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Topic 19 – Solubility and Complex-Ion Equilibria

SOLUBILITY EQUILIBRIA

A. Solubility and precipitation are important

1. Natural processes

a. Formation of the open spaces in caverns and the formation of 

    stalactites and stalagmites due to changes in solubility of 

    calcium arbonate [CaCO3] as limestone

b. Formation of kidney stones, calcium oxalate [CaC2O4], as the 

    concentrations of calcium ion and oxalate ion become great 

    enough to cause precipitation

c. Formation of dental caries (tooth decay) as tooth enamel, 

    hydroxyapatite [Ca5(PO4)3OH], dissolves in the acids produced 

    by oral flora

2. Those controlled by man

a. Selective precipitation of products and contaminants of 

   chemical synthesis and manufacture

b. Use of barium sulfate (BaSO4 where barium is a deadly poison, 

    as a contrast agent in the digestive tract because its solubility is 

    so low

B. Solubility equilibria will allow the quantitative calculation of the solubility 

    of substances 

1. Quantitative calculations can replace the merely qualitative rules for the 

    solubility of salts learned last semester.

2. Quantitative calculations can predict the conditions under which 

    precipitation will or will not occur.

SOLUBILITY PRODUCT CONSTANT

A. Symbol ( Ksp
B. Verbal definition and description

1. Verbal definition

The solubility product constant is the equilibrium constant for  the solubility equilibrium of a slightly soluble salt between a solid salt and its ions in solution

2. Verbal description

The solubility product constant is the product of the molar concentrations of the constituent ions, each raised to the power of its stoichiometric coefficient in the equilibrium equation.

C. Mathematical definition

For a slightly soluble salt MxAy:

                 MxAy  (s) ((( xMy/x+ (aq) + yAx/y ( (aq)

   Ksp = [M]x[A]y
D. Writing solubility product constant (Ksp) expressions

1. Procedure

a. Write the empirical formula for the solute.

Make sure that you know the symbol/formula and the 

charge for the monoatomic ions and the common 

polyatomic ions.

b. Write the complete ionic equation for the dissolving of 

    the solute.

c. Write the equilibrium expression for that process using 

    the stoichiometric coefficients of each ion as exponents.

2. Examples

Write the Ksp expressions for each of the following

a. barium sulfate

BaSO4
Ksp = [Ba2+][SO42(]

b. silver carbonate

Ag2CO3
Ksp = [Ag+]2[CO32(]

c. calcium phosphate

 Ca3(PO4)2
Ksp = [Ca2+]3[PO43(]2
SOLUBILITY

A. Definition of solubility

The maximum amount of a solute that can be dissolved in a given quantity of solvent at a specific temperature

B. There are two ways to express a substance’s solubility:

1. Molar solubility

a. Definition of molar solubility

Molar solubility is the number of moles of solute in exactly one liter of a saturated solution at a specific temperature

b. Units of molar solubility

mol/L

2. Solubility

a. Definition of solubility

Solubility is the number of grams of solute in exactly one liter of a saturated solution

b. Units of solubility

g/L

C. Experimental approach to determining the solubility of a substance

1. Thorough agitation is used to create a saturated solution at a given 

    temperature, insuring that there is solid solute present at the bottom of 

   the vessel still in physical  contact with the solution throughout the 

    solution forming process.

2. After the solid solute has settled to the bottom and maintaining constant 

    temperature, a portion of the solution is poured into a weighed 

    evaporating dish.

3. The mass of the dish and saturated solution is found.

4. The solvent is evaporated being careful to avoid any splattering which 

   would cause loss of solute from the dish.

5. The mass of the dish and solute is determined, allowing the calculation 

    of the mass of solute in the sample, the mass of solvent in the sample, 

    and from density calculations, the volume of the solvent in the sample.

