 𝑆2− . In acid medium ([H+] = high), the dissociation  

                equilibrium shifts in the left side and concentration of 2S   is low. The 2[ ]S   is so low that the ionic product 

                of  Zn2+ and 2S 
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 side and 2[ ]S   is so  

                high that the ionic product of Zn2+ and 2S  exceeds the solubility product of ZnS and precipitation of ZnS  

                takes place, ie. In acid medium, 2 2[ ] [ ] SPZn S K    and precipitation does not occur & in alkaline  

                medium, 2 2[ ] [ ] SPZn S K    and precipitation occurs. Thus acid medium is unsuitable for precipitation of  

                ZnS from a solution containing Zn2+ by passing H2S. 
 

[Burdwan Univ. 2001] 
Q 5(b).  The dissociation constant of NH4OH is 1.8 10-5. The solubility product of Mg(OH)2 is 1.22 10-11.  
              How many gms of solid NH4Cl must be added to a mixture of 50cc of (N) NH4OH solution and 50cc of (N)  
              MgCl2 solution so that the precipitate of Mg(OH)2 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 Mg2+ in the solution = 50 1.0/100 (N) =0.50 (N) = 0.25(M) and conc. of NH4OH = 0.50(M).  

         We have   2 2[ ][ ]SPK Mg OH    or, 1.22  10-11 = 0.25 2[ ]OH   

                                       or,  
11 61.22 10 6.98 100] .25[ MOH


    . 

           This is the conc. of OH   just to prevent the precipitation of  Mg(OH)2 from the resulting solution. The OH   
            is obtained from the dissociation of NH4OH and it dissociates as  𝑁𝐻4𝑂𝐻 ⇌ 𝑁𝐻4

+ + 𝑂𝐻−   and 

4

4

[ ] [ ]

[ ]b

NH OH
K

NH OH

 
 .  However, dissociation of NH4OH is highly suppressed by the presence of common 

ion,  
5

4
4 6

[ ] 1.8 10 0.50
[ ] 1.289

[ ] 6.98 10
bK NH OH

NH M
OH




 

  
  


.    Assuming very small contribution of 

NH4OH to the value of 4NH  , [NH4
+] = [NH4Cl] all 4NH   is obtained from NH4Cl. 

thus 1.289 mole NH4Cl is to be added per 1000cc of the solution to prevent the precipitation of Mg(OH)2. 

Hence for 100 cc solution NH4Cl to be added in gms 
1.289

100 53.5 6.89
1000

    .  

 



                                            

Part I: Ionic Equilibrium – Dr N C Dey 
 

20 

[Burdwan Univ. 2002]  
Q 1(o). Remark if the pH range for boric acid –borax buffer lies in the acidic range.                                                    [1] 
Ans.     pKa of boric acid is 9.24 & hence boric acid – borax buffer lies in the alkaline range 8.24-10.24. 
 
Q 2(e). If 7 (log ) 2pH x   , find Kw of pure water.                                                                                                 [2] 

Ans.     [ ] 7 log / 2pH log H x         or,    2log 14 log
H

C x      or, 2 1410
H

C x

   . 

          In pure water 2 14  [ ] [ ] [ ]  10wK H OH H x       .  

 
Q 5(e). The solubility product of MgF2 is 7 10-4. Find its solubility in water and in 0.01(M) aqueous NaF solution  
             approximately.                                                                                                                                                     [5] 

Ans.  For 𝑀𝑔𝐹2 ⇌ 𝑀𝑔2+ + 2𝐹−  3
04SPK s , 0s =Solubility of MgF2  in water. So, 43

0 7 104s 
 or,  0 0.056 Ms  . 

         In 0.01(M) NaF solution s (s + 0.01)2  = 47 10  or,  4 27 10 / 0.01 7 10 Ms  
   

                  [Note: SPK  of MgF2 should be 97 10 (Wrong data supplied)] 

 

Q 6(a)(ii). Calculate a  of a solution of Al2(SO4)3 of strength 48.25 10 m  , given 0.9913    and that of  

                  compound dissociated completely.                                                                                                                 [5] 

Ans.  For the electrolyte x yB A  ,  x y x y x y x ya a x y m   

    . 

          For Al2(SO4)3,  5 2 3 5 52 3a m     or, 5 108 .a m   ,    45 108 8.25 10 0.9913a 

     

                                                              or, 32.08 10a m

   .  

Q 6(b). Define buffer capacity, Consider the acetic acid-acetate buffer to show that it is maximum when pH = pKa . 
Given, Ka = 1.8   10-5  for acetic acid, find the degree of hydrolysis of a 0.01(M) Na-acetate solution         [10] 

Ans.  For 1st and 2nd part, see P9 and P10. 

         3rd part: the relation, 2  /w abK K K x c  where x  =degree of hydrolysis of salt  

         so,  
14

4
5

1.0 10
2.35 10

1.8 10 0.01
w

a

K
x

K c







   

  
. 

the degree of hydrolysis of sodium acetate in 0.01M solution is 42.35 10 . 
 
Q 2(a). The pH of a weak monobasic acid decreases by 0.1 unit when the temperature changes from 300K. 
             Calculate the value of H  for the dissociation of the acid.                                                                               [2] 
                [Neglect the change in concentration due to the change in temperature.] 

Ans.     For monobasic acid, [ ] aH K c       or, 
1 1

log[ ] log
2 2apH H pK c   . 

From the problem,        300 310 300 310

1 1

2 2a aK K K K
pH pH pK pK    

or,    300 310

1
0.1 log log

2 a aK K
K K      

 

 
310

300

1 10
log

2 2.303 300 310
a K

a K

K H K

K R K K

  
    

   

 

or, 1 1 10.1 2 2.303 2 300 310 /10 8567 .H cal mol K K K K cal 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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(q). How does Kw  changes with temperature?                                                                                                               [1] 
Ans.  Dissociation of water is an endothermic process & so KW increases with increasing temperature. 
(r). What pH range is suitable for acetic acid/acetate buffer?                                                                                         [1] 
Answer: the suitable PH range for acetic acid/acetate is  pKa –1 to  pKa + 1 or, 4.76 – 1 to 4.76+1 or 3.76 to 5.76 

since pKa of acetic acid is 4.76 at 25 °C. 
 
(t). For aqueous solution of varying pH, plot pH vs. pOH at a given temperature.                                             [1] 
Ans. At a given temperature, in aqueous solution pH + pOH = pKW = Constant                       
        or pH= pKw –  pOH,  so the plot of pH vs. pOH is a straight line with negative slope.  
 
Q 2(d). The solubility product of a sparingly soluble salt MA3 is 72.7 10

 .  
             Find its solubility assuming complete dissociation.                                                                                           [2] 

Ans.   For the salt MA3,   4  27x y x y
SPK x sy s   and 4 827 27 10s     or   21 10s M  . 

 
Q 4(b)(i). Derive an expression for the pH of a salt of a weak acid and weak base dissolved in water.                        [5] 
  Ans.   See P15.   7  ½ a bpH pK pK   . 

 (ii) Find the pH and degree of hydrolysis of a salt of a weak acid ( 51.8 10aK   ) and strong base if the           

      concentration of the salt is 0.01 M in an aqueous solution.                                                                                        [5] 

Ans.            57 1/ 2 1/ 2 log 7 1/ 2 log1.8 10 1/ 2 log 0.01 10.74apH pK c          . 

          Again, 2 14 51.0 10 /1.8 10w
h

a

K
x c K

K
        so,  

14

5

1.0 10

1.8 10 0.01
x








 
or 42.35 10x    . 

 
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 NH4OH  

            ( 51.8 10bK   approx.)                                                                                                                                      [5] 

Ans. 
   

4 5

4

0.25
0.25 1.8 10

1b

NH OH c
K

NH OH c






 


           


  or, 57.2 10   . 

 
[Calcutta Univ.91] 

Q 10(a). The solubility of a sparingly soluble salt AB2 in water at 18 °C is 410  (M). Calculate its solubility in 0.01(M) 
              NaB solution at this temperature.                                                                                                                        [2] 

Ans.  
23 2

04SPK s s s c sc    , since  s << c or, 
 
 

 

343
80

22

104
4 4 10

0.01

s
s M

c



     .  

           Thus, the solubility of AB2 in 0.01(M) is 84 10  (M) 
 
 
 

[Calcutta Univ. 92] 
Q 10(b). The pH of a 10-3 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] 

 Ans.    log[ ] logpH H c     or, 410 10pHc    ,  but  310c M  so,  
4

3

10
0.10

10





  . 

[Calcutta Univ. 95] 
 

Q 10(c).  50 ml of a 0.1 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, Ka = 1.75 10-5).                                                                            [4] 
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Ans.   pH at the start: 5 3[ ] 1.75 10 0.1 1.32 10aH K c  
       (M). Hence,  2.88pH    at the start 

           at the half neutralization, pH = pKa =  5log 1.75 10 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) is formed. So, pH at the equivalent point 

is given by           7 1/ 2 1/ 2 log 7 1/ 2 4.75 1/ 2 log 0.05 8.72apH pK c          

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. You are supplied with 0.1(N)  
               NH4OH and 0.1(N) HCl solutions show how you will use these solutions to prepare 100 ml buffer solution of  

               pH = 9.0 (Given bK  for NH4OH= 52 10 ).                                                                                       [1+3+3=7] 

Ans. 3rd part: Henderson equation is, 
[ ]

log
[ ]bpK

salt
pOH

base
    or, 

[ ]
log 5 4.7 0.3

[ ] b

salt
pOH pK

base
      

or, 0.3[ ]
10 2

[ ]

salt

base
  , since 14pOH pH    or,  

[ ] 2.0
[ ]
salt
base

  and total volume of the buffer = 100ml 

Let x   ml of 0.1N HCl is taken. Then  salt x   and  100 2base x  , since x  ml HCl neutralise x  ml 

salt, Thus 2
100 2

x

x



 or 5 200x   ,or, 40x  ml.  

