CHAPTER 15 – EQUILIBRIA IN AQUEOUS SOLUTIONS

What are you expected to learn from this chapter?

· how common ion affect acid-base equilibria and its pH;

· buffer solutions: how they work and how they control pH, how to prepare them, how to calculate their pH, and what is their buffering capacity and buffering range;

· Identify the different types of acid-base titration curves and how to choose indicators based on the type of pH-titration curves;

· how to calculate pH of a solution at various points of the titration;

· Learn about solubility equilibria and solubility product constant, Ksp; 

___________________________________________________________________________

15.1
The Common Ion Effect in Acid-Base Equilibria

Common ions are ions produced by more than one solute in the same solution.  For example, in a solution containing sodium acetate and acetic acid, the acetate ion (C2H3O2-) is the common ion.  According to the Le Chatelier's principle, the following equilibrium for acetic acid:

HC2H3O2(aq) + H2O(l) 
[image: image1.wmf] H3O+(aq)  +  C2H3O2-(aq)

will shift to the left if C2H3O2-, from another source is introduced.  This effect reduces the degree of dissociation of the acid and will result in the lowering of [H3O+] and an increase in the pH of the solution.

Addition of ammonium chloride, NH4Cl, will also cause a shift to the left in the following equilibrium of ammonia in aqueous solution:



NH3(aq)  +  H2O(l)  
[image: image2.wmf] NH4+(aq)  + OH-(aq)

In solution, NH4Cl dissociates to product NH4+ and Cl- ions, where the former is a common ion in the equilibrium of ammonia. The equilibrium shift caused by this ion reduces the extent of ionization of ammonia, which decreases [OH-] in the system and lowers the solution pH.
Calculating [H+] and pH of a solution containing weak acid and the salt of its conjugate base.

Consider a solution containing 0.10 M HNO2 and 0.050 M NaNO2, where the latter dissociates completely as follows:



NaNO2(aq)  (  Na+(aq)  +  NO2-(aq)

The concentration of H+ can be calculated using the following “ICE” table:

Concentration:

HNO2(aq)  
[image: image3.wmf] H+(aq)  +  NO2-(aq)

((((((((((((((((((((((((((((((((((((
Initial [  ], M

0.10

    0.00
      0.050 (from salt)


Change, [  ], M
-x

    +x
       +x 

Equilibrium [  ], M
(0.10 – x)
      x
      (0.050 + x)

((((((((((((((((((((((((((((((((((((

         [H+][NO2-]       (x)(0.050 + x)


Ka = ((((( = (((((( =  4.0 x 10-4 


           [HNO2]
        (0.10 – x)

Since Ka << 0.10,  x is assumed to very small, and by approximation, 



 (x)(0.050 + x)
     (x)(0.050)



((((((  ~  ((((( = 4.0 x 10-4; (  x = 8.0 x 10-4


   (0.10 – x)
       0.10
where x = [H+] = 8.0 x 10-4 M, and pH = -log(8.0 x 10-4) = 3.10

In general, for a solution containing a weak acid HX, with an dissociation constant Ka, and the salt NaX, [H+] can be calculated by approximation, such that,



[H+] = Ka x ([HX]/[X-])  

Exercises-1:

1.
What are [H+] and pH of a solution containing 4.0 g of sodium acetate (NaC2H3O2) in 1.0 L of 0.050 M HC2H3O2(aq)?  (Ka = 1.8 x 10-5 for acetic acid)

2.
What are [OH-], [H+], and pH of a solution containing 2.5 g of NH4Cl dissolved in 1.0 L of 0.050 M NH3(aq)?  (Kb = 1.8 x 10-5 for NH3)   

__________________________________________________________________________

15.2
Buffered Solutions

A buffered solution is one that has the ability to maintain its pH relatively constant even when a small amount of strong acid or strong base is added.   

Buffered solutions contain a comparable amount of weak acid and its conjugate base (or a weak base and its conjugate acid).  

Consider a buffer made up of acetic acid and sodium acetate, in which the major species present in solution are HC2H3O2 and C2H3O2-. 

If a little HCl(aq) is added to this solution, most of H+ (from HCl) is absorbed by the the conjugate base, C2H3O2-, in the following reaction:


H+(aq) + C2H3O2-(aq)  ( HC2H3O2-(aq)

Since C2H3O2- is present in a much larger quantity than the added H+, the above reaction is considered to go almost completely to the right. This buffering reaction prevents a significant increase in [H+] and minimizes the change in its pH.

