
Chapter 17. Aqueous equilibria



Chapter outline

• Common ion effect
• Buffers

• Henderson-Hasselbalch equation
• Acid-base titration

• Strong acid by strong base
• Weak acid by strong base
• Weak base by strong acid

• pH indicators
• Salt solubility and Ksp
• Precipitation reactions
• Complex ions



Common ion effect

• Solutions where both HA and A– are present
• pH of 0.25 M CH3COOH (aq) = 2.67

• 𝐻!𝑂" = 𝐾#[𝐻𝐴]

• pH of 0.25 M CH3COOH/0.10 M CH3COO–?
• CH3COOH (aq) + H2O (l) ó CH3COO– (aq) + H3O+ (aq)
• Le Chatelier’s principle



Buffers

• Add 0.010 mol HCl to 1.0 L H2O
• pH drops by 5 units (7 à 2)

• Add 0.010 mol HCl to 1.0 L human 
blood
• pH drops by 0.1 unit (7.4 à 7.3)

• Blood is buffered against pH change
• Acid reacts with (neutralizes) added OH–

ions
• Base reacts with (neutralizes) added H3O+

ions
• Acid and base don’t react with each other

• Good way to prepare buffer: from 
weak conjugate acid-base pair (HA and 
A–)



Buffers

• K values for HA + OH– and A– + H3O+ reactions are typically very large
• These reactions are essentially forward-only
• OH– and H3O+ are effectively removed



pH of a buffer solution

What is the pH of an CH3COOH/CH3COONa buffer with [CH3COOH] = 
0.700 M and [CH3COO–] = 0.600 M?



pH of a buffer solution: Henderson-
Hasselbalch equation
• From previous example: 𝐻!𝑂" = ($!) &'"&(('

&'"&((#

• General expression: 𝐻!𝑂" = ($!) ')
)#

• −𝑙𝑜𝑔 𝐻!𝑂" = −𝑙𝑜𝑔𝐾* − 𝑙𝑜𝑔
')
[)#]

• −𝑙𝑜𝑔 𝐻!𝑂" = −𝑙𝑜𝑔𝐾* + 𝒍𝒐𝒈
𝑨#

[𝑯𝑨]

• 𝒑𝑯 = 𝒑𝑲𝒂 + 𝒍𝒐𝒈
𝑨#

[𝑯𝑨]



Henderson-Hasselbalch equation

• 𝑝𝐻 = 𝑝𝐾* + 𝑙𝑜𝑔
)#

[')]
• Can use H–H expression when:

• 3 ≤ pH ≤ 11
• pH close to pKa of HA
• HA with Ka > 10-3 and A– with Kb > 10-3 are not weak enough to serve as buffers

• [HA]0 and [A–]0 are relatively large
• pH primarily established by pKa

• [HA] = [A–]: pH = pKa
• [HA] > [A–]: pH < pKa
• [HA] < [A–]: pH > pKa



Henderson-Hasselbalch equation

Benzoic acid (C6H5COOH, 2.00 g) and sodium benzoate (C6H5COONa, 2.00 g) are dissolved 
in enough water to make 1.00 L of solution. Calculate the pH of the solution using the 
Henderson-Hasselbalch equation.



Preparing buffer solutions of desired pH

• Choose HA with pKa close to desired pH
• Get exact pH value by adjusting HA/A– ratio
• To maintain adequate buffer capacity: 0.10 M ≤ [HA], [A–] ≤ 1.0 M
• Buffers lose buffering capacity when too much OH– or H3O+ is added 
• Both HA and A– are dissolved in the same solution

• V HA = V A–

• We are concerned only about the moles of HA and A– when preparing a 
buffer

• Diluting a buffer doesn’t change its pH



Preparing a buffer solution

Describe how to prepare a buffer solution from Na2HPO4 and NaH2PO4 to have a pH of 7.5 
(pKa of H2PO4

– is 7.21)



How does a buffer maintain constant pH?

What is the change in pH when 1.00 mL of 1.00 M HCl is added to (1) 1.000 L of pure water, and (2) 
1.000 L of CH3COOH/CH3COO– buffer with [CH3COOH] = 0.700 M and [CH3COO—]=0.600 M?