Hence 40 ml HCl 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 2PbI  is 97.47 10  at 15 °C and 81.39 10  at 25 °C. Calculate molar heat  

               of solution of 2PbI .                                                                                                                                          [3] 

Ans. Using van’ Hoff reaction isochore, we have   2

1

2 1

1 2

log S

S

K T TH

K R T T

   
    

  

   

          or, 2

1

2 1

1 2

log S

S

K T TH

K R T T

   
    

  

 or, 
8

9

1.39 10 10
ln

2 298 2887.47 10

H



  
  

 
  

           or,                   1 12 298 288 1.39
ln 10659

10 7.47
H cal mol cal mol     

     
   

= 10.659 kcal/mol 

 
[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 HCl   

             solution at 25 °C. [Kb of NH4OH = 51.8 10 ].                                                                                                [2] 
Ans.     10ml of 0.15N = 1.5 ml of 1N HCl and 15 ml of 0.2 N = 3.0 ml of 1N NH4OH 
              Excess NH4OH = 3.0 −1.5 = 1.5 ml of 1N and salt NH4Cl formed = 1.5 ml of 1N. 

              Thus  5[ ] 1.5
log log1.8 10 log 4.75

[ ] 1.5b

salt
pOH pK

base
        
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               so,                                       14 14 4.75 9.25pH pOH      
 
Q 9(e). Calculate the maximum solubility of CaF2 in 0.1M NaF solution at 25°C.  

             Solubility product of 11
2 3.2 10CaF    at 25 °C.                                                                                           [2] 

Ans.  
2

2SPK s s c    but s << c so, 2
SPK sc or, 2

SPK
s

c
 . Putting the value 

 

11
9

2

3.2 10
3.2 10

0.1
c M




   .    

 
 [Burdwan Univ. 2004] 

 
Q 1(x). Remark on the statement; Solubility increases with temperature.                                                                      [1] 
Ans.    If the process of dissolution is endothermic (∆H > 0), solubility increases with temperature But if the process is 

exothermic (∆H < 0), the solubility decreases with temperature. 
 
Q 2(e). What would roughly be the pH of a 10-7 M aqueous HCl solution?                                                                   [2] 

Ans.       7 7log [ ] [ ] log 10 10acid waterpH H H          7log 2 10 7 log 2 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 c is the molar concentration of HAc and  
         and   the degree of dissociation at this concentration then [HAc] =  1 c  and [H+] = [Ac-] = c .  

          The dissociation constant of HAc is 
2[ ] [ ]

[ ] 1a
H Ac c

K
HAc





 
 


 , however, 1   hence,  

          
 

2 2
2 [ ]

a

c H
K c

c c






     or, [ ] aH cK
  but c =1M and  Ka =

51.8 10  at 25°C,            or,

1 1
log

2 2apH pK c   . But apK of HAc =4.7 so  
1

4.7 2.35
2

pH    .    

         Since concentration of HAc is very high, use of concentration term is only  
         approximate and so poor result of  
         the expression yields. 
(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?       
Ans. The pH jumps from 7.0 to 10.0 at the neutralisation point of the above 

         reaction. Since, the buffer capacity (β) is defined as 
 

1db

d pH slope
    

         but the slope is maximum at the neutralisation point. So, the buffer capacity 
         becomes minimum. 

 
[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 4FeSO  forming  3
Fe OH which makes the solution turbid.   

       (p). Criticize: pH of a 810 M   HCl solution (aq) is 8.                                                          [1] 
Ans.     Wrong, it is approximately 6.96, see page 6. 



                                            

Part I: Ionic Equilibrium – Dr N C Dey 
 

24 

 
Q 3(e). A salt of a strong 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.                                                                                                                                                    [5] 
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

7 log
2 2bpH pK c    or,  6.2 = 

1 1
7 log 0.1

2 2bpK 
 

          
or,  

1 1
7 6.2 1 7 6.2 0.5 1.3

2 2bpK           or, 2.6bpK   or, 2.6 310 2.5 10 .bK    
      

HA is strong acid and so it’s conjugate base A  is very weak. The A from the salt cannot produce HA so the 
ionic equilibrium 𝐻𝐴 ⇌ 𝐻+ + 𝐴−  does not exist and thus aK  of the acid HA is not determined. 

Burdwan Univ. 2006   
       

Q 1(ix). Explain why a mixture of aqueous solutions of NaH2PO4 and Na2HPO4 can act as a buffer, although both  
              are acids.   
 Ans.    NaH2PO4 dissociates as 2 4Na H PO    but 2 4H PO   acts as an acid, dissociating as

2
2 4 4H PO H HPO     Thus,  2 4H PO  (acid)  and 2

4HPO   (salt, from 2 4Na HPO  ) act as buffer.   

                                                                                                                                                  

 Q 2(d). Derive the expression for pH of an aqueous 4NH Cl  solution of molar concentration c.                                [2] 

      Ans. See the text to derive 
1 1 1

log .
2 2 2w bpH pK pK c    

 
Q 3(d). Derive the 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] 

Ans.  See the Text to derive, buffer capacity, 
 

[2.303 ]
b a b

a



  and find the condition for max  when

2

a
b   .  

 
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 us consider the two equilibrium that exist in the solution of 4NH Cl  . 

  𝑁𝐻4
+ + 𝐻2𝑂 ⇌ 𝑁𝐻4𝑂𝐻 + 𝐻+

  and 𝐻2𝑂 ⇌ 𝐻+ + 𝑂𝐻− 

 When 4NH   of the salt takes up OH   , equilibrium of H   &OH   water is disturbed H   Conc. is 

increased due to forward process of ionization of 2H O  process. The solution becomes acidic.  

            
[ ][ ]wK H OH   = constant at a given temperature. When OH   is removed by 4NH   , 2H O  is further   

             dissociated to keep the value of wK  constant. [ ]H   is increased in solution. 

 
   
 (ii). Calculate the pH of a 0.1 N aqueous solution of 4NH Cl , given bK  of 5

4 1.5 10NH OH    at the  

          experimental temperature.                                                                                                                                      [3]   

 Ans.    51 1 1 1
7 log 7 log 1.5 10 log 0.1

2 2 2 2bpH pK c         
1 1

7 4.824 1
2 2

       

            
   7 2.412 0.5 5.088.                                                                                                                         

  (iii). Show quantitatively that the degree of dissociation    of weak acid increases with dilution and 1   as

0c  .                                                                                                                            [4] 
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 Ans.  See the Text for the answer. [Hints: 
2

1a
cK 


  or,  2 1ac K   . When 0c , 1  . 

 
(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 temperature is raised, wK  is increased & hence [ ]H   is increased resulting the lowering of pH.  

         But by dissociation of 2H O , it produces equal conc. of H   & OH   and water remains neutral. 

(k). What happens to degree of hydrolysis    and hydrolysis const.  hK  of aniline hydroxide in its aqueous 

       solution when a few drops of aniline are added to the solution?                                                          [1] 

Ans. The deg. of hydrolysis    is suppressed but hydrolysis constant  hK  remains unchanged. 

 
(x).  A mixture contains a equivalent of HCl and b equivalent ( )a b  of NaOH  in a total volume of 1 dm3.  
       What is the expression for buffer capacity of the mixture?                                                                                    [1] 

Ans. See the Text for the expression of  
 

2.303
a b

b
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]   

Ans.  See the text,
1 1

log
2 2apH pK c  .  As conc. (c) is increased, pH is decreased. Again with rise of temperature,  

         aK  is  increased,  pKa   is decreased and pH is decreased. Again, with rise of T, Ka is increased, pKa  is  

          decreased and pH is decreased.                                                                                          
Burdwan Univ. 2007 

 
Q 1(g). ‘pH of 210 ( )M  aqueous solution of acetic acid is greater than 2.0’ - Comment.                                         [2] 
Ans.  Acetic acid is weak electrolyte and so it is partially dissociated in aqueous solution. 

 HAc H Ac    so,  conc. of [H+] < 10-2 (M) and hence pH > 2.0.           
 
     (j). Draw the pH titration curve of strong acid with a weak base and indicate in it, the color change interval of an  
           indicator with 9.1inpK   .                                                                                                                                  [2] 
Ans.   Color change interval of the indicator is 8.1 to 10.1 pH  but  pH jump for the above titration is 4.0 to 7.0 pH. 
           See the Text for the titration curve of strong acid with a weak base. 
 
Q 2(e). Deduce the expression of pH of a solution of a salt of weak acid and strong base.                                           [6] 

    Ans.  Deduce the expression
1 1 1

log
2 2 2w apH pK pK c     [See the Text]. 

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

     Ans. The aqueous solution of 2KHF  is the mixture of weak acid HF and its salt KF. 

          KHF2 → 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 a weak  
                  electrolyte increases with dilution.                                                                                     [4] 
    Ans. The weak electrolyte HA dissociates as; 𝐻𝐴 ⇌ 𝐻+ + 𝐴− and if c is the molar conc. of HA taken and   is the 

degree of dissociation then [H+] = c , [OH-] = c  and [HA] = (1  ) c . 
             The forward process is unimolecular and so first order the rate of forward reaction  
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             [ ]f fR k HA   =  1fk c  . The rate of the backward process is kinetically bimolecular and hence 2nd order   

so, [ ][ ] .b b bR k H A k c c     
  When the two rates are equal, equilibrium is set up and 

 f bR R  

  or, 
 

 

2

1
f

b

k c

k c







 or, 

2

1a
c

K






, where Ka is constant and  independent of conc. 

