Applications of Aqueous Equilibria
The Common-Ion Effect

Suppose we have a weak acid and a soluble salt of that acid. 



HC2H3O2








NaC2H2O2




 HC2H3O2                     C2H2O2–  +  H+
As we discussed earlier, since NaC2H2O2 contains a cation from a strong base, the cation is so weak it will not undergo hydrolysis and have no effect on pH. However, the anion is strong (coming from a weak acetic acid), will undergo hydrolysis, and have an effect on pH. 

By Le Chatelier’s Principle, since the anion from the salt adds to the concentration of the anion from the weak acetic acid, the reaction will shift to the left. 

This illustrates the common-ion effect:

“The dissociation of a weak electrolyte decreases when a strong electrolyte

        having an ion in common with the weak electrolyte – is added to the solution.”


As before, an ICE chart can be used with such solutions, only with a salt added, the initial concentration of the anion (or cation) is not zero.

Buffers (or Buffered Solutions)
-- Def: Solutions containing a common-ion that resist a change in pH when a small amount of either hydroxide ions or protons are added.


-- 
contain a weak acid and its salt (“conjugate”), or a weak base and its salt
Buffer capacity: the amount of acid or base the buffer can “neutralize” before the pH begins to change appreciably. An ideal buffer will have the same concentration of weak acid/base as the corresponding salt, and such concentrations will be large as compared to any added hydroxide or protons.
Alternately, you could use the Henderson-Hasselbalch equation to find the pH of a buffer:  
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Or, if a weak base is involved, 
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Addition of Strong Acids or Bases TO Buffers

-- Reactions between strong acids/bases and weak bases/acids always proceed to  
    completion.


-- Hence, we assume the strong acid/base is completely consumed.


-- When adding a strong acid/base to buffered solutions…

(1)  first, determine the major species in the solution, and what will contribute 
to the pH

(2)  second, use stoichiometry to consume the added acid/base
(3)  third, use the ICE chart to establish equilibrium, and make pH 
calculations
Exercise #1   
Find the pH of a solution containing 0.085 M HNO2 (Ka = 4.5 x 10–4) and 

0.10 M KNO2.

Exercise #2   
Find the pH of a buffer that is 0.12 M lactic acid, HC3H5O3 (Ka = 1.4 x 10–4)

and 0.10 M sodium lactate.

Exercise #3   
A buffered solution of pH 4.74 contains 0.30 mol CH3COOH (Ka = 1.8 x 10–5)

and 0.30 mol NaCH3COO. Calculate the pH after 0.020 mol NaOH is added. Ignore volume

changes.

Exercise #4

How many grams of potassium acetate must be added to 250 mL of 0.50 M

acetic acid to make a solution of pH 4.5?

Exercise #5

What volumes of 0.75 M acetic acid and 0.75 M sodium acetate must be

mixed to prepare 1.0 L of buffered solution @ pH of 4.6?

Acid-Base Titrations and pH Curves
Titration: laboratory technique for neutralizing an acid/base with a base/acid.
Equivalence point (or stoichiometric point): point where mol of hydroxide equals mol of protons (“equimolar”) during a titration. 
Endpoint: point where a change in color of an indicator is apparent to the naked eye. Ideally, the equivalence point and endpoint will be the same.
Strong Acid – Strong Base Titrations
Any indicator whose color
change begins and ends along

the vertical line is good.

-- phenolphthalein (pH 8.3-10.0)

-- methyl red (pH 4.2-6.0)

pH calculations during the titration 
require the same stoichiometric and 
 equilibrium calculations (ICE) as before

Weak Acid – Strong Base Titrations

The equivalence point is when, say,

50.0 mL of 0.10 M NaOH have been


added to 50.0 mL of 0.10 M CH3COOH,


but pH is > 7 at that point because 
       at that point the major species in the 

solution are Na+, C2H2O2-, and H20.

C2H2O2- is a base (pH > 7)

Titration curves for polyprotic acids 

(e.g., H2CO3) look something like

they have more than one equivalence point.
Exercise #6   
Find pH when 24.90 mL of 0.10 M HNO3 are mixed with 25.00 mL of 0.10 M 

KOH.

