
Chapter  10 

Effect of Electrolyets on Chemical 
Equilibria 
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This calotype of a leaf was taken in 
1844 by the inventor of the process, 
William Henry Fox Talbot. In 
its earliest form, the photosensitive 
paper was created by coating the 
paper with a sodium chloride 
solution, allowing the paper to dry, 
and then applying a second coat of 
silver nitrate, which produced a 
film of silver chloride. The leaf 
was then placed on the paper and 
exposed to light. The silver 
chloride in the paper was produced 
by the chemical equilibrium  
 
 
 
which is driven by the activities of 
reactants and products. 
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10A  The effect of electrolytes on chemical equilibria 
 
Experimentally, we find that the position of most solution equilibria depends on 
the electrolyte concentration of the medium, even when the added electrolyte 
contains no ion in common with those participating in the equilibrium. 
For example, consider again the oxidation of iodide ion by arsenic acid that we 
described in Section 9B-1: 

If an electrolyte, such as barium nitrate, potassium sulfate, or sodium perchlorate, 
is added to this solution, the color of the triiodide ion becomes less intense. This 
decrease in color intensity indicates that the concentration of I3

─ has decreased 
and that the equilibrium has been shifted to the left by the added electrolyte. 
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Concentration-based equilibrium constant: 
. 
Concentration-based equilibrium constant : Kw’, Ksp’, Ka’ … 
Thermodynamic equilibrium constant : Kw,  Ksp,  Ka 

As the electrolyte (ex. NaCl, KNO3, sodium perchlorate) concentration 
becomes very small, concentration-based equilibrium constants approach 
their thermodynamic values (See Fig. 10-1). 

           If [NaCl] = 10−4 M  :  Kw’ = Kw = 10−14  

           If [NaCl] = 10−1 M  :  Kw’ = 1014  



Figure 10-1  Effect of electrolyte concentration 
on concentration-based equilibrium constants. 

Curve A: a plot of K‘w, the product 
of [H3O+]and [OH─] concentrations 
as a function of sodium chloride. 
 
 
Curve B: a plot of K‘sp  the product 
of [Ba2+] and [SO4

2─] 
concentrations in saturated solution 
of barium sulfate. 
 
 
Curve C: a plot of K‘a , the 
concentration-based equilibium 
constant for the acetic acid 
dissociation as a function of  
electrolyte concentration.  



Figure 10-2  Effect of electrolyte 
concentration on the solubility of 
some salts for compounds containing 
ions of different charge. 

10A-1   The Effect of Ionic Charges on Equilibria 

With ionic participants, the 
magnitude of the electrolyte 
effect increases with charge. 



10A-2   The effect of Ionic Strength 
 
     Ionic strength, µ is a measure of the average electrostatic interactions 
among ions in an electrolyte ; it is equal to one-half the sum of the terms 
obtained by multiplying the molarity of each ion by its valence squared.  
 
 
 
 
 
            µ  = (1/2)Σ([Ci]Zi

2)   
   
where Ci = molarity of the ith species,  Zi= its charge 
 
 
Ex.  0.1M Na2SO4 + 0.1M KCl 
                µ  = (1/2){(0.1×2)(+1)2+(0.1)(–2)2+(0.1)(+1)2+(0.1)(–1)2} 
                    = 0.4M 





These examples show that the ionic strength of a solution of a 
strong electrolyte consisting solely of singly charged ions is 
identical to its total molar salt concentration. 
 
The ionic strength is greater than the molar concentration, however, 
if the solution contains ions with multiple charges (see Table 10-1). 