Thus, when electrolyte solution is diluted, c is decreased so to keep Ka constant, the degree of dissociation     

is increased.  
 (b).  A reaction is giving out 3H O  and a product, which is stable only at apH 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

 
 are taken in the medium, pH of the solution is  given 

by Henderson equation, 
[ ]

log
[ ]a

salt
pH pK

acid
  , where loga apK K    and aK  is the dissociation const. 

of acetic acid. If equal conc. of 4NH Ac  and HAc are taken, then apH pK . 

Thus the reaction product is stable in the medium which contains equal conc. of NH4Ac and HAc  
 
      (c).  What is the limitation of human eye that makes the color change interval of an acid-base indicator 1inPK   .    

    Ans. The limitation of human eye is explained as follows:   and this follows that 

             
[ln ]

log
[ln ]

B
in

A

pH pK  .   The human eye can recognize the color of lnB  when  
[ln ]

10
[ln ]

B

A

 , pH > pKIn + 1.  

Again, when 
[ln ] 1

[ln ] 10
B

A

   , pH < pKIn – 1. The  color of ln A  is seen. 

So,                        pH-range of color change of acid-base indicator is 1.inpK      

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

   [1] 
 Ans.  Dissociation of water 𝐻2𝑂 ⇌ 𝐻+ + 𝑂𝐻−  is endothermic process and so with rise of T, wK  will increase.  
(s).  Aqueous solution of ammonium acetate is neutral. Why?                                                                                  [1] 

Ans.  For the hydrolysis of salt of weak acid and weak base,  
1 1

2 2w a bpH pK pK pK   . 

        But apK  of acetic acid is equal to the bpK  of ammonium hydroxide. Hence
1

7
2 wpH pK   , neutral at 25 oC. 

Q 2(g). The pH of a buffer solution containing a weak acid and its salt should be closed to apK  of the acid. When and 

under what condition?                                                                                                                                      [2] 

Ans. Henderson equation states that
[ ]

log
[ ]a

salt
pH pK

acid
  . But apH pK  of the acid when [Salt] = [Acid]. 

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 aK  for 51.8 10HAc   )  

          Ans. 50cc0.2 (N) HAc  is completely neutralized by 100 cc 0.1 (N) NaOH  . 

      [ ] (50 0.2) 150 0.2 3NaAc N   . 
1 1

7 log 8.78
2 2apH pK c       
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[Burdwan Univ. 2009] 
Q 2(iii). Explain whether ionic product of water charges with temperature.                                                       [2] 
Ans. wK  is also an equilibrium constant for the equation of the process, 𝐻2𝑂 ⇌ 𝐻+ + 𝑂𝐻− 

All equilibrium constant depends on temperature, except only for H  of the process is zero. 
This process is endothermic so, wK  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  
                  a weak acid) and hence explain whether the solution will be acidic or alkaline.                                           [6] 

Ans.   See the Text, for the process 𝐴− + 𝐻2𝑂 ⇌ 𝐻𝐴 + 𝑂𝐻− (anionic hydrolysis),  pH = 
1 1

7 log[ ]
2 2apK salt   

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

Ans.   pH of acid buffer solution is calculated by Henderson equation, pH = 
[ ]

log
[ ]a

salt
pK

acid
  

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

But if we consider for more accuracy, then pH =
[ ]

log log
[ ]a A

A
pK f

HA




  . With dilution,
A

f   increases and 

approaches to the value of 1 and so pH is slightly increased by dilution. 
 

 
Q 3(v). Starting from Ostwald’s dilution law, find an approximate expression for pH of 1 M acetic acid solution.  
             When is your approximation likely to work poorly and why?                                                          [6]  
Ans.     For acetic acid dissociated as  The weak electrolyte HA dissociates as; 𝐻𝐴 ⇌ 𝐻+ + 𝐴− and if c is the molar 

conc. of HA taken and   is the degree of dissociation then [H+] = c , [OH-] = c  and [HA] = (1  ) c . 

             Conc. of the acid is taken c (M) and 
2

1a

c
K







 . For approximate value of pH,   is neglected in the  

             denominator as 1  . 

 Thus,
 

2 2
2 [ ]

a

c H
K c

c c






   or, [ ] aH K c     or,   pH log[ ] log aH K c      

             or, pH = 
1 1

log
2 2apK c . But c = 1 M hence, pH =

1

2 apK ,  since  c = 1 (M) so log 0.c    

 
[Burdwan Univ. 2010] 

 
Q 1(v). Aqueous solution of 1 (M) NH4Cl and 1 (M) (NH4)2SO4 do not have exactly the same pH- Justify or criticize. 
                                                                                                                                                                                          [2] 
Ans. The statement is correct. 
 1 (M) NH4Cl when hydrolyzed gives 𝑁𝐻4𝐶𝑙 + 𝐻2𝑂 ⇌ 𝑁𝐻4𝑂𝐻 + 𝐻𝐶𝑙 
     Or, 𝑁𝐻4

+ + 𝐻2𝑂 ⇌ 𝑁𝐻4𝑂𝐻 + 𝐻+   
But when 1 (M)  4 42

NH SO  is hydrolyzed it gives 

(𝑁𝐻4)2𝑆𝑂4 + 2𝐻2𝑂 ⇌ 2𝑁𝐻4𝑂𝐻 + 𝐻2𝑆𝑂4  or, 2𝑁𝐻4
+ + 2𝐻2𝑂 ⇌ 2𝑁𝐻4𝑂𝐻 + 2𝐻+ 

 Thus 1 (M)  4 42
NH SO  produces more H+  so the solution have less pH than the 1 (M) 4NH Cl  solution. 
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Q 2(i)(b). The hydrolysis constant of KCN is 51.39 10 . Calculate the degree of hydrolysis of KCN in 110 ( )M  and  

                 210 ( )M  solution of KCN.                                                                                                                     [4] 

Ans. For the hydrolysis of KCN,
2

2

1h

x c
K x c

x
 

  
or, hx K c

.
 Thus, in 110 ( )M  solution of KCN,  

            
5

1
1.39 10

10
x




  or, 21.8 10x   .  In 210 ( )M  solution,

5 2
2

1.39 10 3.7 10
10

x





    . 

 
Q 2(i)(c). Explain briefly and qualitatively the mechanism of action of a mixture of 3CH COONa  and acetic acid  

                 solution as a buffer.                                                                                                                                       [4] 
   Ans.    See the buffer action of the two solutions. 
 
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   are strong while the acid HA   and base BOH are weak. 
                  Establish a relation between pK values of the weak acid and weak base in terms of salt conc.  

Ans. The two salts AB and ' 'A B  are hydrolyzed as  and 
1 1

7 log
2 2bpH pK c   , 

              and    So for this solution 
1 1

7 log
2 2apH pK c   ,  

              but both solutions have same pH and have same c, so 
1 1 1 1

7 log 7 log
2 2 2 2b apK c pK c     , 

   or,  
1

log 0
2 b apK pK c    or,   2log 0a bpK pK c    or,

    2loga bpK pK c       

  This is the 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] 

Ans. Formulate
 

2

1a

c
K







.   When the solution is diluted, conc. c  is lowered and 

 

2

1




   is increased.  

             So,    is increased as aK   is constant at a given temperature. 

Again, 
2 2 2

2 [ ]
a

c H
K c

c c






     or, [ ] aH c K   when  c  is lowered [H+] is also decreased. 

Q 2(i)(b). Explain why the color change interval of an indicator is 1inpK   , where inK  the indicator is constant. 

                                                                                                                                                      [4] 

Ans.  For indicator  or,
[ ][ ]

[ ]
B

in
A

H In
K

In



  or, 
[ ]

[ ]
[ ]

A
in

B

In
H K

In
    or, 

[ ]
log

[ ]
B

in
A

In
pH pK

In
  . 

         But when 
[ ]

10,
[ ]

A

B

In

In
  human eye can recognize the acid color of the indicator. So to view the acid color.  

1inpH pK   and less. When 
[ ] 1

,
[ ] 10

A

B

In

In
  base color is recognized and for that 1inpH pK    and above.  

Thus pH range for color change of the indicator is 1inpK    . 
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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 change in pH when 1 ml of 1 N HCl is added to litre of this buffer?
  
 51.85 10aK  

                     
 [4] 

Ans. Henderson equation for acid buffer, 
[ ]

log
[ ]a

salt
pH pK

acid
  ,  where  5log 1.85 10 4.73apK      

 thus,  0.024.73 log 3.710.2pH    . 

 When 1 ml of 1 N HCl is added to 1 lit of this buffer solution [H+] added, H+ reacts with Ac  of the salt.   

 [H+] 31( )1 1 10 ( )1000
N N     and 

3[ ] 0.2 1 10 0.201( ) 0.201acid N M          

 and 3[ ] 0.02 1 10 0.019 .salt M     Thus  0.0194.73 log 3.7060.201pH     ,  

             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-base titration 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 the titration: Choose the indicator from the list: Methyl Orange  3.7inpK  ,  

               Methyl Red  5.1inpK   , Phenolphthalein  9.6inpK                                                          [2] 

Ans.  
 
 
                                                                           Phenolphthalein is the most suitable indicator.    
                                                                                         The pH range of color change of the indicator is 8.6 to 10.6. 
 
                                                                                             
 
 
Q 2(d)(ii). How buffer capacity of a solution is described? Show that buffer capacity is maximum when apH pK .      