Exercise #7  
Calculate the pH when 10.0 mL of 0.050 M NaOH are added to 40.0 mL of 

0.0250 M benzoic acid (C6H5COOH, Ka = 6.3 x 10–5).

Exercise #8  
 Calculate the pH at the equivalence point when 40.0 mL of 0.0250 M 

C6H5COOH (Ka = 6.3 x 10–5) are titrated with 0.050 M NaOH.

Choice of Indicator
The following titration curves can be plotted from data.
	Strong Acid titrated with Strong Base
	Weak Acid titrated with Strong Base
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	Strong Acid titrated with Weak Base
	Weak Acid titrated with Weak Base
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Since in an acid/base titration we need to find the equivalence point, we must choose an indicator that changes color (reaches the end point) over the pH range of the sharp vertical step on each graph.

So using the titration plots and the table above, suitable indicators can be chosen:  
Strong acid Strong base
most indicators

Weak acid Strong base
phenolphthalein

Strong acid Weak base
methyl orange

For a weak acid weak base titration there is no sharp change in pH at the equivalence point. Therefore no indicator will change color sharply at the end-point, therefore no indicator is suitable. A pH meter can be used to determine the end-point in such titrations.


An acid base indicator is a substance that changes color according to the pH of the solution. They are often weak acids where the ionized and the unionized form have different colors.

HIn(aq)
 
H+ (aq)
+
In- (aq)
Color1






            Color2

Thus,


Ka = [H+][In-]/[HIn]





Ka/[H+] = [In-]/[HIn]

     The equilibrium above will be disturbed by the addition of H+ or OH-. For  

     example, a high concentration of H+ (acid solution) will shift the equilibrium to the 
     left, giving color1. A high concentration of OH- (basic solution) uses up H+ to form 
     water and will shift the equilibrium to the right giving color2. 
     For most indicators, about 1/10 of the initial form must be converted to the other   

     form before a new color is apparent to the naked eye. Thus the color change will 

     occur at a pH where:





[In-]/[HIn] = 1/10    (see figure 15.8, page 715 in text)
Examples
	
	Color in acid conditions
	Approximate point at which color
change takes place
	Color in basic conditions

	Methyl orange
	Red
	5-6
	Yellow

	Methyl red
	Red
	6-7
	Yellow

	Litmus
	Red
	7-8
	Blue

	Phenolphthalein
	Colorless
	9-10
	Pink


Exercise #9   An indicator (Hln) has a pKa = 5. If HIn is yellow and In-2 is red, determine the     
color of the indicator in a 


a. Solution with pH = 2

b. Solution with pH = 5

c. Solution with pH = 9 

Solubility Equilibria
-- Despite that some ionic compounds are “insoluble”, many are actually slightly soluble, and calculations can be made will involve their dissolution or precipitation.
Consider a saturated solution of barium sulfate: BaSO4  (s)                         Ba2+ (aq) +    SO42-(aq)

For this case, the solubility-product constant or solubility product is equal to: Ksp

-- Ksp is the equilibrium constant between undissolved and dissolved ionic solute 


in a saturated aqueous solution. Expression:         
Ksp  =  [Ba2+][SO42-]        See Table 15.4, page 718 in text

Other ways of expressing the amount of solute dissolved in a solvent are molar solubility and

solubility. These two terms have specific definitions.

Molar Solubility is the number of moles of a solute in 1L of a saturated solution

Solubility is the number of grams of a solute in 1L of a saturated solution

Exercise #10
 Write the solubility-product constant expression for calcium fluoride.

Exercise #11
 Copper (II) azide has Ksp = 6.3 x 10–10. Find the solubility of Cu(N3)2 in

water, in  g/L.

