Chapter 15 and 16
Applications of Aqueous Equilibria
Chapter Objectives:  In these chapters, we consider more applications of acid-base chemistry and introduce two additional types of aqueous equilibria, those involving the solubility of salts and those involving the formation of complex ions.
Reading:  Pgs. 712 - 779
Problems:  
Day 1: (15.1 – 15.3) p. 751 (# 19, 21, 23, 25 a. & b., 31, 35 a. only, 37, 39 a. only, 43 a. only, 45)
Day 2: (15.4 – 15.5) p. 752 (# 55, 57, 59, 65 a., 69, 73, 78, 79)
Day 3: (16) p. 781 (19, 21, 25, 27, 34, 35 a. only, 41-51odd, 57
You should be able to:
1. Describe the common ion effect.

2. Define a buffer solution and state how it works.

3. Define a pH indicator and state how it is used.

4. Define equivalence point.

5. Describe the qualitative differences in the titration curve of a strong acid-strong base and weak acid/strong base.
6. Define solubility product constant and be able to calculate concentrations from Ksp.

7. Describe why Ksp calculations are more subject to error than other equilibrium calculations.

8. Know how the common ion effect changes the solubility of ions and be able to calculate the concentration of ions when more than one source of ions occurs.

9. Determine whether precipitation is complete, using the Ksp value.

10. Understand why and how pH will affect some precipitation reactions.

11. Define a complex ion and ligand and calculate equilibria concentrations when complex ions are present.

12. Explain the behavior of some complex ions to form acids in solution.

13. Write equations to describe the amphoteric nature of some metal hydroxides.

14. Describe the qualitative inorganic analysis scheme for common cations.
Chapter 15 Applications of Acid/Base Equilibria
15.1 SoIutions of Acids or Bases Containing a Common Ion

A. Common Ion

1.  Ion provided in solution by an aqueous acid (or base) as well as a salt 

a.  HF(aq) and NaF
(F- in common)
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HF(aq)  (( H+(aq) + F-(aq)  Excess F- added by NaF



   Equilibrium shifts away from added component.  Fewer H+ ions are

                                       present. pH is higher than expected. (Less acidic because fewer H+ ions.)




b.  NH4OH and NH4Cl (NH4+ in common)
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NH3(aq)  +  H2 O(l) (( NH4+  (aq)  +  OH- (aq)



            Equilibrium shifts to the left.  pH of the solution decreases due to a decrease in

                                    OH- concentration.
B. Equilibrium calculations
1.  Consider initial concentration of the ion from the salt when calculating values for H+ and OH-.
15.2 Buffered Solutions

A. Buffered Solution

1.  A solution that resists a change in pH when either hydroxide ions or protons are

      Added.
2.  Buffered solutions contain either:

a.  A weak acid and its salt.  (Ex.  HF and NaF)
b.  A weak base and its salt  (Ex.  NH3 and NH4Cl)
B. Calculations Involving Buffered Solutions Containing Weak Acids

1.  "Buffered solutions are simply solutions of weak acids or bases containing a common ion. The pH calculations on buffered solutions require exactly the same procedures introduced in Chapter 14. This is not a new type of problem."

2.  "When a strong acid or base is added to a buffered solution, it is best to deal
with the stoichiometry of the resulting reaction first. After the stoichiometric calculations are completed, then consider the equilibrium calculations. 
C. Buffering: How Does it Work?

Consider the buffer solution of HA and A-.  

1.  When hydroxide ions are added to the solution, the weak acid is the best source of

                     protons, so the following reaction occurs:

        OH- 
 +      HA

A- 
+      H2 O

          weak
            conjugate

          acid
           base

           OH-  ions are not allowed to accumulate but are replaced by A- ions.
2.  When H+ ions are added to the solution, they react with A- to form a weak acid HA.          

H+  +  A-  ((  HA



       Free H+ ions do not accumulate.  


     Note:  In this case, there will be a net change of A- to HA.  However, if [A-] and [HA] are

                           large compared with the [H+] added, little change in the pH will occur.


D.  The Henderson-Hasselbalch equation


*  For a particular buffering system (acid-conjugate base pair), all solutions that have

                            the same ratio [A-]/[HA] will have the same pH.


pH = pKa + log([A-] / [HA])  =  pKa  +  log([base] / [acid])

             Note: The Henderson-Hasselbalch equation will be valid when assumptions of the type, 

                      0.10 – x = 0.10.  From a practical standpoint, this will almost always be true for useful buffer

                      solutions.      