D. Determining the Ksp from the solubility of a substance

1. Procedure

a. Write the empirical formula for the solute.

b. Determine the solubility of the substance in g/L.

c. Determine the molar solubility of the substance in mol/L.




d. Write the complete ionic equation for the dissolving of the 

    solute as an equilibrium.

e. Calculate the concentrations of the cations and the anions using 

    the  coefficients in the complete ionic  equation as needed.

f. Write the Ksp expression for the equilibrium using the 

    stoichiometric  coefficients of each ion as exponents. 

g. Plug in the values for the concentrations of the cations and the 

    anions and calculate Ksp.

Note: Ksp will have no units!
2. Examples

a. The solubility of calcium sulfate at 25 (C is 0.67 g/L. 

   Calculate the Ksp value.

The molar solubility is:

	0.67 g CaSO4
	1 mol CaSO4

	L
	136.142 g CaSO4


= 4.92 x 10(3 mol/L

          

  CaSO4 (s) (( Ca2+ (aq) + SO42( (aq)
[Ca2+] = 4.92 x 10(3 mol/L

[SO42(] = 4.92 x 10(3 mol/L

Ksp = [Ca2+][SO42(]

Ksp = (4.92 x 10(3)( 4.92 x 10(3)

       = 2.42064 x 10(5

           = 2.4 x 10(5
b. The solubility of magnesium fluoride at 25 (C is 0.0748 g/L. 

    Calculate the Ksp value.

The molar solubility is:

	0.0748 g MgF2
	1 mol MgF2

	L
	62.302 g MgF2


= 1.201 x 10 (3 mol/L

        MgF2 (s) ((( Mg2+ (aq) + 2 F ( (aq)
[Mg2+] = 1.201 x 10 (3
[F (] = 2 x (1.201 x 10(3) = 2.402 x 10(3
Ksp = [Mg2+][F (]2
                           

= (1.201 x 10(3)( 2.402 x 10(3)2
= 6.9292896 x 10(9                           



= 6.93 x 10(9
E.  Determining the solubility of a substance from its Ksp
1. Procedure

a. Write the empirical formula for the solute.

b. Write the complete ionic equation for the dissolving of the 

    solute as an equilibrium.

c.  Set up an I.C.E. table using the stoichiometric coefficients of 

     each ion as required in the algebra.

d. Write the Ksp expression for the equilibrium using the 

     stoichiometric coefficients of each ion as exponents. 

e. Substitute the Ksp value (looked up or given to you) into the Ksp 

    expression along with the algebraic representations of the molar 

    concentrations of the cations and the anions.

f. Solve for molar concentration of one species and use 

   stoichiometry  to convert that to the molar concentration of the

  substance.

g. Use the molar mass to convert the molar concentration in mol/L 

    to concentration in g/L.

2. Example

The Ksp for copper (II) hydroxide at 25 (C is 2.6 x 10(19.  Calculate 

its solubility in g/L.

Cu(OH)2 (s) ((( Cu2+ (aq) +2 OH ( (aq)

I.C.E. table

	
	Cu2+
	OH (

	initial
	0
	0

	change
	+x
	+2x

	equilibrium
	x
	2x


Ksp = [Cu2+][OH (]2
2.6 x 10(19 = (x)(2x)2
x3 = 6.50 x 10(20

     
x = 4.02 x 10(7 = [Cu2+]

	4.02 x 10(7 mol Cu2+ 
	1 mol Cu(OH)2

	L
	1 mol Cu2+


= 4.02 x 10(7 mol Cu(OH)2
The molar solubility is:

	4.02 x 10(7 mol Cu(OH)2
	97.561 g Cu(OH)2

	L
	1 mol Cu(OH)2


= 3.9219 x 10(5 g/L

= 3.9 x 10(5 g/L

SOLUBILITY AND THE COMMON ION EFFECT


A. Review of the common ion effect



1. The common ion effect is the shift in an ionic equilibrium caused by the 

    addition of a solute having an ion that takes part in the equilibrium in 

    common with the dissolved substances.