If a strong base such as NaOH(aq) is added, most of the OH- ions (from NaOH) is reacted by the acid component of the buffer as follows:


OH-(aq)  +  HC2H3O2(aq)  ( H2O  +  C2H3O2-(aq).

Again, because of the larger concentration of HC2H3O2  compared to OH-, this reaction also goes almost to completion. This buffering reaction prevents a large increase in the [OH-] and minimizes any change in the pH of the solution.

A buffer solution contains a weak acid and the "salt" of its conjugate base, or a weak base and the "salt" its conjugate acid. A given buffer is effective within a range of pH that is typically within approximately (1 of the pKa of its acid component.

Examples of some common buffer systems:

Buffer



pKa 

pH Range_____
HCHO2 – NaCHO2

3.74

2.75 – 4.75

HC2H3O2 – NaC2H3O2

4.74

3.75 – 5.75

KH2PO4 - K2HPO4 

7.21

6.20 – 8.20 (one of the buffer systems in blood);

CO2/H2O – NaHCO3 

6.37

5.40 – 7.40 (one of the buffer systems in blood)

NH3 - NH4Cl


9.25

8.25 – 10.25

((((((((((((((((((((((((((((((
Calculating The [H+] and pH of Buffer Solutions:


For a buffer containing the weak acid HB and the salt NaB, such that B- is the conjugate base to the acid, the concentration [H+] and pH of the buffer depend on the dissociation constant, Ka, of the acid component and the concentration ratio [B-]/[HB] in the buffer solution.  
Consider the equilibrium:  HB(aq)  
[image: image4.wmf] H+(aq)  +  B-(aq)






[H+][B-]





Ka =  ((((((





  [HB]

Re-arranging, we obtain,   [H+] = Ka x ([HB]/[B-]);  (  pH = pKa + log([B-]/[HB])

The last expression is called the Henderson-Hasselbalch equation, which is useful for calculating the pH of solutions when both the Ka and the ratio [B-]/[HB] are known. 
Exercise-2:

1.
A 100.0 mL buffer solution contains 5.0 g of 0.038 mol acetic acid and 0.061 mol of sodium acetate.  Calcuate the pH of the buffer? (Ka = 1.8 x 10-5 for acetic acid)


If 0.0050 mol of HCl is added to the buffer, what is the final pH of the solution?  (Assume that the volume of buffer does not change when HCl(aq) is added.)

2.
A buffer solution is prepared by mixing 25 mL of 0.20 M H2SO3 and 75 mL of 0.20 M NaHSO3. Calculate the pH of this buffer. (Ka = 1.5 x 10-2 for H2SO3)

3.
(a) Suppose you want to prepare a 100-mL buffer solution with pH = 7.30,  which buffer system would you consider? [Hint: look for acids that have pKa close to the buffer pH.] (b) Calculate the ratio [Base]/[Acid] that the buffer should have. (c) If the concentration of the acid is 0.50 M, what should be the base concentration? 

(d) Assuming your starting materials are solids, how many grams of each must be dissolved to make the 100. mL buffer solution? (Both acid and its conjugate base may be in the form of sodium or potassium salts)

15.3  Buffering Capacity


The buffering capacity of a buffered solution represents the amount of H+ ion or OH- ion the buffer can absorb without significantly altering its pH. A buffer that contains large concentrations of buffering components and able to absorb significant quantities of strong acid or strong base with little change in its pH is said to have a large buffering capacity. Whereas the pH of a buffered solution is determined by the ratio [B-]/[HB], the capacity of a buffer is determined by the sizes of [AB] and [B-].

Calculating the change in pH of buffered solution after a strong acid is added: 

1.  Calculate the change in pH when 0.010 mol of HCl is added to 1.0 L of each of the following buffers: 


Buffer-A: 1.0 M HC2H3O2 + 1.0 M NaC2H3O2;


Buffer-B: 0.020 M HC2H3O2 + 0.020 M NaC2H3O2 

Solutions:  For both solutions, the pH can be calculated using the Henderson-Hasselbalch equation:


pH = pKa + log([C2H3O2-]/[HC2H3O2]) = -log(1.8 x 10-5) + log(1) = 4.74

When 0.010 mol HCl is added to Buffer-A, the following reaction takes place:





H+(aq)  +  C2H3O2-(aq)  (  HC2H3O2(aq)