Ans.     See the Text.                                                                                                                                                   [6]                                                                                                                                                                           
    
Q 3(c)(ii). What are redox indicators? Give an example.                                                                                          [2] 
   Ans.   The redox 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 a 0.02 (M) aqueous solution of 4NH Cl  (Given that bK of  5
4 1.85 10NH Cl    )    [2] 

Ans. The pH of the solution is 
1 1

7 log
2 2bpH pK c   . But   5log log 1.85 10 4.73b bpK K          

 Thus,  
1 1

7 4.73 log 0.02 5.48.
2 2

pH       

 
 
 
 
 
 

 



                                            

Part I: Ionic Equilibrium – Dr N C Dey 
 

30 

[Burdwan Univ. 2013] 
 

Q 1(iii).  Estimate the 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, Ka = 51.85 10  at 25 oC)                                                                     [2] 

Ans.     The Henderson equation is  pH = pKa +
[ ]

log
[ ]

salt

acid

 
 
 

  , here pKa =  5log 1.85 10 4.73   . 

              [salt] = 
7.5 1000

0.183( )
82 500

M
   

    
   

 and  
5 1000

[ ] 0.167( )
60 500

acid M   . 

Putting the values in the equation, pH =
0.183

4.73 log 4.77.
0.167

 
 

 
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.     See the Text.  
 
(ii). Calculate the pH of a 0.1 (M) solution of ammonium lactate at 25 oC . 

      [ apK of lactic acid = 3.86, bK  of NH4OH = 51.8 10  ]                                                                                  [2] 

Ans. Ammonium lactate is salt of weak acid and weak base, so the pH of the salt solution, pH =  
1

7
2 a bpK pK  .

apK  of NH4OH =  5log 1.8 10   = 4.74. So pH =  
1

7 3.86 4.74 6.56
2

    . 

          
(iii). Proof the variation of pH with conc. of ammonium lactate is an aqueous solution.                                           [1] 
Ans. pH of aqueous solution of ammonium lactate is independent of salt conc.  
             So the plot of pH vs. conc. is straight line parallel to conc. axis.  
 
  

 [Burdwan Univ. 2014] 
 

Q 1(v).  Calculate the percentage of ionization of an acid-base indicator (Hln) at PH = 1inPK  .                                [2]  

Ans. Hln dissociates as, . The Henderson equation is 

pH = 
[ ]

login

In
pK

HIn



  , comparing with the problem, 
[ ]

log 1
In

HIn



   or,
[ ]

10
In

HIn



 .    

If    degree of dissociation of HIn, then 
 

10
1

c
c







 or, 0.909   or percentage of ionization of  

HIn = 90.9 %. 

Q 2 (d)(i).  What is the pH of 0.1 M solution of acetic acid? 
5[ 1.85 10 ].aK M 

                                                     [2]          
 

Ans. 5 3[ ] 1.85 10 0.1 1.36 10 ( ).aH K c M          Or,  pH= log[ ]H   =  3log 1.36 10   = 2.87. 

 
 (ii). Prove that the buffer capacity is maximum when the acid and the salt are present in equal conc.                          [2]  
Ans. See Text.  
 
Q 3(f). A buffer solution is 0.1(M) in acetic acid and 0.1(M) in solution acetate. Calculate the change in pH upon  
            adding 2 ml  5(N) NaOH solution to 1 liter of buffer solution ( apK   of acetic acid = 4.8)                                [3] 
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Ans. pH of buffer initially = apK +
[ ] 0.1

log 4.8 log
[ ] 0.1

salt

acid
    =4.8 

 When 2 ml of 5 (N) NaOH is added to 1 lit buffer
5

2 0.01( )
100

 NOH 
     , when strong alkali is added,  

𝐻𝐴𝑐 + 𝑂𝐻− ⇌ 𝐻2𝑂 + 𝐴𝑐− reaction occurs.       0.1  0.01  0.11 Msalt    and  

     0.1 0.01  0.09acid M    

 0.1 1 log 4.887.0.094.8 pH    Change of   4.887 4.8  0.087.pH     

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 aqueous solution of KHF2 can act as buffer– Justify or criticize.                                                              [2]  
Ans. The statement is correct. KHF2 is HF and KF in which HF is weak acid and KF, the salt of the acid. Thus it 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)   H2O + F    
Q 2(b)(i). Show that [H3O+] of a solution containing two weak monoprotic acids of conc. c1 and c2 is given by 

                                                   [H3O+] = 1 1 2 2K c K c .                                                                                     [5] 

 Ans.  The two monoprotic acids are dissociating as 𝐻2𝑂 + 𝐻𝐴1 ⇌ 𝐻3𝑂+ + 𝐴1
−   and 

1
1

3 1

1

[ ][ ]

[ ]

H O A

H A
K

 



 
              but   1 1 11  c cHA   . Thus, 3 1 1 1[ ][ ]H O A K c    

 Similarly for the 2nd acid, 3 2 2 2[ ][ ]H O A K c                                                                              (1) 

 So, 1 1 1

2 2 2

[ ]

[ ]

A K c

A K c




  and 3 1 2[ ] [ ] [ ]H O A A                                                                        (2) 

or, 1 1
1 2

2 2

[ ] [ ]
K c

A A
K c

                                                                                                             (3)        

as the dissociation is small, especially in the presence of [H3O+] of the other acid which acts as common ion.                                                                                                                                                                                                                  

 Putting equation (2) in equation (3), we have 3 2
1 1

2
2

2

   H O A
K

c
A

c

K
               

  or, 
2

3
1 1

2
2 1  H O A

K c

K c
   

        
 

   = 1 1 2 2

1 1
2

K c K c

K c
A   
   

 
   , Now from (1) 2

2
2

3

 
[ ]

K

O
A

c

H



   .    Or,

2
3

2 
K

O
c

H    
3[ ]H O

 
 
 
 

 × 1 1 2 2

2 2

K c K c

K c

 
 
 
 

 or, 
2

3 1 1 2 2 cH O K K c      or,  1 1 23 2 O c KH K c     .                                                                                    

 
Q 2(b)(ii). For the indicator 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 4.0×10-3 M hydrogen  
                  ion conc.                                                                                                                                                       [4] 

Ans.      Let the indicator is represented as 𝐻𝐼𝑛 ⇌ 𝐻+ + 𝐼𝑛−   and  
[ln ]

log
[ l ]

  
nInpH pK

H



   

 Thus, But at pH = 2, [ ] [ ]In HIn  . Thus, 2.0  InpK . Now at the [H+] = 34.0 10  (M),         
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  3   log 4.0 10  2.398.pH     , so we have
[ ]

log2.398  2.
[ ]

0 
In

HIn



      

 or,  2.398
[ ]

lo 2.0  0.398 
[

 g
]

In

HIn



     or, 0.3981 
[ ]

2.5
[

0
]

In

HIn



  or, 
     

[ ln] [ln ]

[ l
 2.5

n]
1 3.5

H

H



 


  

or, 
[ ln]

[ ln] [ln ]

1
   0.2857

3.5

H

H 
 


 so, percentage of the indicator in the unionized form,     28.57HIn  .  

 

Q 3(f)(i). Calculate the pH of a 0.01(M) sodium solution ( 51.8 10aceticacidK    and 4.74apK   ).                         [2] 

Ans.      Sodium acetate undergoes hydrolysis in aqueous solution and its pH is given as pH =7+
1 1

log[ ]
2 2apK salt  

 
1 1

, 7 4.74 log(0  7.01)
2

2.37 1.0 8.3
2

7so pH            at 25 oC. 
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ELECTROCHEMISTRY 
PART III: 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  

                       lno
i i iRT x    ,   where ix 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 

                      lno
i i iRT a    ,    where ia  is activity 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. 
This is due to the fact that very weak van der Waals forces are operative. The effectiveness of these 
forces occur only when conc. of these solutions is large and pressure of the gas is high. These forces are short-
range forces. 
 
Electrolyte solutions are non-ideal 
                             But electrolyte solutions even at low conc. behave non-ideal and activity is to be used to get 
accurate value of the physical properties. This is due to strong Coulombic force operating between the ions and 
this force is long-range one. 
Relation between activity ( ia ) and conc. of a species 

                          The activity (a) of a component is related with conc. as  
                     i i ia c f , where ic = molar conc. of the i th component and  

                                                if  = molar-scale activity coefficient of that component in the solution. 

and,              i i ia m  , where im  = molal conc. of the i the component and 

                                                  i  = molal-scale activity coefficient of that component in the solution. 
The example is showing the better result when activity is used instead of conc. 
                            One example of calculation of dissociation constant of a weak electrolyte, 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 OC 
 

conc. (molarity) 510             2.8            21.8         102.8       948.0          2000.0 
5( .) 10aK conc                      1.77           1.78         1.80        1.83             1.84 

5( ) 10aK activity                  1.75           1.75         1.75        1.75             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, x yB A is used in the relation 

                        Let us take a strong electrolyte, x yB A dissolved in a solution of activity ‘ a ’ and molarity ‘c’ 

dissociating completely as:   z z
x yB A xB yA      
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z  and z  are the magnitude of the valence of cation and anion of the electrolyte respectively. 

If c mole of the electrolyte is dissolved in sc mole of the solvent, then total free energy of the solution is                                                                                                   

s sG c c   ,                                                           

   where s  and   are the chemical potential of the solvent and solute respectively.                                                                                                                  

   But the electrolyte in solution remains in ionic forms and hence we can write 
                                              s sG c c x y      ,                                                                            (2) 

as xc  and yc are the mole of cations and anions respectively. 
Comparing equation (1) and (2), we get 
                                                    x y                                                                                           (3) 

Mean ionic chemical potential is defined as,  

                              x y

x y

 
  






 or,  x y x y                                                         (4) 

 Relation between  of the electrolyte and the ions. 