Acid-base titrations

• Recall from Ch. 4: titration = slow addition of 
titrant to analyte
• Titrant = strong acid or base
• Analyte strong/weak acid or base

• Purpose of titration:
• To determine quantity of unknown acid/base
• To determine identity of unknown acid/base (molar 

mass, pKa or pKb)
• Learning goals:

• How to draw and interpret a titration curve
• How to find pH of analyte at any point of titration
• How to find pKa or pKb from titration data



Titration curve

• Plot of analyte pH vs. volume of titrant added
• Four important regions

• pH of initial analyte solution
• pH as titrant is added but before equivalence point

• Buffer region
• pH at equivalence point

• Equivalence point: analyte completely consumed by titrant
• pH after equivalence point

• Two examples
• Titrating 50.0 mL of 0.100 M HCl (aq) with 0.100 M NaOH (aq)

• Strong acid – strong base (SA – SB)
• Titrating 100.0 mL of 0.100 M CH3COOH (aq) with 0.100 M NaOH (aq)

• Weak acid – strong base (WA – SB)



Titrating 50.0 mL of 0.100 M HCl with 0.100 
M NaOH
1) Initial HCl pH: –log(0.100 M) = 1.000
2) After adding 10.00 mL 0.100 M NaOH (before equivalence point)



Titrating 50.0 mL of 0.100 M HCl with 0.100 
M NaOH
2) After adding 10.00 mL 0.100 M NaOH (before equivalence point)

• SA-SB neutralization rxns have large K values: “one way” (à)

• Stoichiometry problem (analyte in excess, titrant LR)
• That means you need MOLES of titrant to calculate MOLES of excess analyte!

• pH controlled by the concentration of excess analyte (here HCl)

• Product salt is neutral and doesn’t affect pH

• Don’t forget to add V analyte and V titrant to calculate final [H3O+]!



Titrating 50.0 mL of 0.100 M HCl with 0.100 
M NaOH
3) Equivalence point

• At the equivalence point moles HCl = moles NaOH
• That means, it will occur when 5.00×10$! 𝑚𝑜𝑙× % &

'.%'')*+
= 50.0 mL NaOH 

are added
• No excess H3O+/OH– present, as HCl and NaOH are fully neutralized
• NaCl does not contribute to pH (neutral salt)
• pH = pH of neutral H2O = 7.00

• This holds at the equivalence point of every strong acid – strong base titration!



Titrating 50.0 mL of 0.100 M HCl with 0.100 
M NaOH
4) After equivalence point

• H3O+ is fully neutralized
• pH controlled by excess OH– coming from the titrant
• After adding 55.0 mL of 0.100 M NaOH



Titration curve (0.100 M HCl with 0.100 M 
NaOH)



Titrating 100.0 mL of 0.100 M CH3COOH with 
0.100 M NaOH
1) Initial CH3COOH pH
• Equilibrium hydrolysis problem 

• CH3COOH (aq) + H2O (l) ó CH3COO– (aq) + H3O+ (aq)

• ICE table
• If 100Ka < [A]0 holds (which is usually the case), ICE table boils down 

to 𝑯𝟑𝑶" = 𝑯𝑨 𝑲𝒂



Titrating 100.0 mL of 0.100 M CH3COOH with 
0.100 M NaOH
2) After adding 90.0 mL 0.100 M NaOH (before equivalence point)
• CH3COONa (specifically, the anion CH3COO–) affects pH
• Substantial amounts of CH3COOH and CH3COO– (conjugate weak acid –

weak base pair) are present = BUFFER
• Buffer region

• Can use Henderson-Hasselbalch equation (𝑝𝐻 = 𝑝𝐾* + 𝑙𝑜𝑔
[)#]
[')]

) to get 
pH



Titrating 100.0 mL of 0.100 M CH3COOH with 
0.100 M NaOH
A special point in the buffer region: half-equivalence point (HEP)

• Enough NaOH has been added to neutralize half the moles of CH3COOH that 
were originally present.

• So, from the original CH3COOH:
• 50% of the moles are still CH3COOH
• 50% have been converted to the conjugate base CH3COO–

• [HA] = [A–]

• 𝑝𝐻 = 𝑝𝐾! + 𝑙𝑜𝑔
[#!]
[%#] is reduced to 𝒑𝑯 = 𝒑𝑲𝒂



Titrating 100.0 mL of 0.100 M CH3COOH with 
0.100 M NaOH
3) Equivalence point

• At the equivalence point moles CH3COOH = moles NaOH
• That means, it will occur when 0.0100 𝑚𝑜𝑙× % &

'.%'')*+
= 100. mL NaOH are added

• CH3COOH and NaOH (OH–) are fully neutralized
• pH controlled by CH3COO–, a weak base (CB of CH3COOH)



Titrating 100.0 mL of 0.100 M CH3COOH with 
0.100 M NaOH
3) Equivalence point
• Equilibrium hydrolysis problem 

• CH3COO– (aq) + H2O (l) ó CH3COOH (aq) + OH– (aq)

• ICE table
• If 100Kb < [A]0 holds (which is usually the case), ICE table boils down to   