Factors Affecting Solubility
1. For solids, as temperature increases, solubility increases (more collisions…)
2. Addition of common-ion, solubility decreases (equilibrium shifts to left)

Use Le Chatelier’s principle. For example,              CaF2(s)                Ca2+(aq)  +  2 F–(aq)

3. pH

Compounds with anions exhibiting basic properties

(e.g., Mg(OH)2 / OH–, CaCO3 / CO32–, CaF2 / F–)
Increases in solubility as solution becomes more acidic because H+ reacts with anion Equilibrium shifts to right as more anions are consumed 
4. Presence of complex ions: metal ions and the Lewis bases bonded to them



 e.g., AgCl(s)  +  2 NH3(aq)                  Ag(NH3)2+(aq)  +  Cl–(aq)

In general, the solubility of metal salts increases in the presence of suitable Lewis 


bases (e.g., NH3, CN–, OH–) if the metal forms a complex ion with the bases.
5. Amphoterism


Many metal hydroxides and oxides are amphoteric. They are insoluble at pH ~ 7, but will dissolve in strongly acidic or strongly basic solutions. (Many metal ions act like acids in solution.) 
Example:
Al(H2O)63+(aq)  +  OH–(aq)                  Al(H2O)5(OH)2+(aq)  +  H2O(l)
Precipitation and Separation of Ions
For    BaSO4(s)                 Ba2+(aq)  +  SO42–(aq)


Ksp = [Ba2+][SO42–]
At any given time, the ion product Q = [Ba2+][SO42–]



If Ksp.< Q....precipitation will occur (equilibrium shifts to left)



If Ksp.> Q....precipitation will not occur (equilibrium shifts to right)



If Ksp.= Q...equilibrium exists
Selective precipitation: using the different solubilities of ions to separate solutions
Exercise #12 
Will a precipitate form from mixing 0.10 L of 8.0 x 10–3 M Pb(NO3)2(aq)

and 0.40 L of 5.0 x 10–3 M Na2SO4(aq)?

Exercise #13   The Ksp of magnesium fluoride in water is 8 x 10-8. How many grams of  
magnesium fluoride will dissolve in 0.250 L of water?

Exercise #14     At 250C, calcium carbonate has a Ksp of 8.7 x 10-9 while that of calcium 
fluoride has a Ksp of 4.0 x 10-11.

a. Calculate the molar solubility of calcium carbonate in pure water at 250C.

b. Calculate the molar solubility of calcium fluoride in pure water at 250C. 

c. An aqueous solution of calcium nitrate was added slowly to 1.0 L of 0.030 moles F- and 0.070 moles CO32- at 250C (the calcium does not appreciably affect the total volume). Determine which salt precipitates first.

d. Calculate the concentration of the calcium ion when the first precipitate forms.

e. As the student adds more calcium nitrate to the mixture in (c), he notices another precipitate forming. At that point, what % of the anion of the first precipitate is still in solution?

Exercise #15    Calculate the solubility of silver bromide (in g/L) in a 5.8 x 10-3 M silver nitrate               solution. Ksp AgBr = 7.7 x 10-13.

Exercise #16     Calculate the silver ion concentration in each of the following solutions. Ksp 
Ag2CrO4 = 1.9 x 10-12
a. Ag2CrO4 (s) + water

b. Ag2CrO4 (s) + 1.00M Na2CrO4
Exercise #17
Assume an indicator works best when the equivalence point of a titration                  comes in the middle of the indicator range. For which of the following titrations  would methyl red be the best indicator?

a. 0.100 M aniline (Kb = 3.8 x 10-10) + 0.100 M HCl

b. 0.100 M HNO3 + 0.100 M KOH

c. 0.100 M HF (Ka = 7.2 x 10-4) + 0.100 M NaOH

d. 0.100 M HC2H3O2 (Ka = 1.8 x 10-5) + 0.100 M NaOH

e. 0.100 M NH3 (Kb = 1.8 x 10-5) + 0.100 M HCl

Methyl Orange

3.2 – 3.4

Methyl Red


4.8 – 6.0

Bromothymol Blue
6.0 – 7.6

Phenolphthalein

8.2 – 10.0

Alizarin Yellow

10.1 – 12.1

Exercise #18: A 100.0 gram sample of PCl5 (B.P. 1600C) is placed in an empty 20.0 L 
container at 2000C. 

a. What is the molarity of the PCl5 in the container prior to decomposition?

b. What is the pressure in atm of the PCl5 in the container before any decomposition occurs?

c. After a period of time, the PCl5 (g) had partially decomposed into PCl3 (g) and Cl2 (g). It was determined experimentally that the PCl5 had decomposed 45.0% when equilibrium had been established at 200.00C. Calculate both Kc and Kp.
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pH curve for CH3COOH
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pH curve for H2CO3
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