Two equations (3) and (4) are collectively written as        x y x y                                    (5)                                  

Expressing chemical potential in terms of activity, we have     
                   ln ln ln lno o o oRT a x y RT a x RT a y RT a        

                       
o superscript denotes term at the standard  state.  ,,a a a  and a are the activity  of the electrolyte, mean ionic 

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

                           ln ln ln .x yo o o o x yRT a x y RT a x y RT a a   


                                        (6) 

Relation (5) holds also for standard conditions and hence,     o o o ox y x y         . 

Relation between activity of electrolyte and the ions 

                 Inserting the above in equation (6), we have               ( )x y x ya a a a

                                    (7)                                                                                                                          

Relating with conc. terms, we have        ( ) x yx y x y x ya a c f c f c c f f

               

                           where c  and c  are molar conc. of the cation and anion respectively.  

But for the electrolyte, c xc   and c yc  . Putting these values, we get the final relation  

                                           ( ) x yx y x ya a xc yc f 

     

 or,                                    ( )x y x y x y x ya a x y c f  

   ,  

where                                         x yf 

  = x yf f   

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  

                                          ( )x y x y x y x ya a x y m   

    

and    is called molal-scale mean ionic activity coefficient of the electrolyte. 

For uni uni valent electrolyte, 1x  , 1y  ,  so the relation is 2 2 2a a c f     and 2 2 2a a m    . 

For bi uni valent electrolyte, 1x  , 2y   so the relation is 3 3 34a a c f    and 3 3 34a a m    . 

Question: Demonstrate, starting from 
p qM X M Xp q     that the activity of a salt, p qM X can be  

                  written as,                              
p q

p q p q p q
M Xa p q m  

   

             where m is the molality and   is molal-scale mean activity coefficient.  [Burdwan Univ. 1996] 
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Question (1):  How is the activity ‘ a ’ of La2(SO4)3  related to the mean ionic activity?   

 Solution: For the salt, x = 2, y = 3 and so 5a a .                                                      [ 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 x y       . Then proceed as above in the text. 

Question (2): Calculate a
 for a 0.1 molal solution of H2SO4 at 25 oC, where  

 = 0.265.  

                                                                                                                                           [Burdwan Univ. 1998]                                                                                                                            

        Solution:  ( )x y x y x y x ya x y m   

  , but here, x = 2, y = 1, hence 3 3 34a m   . 

                      Putting the values,    
3 33 4 0.1 0.265a     or, a

 = 0.042. 

Question: Given that    , the relation 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     of an electrolyte in solution could be experimentally determined by solubility 

measurements, e.m.f. measurements, etc. On studying the various results of    in different electrolyte 

solutions, following observations have been made. 
Variation of    with conc. of pure electrolyte in solution 

(1) In pure electrolyte solution,    of an electrolyte decreases, attains minimum and then increases with the 

      increase of conc. of the solution provided the solution is dilute.        

      When    is plotted against m  

      or, log   is plotted against  m , 

      the curves are obtained as given: 
               The approximate relation  

      between    and m  can be written as:: 

               log A m   . 

      Where A is constant for a given  
      electrolyte in a given solvent at a given  
      temperature.  
Variation of    with conc. of same valence-type electrolytes in solution 

      For the electrolytes of same valence type  
     (uni-uni valent or bi-uni valent , etc.), the variation of     

      with m is same up to certain conc. (m = 0.01) but 
      at higher conc. individual character of the ions plays its role. 
Influence of different ions on   of an electrolyte in solution 

(2) Lewis and Randall found that the influence of an ion in  
     a mixture on the activity coefficient of an electrolyte  
     depends on the conc. of the ion and square of its valence. 
     Thus a bivalent ion (say Ca+2) influences the activity  
     co-efficient of an electrolyte (say NaNO3) in mixture four times  
     that of monovalent ion (say K+). 
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Definition of ionic strength (i) of an electrolyte solution                                          
                              For comparing the activity coefficient of electrolyte in pure state or 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.  

     Thus the ionic strength (i) of the solution is  2 2 2 2
1 1 2 2 3 3

1 1
.....

2 2 i ii m z m z m z m z                                          

     The ionic strength considers the effective influence of each ion in solution towards  
 of an  

      electrolyte inserting due weightage of the conc. and valence of each ion. 
 

of an electrolyte is same  in solutions of same i 

       (4) Lewis and Randall further observed that in very dilute solutions,  
 of an electrolyte is same in     

            all solutions  of same ionic strength. 
 

Some problems on the calculation of ionic strength (i) 
 

Calculation of ionic strength of pure electrolytes in solution 
(1) For pure electrolyte solutions of molality, m. 
     (a) uni-uni valent (1, 1) electrolyte (BA), example: NaCl, KNO3, HCl, etc. 

              BA dissociates as BA → B+ + A-,   so,        i = 2 21

2
1 1m m m        

    (b) bi-uni valent (2, 1) electrolyte (BA2), such as CaCl2, Mg(NO3)2 , etc 

                            i =  2 21

2
2 2 1 3m m m        

    (c) bi-bi valent (2, 2) electrolyte (BA), such as CaSO4, MgSO4, etc. 

                             i = 2 21

2
2 2 4m m m         

Short-cut way to find ionic strength of an electrolyte solution 
                         Thus for pure electrolyte solutions, ionic strength (i) is related with molality (m) as: 
                                             i  = k m 
                                where, k = 1 for (1, 1) electrolytes,  
                                               = 3 for (2, 1) electrolytes, 
                                               = 4 for (2, 2) electrolytes, 
                                               = 6 for (3, 1) electrolytes, 
                                               = 9 for (3, 3) electrolytes and  
                                               = 15 for (3, 2) electrolytes. 
 
(2) In mixture of electrolytes in solution: 
     (a) A solution containing 0.008 m BaCl2 and 0.005 m KCl.                            [Burdwan Univ. 2011, 2014]          

            Solution:      i =  2 2 21

2
0.008 2 0.005 1 2 0.008 0.005 1 0.029           (m). 

    (b) Calculate the ionic strength of the resulting solution obtained by mixing 25 ml 0.002 m K4[Fe(CN)6]  
          solution and 75 ml 0.003 m K3[Fe(CN)6] solution. 
           Solution: Molality of K4[Fe(CN)6] in the resulting solution  
                          = 25 0.002

0.0005
(75 25)

m





 and K3[Fe(CN)6] = 75 0.003
0.00225

(75 25)
m






  

                 i =   2 2 21

2
4 0.0005 3 0.00225 1 0.0005 4 0.00225 3 0.0185 m             

    (c) 60 cc of 0.015 (m) BaCl2 solution is mixed with 40 cc of 0.0125 (m) KCl 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 complete dissociation, calculate the ionic strength of a solution formed by mixing  
         equal volumes of 0.01 m K2SO4 and 0.02 m BaCl2  solutions.                              [Burdwan Univ. 1993]         
           Answer: i = 0.025(m) 
 
    (e) Calculate the ionic strength of m  molal solution of LaCl3.                                         [Burdwan Univ. 2014]               
 
   (f) What is ionic strength? Calculate the ionic strength of a solution obtained by mixing equal  
        volumes of 0.01 (N) NaCl and 0.02 (N) Na3PO4                         [West Bengal Civil Service Exam. 2003]           
          Solution: i = 0.025 (M) 
 
   (g) What molality (m) of CuSO4 solution has the same ionic strength as 1 m KCl solution      
         Solution:   0.25 m.                                                                                              [NET-CSIR, UGC. 2000] 
  (h) Calculate the ionic strength of a solution obtained by mixing aqueous solutions of 50 ml of  
       0.02(M) AlCl3, 25 ml of 0.04(M) K2SO4  and 50 ml of 0.02(M) urea at 25 oC.  [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. This is called Debye-Huckel theory and it consists of the 
following postulates: 
Coulombic force between two ions in solution 
(1) The theory assumes strong electrolyte (  = 1) and it is in 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 force is not effective in this dilute solution as the interionic distance is large. 
                 The Coulombic force between the ions in solution is given as: 

                                                        
2

1 2

2

z z e
F

D r
 , terms have their usual meaning.         

      The electrolytes of higher valence ions, 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   
                                                      alcohol waterD D   .                                                 [Burdwan Univ. 2002] 
       Again, CaCl2  in aqueous solution is more non-ideal than NaCl in aqueous solution of same  

       conc. as                                       2 1Ca Na
z z    . 

                                 However when the solution is infinitely diluted, Coulombic force is negligibly  
       small as interionic distance is very large and the solution behaves ideal.   
Effects responsible for formation of ion atmosphere in solution 
 (2)The arrangement of ions in electrolyte solution depends on two opposing effects.  
      The one effect is Coulombic potential which is trying to keep the ions in ordered state as we 
      have seen in ionic crystal. However, the Coulombic force is D times less in solution than in air.  
        The other effect is due to thermal energy which tries to keep the ions in random  
       arrangement.  A comprise of these two effects result in the formation of ion atmosphere surrounding a  
       particular ion. Thus each ion (reference ion) is surrounded by spherically symmetrical ion  
       atmosphere that contains both cations and anions but the opposite ions to that of reference ion  
       dominate in the ion atmosphere. The net charge of the ion atm. is equal in magnitude but opposite in sign  
       to that of the reference ion (we call it central ion and it is taken positive ion). If the central ion has    
       ( jz e )then the ion atmosphere has the charge ( jz e ). 
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(3) Ion atmosphere actually screens the central ion and thus the activeness of the central ion is  
     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. 
                          ( ) ln ln lno o

j j j j j jnon ideal RT a RT m RT          

     but,                                                  lno
j j jideal RT m    

     so,                                         ( ) lnj j jnon ideal ideal RT     . 