𝑶𝑯; = 𝑨– 𝑲𝒃



Titrating 100.0 mL of 0.100 M CH3COOH with 
0.100 M NaOH
4) After equivalence point

• H3O+ is fully neutralized
• pH controlled by excess OH– coming from the titrant
• After adding 110.0 mL of 0.100 M NaOH



Titration curve (0.100 M CH3COOH with 0.100 
M NaOH)



Summary: titration of strong vs. weak acid 
(equimolar)
• Major species present at each 

point of weak acid titration 
(besides H2O)
• 1) HA
• 2) HA, A–

• 3) A–

• 4) OH–

• Neutralization: stoichiometry 
problem
• Hydrolysis: equilibrium problem



What about titration of a weak base with a 
strong acid?

Weak acid titration with 
strong base

Weak base titration 
with strong acid

Neutralization 
reaction HA + OH- à H2O + A- B + H3O+ à H2O + BH+

Reaction with H2O
before titration 

begins 

HA + H2O ó H3O+ + A-

(Ka, pKa)
B + H2O ó BH+ + OH-

(Kb, pKb)

Reaction with H2O
at equivalence point 

A– + H2O ó OH– + HA
(Kb, pKb)

BH+ + H2O ó B + H3O+

(Ka, pKa)

!

half 
equivalence 
point 

equivalence 
point 

Figure (2):  Titration curve for 
the weak acid HA with NaOH!
!
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Figure (3):  Titration curve for 
the weak base B with HCl 

 

 

half 
equivalence   
point 
 
 

     equivalence   
      point 
 

 pH 
 

pKb = pOH  
       = 14 - pH 

Remember, pH + pOH = 14.00
pKa + pKb = 14.00

(OR pKa of 
conjugate 
acid = pH)



What about titration of a weak base with a 
strong acid?
• As a consequence:
• Initial pH < initial pH of equimolar strong base

• B + H2O ó BH+ + OH-

• 𝑂𝐻$ = [𝐵]𝐾%
• Buffer region: pH only changes slightly; both B and BH+ are present.

• 𝑝𝐻 = 𝑝𝐾& + 𝑙𝑜𝑔
[(]

[(*!]
(or 𝑝𝑂𝐻 = 𝑝𝐾% + 𝑙𝑜𝑔

[(*!]
[(]

)

• At HEP: pKb = pOH (or pKa = pH)
• At EP: pH < 7 (hydrolysis of BH+)

• 𝐻+𝑂, = 𝐵𝐻, 𝐾&
• Past EP: pH changes due to excess H+

 
 
 

 

Figure (3):  Titration curve for 
the weak base B with HCl 
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pH indicators

• Usually a compound that is itself a weak acid/base (HInd/Ind–)
• Important property

• HInd form has one color 
• Ind– form has another color

• Phenolphtlalein
(aq) + H2O (l) ó Phen– (aq) + H3O+ (aq)

• pKa = 9.4

• Bromthymol blue
(aq) + H2O (l) ó Brom– (aq) + H3O+ (aq)

• pKa = 7.0



pH indicators

• Phenolphtlalein
(aq) + H2O (l) à Phen– (aq) + H3O+ (aq)

• pKa = 9.4

• Henderson-Hasselbalch equation:
• 𝒑𝑯 = 𝟗. 𝟒 + 𝒍𝒐𝒈 𝑷𝒉𝒆𝒏"

[ ]

• At pH > 9.4, [Phen—] > [ ]
• Solution looks pink/magenta

• At pH < 9.4, [ ] > [Phen–]
• Solution looks 



pH indicators

• Phenolphthalein
• If an acid-base titration has an equivalence 

point around pH 9, this equivalence point 
can be detected with phenolphthalein
• pH @ equivalence point doesn’t have to be 

EXACTLY 9.4 (since pH changes by many units 
around equivalence point)

• Endpoint = pH at which indicator changes 
color

• Equivalence point = analyte completely 
neutralized by titrant



pH indicators



Solubility of salts

• “Insoluble” salt = less than 0.01 mol dissolves in 1 L of solution
• Quantifying solubility
• Conditions that affect solubility



Solubility product constant (Ksp)

• AgBr (s) ó Ag+ (aq) + Br– (aq)
• Equilibrium – saturated solution (25 ˚C)

• [Ag+] = [Br–] = 7.35 x 10-7 M

• Ksp = [Ag+][Br–] = (7.35 x 10-7)2 = 5.40 x 10-13

• AgBr not in equilibrium expression because (s)
• Ksp values often very small

• In general
• AxBy (s) à x Ay+ (aq) + y Bx– (aq)
• Ksp = (Ay+)x (Bx–)y



Calculating Ksp

• CaF2, the main component of the mineral fluorite, dissolves to a slight 
extent in water. Calculate the Ksp value for CaF2 if [Ca2+] has been 
found to be 2.3 x 10-4 M.