2. A common ion is found in both the original solution and in the added 

    solute.


B. Descriptions



1. The common ion effect deals with the solubility of a salt in a solution of 

    another salt containing the same cation or the same anion as the original 

    salt.



2. This effect can be explained by Le Chatelier’s principle.

Consider a saturated calcium fluoride solution in contact with solid calcium fluoride at the bottom of the container.




An equilibrium exists between the solid solute and the dissolved 

solute:
CaF2 (s) ((( Ca2+  (aq) + 2F ( (aq)

Consider what happens when a salt containing either Ca2+ or F ( is added to the solution. 

We are adding more products, so the equilibrium will shift to the left to consume the additional products and form additional reactants.

This means that more CaF2 will be formed and therefore that CaF2 will precipitate.



3. The solubility depends only on the concentration, not on the source


C. Calculations involving the common ion effect when dissolving a slightly 

     soluble solute in a solution containing a salt with an ion in common with 

     the solute



1. Procedure




a. Write the empirical formulas for the solute and the salt.




b. Identify the ions that exist in solution.

c. Write the complete ionic equation for the dissolving of the solute 

    as a balanced equilibrium expression.


d. Calculate the concentrations of the ions in the original salt 

    solution.

e.  Set up an I.C.E. table.


(1) Use the concentrations of the salt solution as the initial 

             concentrations.


(2) Algebraically represent the change due to the common 

             ion in the solute.

(3) Use the stoichiometric coefficients of each ion as 

     required in the algebra.

f. Write the Ksp expression for the equilibrium using the 

    stoichiometric coefficients of each ion as exponents. 

g. Substitute the Ksp value (looked up or given to you) into the Ksp 

    expression along with the algebraic representations of the molar 

    concentrations of the cations and the anions.

h. If the solubility of the solute is small compared to the initial 

    concentration of the common ion in the salt solution, you may 

    assume that:

   
 [common ion]equil = [common ion]salt
i. Solve for molar concentration of one species and use 

   stoichiometry to convert that to the molar concentration of the 

   substance.

j. Use the molar mass to convert the molar concentration in mol/L 

   to concentration in g/L.j. Convert the from mol/L to g/L



2. Examples:

a. Calculate the solubility of CaF2 in a solution containing 0.010 M 

   Ca(NO3)2 .  The Ksp for CaF2 is 3.9 x 10 (11.

The empirical formulas are provided.





The ions that exist in solution are Ca2+ and NO3( from the 

salt solution, and Ca2+ and F ( from the solute.




   CaF2 (s) ((( Ca2+  (aq) + 2 F ( (aq)





[Ca2+]salt = 0.010 M

[NO3(]salt = 0.020 M but the nitrate will play no role other than as a source of Ca2+
I.C.E. table

	
	Ca2+  
	F (

	initial
	0.010
	0

	change
	+x
	+2x

	equilibrium
	(0.010 + x)
	2x


Ksp = [Ca2+][F (]2




3.9 x 10 (11 = (0.010 + x)(2x)2
Since the solubility of CaF2 is small compared to the initial concentration of Ca2+, you may assume: 

    
 
[Ca2+]equil = [Ca2+]salt



(0.010 + x) ( (0.010)





3.9 x 10(11 = (0.010)(2x)2





           4x2 = 3.9 x 10(9





             x2 = 9.75 x 10(10





                        x = 3.12 x 10(5 

This is indeed very small compared to 0.010 M so our assumption was correct.

x = [Ca2+] = 3.12 x 10(5 M

	3.12 x 10(5 mol Ca2+
	1 mol CaF2

	L
	1 mol Ca2+


= 3.12 x 10(5 mol CaF2/L

The molar solubility is:

	3.12 x 10(5 mol CaF2
	78.075 g CaF2

	L
	1 mol CaF2


=  2.4 x 10 (3 g CaF2/L

b. Calculate the solubility of CaF2 in a solution containing 

    0.010 M NaF.  

The Ksp for CaF2 is 3.9 x 10 (11.