     Since in dilute solution,          1j         ,           so         ( )j jnon ideal ideal     . 

     Similarly, potential due to central ion at a distance r from the central ion is less than that it  
     would be when it is not shielded by the in atmosphere.  

                                                     shielded unshielded   

 
FORMULATION OF POTENTIAL DUE TO SHIELDED CENTRAL ION AT A DISTANCE, r 

 
 

Formulation of charge density (  ) of the ion atmosphere 
 
                            The charge density of the ion atmosphere (charge per unit volume) of the ion atmosphere at a 
distance r from the central ion of charge, ( )jz e  is given as: 

                                              
/iz e kT

i iz e n e  
    

in = number of ions per unit volume at a distance where central ion has no influence (at infinite r )  

iz e  = amount of work required to bring one ion of charge, iz e from infinity to the point P where  

               is the potential.  

So, /iz e kT
in e   = number of ith kind ions per unit volume (cc) 

                           at the point P, where each ion has excess energy  
                           iz e .  is taken to include all the  ions present  

                           per cc at the point P. (Boltzmann distribution law) 
 
Expression of charge density (  ) 
 
         Expanding the expression of   and neglecting higher powers of  

small term, /iz e kT , we have 

                 1 i
i i

z en z e kT


     
 

 = 
2

2
i i i i

e
n z e n z

kT


 
   

 

, 

 where   is the potential at the point P due to the central ion when it is shielded by the ion atmosphere. But 

i in z e  = 0 as at the infinite distance the solution is electrically neutral. 

                        The charge density at point P,   
2

2
i i

e
n z

kT
 

 
   

 
.  

Poisson’s equation 
 
               For finding expression of   and  , we require another relation and that is the Poisson’s equation 

and the Poisson’s equation is   2 4

D


    , where 2 (Laplacian operator) = 2

2

1 d d
r

r dr dr
 
 
 

 as the ion 

atmosphere is spherically symmetrical and so independent of  azimuthal angle ( ) and zenith angle ( ). 
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Expression of    

We have                
2

2 2
2

1 4
i i

d d e
r n z

r dr dr DkT

 


  
   

   

    or,      2
2

1 d d
r

r dr dr

 
 
 

 = 2  , 

where, 
2

2 24
i i

e
n z

DkT


   , again 2 2

3 3

2

10 10
A A

i i i i

N d N d
n z m z i    ,  

                                              where, im  is molality of i th kind ion and d is density of the solvent. 

Or,       
2

3

8

10
Ae dN

i
DkT




 
  
 
 

, where i = ionic strength of the solution = 21

2 i im z  . 

Evaluation of A and potential of central ion alone, central  

               Solving the equation,  2
2

1 d d
r

r dr dr

 
 
 

 = 2  , we get the expression of potential, 
rAe   . 

At infinite dilution, ion atmosphere is not formed and  = 0. The potential, A    
This is the potential due to central ion alone when it is not shielded 

by ion atmosphere. This is, central  =   jz e

Dr
, so   A = jz e

Dr
.        

Plot of potential vs. r for shielded and unshielded ion 
                  
Inserting A, we have potential due to central ion surrounded by 

ion atmosphere at a distance r,      
j rz e

e
Dr

      

                           Since,          re   < 1,             so,    < central      

i.e. the potential at a distance, r due to central ion is less when shielded by the ion atmosphere.  
              and central  can be plotted against r, and we have the following plots. 

                                                               is decreased more rapidly than central  as r increases  

                                                             since,  jz e

Dr
   and re   both terms decrease as  r increases. 

                                                             As, r = 0,  → ∞ and r → ∞,   → 0 

                                                            Again, as,            r → 0, central → ∞  

                                                                      and            r →  ∞,  central → 0. 

 

Question: What is the unit of  in the equation, rAe   , r being the distance. (Ans. length-1)  
                                                                                                                                         [ Burdwan Univ. 2001] 

Potential due to ion atmosphere ( ion atm ) 

                                      Expanding the expression of potential, j rz e
e

Dr
   taking r  << 1,          

 we get,                                       1jz e
r

Dr
              or,          j jz e z e

Dr D


     

Potential,   consists of two parts – one for central ion and other for ion atmosphere 

It could be written as                        
 1

j jz e z e

Dr D


  
  =    central  + ion atm .  

First term is the potential due to central ion alone at a distance, r from the central ion and it is  

 central  = jz e

Dr
 .   Second term is the potential due to ion atmosphere and it is   ion atm = jz e

D


  

        The expression of ion atm  shows that  has the dimension of 1L  and its unit is cm-1 or m-1. 
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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  jz e , it is 

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  jz e is assumed to be concentrated at a point,  1


 distance 

away from the central ion. Thus  1


 is assumed to be the thickness of ion atmosphere  

(it is sometimes called Debye length, Dr ). 

Expression of potential due to ion atmosphere from mathematical view point: 
 
                                           We have,    = central  + ion atm  

Thus,            ion atm  =   – central  = j rz e
e

Dr
  – jz e

Dr
 =  

1 1j rz e
e

D r r
 

 
 

 

                                  =   
21 1 1

1
2

jz e
r r

D r r
 

  
       

  
 = 21 1 1

2
jz e

r
D r r

 
  

      
  

 

                                  =  21

2
jz e

r
D

 
  
      
  

.  

  The value of ion atm  at the central ion (r = 0), ion atm  =  2

0

1

2
j

r

z e
r

D
 



  
      
  

  

or,       ion atm  = jz e

D


 .   Thus, the expression of ion atm  can be formulated mathematically. 

 
Question:  According to Debye Huckel model, electrical potential at a distance r from the central   

                   positive ion is given by  j jz e z e

Dr D


   .  Show that   has the dimension of 1L .                         

                   Interpret the two terms in the right side of the equation. Plot   vs. r for two values of   
                   (say  = 0 and  = 1)                                                                                        Burdwan Univ. 2001 
 
 
Expression of charge density and other facets of ion atmosphere 

            We have already formulated the charge density as, 
2

2
i i

e
n z

kT
 

 
   

 

 and potential, j rz e
e

Dr
  . 

            Replacing   in the expression of  , we get      

                     
2 2

2 24
 

4
j jr r

i i i i

z e z ee e
n z e n z e

kT Dr r DkT
 




    
        

   

  , but 
2

2 24
i i

e
n z

DkT




 
  

 

, 

            The expression of charge density of the ion atmosphere at a point r from the central ion is      

                                                      2

4
j rz e

e
r

 


     . 

              A plot of magnitude of   vs. r is given as; 
                                                                                                 :                                               
              Both the factors containing r decreases 
             with increase of r and due to the  
             exponential term,   decreases very  
             rapidly with increase of r .                                                                                               
             When,   r → 0,  → ∞ and r →  ∞,    → 0. 
 

  

Expression of   
as a function of 

distance r 

The plot of   

vs. r 
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                                                                                 . 
                                                                                            .                                                                                                
Calculation of total charge of the ion 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, 24dv r dr . 
Charge contained within the shell, dq = dv . 

or,  2 2 24
4

j r r
j

z e
dq e r dr z e re dr

r
   



  
     
 

 .  

 So the total charge of the ion atmosphere, 

     ion atmq  =            2 2

0 0 0

r r r
j j j jz e re dr z e re dr z e r e d r z e     

  

           . 

                                [Since
0

1tt e dt


  , here, t = r ]. 

This shows that total charge of the ion atmosphere is  jz e  which is equal but opposite in sign to the charge 

of the central ion,  jz e . 

Expression of thickness of the ion atmosphere: 
 
 The fraction of total charge of the ion atmosphere that is contained within the spherical shell  

                         = 
ion atm

dq

q
 = 

 
 

2 r
j

j

z e re dr

z e

 


 = 2 rre dr   =  F r dr  

           where,   2 rF r re    and it is called charge distribution function of the ion 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 asymptotic value with increase of r.  
This is due to the fact that the F (r) consists of two terms – one is non-exponential term (r) and 

other is exponential term  re  . This type of distribution is called Gaussian distribution.                                                                     

At r = 0, F (r) = 0 and now as r increases, the non-exponential  
term increases but exponential term decreases. At low value of r, 
the non-exponential term dominates over the exponential 
term and so value of F (r) increases. But at high values of 
r, the exponential term dominates and F (r) decreases. 
When r → ∞, F (r) → 0. 
F (r) attains maximum values at a certain radius, maxr  of the  

spherical shell in which the maximum fraction of charge of the  
ion atmosphere is present. 

The expression of maxr can be obtained from the condition of maxima and minima,  dF r

dr
 = 0. 

Thus differentiating F (r) with respect to r and equating to zero, we have     

                   
 

 2 0r rdF r
e r e

dr
                 or,               2 1 0re r     

(i) when    = 0, there  is no ion atmosphere, (ii) when re   = 0, r =  , and it is minimum point 
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and (iii) 1 r = 0, it denotes maximum point of the curve, so  max
1r


 . 

This shows that the spherical shell of radius,  1


 with unit thickness contains maximum fraction of total 

charge of the ion atmosphere. Thus  1


 is called the thickness of the ion atmosphere or called Debye length 

( Dr ). 

Putting the value of 
2

3

8

10
Ae dN

i
DkT




 
  
 
 

  in the expression, we get the thickness or Debye length,  

Expression of thickness of ion atmosphere 

               Dr  =  1


 = 
3

2

10
8 A

DkT
i

e dN
, putting the value of universal constants, 

101.987 10
D

DT
r cm

i


 . 

For aqueous solution at 25 oC, D = 78.6 and T = 298 K, 3.03
Dr

i
  Å. 

