
Chapter 17

Additional Aqueous 
Equilibria



Buffers

A buffered solution resists changes in pH 
when small amounts of acids and bases are 
added or when dilution occurs.

Definition  - a buffer solution is composed of: 

a weak-acid and its salt (conjugate base) or 
a weak-base and its salt (conjugate acid)



Adding an Acid or Base
to a Buffer



Buffer Solution

Henderson-Hasselbalch Equation
[H3O+] = Ka × ([HA]/[A-])

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

when   [A-] = [HA]
pH = pKa



EXAMPLE: Describe how 1.00 L of a pH 10.00 
ammonia-ammonium chloride buffer solution would be 
made using concentrated NH3 (14 M) and solid NH4Cl.

[NH3][H3O+]
Ka = 5.6 × 10-10 M =

[NH4
+]

[H3O+] = 10-pH = 10-10.00 = 1.0 x10-10 M
[NH4

+] [H3O+]
=

[NH3] Ka

1.0 × 10-10 M=                           = 0.18
5.6 × 10-10 M

if we use 1.00 L of concentrated NH3, then
[NH4

+] = 0.18 × [NH3] = 0.18 (14M) = 2.5M
# g NH4Cl = (2.5 mol/L)(1.00 L)(54 g/mol) = 1.3 × 102 g

Dissolve 1.3 × 102 g of NH4Cl in 1.00 L of concentrated NH3.



Buffer Capacity

• refers to the ability of the buffer to retard 
changes in pH when small amounts of acid 
or base are added

• the ratio of [A-]/[HA] determines the pH of 
the buffer whereas the magnitude of [A-] 
and [HA] determine the buffer capacity



Buffer Systems



Titration Apparatus
analyte  +  titrant  => products

Buret delivering base to a flask 
containing an acid.  The pink 
color in the flask is due to the 
phenolphthalein indicator.

Photo by George Lisensky



Endpoint vs. Equivalence Point
Endpoint

point where there is a physical change, such 
as color change, with the indicator

Equivalence Point
# moles titrant = # moles analyte

#molestitrant=(V × M)titrant
#molesanalyte=(V × M)analyte



Acid-Base Indicator
Weak acid that changes color with changes in pH

HIn  +  H2O  H3O+ +  In-

acid base
color color

[H3O+][In-]
Ka = 

[HIn]



Acid-Base Indicator Behavior

acid color shows when
[H3O+][In-]     1 =       × [H3O+] = Ka[HIn] 10

[In-] 1≤
[HIn] 10

base color shows when
[H3O+][In-] 

= 10 × [H3O+] = Ka[HIn]
[In-] ≥ 10[HIn]



Indicator pH Range

acid color shows when
pH  +  1  =  pKa

and base color shows when
pH  - 1  =  pKa

Color change range is
pKa =  pH  ± 1    or    pH  =  pKa ± 1



Red Cabbage as Indicator
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Indicator and Titration Curve



Titration of Weak Acid with Strong Base



Titration of Weak Base with Strong Acid



EXAMPLE: Derive the titration curve for the 
titration of 35.00 mL of 0.1000 M HCl with 0.00, 
15.00, 35.00, and 50.00 mL of 0.1000 M NaOH.

At 0.00 mL of NaOH added, initial point

pH  =  1.00[H3O+]  =  CHCl =  0.1000 M;
Va × Ma > Vb × Mb thusAt 15.00 mL of NaOH added,

(Va × Ma) - (Vb × Mb)[H3O+] = 
(Va +  Vb)

((35.00mL) × (0.1000M)) - ((15.00mL) × (0.1000M))
=  (35.00 +  15.00)mL

=  4.000 × 10-2 M pH  =  1.40



At 35.00 mL of NaOH added
Va × Ma = Vb × Mb , equivalence point

At 50.00 mL of NaOH added
Vb × Mb > Va × Ma , post equvalence point

(Vb × Mb) - (Va × Ma)[OH-] =   
(Va +  Vb)

((50.00mL) × (0.1000M)) - ((35.00mL) × (0.1000M))
=  

(35.00 +  50.00)mL
=  1.765 × 10-2 M;  pOH  =  1.75

at equivalence point of a 
strong acid - strong base titration

pH   ≡ 7.00

pH = 14.00 - 1.75 = 12.25



Effect of Acid Strength on Titration Curve



Titration of 
Diprotic Weak 

Acid with 
Strong Base



How Acid Precipitation Forms



Solubility Product Constant
Solubility-product constant => Ksp

constant that is equal to the solubilities of 
the ions produced when a substance dissolves

In General: AxBy xA+y +  yB-x

[A+y]x [B-x]y
K = 

[AxBy]
[AxBy] K = Ksp = [A+y]x [B-x]y

Ksp = [A+y]x [B-x]y

For silver sulfate
Ag2SO4 2 Ag+ +  SO4-2

Ksp = [Ag+]2[SO4
-2]



Solubility 
Product 

Constant Values



The Common Ion Effect
common ion
• second source which is completely dissociated
• In the presence of a second source of the ion, there 

will be less dissolved than in its absence
common ion effect
• a salt will be less soluble if one of its constitutent

ions is already present in the solution



EXAMPLE: What is the molar solubility of 
AgCl in pure water and in 1.0 M NaCl?

AgCl Ag+ +  Cl-

Ksp = [Ag+][Cl-] = 1.82 × 10-10M2

let x = molar solubility = [Ag+] = [Cl-]
(x)(x) = Ksp = [Ag+][Cl-] = 1.82 × 10-10M2

x = 1.35 × 10-5M
AgCl Ag+ +  Cl-

Ksp = [Ag+][Cl-] = 1.82 × 10-10M2

let x = molar solubility = [Ag+]

[Cl-] = 1.0 M 

Ksp = [Ag+][Cl-] = (x)(1.0M) = 1.82 × 10-10M2

x = 1.82 × 10-10M



Amphoterism



Reactant Quotient, Q
Reactant Quotient, Q
• ion product of the initial concentration
• same form as solubility product constant

Q < Ksp - no precipitate forms
unsaturated solution

Q > Ksp - precipitate may form to restore 
condition of saturated solution

Q = Ksp - no precipitate forms, saturated solution



Will Precipitation Occur?
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