The empirical formulas are provided.





The ions that exist in solution are Na+ and F ( from the salt 

solution, and Ca2+ and F ( from the solute.




   CaF2 (s) (( Ca2+  (aq) + 2 F ( (aq)

[Na+]salt = 0.010 M  but the sodium ion will play no role other than as a source of F (
[F (]salt = 0.010 M

I.C.E. table

	
	Ca2+  
	F (

	initial
	0
	0.010

	change
	+x
	+2x

	equilibrium
	x
	(0.010 + 2 x)


Ksp = [Ca2+][F (]2




3.9 x 10(11 = (x)(0.010 + 2x)2

Since the solubility of CaF2 is small compared to the initial concentration of F (, you may assume: 

    
 
[F (]equil = [F (]salt



(0.010 + 2x) ( (0.010)





3.9 x 10 (11 = (x)(0.010)2





                      x = 3.9 x 10 (7 

This is indeed very small compared to 0.010 M so our assumption was correct.

x = [Ca2+] = [CaF2] = 3.9 x 10(7 M

	3.9 x 10(7 mol Ca2+
	1 mol CaF2

	L
	1 mol Ca2+


= 3.9 x 10(7 mol CaF2/L

The solubility is:

	3.9 x 10(7 mol CaF2
	78.075 g CaF2

	L
	1 mol CaF2


=  3.0 x 10(5 g CaF2/L

PRECIPITATION CALCULATIONS


A. Description of the ion product for precipitation calculations



1. As is in other equilibria




a. A reaction quotient expression can be written using initial 

    conditions.




b. It will be in the same form as the equilibrium constant 

    expression.



2. A reaction quotient can be calculated using initial concentrations of the 

                ions participating in the solubility equilibrium.



3. Symbol ( Qc

B. Definition of the ion product



1. Verbal definition

The ion product is the product of the molar concentrations of the constituent ions each raised to the power of that ion’s subscript in its empirical formula.



2. Mathematical definition



    
for a slightly soluble salt MxAy



Qc = [M[x[A]y
C. There are three possible cases



1. Qc < Ksp



a. The solution is unsaturated.




b. More solid solute will dissolve in the solution with which it is in 

  contact.



2. Qc = Ksp



a. The solution is saturated.




b. There will be no net change in the amount of solid solute in 

    contact with the solution. 



3. Qc > Ksp



a. The solution is supersaturated.




b. More solid solute will precipitate from the solution with which it

   is in contact.


D. Using ion products to predict precipitation



1. Procedure

a. Write the empirical formula for the solutes.




b. Assuming a double replacement reaction, and using the general 

                                        solubility rules (see previous handout), identify the substance 

                                       most likely to precipitate.




c. Write the ionic equation for the precipitation reaction.




d. Write the solubility equilibrium from the reverse of the net ionic 

   equation.




e. Calculate the molar concentrations of each participating ion as if 

   no precipitation occurs.





Note:  You may assume volumes are additive when 

calculating the final volume.




f. Write the Qc expression from the  solubility equilibrium.




g. Calculate Qc.




h. Compare Qc to Ksp and predict whether or not precipitation will

                                        occur.



2. Examples




a. Will a precipitate form when 200. mL of 0.0040 M barium 

                                        chloride are mixed with 600. mL of 0.0080 M potassium 

                                        sulfate?  The Ksp for barium sulfate is 1.1 x 10(10.


Barium chloride is BaCl2.




Potassium sulfate is K2SO4.

BaCl2 + K2SO4 ( 2 KCl + BaSO4

BaSO4 is the more likely to precipitate.