             Note:  The Henderson-Hasselbalch equation can ONLY be used to solve for the pH of buffer

                       solutions.

E.  Buffering with a Weak Base and Its Conjugate Acid

1.  Weak base B reacts with any H+ added

B
+
H+ 
→
BH+
Base
Conjugate

acid

2.  Conjugate acid BH+ reacts with any added OH-

BH+ 
+
OH- 
→

B
+
H2O Conjugate


Base

Acid

F.  Summary

1.  Buffered solutions contain relatively large concentrations of a weak acid and the corresponding weak base. They can involve a weak acid HA and the conjugate base A- or a weak base and the conjugate acid BH+
2.  When H+ is added to a buffered solution, it reacts essentially to completion

with the weak base present

3.  When OH- is added to a buffered solution, it reacts essentially to completion with the weak acid present

4.  The pH in the buffered solution is determined by the ratio of the [ ]s of the weak acid and the weak base. The pH remains relatively unchanged as long as the [ ]s of buffering materials are large compared with the amounts of H+ or OH- added

15.3 Buffer Capacity

A. Buffering Capacity

1.  The amount of protons or hydroxide ions the buffer can absorb without a significant change in pH.

a.  The pH of a buffered solution is determined by the ratio [A-]/[HA]

b.  The capacity of a buffered solution is determined by the magnitudes of [HA] and [A-]

B. Preparing a Buffer

1.  Optimal buffering occurs when [HA] is equal to [A-]  ( [A-]/[HA] = 1 )

2.  The pKa of the weak acid to be used should be as close as possible to the

desired pH
	Table 15.1
Change in [C2H3O -]/[HC H O ] for two solutions when 0.01 mol H+ is added to

2 
2    3    2

1.0 L of each

	Solution
	[C 2 H 3 O2      ]

[HC 2 H 3O2 ] orig
	[C 2 H 3 O2      ]

[HC 2 H 3O2 ]  new
	Change
	% Change

	A
	1.00 M/1.00 M = 1.00
	0.99 M/1.01 M = 0.98
	1.00 →  0.98
	2.00%

	B
	1.00 M/0.01 M = 100
	0.99 M/0.02 M = 49.5
	100 →  49.5
	50.5%
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15.4 Titration and pH Curves

A. Titration
1.  The controlled addition of a solution of known concentration (the titrant) in order to determine the concentration of a solution of unknown concentration

2.  Equivalence Point (Stoichiometric Point)

a.  The point in a titration at which the reaction between titrant and

unknown has just been completed.

3.  Indicator

a.  A substance which undergoes a color change in the pH interval of the

equivalence point

4.  Titration Curve (pH Curve)

a.  Plotting of the pH of the solution as a function of the volume of titrant added
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(Note the initial buffering effect created by the relatively high concentration of H+ in solution)

B. Strong Acid-Strong Base Titration

1.  Before the equivalence point

a.
[H+] (thus the pH) can be calculated

2.  At the equivalence point, pH = 7.00

3.  After the equivalence point

a.  [OH-] can be calculated from the excess OH-  and the volume of the solution

b.  [H+] and pH can be calculated from [OH-] and Kw

C. Titrations of Weak Acids and Strong Bases

1.  Step 1 - A stoichiometry problem

a.  The reaction of OH- with the weak acid is assumed to run to completion

b.  The concentrations of the acid remaining and the conjugate base

formed are determined

2.  Step 2 - An equilibrium problem

a.  The position of the weak acid equilibrium is determined, and the pH

calculated

3.  The pH at the equivalence point of a weak acid/strong base is always

greater than 7

a.  The anion of the weak acid is a base. The stronger the basic anion,

the higher the pH of the equivalence point
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D. Titrations of Weak Bases with Strong Acids

1.  identify the major species in solution before, at and after equivalence point

2.  Study each reaction to determine if the reaction can run to completion a.  Do the stoichiometry problem

b.  Do the equilibrium problem

3.  At the equivalence point, the pH is always less than 7

a.  The conjugate acid of the weak base lowers the pH

15.5 Acid-Base indicators

A. Determination of Equivalence Point

1.  Use a pH meter, find midpoint of vertical line in the titration curve

2.  Use of indicators

B. How indicators Work

1.  Most are weak acids and shift from acid to conjugate base forms

Hin (aq)
(
H+(aq)  +  in-(aq)
Ka = [In-][H+]