The factors that controls the size of the ion atmosphere 
 

Thus the thickness of the ion atmosphere is 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 the ion 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 atmosphere of different valence type electrolytes 
 
                   Comparison of thickness of ion atmosphere in different valence type electrolytes of 0.01 molal  

aqueous solution at 25 oC  are given below: 
 
 
 
 
                
 
 
                             Expression of change in chemical potential due to ion atmosphere      
 
 
 
Question: The thickness of ion atmosphere Debye Huckel theory may be written as  

                                m n pb A B C  , where   is some constant and 2
DA

e
 . 

                  (D = dielectric constant; e = electronic charge), B = kT and C has the dimension of L3. 
                  (i) Express the dimension of A and B in terms of M, L, T.  
                       (Ans. A = M-1 L-3T2 , B = ML2T-2) 
                  (ii) Put them in the given expression for b to find how m, n and p are related. 
                       (Ans. 2n – 3m + 3p = 1) 
                  (iii) Find m if the condition m = n = p holds. (Ans. m = ½ ) 
                  (iv) Identify the quantity C. (Ans.  C is reciprocal of ionic strength).  
                                                                                                      [Burdwan Univ. 1997, m = 1×2 +3 +1+2 = 8] 
Question: Calculate the thickness of ion atmosphere for a 0.01 (M) MgCl2  solution at 298 K,  
                  given that the thickness of the ion atmosphere of 0.1 (M) NaCl solution is 0.96 nm at  

       298 K. (Ans. thickness of ion atmosphere in MgCl2 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 the ion-atmosphere.                                                                             [Burdwan Univ.2013] 
 Solution: See the text 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 
atmosphere is formed) 

                                 j (non-ideal) = o
j ln jRT a  

but ja = j jm  , putting, j (non-ideal) =  ln lno
j j jRT m RT    =   lnj jideal RT  . 

 Thus,               j (non-ideal) -  j ideal  = ln jRT   

  or,                                                  lnj jRT    

Calculation of  j  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  j  originates from excess 

energy acquired by j th ion for its surrounding ion atmosphere. 

                 This  j  can be calculated from the work required to bring one mole j th kind ions from 

the ideal solution (where there is no ion atmosphere) to the non-ideal solution (where there exists ion 
atmosphere surrounding the ion). 
                 This is equivalent to the difference of work required to charge one mole of the central ion in ideal 
solution ( )o  and in non-ideal solution ( )o  . 

Work required in charging the central ion in ideal solution,  
2 2

0 0 2

j jz e z e

j
ideal

z eq
w dq dq

Da Da
                                             

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 ion is,  a =  radius of the ion). 
Work required in charging the same ion in non-ideal solution in presence of ion atmosphere 

                      
2 2 2 2

0 0 2 2

j jz e z e

j j
non ideal

z e z eq q
w dq dq

Da D Da D




 
     

 
  . 

                          
The additional work required to charge the central ion is equal to the additional free energy  

acquired by the central ion due to ion atmosphere and it is,  
2 2

2
j

non ideal ideal

z e
w w w

D


     . 

For one mole (NA number) of  j th  ions, the additional chemical potential, j AN w   .                                                             

Therefore, we have           
2 2

2
j A

j

z e N

D


             but,                lnj jRT   .  

Equating two expressions of j , we have,  
2 2

ln
2

j A
j

z e N
RT

D


         . 

Inserting the expression of
2

3

8

10
Ae dN

i
DkT




 
  
 
 

,    we get  
2 2 2

3

8
ln

2 10
j A A

j

z e N e dN
i

DRT DkT




 
   

 
 

   . 

Or, 
2 2

2
3

8
ln

2 10
A A

j j

e N e dN
z i

DRT DkT




 
   

 
 

 or, 2ln j jz B i   where, 
2 2

3

8

2 10
A Ae N e dN

B
DRT DkT

 
  
 
 

. 

Or,  2log 2.303j j
Bz i       or,    2log j jz A i      where,  

2.303
BA  . 
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Thus Debye-Huckel limiting law is given as, 2log j jz A i      where, 
 

3
2

1
A

DT
  . 

    A is called Debye-Huckel constant and A = 0.509   0.51 for aqueous solution at 25 oC. 
Problem (1): In a book, the following expression for the Debye Huckel limiting law has been written:              

                       2ln j jz B i   ,  the algebraic sign (*) being blurred by bad printing.                                            

                       Put the appropriate sign giving reasons.                                                   [Burdwan Univ. 1994 
Answer: (-)ve sign. As i increases, the j  of the solution decreases, hence the negative sign. 

Problem (2): Explain qualitatively the effect of dielectric constant on the value of log j . 

                                                                                                                                            [Burdwan Univ. 2005] 

       Answer:  D.H. constant, 

 
3

2

1
A

DT
 , hence explain the effect.   

Problem (1): The value of Debye Huckel constant, A = 0.51 at 25 oC. Calculate its value at 30 oC. 
 Solution: The value of A at 303 K = 0.507. 
 

Problem (2): If the Debye Huckel limiting law is written in the form,  2exp.j jf Bz i  , find B, 

                      giving the Debye Huckel constant, A = 0.51. [Ans. B = 1.174] 
 
Problem: Calculate  ,     and    for 0.001 m NaCl solution in water at 25 oC 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  

                 in electrolytic solution,

1
2 2 2

2( ) 4

2
j A

i i

z e N e
G n z

D DkT

  
     

  

. 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  

                                                j jz e z e

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 electrolyte in solution 

                         For an electrolyte, dissociating completely as, z z
x yB A xB yA    , 

              where z  and z  are the numerical value of valence of cation and anion respectively. 

The mean ionic activity coefficient, x y x y  

     or,   log log logx y x y       .  

Using Debye Huckel law for activity coefficient of cation and anion,  

                        2 2logx y x Az i y Az i         = 2 2A xz yz i 
     

                                          =   A xz z yz z i               

But the electro neutrality condition of the electrolytic solution is  xz yz    

Using the above condition, we get      logx y    =  Az z x y i    

    or,   log Az z i        or precisely it is log  = – A z | z | i  , where  
 

3
2

1
A

DT
  

                                                This is Debye-Huckel 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, 0.01i  .  
Ionic solution of moderate molalities may have activity coefficients that differ from the values given by the 
above expression. The law is found to give good result when i = 0.01 and less hence for (2, 2) electrolyte it 
corresponds to molality 0.0025. 
 

Question: Starting from the relation: 2log j jf Az i , arrive at a formula for log f .  

                  Draw log f  vs. i  for a (1:1) electrolyte 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  .                                          [Burdwan Univ. 2006] 

Question: Arrive at the expression of mean ionic activity ( a
) in terms of activities of the  

                  individual ions of an electrolyte. Assuming 2log j jBz i   , find the expression  

                  of log   in a solution 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 as i .  
                                                                                                                                            [Burdwan Univ. 2010] 
 Question: Arrive at the expression of mean ionic activity ( a ) in terms of activities of the individual  

                  ions of an electrolyte. Assume 2
1log i iB z   , find the expression of log   in a solution 

                  having ionic strength  .                                                                                  [Burdwan Univ. 2013]                                                    
Question: Compare the values of mean activity co-efficient for uni-bivalent and bi- bivalent type of  
                  electrolytes having the same ionic strength in aqueous solution at the same temperature.  
                                                                                                                                            [Burdwan Univ. 2014]  

Answer: 
log

2
log









 , where  

  and    are the mean ionic activity coefficient of bi-bivalent and  

                 uni-bivalent type of electrolytes respectively. 
                                                                                                                         
Extended Debye Huckel law for moderately concentrated solution 
                                           
For relatively concentrated solution 0.1 0.01i  , Debye and Huckel equation is modified by considering 
that central ion is no longer point-charge and dielectric constant (D) will also vary from one point to another 
point within the medium. The potential due to ion atmosphere is modified as: 

  
 

ion atm 
1

jz e

D a




 


      where, a = radius of the central ion and 1


 = thickness of the ion atm. 

In concentrated ionic solution, 1


 is comparable to ‘a’ and so it can not be neglected. 

                          The above potential can be written as,            
 

ion atm 
1

jz e

D a





 


. 

Inserting the expression of  and simplifying we get,              + -

1

A z | z | i   
log

1+aA i
    . 

(i) For dilute solution, i is very small so the 2nd term in the denominator can be neglected in  

     comparison to 1 and we have Debye Huckel limiting law, log   = – A z | z | i . 

(ii) For moderate concentrated ionic solution, 0.1 0.01i  ,  the equation is  
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               
1

+ - 1 + - 1 + -log A z | z | i 1+ aA i A z | z | i aA A z | z | i


       

or,                                         + -log A z | z | i C i     , where   1 + -aA A z | z |C  . 

                                    The plot of log   vs. i  is given as: 

At i = 0,  log   = 0. For low value of i , first term dominates and  

log    increases with increase of  i but as  i is further increased,  

second term dominates and log   is decreased after attaining  

maximum value.  
 

Question: Given that log f A i Bi    , discuss the nature of  

                  log f  vs. i  plot.  (A and B are positive)                                        [Burdwan Univ. 2004] 

 
Question: An extended form of Debye Huckel limit law equation 

                  for 1:1 electrolyte is given by 
A i   

log
1+B i

f   , where A and B are constants. 

                  Suggest a suitable linear plot to find A and B.                                      [Burdwan Univ. 2006] 

  Answer: Hints; 
1 1 1

log

B

A Ai 

    and 
1

log 

 vs. 
1

i
 plot gives a straight line. 

 
  Verification of the law 
 
                   The law can be tested by using different type of salts in  
                    solutions of different ionic strength. 
                    Cobalt amine complex salts of the following type  
                    are taken for the test. 