The net ionic equation would be:

       

Ba2+ (aq) + SO42( (aq) ( BaSO4 (s)

The solubility equilibrium would be:

      


BaSO4 (s) ((( Ba2+ (aq) + SO42( (aq)

moles Ba2+:

	0.0040 mol BaCl2
	200. mL
	1 L
	1 mol Ba2+

	L
	
	1000 mL
	1 mol BaCl2



= 8.0 x 10(4  mol Ba2+


moles SO42(:

	0.0080 mol K2SO4
	600. mL
	1 L
	1 mol SO42(

	L
	
	1000 mL
	1 mol K2SO4



= 4.8 x 10(3 mol SO42(

total volume = 200. mL + 600. mL 

              = 800. ml 

 
      = 0.800 L

	[Ba2+]initial
	=
	8.0 x 10(4  mol Ba2+
	=
	1.0 x 10(3 M

	
	
	0.800 L
	
	


	[SO42(]initial
	=
	4.8 x 10(3 mol SO42(
	=
	6.0 x 10(3 M

	
	
	0.800 L
	
	


Qc = [Ba2+] [SO42(]
Qc = (1.0 x 10(3)(6.0 x 10(3) 

           = 6.0 x 10(6
Ksp = 1.1 x 10(10

Qc > Ksp, therefore BaSO4 will precipitate until  

           [Ba2+] [SO42(] = 1.1 x 10 (10



b. Will a precipitate form if equal volumes of 0.010 M calcium 

                                        nitrate and 0.0050 M sodium sulfate are mixed?  The Ksp for 

                                        calcium sulfate  is 2.4 x 10 (5.

Calcium nitrate is Ca(NO3)2 and sodium sulfate

is Na2SO4. 

                 


Ca(NO3)2 + Na2SO4 ( 2 NaNO3 + CaSO4

CaSO4 is the more likely to precipitate.

The net ionic equation would be:

      

Ca2+ (aq) + SO42 ( (aq) ( CaSO4 (s)

The solubility equilibrium would be:

                    



CaSO4 (s) (( Ca2+ (aq) + SO42 ( (aq)

Since equal volumes of both solutions are being mixed, the total volume will be double the volume of each solution, and thus the final concentration will be half of the original concentration.
[Ca2+]initial = 0.0050 M

[SO42(]initial = 0.00025 M

Qc = [Ca2+] [SO42(]
Qc = (0.0050)(0.00025) 

     = 1.25 x 10(5
Ksp = 2.4 x 10(5

Qc < Ksp therefore CaSO4 will not precipitate 

pH AND SOLUBILITY


A. Recognizing when the solubility of a substance will be affected by the pH.



1. Rules of thumb




a. The solubility of any substance whose anion is basic, especially 

                                        hydroxides, will be greatly affected by the pH of the solution.




b. The solubility of any salt containing an anion that will hydrolyze  

                                        will be affected to some extent by the pH of the solution.




c. The solubility of a salt containing ions which do not hydrolyze 

                                        will not be affected by the pH of the solution.



2. Explanation and illustration of the rules of thumb




a. The solubility of hydroxides are affected by pOH, because of the 

                                        common ion effect.





(1) The higher the pH, the greater the concentration of 

                                                     hydroxide and the lower the solubility, and vice

                                                     versa for lowering the pH.

(2) Illustrating this we will calculate and compare the

      solubilities of Mg(OH)2 at pH values of 9, 7, and 5.  

      The Ksp for Mg(OH)2 is 1.8 x 10(11 
      
Ksp = [Mg2+][OH (]2 

     
[Mg2+] = 
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	pH
	[Mg(OH)2]

	9.00
	1.8 x 10(1 M

	7.00
	1.8 x 103 M

	5.00
	1.8 x 10 7 M


b. The solubility of salts containing hydrolyzable anions will 

    be affected by pH because of the accompanying hydrolysis 

    reactions.





(1) For a salt where the anion is the conjugate base of a 

                                                      weak acid the solubility will increase as pH decreases

                                                      because the hydrolysis reaction will remove the anion

                                                      as the unionized weak acid.

(2) Illustrating this we will calculate and compare the

      solubilities of CaF2 at pH values of 9, 7, and 5.  