The effect of ionic strength on solubility of salts 

 

Ex.   Mercurous iodate in distilled water 

         Hg2(IO3)2 = Hg2
2+ + 2IO3

–     Ksp =1.3 ×10–18 

         Ksp = [Hg2
2+][IO3

–]2 = x(2x)2 = 1.3 ×10–18 

           x = [Hg2
2+] =6.9 ×10–7M  

0.050M KNO3 + saturated soln of mercurous iodate 

[Hg2
2+] =1.0 ×10–6M 

⇒ Ion dissociation is increased by increasing the ionic strength 
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10A-3  The salt effect (also called the electrolyte effect) 
 

The electrolyte effect results from the electrostatic attractive and repulsive 
forces that exist between the ions of an electrolyte and the ions involved in an 
equilibrium. These forces cause each ion from the dissociated reactant to be 
surrounded by a sheath of solution that contains a slight excess of electrolyte 
ions of opposite charge. 

For example, when a barium sulfate precipitate is equilibrated with a sodium 
chloride solution, each dissolved barium ion tends to attract Cl─ and repel 
Na+, therefore creating a slightly negative ionic atmosphere around the 
barium ion. Similarly, each sulfate ion is surrounded by an ionic atmosphere 
that tends to be slightly positive. These charged layers make the barium ions 
appear to be somewhat less positive and the sulfate ions somewhat less 
negative than in the absence of sodium chloride. The result of this shielding 
effect is a decrease in overall attraction between barium and sulfate ions and 
a corresponding increase in the solubility of BaSO4. The solubility becomes 
greater as the number of electrolyte ions in the solution becomes larger. In 
other words, the effective concentration of barium ions and of sulfate ions 
becomes less as the ionic strength of the medium becomes greater. 



10B   Activity coefficients 
activity : The activity of a species is a measure of its effective concentration as 
determined by colligative properties such as increasing the boiling point or 
decreasing the freezing point of water, by electrical conductivity, and by the mass-
action effect.For dilute, ideal solutions the activity is directly proportional to the 
concentration ; for ideal gases, activity is proportional to the partial pressure of the 
gas. 
The absolute activity,  A :      µ  = RT nl A     

 where  µ  = chemical potential 



If XmYn is a precipitate, the thermodynamic solubility product expression is 
defined by the equation 
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 AC = [C]fc                        cf.       fugacity     AG = PGfG  
 
where [C] = molarity of species C,    fc = activity coefficient    
P = atm. 
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10B-1    Properties of Activity Coefficients 
 
1. The activity coefficient of a species is a measure of the effectiveness with which 

that species influences an equilibrium in which it is a participant. 
       In very dilute solutions in which the ionic strength is minimal, this effectiveness         
becomes constant, and the activity coefficient is unity. Under these circumstances, 
the activity and the molar concentration are identical (as are thermodynamic and 
concentration equilibrium constants). As the ionic strength increases, however, an 
ion loses some of its effectiveness, and its activity coefficient decreases. 

At high ionic strengths ( m . 0.1 M), activity coefficients often increase and may 
even become greater than unity. Because interpretation of the behavior of 
solutions in this region is difficult, we confine our discussion to regions of low or 
moderate ionic strength (that is, where m # 0.1 M). The variation of typical 
activity coefficients as a function of ionic strength is shown in Figure 10-3. 
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Figure 10-3 Effect of ionic strength on activity coefficients. 

2. In solutions that are not too concentrated, the activity coefficient for a given 
species is independent of the nature of the electrolyte and dependent only on the ionic 
strength. 
3. For a given ionic strength, the activity coefficient of an ion decreases more 
dramatically from unity as the charge on the species increases. This effect is shown in 
Figure 10-3. 
4. The activity coefficient of an uncharged molecule is approximately unity, no 
matter what the level of ionic strength. 
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5. At any given ionic strength, the activity coefficients of ions of the same charge 
are approximately equal. The small variations among ions of the same charge can 
be correlated with the effective diameter of the hydrated ions. 
 
6. The activity coefficient of a given ion describes its effective behavior in all 
equilibria in which it participates. For example, at a given ionic strength, a single 
activity coefficient for cyanide ion describes the influence of that species on any 
of the following equilibria: 
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10B-2   The Debye-Huckel Equation 
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Ex.  Interpolation 

∆ x 

∆ y 

Unknown  
y interval 

Known  
x interval 

x1 x2 

y2 

y1 

x3 

y3 

x2–x1 = ∆x 

x2–x3 = known x interval 

y2–y1 = ∆y 

y2–y3 = ?  