                    I.   (1, 1) type salt:    3 24
Co NH Cl Cl   ,    

                   II.  (2, 1) type salt:  3 25
Co NH Cl Cl    and   

                  III. (3, 1) type salt:   3 36
Co NH Cl   . 

          Now log   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, 0.01i   
 
Problem: The experimental value of mean activity coefficient (   ) of 0.005 m KCl  at 25 oC    

                  is  0.927. What is the % of error in the value of    predicted by the Debye Huckel   

                  limiting law?                                                                                               [CSIR–UGC–NET, 2000] 

Solution:   The Debye Huckel limiting law is  log   = – A z | z | i  or, -| z |  10 Az i 

   

                   Putting the value,  0.51 1 1 0.005  ( ) 10 0.9203predicted value    

   . 

                   %  of error in the value of    = 0.927 0.9203
100 0.72

0.927


  . 

 
 
 
 

 

 

Various valence-type 
cobalt amine complex 

salts are taken for 
verification 
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Solubility of sparingly soluble salt and ionic strength of medium 
  
  
 
Let us take a sparingly soluble salt, x yB A remaining in equilibrium in aqueous solution as: 

                                   ( ) ( ) z z
x y x yB A s B A aq xB yA   . 

The equilibrium of the species in different phases is represented in terms of chemical potential as   
                                   ( ) ( ) z z

x y x yB A s B A aq B A
x y     

   . 

Thus, ( )x yB A s x y     . When expressed in terms of activities, we have 

             
( ) ( )

0 0 0ln ln ln
B A s B A sx y x y

RT a x RT a y RT a          , but 
( )B A sx y

a  = 1, so, 

 
( )

0 0 0 ln
B A sx y

x yx y RT a a          or,    
( )

0 0 0ln
B A sx y

x yRT a a x y      
       
 

 

or, x y RT
spa a e K



     or,  x y
spK a a   , where spK  is solubility product of the salt which is constant 

for the salt at a given temperature and a  and a are the activities of the cation and anion of the electrolyte in 

the saturated solution. 

Replacing activities by molar conc., we get     
x y

spK c f c f      =    x y x yc c f f     .                         

Let s  is the solubility of the electrolyte in mole / litre, then c xs  , c ys  , and x y x yf f f 

   . 

So,                                                x y x y x y
spK x y s f 

 .                                                           (1) 

This is relation between the solubility ( s ) and solubility product ( spK ) of the sparingly soluble salt. 

For AgCl, 2 2
spK s f , for CaF2, 

3 34spK s f  and for Ca3(PO4)2,  2 3 5 52 3spK s f   etc. 

The equation (1) can be written as: 

1

x y
sp

x y

K
sf

x y





 
 

 
                                                                    (2) 

                                                                    = constant for a given electrolyte at a given temperature.     

Taking log of both sides and rearranging, 1
log log logsp

x y

K
s f

x y x y 

 
  

  

                                 (3) 

Using Debye Huckel limiting law, + -log A z | z | if  in the above expression, we get 

         + -

1
log log +A z | z | isp

x y

K
s

x y x y

 
  

  
                        (4) 

Solubility ( s ) of the electrolyte is determined experimentally in  
solutions of different ionic strength. The ionic strength (i) can be 
varied by adding different amount of inert ions in the solution. 

When log s  is plotted against i , a straight line  is obtained. 

The extrapolated intercept gives the value of spK . 

 
Further knowing the value of spK  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 oC.   
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Let us explain the matter with an example of sparingly soluble salt, MgCO3 in aqueous solution.  
                 The salt dissociates as MgCO3(s)   MgCO3(aq) → Mg+2 + CO3

-2 

     The solubility product of the salt,   2 2 2
spK a a c f c f c c f s f                 

or,                       spsf K      = constant for the electrolyte at a given temperature. 

Taking log of both sides,                                        
1

log log log
2 sps K f  .               .  

Using the Debye Huckel limiting law,  log f   = A z | z | i  = 4A i . 

we have,                                       
1

log log 4
2 sps K A i                               . 

A plot of log s  vs. i  gives a straight line with intercept equals  

to 
1

log
2 spK and slope equals to 4A.  

Solubility product of the salt, Ksp  and Debye Huckel constant, ‘A’  
can be obtained. 
Mean ionic activity coefficient of the salt in solution can also  

be obtained by measuring the solubility of the salt (s) using the equation, spK
f s  .                                  

Solubility (s) of the MgCO3 is determined by titration with standard EDTA solution using ErioChrome Black 
T (EBT) indicator. 
The ionic strength (i) of the solutions is varied by adding some inert salt solution like KCl solution. 
 
To summarize results of the discussion, we can mention the following points: 
(1) The thermodynamic solubility product of ( spK ) of a sparingly soluble salt can be  

      experimentally determined. 

(2) Linear plot of log s  vs. i  verifies the Debye Huckel limiting law.  
     The value Debye Huckel constant, A determined from the slope of the plot and it is same with  
     that  
     obtained from calculation 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 MgCO3 at a particular temperature is 10-3 mol litre-1. Calculate its solubility  
                  in 0.1 (M) KNO3 solution.                                                                                [Burdwan Univ.1994] 
Solution:  For a given electrolyte at a particular temperature, s f  = constant.  

                  If ‘o’ superscript is added to the term for aqueous solution, then 
o os f s f   

                  or,  
o os f

s
f





 , But of  = 1, since the aqueous solution of the salt is very dilute  

                  and  -| z |  0.51 2 2 0.110 10Az if     

     = 0.226, as ionic strength is contributed mainly  

                  from 0.1 (M) KNO3 in the solution and MgCO3 is only slightly soluble in water.  

                  Putting the values, 
3

310 1
4.425 10

0.226

o os f
s

f







    mol litre-1. 
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Problem:  Show that the solubility s of (1:1) salt in water is given approximately by 

                     
1 12 2exp. 1.172spK s 

  
, where spK  = solubility product.              [Burdwan Univ.1996] 

Solution: For (1:1) salt, 2 2
spK s f ,  or 

spK
s

f
  .     But, 0.51 2.303 sf e  

  .   

                or,   0.51 2.303 1.172s sf e e   

    , since, i = s. Thus putting the expression of f , 

                we have 
1.172

sp

s

K
s

e
   or, 1.172 s

sps K e . Thus,     
1 12 2exp. 1.172spK s 

  
. 

 
Problem: Solubility of AgCl in pure water is 10-5 mol / lit. Calculate the solubility on 0.01 (M)  
                 KNO3 solution. [Given, D.H. Constant, A = 0.51]                                          [Burdwan Univ.1999] 

 
Solution: Solubility of AgCl in the 0.01 (M) KNO3  solution is 1.12 × 10-5 mol / lit. 
 
Problem: An (1:1) weak electrolyte is 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] 
 

Solution: The thermodynamic dissociation constant, 
2

2

1a

c
K f







.  But -| z |  10 Az if 

    

                 and        2 2 2 21 1
1 1 0.1 0.01

2 2
i c z c z c c c               

                 Putting the values, 0.51 1 1 0.1 0.01 10f    

  = 0.9635 .  

                 Thus the dissociation constant, 
2

2

1a

c
K f







 =
 

 
2

2 40.1 0.01
0.9635 1.03 10

1 0.1



 


 . 

 
Problem: The resistance of a 0.05 (M) solution of a weak monobasic acid in a cell  
                 (cell constant = 1 cm-1) is 500 ohm at 298 K. Calculate the thermodynamic dissociation 
                 constant of the acid.  [Given, A = 0.51 and o  = 400 ohm-1 cm2 gmequiv-1]     [Burdwan Univ.2004] 

Solution: Sp. conductance, 1 1tan 1
0.002

tan 500

cell cons t
ohm cm

resis ce
     . 

                Equivalent conductance,
3 3

1 2 110 10 0.002
40 ( .)

0.05
ohm cm gmequiv

c


  
   . 

                The degree of dissociation of the weak acid,  40
0.1

400o





   . 

                Activity coefficient, -| z | i  0.51 0.1 0.0510 10 0.92A zf 


     . 

                True or thermodynamic dissociation constant of the monobasic weak acid  aK , 

                              
 

 
22

22 40.1 0.005
0.92 4.70 10

1 1 0.1a

c
K f










   

 
 at 25 oC. 
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Problem: Solubility of AgCl in water is 510 M. Calculate its solubility in 0.1 M KNO3.  
                                                                                                                                          [Burdwan Univ.2005] 
Solution: Solubility product of AgCl is 2 2 2 2

0 0SP S f S fK    , where 0S = solubility in water 

 = 510 M, 0f = mean activity co-efficient of AgCl in water = 1 as the solution very dilute, S and f  are 

solubility and mean activity co-efficient of AgCl in 0.1 M KNO3 solution respectively. 

Thus, 0 0S f S f    or, 0S
S

f
 . 0.5 0.110 0.69f 

   . Putting the values,
5

510
1.45 10

0.69
s


   M 

                                    Thus the solubility of AgCl in 0.1 M KNO3 is 51.45 10 M. 

Problem: The solubility product of BaSO4 is 119.2 10  mol2 dm-6. Calculate the mean activity coefficient of 
Ba2+ and SO4

2- ions in a solution that is 0.05M in KNO3 and 0.05M KCl, assuming the Debye-Huckel limiting 
law to apply. What is the solubility of BaSO4 in that solution and in pure water?           [Burdwan Univ.2013] 

 
Solution: Hints; The ionic strength of the solution ( i ) = 0.10. Mean activity coefficient of Ba2+ and SO4

2- ions 

in a solution is 0.2264. Solubility of BaSO4 in the above solution is 54.2366 10  mol/dm3. The Solubility of 

BaSO4 in pure water is 69.59 10  mol/dm3. 
 
 
 
 
 

 

 