      The Ksp for CaF2 is 3.9 x 10 (11 and the Ka for HF is 

     6.8 x 10 (4. 

Remember that Ksp was determined experimentally using pure water (pH = 7) as the solvent.

That determination of Ksp ignored the effect of pH since it involved pure water, and assumed that the only equilibrium of importance was the solubility equilibrium.

However, when we investigate solubilities in solutions with pHs other than 7 we also need to take the hydrolysis reaction and its equilibrium into account.

Since there are two equilibria we will need to combine them for our overall equilibrium.

	equilibrium 1
	CaF2 (s) ((( Ca2+ (aq) + 2 F ( (aq)

	equilibrium 2
	HF (aq) ((( H+ (aq) + F ( (aq)

	equilibrium 2B
	2 H+ (aq) + 2 F ( (aq) ((( 2 HF (aq)


Adding equilibrium 1 and equilibrium 2B we get:

CaF2 (s)                     ((( Ca2+ (aq) + 2 F ( (aq)

2 H+ (aq) + 2 F ( (aq) ((( 2 HF (aq)
        

CaF2 (s) + 2 H+ (aq)  ((( Ca2+ (aq) + 2 HF (aq)
This new equilibrium will have a new equilibrium constant which will be different from the solubility product and the value of this new K will be different from the value of the Ksp for CaF2.

Step 1:  Solving the Ksp expression for [Ca2+]:



Ksp = [Ca2+][F (]2




from stoichiometry 

[F (] = 2 [Ca2+]



Ksp = 
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Ksp = 4[Ca2+]3
Equation 1



4[Ca2+]3 = Ksp

Step 2:  Solving the new K expression for [Ca2+]:



K = 
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Because HF is a weak acid, and so prefers to exist in the unionized form, we may assume 

that [HF] ( [F (].



K = 
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From stoichiometry 

[F (] = 2 [Ca2+]

K = 
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K([H+]2 = 4[Ca2+]3 

Equation 2



4[Ca2+]3 = K([H+]2
Setting equation 1 equal to equation 2

K([H+]2  = Ksp

K = 
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If pH = 7, then [H+] = 1.0 x 10 (7

K = 
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K = 3.9 x 10 3
Step 3:  Solving for [CaF2]

4[Ca2+]3 = K([H+]2

[Ca2+]3 = 

(K([H+]2

[Ca2+] = 
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[Ca2+] = [CaF2] 

[CaF2] = 
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If pH = 9.00, then [H+] = 1.0 x 10 (9

              

[CaF2] = 
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[CaF2] = 9.9 x 10(6 M



If pH = 7.00, then [H+] = 1.0 x 10 (7

       

[CaF2] = 
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[CaF2] = 2.1 x 10(4 M

If pH = 5.00, then [H+] = 1.0 x 10(5

      

 [CaF2] = 
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[CaF2] = 4.6 x 10(3 M

B. Qualitative examples



1. Procedure




a. Write the empirical formulas for the substance.




b. Write the solubility equilibrium for the substance.




c. If the anion is a hydroxide, then solubility automatically 

               increases in acidic solutions.




d. If the anion is the conjugate base of a weak acid, then the 

   solubility will increase in acidic solutions.

e. The greatest increase will occur for the salt containing the 

    conjugate base of the weakest acid (the smallest Ka)



2. Examples



      For each of the following sets, state which substances will be 

      more soluble in acidic solutions than in water.


a. AgCl, CuS, PbSO4
AgCl


   
AgCl (s) (( Ag+ (aq) + Cl ( (aq)

Cl ( is the conjugate base of a strong acid, so it does not hydrolyze, and is not affected by pH.

AgCl     no difference

CuS



CuS (s) (( Cu2+ (aq) + S 2( (aq)



S 2( (aq) + H+ (aq)  (( HS ( (aq)

HS ( is a very weak acid and hydrolyzes.