       [HIn]
a. Color change occurs as the proton is lost or acquired
b. **For most indicators, about a tenth of the initial form must be converted to the other form before a new color is apparent. You can assume, then, that in the titration of an acid with a base, the color change will occur at a pH where:

                                           [In-]   =   1

                                           [HIn]      10

See example on page 743.
C. Using indicators

1.  indicator color changes will be sharp, occurring with the addition of a single

drop of titrant

2.  Suitable indicators must be selected based on the equivalence point. (You want the color change of the indicator to occur at about the pH of the equivalence point.)
a.  Strong acid-strong base titrations may use indicators with end points as far apart as pH 5 and pH 9

b.  Titration of weak acids or weak bases requires more careful selection

of an indicator with appropriate transition interval
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Chapter 16 – Solubility and Complex Ion Equilibria
16.1 Solubility Equilibria and the Solubility Product

A. Dynamic Equilibrium

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

1.  Equilibrium occurs when the solution is saturated
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B. Ksp (Solubility Product Constant, Solubility Product)

Ksp = [Ca2+][F-]2
1.  Experimentally determined solubility of an ionic solid can by used to calculate its Ksp value

2.  The solubility of an ionic solid can be calculated if its Ksp value is known

C. Relative Solubilities

1.  If the salts being compared produce the same number of ions in solution,

Ksp can be used to directly compare solubility. 

(big Ksp = more solubility)
a.  NaCl(s), KF(s)

Ksp = [cation][anion] = x2
2.  If the salts being compared produce different numbers of ions, Ksp cannot

be directly compared

a.  Ag2S(s)     Ksp = [2x]2[x]

b.  Bi2S3(s)     Ksp = [2x]2 [3x]3



example: Bi2S3 (s) (( 2Bi3+ + 3S2-
*Note: Solubility is in mol/L and is the amount changed (x in the ICE box).
**If you have OH- or H+, use the concentration from H2O.
Example: Mg(OH)2 (( Mg2+ + 2OH-
0 1.0 x 10-7M 

                                                          +x          + 2x

D. Common ion Effect

1.  The solubility of a solid is lowered if the solution already contains ions

common to the solid

a.  Dissolving silver chloride in a solution containing silver ions

b.  Dissolving silver chloride in a solution containing chloride ions

E. pH and Solubility

1.  if anion X-  is an effective base (HX is a weak acid), the salt MX will show increased solubility in acidic solution

a.  Effective bases include:


OH-, S2-, CO32-, C2O42-, CrO42-



**”Good” bases will react with H+ when an acid is added.

                                                Mg(OH)2 (( Mg2+ + 2OH-
                                        As [OH-] decreases, reaction shifts right, so solubility increases.

Example: Will a precipitate form when 75.0 mL of 0.020 M BaCl2 and 125 mL of 0.040 M Na2SO4 are mixed? (Ksp for BaSO4: 1.1 x 10-10)

16.2 Precipitation and Qualitative Analysis

instructor's Note: We will skim over much of sections 7 and 8, hitting only the high points and performing a lab on selective precipitation

A. Selective Precipitation

1.  Mixtures of metal ions in aqueous solution are often separated by using a

reagent whose anion forms a precipitate with only one or a few of the metal
ions in the mixture
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16.3  Equilibria involving Complex Ions

A.  Complex Ions – polyatomic ions consisting of a central metal atom or ion, bonded to other

1.                                              groups, called ligands.

2.  The central metal is a Lewis acid which forms coordinate covalent bonds with the Lewis base ligands.

3. Each ligand has at least one lone pair of electrons.

4. Four common ligands are:  Cl-, OH-, NH3, CN-, SCN-
5. Examples of complex ions are: [AgCl2]-, [Cu(NH3)4]2+, and [Zn(OH)4]2-
6. Compounds formed with complex ions are called coordination compounds.


Example:  Na[AgCl2]
General Rule: The # of ligands is usually twice the charge on the metal. Overall charge: all charges added up together.


B.  The formation of a complex ion involves an equilibrium reaction and the equilibrium

                  constant is called the formation constant, Kf.

Ag+  + 2NH3  ((  [Ag(NH3)2]+           Kf = [[Ag(NH3)2]+] / [Ag+][NH3]2
 Pb2+  +  4I-  ((  [PbI4]2-
           Kf = [[PbI4]2-] / [Pb2+][I-]4
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