[  ] before reaction:
0.010 M     1.0 M
      1.0 M

[  ] after reaction:
0
      0.99 M
      1.01 M

((((((((((((((((((((((((((((((
The new pH = 4.74 + log(0.99/1.01) = 4.74 - 0.010 = 4.73 (pH is hardly changed ~ 0.21%)

When 0.010 mol HCl is added to Buffer-B, the following reaction takes place:




H+(aq)  +   C2H3O2-(aq)   (   HC2H3O2(aq)

[  ] before reaction:
0.010 M      0.020 M

0.020 M

[  ] after reaction:
0
       0.010 M

0.030 M

((((((((((((((((((((((((((((((
New  pH = 4.74 + log(0.010/0.030) = 4.74 – 0.48 = 4.26 (pH decreases by 0.48 unit or 10%)

This shows that Buffer-A, which contains larger quantities of buffering components, has a much higher buffering capacity that Buffer-B. For the Buffer-A to decrease its pH by 0.48 unit (or 10%), it would have to absorb the equivalent of 0.50 mol of HCl.  

Exercise-3:
1.
An acetate buffer solution is prepared by mixing 35.0 mL of 0.10 M HC2H3O2 and 65.0 mL of 0.10 M NaC2H3O2. Calculate the pH of this buffer. If 0.10 mL (about 2 drops) of 6.0 M HCl(aq) is added to the solution, what will be the new pH of the buffer. (Assume the total volume does not change.)

2.
A 100-mL buffer solution contains 0.20 M KH2PO4 and 0.32 M K2HPO4. What is the pH of the buffer? If 0.0050 mol of HCl is added to the buffer without changing its volume, what is the final pH of the buffer?  (Ka = 6.2 x 10-8 for H2PO4-) 
___________________________________________________________________________

15.4  Titrations and pH Curves


A pH curve is a graph of pH of solution against the volume of titrant in an acid-base titration. The data used to plot a pH curve may be obtained either by computation or by measuring the pH directly with a pH meter during titration.

There are four types of pH curves for the different types of acid-base titrations:

· 1. strong acid - strong base titration.

· 2. strong acid - weak base titration.

· 3. weak acid - strong base titration.

· 4. weak acid - weak base titration.

(MEMORIZE AND UNDERSTAND THE GENERAL SHAPES AND FEATURES OF EACH pH CURVES!)

Strong Acid-Strong Base Titrations
Net reaction:  H+(aq) + OH-(aq)  (  H2O(l)

Calculating The pH of Solutions During Titration:

Consider the titration of 20.0 mL of 0.100 M HCl(aq) with 0.100 M NaOH(aq) solution.  Calculate the pH of the acid solution: (a) before any of the NaOH is added; (b) after 15.0 mL of NaOH is added; (c) after 19.5 mL of NaOH is added; (d) after 20.0 mL of NaOH is added; (e) after 21.0 mL of NaOH is added; (f) after 25.0 mL of NaOH is added. 

(a) Before titration, [H+] = 0.100 M,  (  pH = 1.000

(b) When 15.0 mL of NaOH is added, the following reaction occurs:




H+(aq)    +  OH-(aq)  (  H2O

[  ] before mixing:
0.100 M     0.100 M

[  ] after mixing, but

       before reaction:
0.0571 M    0.0429 M

[  ] after reaction:
0.0142 M    0


[H+] = 0.0142 M, (  pH = -log(0.0142) = 1.848

(c) After 19.5 mL of NaOH is added, calculation of [H+] will be as follows:




H+(aq)  +   OH-(aq)  (  H2O

[  ] before mixing:
0.100 M     0.100 M

[  ] after mixing, but

       before reaction:
0.0506 M    0.0494 M

[  ] after reaction:
0.0012 M    0


[H+] = 0.0012 M,  (  pH = -log(0.0012) = 2.92

Note that before the equivalent point, the concentration of H+ can also be calculated as follows:



(Initial mol of H+ - mol of OH- added)
   (0.00200 mol H+ - 0.00195 mol OH-)


[H+] =  ((((((((((((((((  = (((((((((((((((


(L of HCl titrated + L of NaOH added)
    (0.0200 L of HCl + 0.0195 L NaOH)