CuS     more soluble in acidic solutions


PbSO4

PbSO4  (s) (( Pb2+ (aq) + SO4 2( (aq)


SO4 2( (aq) + H+ (aq)  (( HSO4 ( (aq)
HSO4 ( is a weak acid but it has a fairly large Ka .

PbSO4   somewhat more soluble in acidic solutions



b. calcium hydroxide, magnesium phosphate, and lead (II) bromide


Cu(OH)2

    

Cu(OH)2 (s) (( Cu2+ (aq) + 2 OH ( (aq)

The anion of the substance is a hydroxide so it will show a significant change.
Cu(OH)2      much more soluble in acidic solution





Mg3(PO4)2





Mg3(PO4)2 (s) ((( 3 Mg2+ (aq) + 2 PO43( (aq)




PO4 3( (aq) + H+ (aq)  ((( HPO4 2( (aq)

HPO4 2( is a very weak acid and hydrolyzes.



Mg3(PO4)2    more soluble in acidic solutions





PbBr2

PbBr2 (s) (((  Pb2+ (aq) + 2 Br ( (aq)

Br ( is the conjugate base of a strong acid, so it does not hydrolyze, and is not affected by pH.

PbBr2     no difference

COMPLEX-ION EQUILIBRIA

A. Formation of complexes



1. Examples
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2. Proceeds in a step-wise reaction.




Example:




Ag+ (aq) + NH3 (aq) ( Ag(NH3)+ (aq)

              Ag(NH3)+ (aq) + NH3 (aq) ( Ag(NH3)2+ (aq)


3. The sum of these step-wise reactions is an equilibrium.




Example:


        


Ag+ (aq) + 2 NH3 (aq) (( Ag(NH3)2+ (aq)



4. The formation constant and the dissociation constant




a. The formation constant – Kf

Is also known as the stability constant

Is the equilibrium constant for the formation of the complex ion from the aqueous metal ion and the ligands

Example for the equilibrium above:

	Kf
	=
	[Ag(NH3)2+]

	
	
	[Ag+][NH3]2





b. The dissociation constant – Kd




Reciprocal of the formation constant:

	Kd
	=
	1

	
	
	Kf


Example for the equilibrium above:

	Kd
	=
	[Ag+][NH3]2

	
	
	[Ag(NH3)2+]



C. Equilibrium calculations



1. Procedure



a. Write the balanced equation for the formation of the complex.

b. Write the equilibrium expression.

c. Confirm that Kf > 1,000.

d. Assuming that Kf > 1,000, create a reaction table assuming that 

    the complex ion reacts completely.

e. Assume that the complex undergoes dissociation and create an 

    I.C.E. table.

f. Calculate the concentrations at equilibrium.

g. Calculate the Kd from the Kf.

h. Write the dissociation constant expression.

i. Assume [complex] >> [complex ion]. 

j. Calculate [complex ion].


2. Example




Example: 

If 0.0100 mol of AgNO3 is dissolved in 1.00 L of 1.00 M 

NH3, what is the equilibrium concentration of Ag+?  

Kf = 1.7 x 107

               



Ag+ (aq) + 2 NH3 (aq) (( Ag(NH3)2+ (aq)
Reaction Table

	
	Ag+
M  
	NH3
M
	Ag(NH3)2+
M

	before rxn
	0.0100
	1.00
	0

	change
	( 0.0100
	( 0.0200
	+ 0.0100

	after rxn
	0
	0.98
	0.0100


I.C.E. Table

	
	[Ag(NH3)2+]
	[Ag+]
	[NH3]

	initial
	0.0100
	0
	0.98

	change
	(x
	+x
	+2x

	equilibrium
	(0.0100 ( x)
	x
	(0.98 + 2x)


	Kd
	=
	1

	
	
	Kf


	Kd
	=
	1

	
	
	1.7 x 107





Kd = 5.88 x 10(8
	Kd
	=
	[Ag+][NH3]2

	
	