Insoluble salts and their Ksp values



Solubility from Ksp

The Ksp value for MgF2 is 5.2 x 10-11. Calculate the solubility of MgF2 in 
(a) M, and (b) g/L



Solubility from Ksp

• Relative solubilities can be deduced by comparing Ksp values ONLY if 
salts have the same cation to anion ratio
• The smaller the Ksp, the less soluble the salt

• AgCl (s) ó Ag+ (aq) + Cl– (aq)
• Ksp = 1.8 x 10-10

• Solubility  = 1.8×10$%' = 1.3 x 10-5 M

• Ag2CrO4 (s) ó 2 Ag+ (aq) + CrO4
2– (aq)

• Ksp = 9.0 x 10-12

• Solubility = 
# 2.'×%'"$%

4
= 1.3 x 10-4 M



Solubility and common ion effect

• Le Chatelier’s principle
• When 1.0 M AgNO3 (aq) is added to saturated AgCH3COO (aq), more 

AgCH3COO (s) forms



Solubility and common ion effect
If AgCl (s) is placed in 1.00 L of 0.55 M NaCl, what mass of AgCl will 
dissolve?



Effect of basic anions on salt solubility

• Salts containing anions that are conjugate bases of a weak acid
• Anions are relatively strong bases and react with water

• PbS (s) ó Pb2+ (aq) + S2– (aq) Ksp

• S2– (aq) + H2O (l) ó HS– (aq) + OH– (aq) Kb = 1 x 105

• Overall reaction
• PbS (s) + H2O (l) ó Pb2+ (aq) + HS– (aq) + OH– (aq) K’sp = KspKb = 3 x 10-28

• This increases solubility of salt
• PO4

3–, CH3COO–, CO3
2–, CN–, S2–



Effect of basic anions on salt solubility

• Insoluble salts whose anion is a conjugate base of a weak acid 
dissolve in strong acids
• CH3COO–, CO3

2–, OH–, PO4
3–, S2–

• Mg(OH)2 (s) + 2 H3O+ (aq) à 4 H2O (l) + Mg2+ (aq)
• Mg(OH)2 (s) ó Mg2+ (aq) + 2 OH– (aq) Ksp = 5.6 x 10-12

• 2 OH– + 2 H3O+ ó 4 H2O K = (Kw
-1)2 = 1.0 x 1028

• Knet = (Ksp) (Kw
-1)2 = 5.6 x 1016



Precipitation reactions

• AgCl (s) ó Ag+ (aq) + Cl– (aq)
• Q = Ksp saturated solution
• Q < Ksp more AgCl (s) will dissolve (until Q = Ksp)
• Q > Ksp AgCl (s) will precipitate (until Q = Ksp)



Precipitation reactions

The concentration of Ba2+ in a solution is 0.010 M. What concentration 
of SO4

2– is required to begin the precipitation of BaSO4 (s)?



Precipitation reactions

The concentration of Ba2+ in a solution is 0.010 M. When [SO4
2–] in the 

solution reaches 0.015 M, what [Ba2+] remains in the solution?



Precipitation reactions

Suppose you mix 100.0 mL of 0.0200 M BaCl2 (aq) with 50.0 mL of 0.0300 M 
Na2SO4 (aq). Will BaSO4 precipitate?



Complex ion equilibria

• Complex ions = metal ions bound to molecules/ions (Lewis bases)
• Ions/molecules bound to metal ion = ligands
• Formation constant Kf (often very large)
• Cu2+ (aq) + 4 NH3 (aq) ó [Cu(NH3)4]2+ (aq) Kf = 2.1 x 1013



Complex ion equilibria
What is [Cu2+] in a solution prepared by adding 0.00100 mol of Cu(NO3)2 to 
1.00 L of 1.50 M NH3 (aq)?



Complex ions and solubility

• Low solubility salts dissolve better in solutions containing complex ions
• AgCl (s) ó Ag+ (aq) + Cl– (aq) Ksp = 1.8 x 10-10

• Ag+ + 2 NH3 (aq) ó [Ag(NH3)2]+ (aq) Kf = 1.1 x 107

• Net:
• AgCl (s) + 2 NH3 (aq) ó Cl– (aq) + [Ag(NH3)2]+ (aq) Knet = KspKf = 2.0 x 10-3

• 𝐾>?@ =
&A# [[)B(C'")-].]

[C'"]-