       = (0.000050 mol/0.0395 L) = 0.0013 M, ( pH = 2.90 

(d) When 20.0 mL of 0.100 M NaOH has been added,




H+(aq)  +    OH-(aq)  (  H2O

 [  ] after mixing, but

       before reaction:
0.0500 M    0.0500 M

[  ] after reaction:
0    
       0

At this point of the titration, which called the equivalent point, only Na+ and Cl- occur in the solution. Since neither of them reacts with water, the solution has a pH = 7.00

(e) When 21.0 mL of 0.100 M NaOH has been added, there will be excess OH-:





H+(aq)  +   OH-(aq)  (  H2O

 [  ] after mixing, but

       before reaction:

0.0488 M    0.0512 M

[  ] after reaction:

0    
       0.0024 M


[OH-] = 0.0024 M,  (  pOH = 2.62, and  pH = 11.38

(f) When 25.0 mL of NaOH is added,




H+(aq)    +  OH-(aq)  (  H2O

 [  ] after mixing, but

       before reaction:
0.0444 M    0.0556 M

[  ] after reaction:
0    
       0.0112 M


[OH-] = 0.0112 M,  (  pOH = 1.953, and  pH = 12.047

Note that in strong acid-strong base titrations, an abrupt change from about pH 3 to 11 occurs within (0.5 mL of NaOH added near the equivalent point. All strong acid-strong base titrations have the same pH curves.

Weak Acid-Strong Base Titrations 


Net reaction:  HA(aq)  +  OH-(aq)  (  H2O  +  A-(aq)

For example, when acetic acid is titrated with sodium hydroxide, the net reaction is 



HC2H3O2(aq)  +   OH-(aq)  (  C2H3O2-(aq)  +  H2O

1. Consider the titration of 20.0 mL of 0.100 M HC2H3O2(aq) with 0.100 M NaOH(aq) solution.  Calculate the pH of the solution: (a) before any of the NaOH is added; (b) after 10.0 mL of NaOH is added; (c) after 15.0 mL of NaOH is added; (d) after 20.0 mL of NaOH is added; (e) after 25.0 mL of NaOH is added. 

(a) Before titration, [H+] = ((0.100 M)(1.8 x 10-5) = 1.34 x 10-3 M, 



        pH = -log(1.34 x 10-3) = 2.873

(b) After adding 10.0 mL of 0.100 M NaOH, [H+] is calculated as follows:

Concentration, M:
HC2H3O2(aq)  +   OH-(aq)  (  C2H3O2-(aq)  +  H2O

((((((((((((((((((((((((((((((((((((((((
Before mixing:

0.100

     0.100
    0.000

After mixing 
   (before rxn):

0.0667

     0.0333
    0.000

After reaction:

0.0333
                  0.000
    0.0333

((((((((((((((((((((((((((((((((((((((((
Using Henderson-Hasselbalch equation,




[HC2H3O2]


[H+] =  Ka x  (((((( =  1.8 x 10-5 x (0.0333 M/0.0333 M)  = 1.8 x 10-5 M




[C2H3O2-]


pH =  pKa + log([C2H3O2-]/[ HC2H3O2])  =  4.74 + log(1) = 4.74

Therefore, when a weak acid is half-neutralized, 50% of the acid is converted to its conjugate base. That is, at half-way to the equivalent point of the titration, [C2H3O2-] = [HC2H3O2].  Under this condition, [H+] = Ka, and  pH = pKa.  

(c) After adding 15.0 mL of 0.100 M NaOH, the molar concentrations [H+] is calculated using the followoing table:

Concentration, M:
HC2H3O2(aq)  +   OH-(aq)  (  C2H3O2-(aq)  +  H2O

((((((((((((((((((((((((((((((((((((((((
Before mixing:

0.100

     0.100
 0.000

After mixing 
  (before rxn):

0.0571

     0.0429
  0.000

After reaction:

0.0142
                    0
    
  0.0429

((((((((((((((((((((((((((((((((((((((((
Using Henderson-Hasselbalch equation,



        [HC2H3O2]


[H+] =  Ka x  ((((( =  1.8 x 10-5 x (0.0142 M/0.0429 M)  = 6.0 x 10-6 M



        [C2H3O2-]


pH =  pKa + log([C2H3O2-]/[HC2H3O2])  =  4.74 + log(3.02) = 4.74 + 0.48 = 5.22

(c) At the equivalent point, that is when 20.0 mL of 0.100 M NaOH has been added, all of the acid has been reacted and converted to its conjugate base. The latter undergoes hydrolysis (reacts with water) as follows:



         C2H3O2-(aq)  +  H2O(l) 
[image: image5.wmf] HC2H3O2(aq) + OH-(aq)

Initial [  ], M:

0.0500


        0.000
      0.000

Change, [  ], M:
-x


         +x

       +x 

Equilibrium [  ], M:
(0.0500 – x)

           x

         x
((((((((((((((((((((((((((((((((((((((((
By approximation,  [OH-] = x = ((Kb x [C2H3O2-]0) =  ((5.6 x 10-10)(0.0500) = 5.3 x 10-6 M



       pOH = -log(5.3 x10-6) = 5.28;  (  pH = 8.72

Because the conjugate base of weak acid undergoes hydrolysis (reacts with water), the pH of the solution at equivalent point is greater than 7.00.  In the case of acetic-NaOH titration, the pH at the equivalent point is about 8.72. For weak acids with larger Ka’s, the pH at equivalent point will be closer to the neutral pH; those with smaller Ka’s, the pH at equivalent point will be much greater than the neutral pH.

Exercise-4

1.
In a titration of 20.00 mL of 0.100 M formic acid, HCHO2, with 0.100 M NaOH, calculate the pH: (a) before NaOH was added; (b) after 15.00 mL of NaOH is added; (b) after 20.00 mL of NaOH is added. (Ka = 1.8 x 10-4 for HCHO2)

2.
In a titration of 20.00 mL of 0.100 M NH3(aq) with 0.100 M HCl(aq), calculate the pH: (a) before titration begins; (b) after 10.0 mL of HCl(aq) is added; (c) at equivalent point, that is after 20.0 mL of HCl(aq) is added. (Kb = 1.8 x 10-5 for NH3)

___________________________________________________________________________

15.5  The Use of Indicators in Acid-Base Titrations

· An indicator - a substance that changes color to mark the end-point of a titration.  

· Most indicators used in acid-base titration are weak organic acids. 

· Indicators exhibit one color in the acid or protonated form (HIn) and another in the base or deprotonated form (In-). 

· Each indicator has a range of pH = pKa ( 1, where the change of colors occurs;

· A suitable indicator gives the end-point that correspponds to the equivalent point of the titration; this would be one with a range of pH that falls within the sharp increase (or decrease) of pH in the titration curves.

Like a weak acid, an indicator exhibits the following equilibrium in aqueous solution:



  HIn(aq)  
[image: image6.wmf]  H+(aq)  +  In-(aq);
  




    
[H+][In-]

Ka  =  ((((( ; 





  [HIn]

Re-arranging, we obtain  [H+] = Ka x ([HIn]/[In-]);  (  pH = pKa + log([In-]/[HIn]

When  [HIn] = 10 x [In-],  

pH = pKa + log([In-]/10[In-]) = pKa - 1.0;  indicator assumes the color of acid form

When  [In-] = 10 x [HIn],


pH = pKa + log(10[HIn]/[HIn]) = pKa + 1.0; indicator assumes the color of base.

Phenolphthalein, which is the most common acid-base indicator, has Ka ~ 10-9. It’s acid form (HIn) is colorless and the conjugate base form (In-) is pink. It is colorless when the solution’s pH < 8, that is when 90% or more of the species are in the acid form (HIn), and pink at pH > 10, when 90% or more of the species are in the conjugate base form (In-).  The pH range at which  an indicator changes depends on the Ka. For phenolphthalein which has Ka ~ 10-9, its color changes at pH = 8 – 10. It is a suitable indicator for strong acid-strong base titrations and weak acid-strong base titrations. The range of pH for other common acid-base indicators are listed below:

((((((((((((((((((((((((((((((((((((((((((
Indicators:

Acid Color
Base Color
pH Range 
Type of Titrations

(((((((((((((((((((((((((((((((((((((((((
Methyl orange

orange

yellow

3.2 – 4.5
strong acid-strong base










strong acid-weak base

Bromocresol green
yellow

blue

3.8 – 5.4
strong acid-strong base










strong acid-weak base

Methyl red

Red

Yellow

4.5 - 6.0
strong acid-strong base










strong acid-weak base

Bromothymol blue
Yellow

blue

6.0 - 7.6
strong acid-strong base

Phenol Red

orange

red

6.8 – 8.2
strong acid-strong base










weak acid-strong base

(((((((((((((((((((((((((((((((((((((((((
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