	[Ag(NH3)2+]


	5.88 x 10(8
	=
	(x)(0.98 + 2x)2

	
	
	(0.0100 ( x)







Kf >> 1,000 so:






(0.0100 ( x) ( 0.0100







and






(0.98 + 2x) ( 0.98

	5.88 x 10(8
	=
	(x)(0.98)2

	
	
	(0.0100)







(x)(0.98)2 = 5.88 x 10(10



x(0.9604) = 5.88 x 10(10

x = 6.12 x 10(10
[Ag+]equil = 6.1 x 10(10 M


D. Calculating the solubility of a slightly soluble salt in a solution of the 

                 complex ion

1. Procedure


a. Write the solubility equilibrium for the slightly soluble salt

   (the dissolving of the salt) and the complexion equilibrium 

   (the formation of the complex ion).

b. Add the two equilibria to obtain the overall equilibrium.


c. Write the equilibrium constant expression Kc for the overall 

    equilibrium.


d. Write the Ksp expression for the solubility equilibrium and 

                the Kf expression for the complexion equilibrium.


e. Confirm that the algebraic product of the Ksp expression and 

                Kf expression is equal to the Kc expression.


f. Obtain the numerical values of Ksp and Kf and calculate the 

                numerical value of Kc.


g. Create an I.C.E. table.


h. Solve for the molar concentration of the complex ion.

Many times it will prove helpful to take the square root of both sides after substituting into the Kc expression.


i. Assume that the molar concentration of the complex ion is the 

               molar solubility of the salt.


j. Calculate the solubility (in g/L).



2. Example calculate the solubility of AgCl in 1.0 M NH3. 

Ksp AgCl = 1.8 x 10(10  

Kf  Ag(NH3)2+ = 1.7 x 107
	sol

eq
	                     AgCl (s) (( Ag+ (aq) + Cl( (aq)

	com

eq
	Ag+ (aq) + 2 NH3 (aq) (( Ag(NH3)2+ (aq) + Cl( (aq)

	
	AgCl (s) + 2 NH3 (aq) (( Ag(NH3)2+ (aq) + Cl( (aq)


	Kc =
	[Ag(NH3)2+][ Cl(]

	
	[NH3]2


	Ksp =
	[Ag+][ Cl(]


	Kf =
	[Ag(NH3)2+]

	
	[Ag+][NH3]2





     Kc = KspKf

	=
	[Ag+][ Cl(]
	[Ag(NH3)2+]

	
	
	[Ag+][NH3]2


	=
	[ Cl(][Ag(NH3)2+]

	
	[NH3]2


	=
	 [Ag(NH3)2+][ Cl(]
	= Kc

	
	[NH3]2
	


Kc = KspKf = (1.8 x 10(10)(1.7 x 107)

Kc = 3.06 x 10(3
AgCl (s) + 2 NH3 (aq) (( Ag(NH3)2+ (aq) + Cl( (aq)

I.C.E. Table

	
	NH3
	Ag(NH3)2
	Cl(

	initial
	1.0
	0
	0

	change
	(2x
	+x
	+x

	equilibrium
	(1.0 ( 2x)
	+x
	+x


	Kc =
	[Ag(NH3)2+][ Cl(]

	
	[NH3]2


	3.06 x 10(3 =
	(x)(x)

	
	(1.0 ( 2x)2


	3.06 x 10(3 =
	x2

	
	(1.0 ( 2x)2
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	5.53 x 10(2 =
	x

	
	1.0 ( 2x


5.53 x 10(2 ( 0.111x = x

x = 5.53 x 10(2 ( 0.111x

1.111 x = 5.53 x 10(2

x = 0.0498
  [Ag(NH3)2+] = 0.0498 M

Therefore the molar solubility of AgCl is 0.050 M.

The solubility of AgCl is

	0.0498 mol AgCl
	143.321 g AgCl

	1 L
	1 mol AgCl


= 7.1 g/L
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