         Unknown y interval 

(y2–y3)/(y2–y1) = (x2–x3)/(x2–x1) 

∴ y3 = y2– [(y2–y1)(x2–x3)/(x2–x1)] 

                              Ex. H+: µ = 0.01       0.025      0.05  

                                            γ = 0.914       ?           0.86       

     γ = 0.914 –[(0.914 –0.86)(0.05–0.01) / (0.05–0.025)] 

      = 0.894 
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Values for activity coefficients at ionic strengths not listed in Table 10-2 can be 
approximated by interpolation, as shown in Example 10-3 (b). 
thermodynamic equilibrium constants. 
The Debye-Hückel limiting law is usually assumed to be accurate at values of m 
up to about 0.01 for singly charged ions. 
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10B-3  Equilibrium Calculations Using Activity Coefficients 
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Solubility using activity coefficients 

[Ca2+] =?  0.0125M MgSO4 soln saturated with CaF2. 

0.0125M MgSO4    ⇒  µ =(1/2)[(0.0125)(+2)2+(0.0125)(–2) 2] 

 γCa2+ = 0.485, γF– = 0.81 

             CaF2 (s) =  Ca2+ + 2 F–                    Ksp = 3.9 ×10 –11 

Initial     solid             0         0 

Final      solid             x        2x 

Ksp
0 =[Ca2+] γCa2+ [F–]2  γF–

2 = (x)(0.485)(2x)2(0.81)2 = 3.9 ×10 –11 

    x = [Ca2+]  = 3.1 ×10 –4 M 
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Solubility of LiF in distilled water (approximation)      

 
Ksp ≈ [Li+][F–]  =x2 = 1.7 ×10 –3 

                            x = [Li+] = [F–] = 0.041 M 

1)  assume   µ = 0.041.     ⇒    γLi+= 0.851, γF– = 0.830  

     Ksp =[Li+] γLi+ [F–] γF– = (x)(0.851)(x)(0.830) = 1.7 ×10 –3 

     x = [Li+]  = 0.049M 

2)  assume   µ = 0.049.     ⇒    γLi+= 0.837, γF– = 0.812  

     Ksp =[Li+] γLi+ [F–] γF– = (x)(0.837)(x)(0.812) = 1.7 ×10 –3 

     x = [Li+]  = 0.050M 

3)  assume   µ = 0.050.     ⇒    γLi+= 0.835, γF– = 0.81  

     Ksp =[Li+] γLi+ [F–] γF– = (x)(0.835)(x)(0.81) = 1.7 ×10 –3 

     x = [Li+]  = 0.050M               ∴  µ ↑⇒ solubility ↑ 
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10B-4   Omitting Activity Coefficients in Equilibrium Calculations 

- We normally neglect activity coefficients and simply use molar 
concentrations in applications of the equilibrium law.  
 
This approximation simplifies the calculations and greatly decreases the 
amount of data needed. For most purposes, the error introduced by the 
assumption of unity for the activity coefficient is not large enough to lead 
to false conclusions. The preceding examples illustrate, however, that 
disregarding activity coefficients may introduce significant numerical 
errors in calculations of this kind. Note, for example, that neglecting 
activities in Example 10-4 resulted in an error of about 277%. Be alert to 
situations in which the substitution of concentration for activity is likely 
to lead to maximum error. 
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Summary 
Concentration-based equilibrium constant , Ksp’ , Ka’, Kb’,  Kw’  
 
Ionic strength 
 
Activity, activity coefficient 
 
Fugacity, fugacity coefficient 
 
Thermodynamic equilibrium constant 
 
Electrolyte effect : salt effect 
 
Debye-Hückel equation 
 
Interpolation 
 
Solubility using activity coefficient 
 
Approximation 34 
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