
Chapter 14: 
Acid-Base Equilibria
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14.1 Acids and Bases
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Acid/base definitions

Lewis acid

Brønsted-Lowry acid Brønsted-Lowry base

Lewis base

:

Lone pair acceptor Lone pair donor

Proton donor Proton acceptor



14.3 Acid/base strength – Ka and Kb
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The strength of an acid/base can be quantified via their dissociation constants

Acid ionization (acid + water), Ka

Base ionization (base + water), Kb

Strong acids = large Ka

Strong bases = large Kb

Ka = acid dissociation constant

Kb = base dissociation constant



14.3 Relationship between Ka and Kb
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Weak acids (marked) and their conjugate bases co-exist in water in nontrivial amounts.

Strong acids (Ka > 1) and strong bases (Kb > 1) essentially do not exist in water. They convert to H3O
+

and their conjugates.



14.3 Relationship between Ka and Kb
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14.3 Relationship between Ka and Kb ; Kw
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Auto-ionization of water (H2O + H2O), Kw

amphiprotic – can behave 
as an acid or a base

(at 25 ◦C)

Equal concentrations 
in pure water

Strong acids have large Ka → 

weak conjugate bases with small Kb

Strong bases have large Kb → 

weak conjugate acids with small Ka

Kw = water dissociation constant



14.3 Relationship between Ka and Kb
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Ka > 1

Kb > 1

s. acids

s. bases

w. acids w. bases

Ka < 1 Kb < 1

Ka << 1

Kb << 1

1

1



14.3 Oxyacids
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Higher oxidation state = more acidic (larger Ka)
More oxygens = more acidic (larger Ka)

Note: Here, each OH group has an oxidation number of –1.



14.3 Percent ionization
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The larger % ionization is, the stronger the acid.

Just as Ka is a measure of acid strength, so is percent ionization (or percent 
dissociation).



14.2 pH and pOH
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The pH of a solution is a 
measure of [H3O

+] in solution
The pOH of a solution is a 

measure of [OH–] in solution

Solution:

[H3O
+] = [OH–] Neutral

[H3O
+] > [OH–] Acidic

Basic [H3O
+] < [OH–] 

(at 25 ◦C)

pH

= 7

< 7

> 7

[OH–]

= 10–7

< 10–7

> 10–7

pOH

= 7

> 7

< 7

[H3O
+]

= 10–7

> 10–7

< 10–7

(at 25 ◦C)



14.2 pH and pOH
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Why pH/pOH?
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pH = 7 
indicates a 

neutral solution 
only at 25 ◦C



14.4 Acid/base neutralization reactions
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The following cases mix acid and base in stoichiometric equivalent quantities. 

Water is sometimes a product depending on how the reaction is written.

Case 1: Strong acid + strong base gives a neutral solution

neutral 
salt

Cl– does not undergo base ionization (Kb << 1 since Ka >> 1).

Na+ does not undergo acid ionization (does not react with water).

Group 1A and 2A metals (M+ and M2+) never react with water.

× ×



14.4 Acid/base neutralization reactions
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Case 2: Strong acid + weak base gives a weakly acidic solution

acidic salt

Cl– does not undergo base ionization (Kb << 1 since Ka >> 1).

NH4
+ is a weak acid (Ka < 1); will react with water to produce H3O

+.

(1)

(2)



14.4 Acid/base neutralization reactions
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Case 3: Weak acid + strong base gives a weakly basic solution

K+ is a Group 1A metal.  Will not react with water.

F– is a weak base (Kb < 1).  Will react with water to produce OH–.

basic 
salt



14.4 Acid/base neutralization reactions
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Case 4: Weak acid + weak base ??? solution

Both components of the salt react with water.

NH4
+ is a weak acid (Ka < 1); will react with water to produce H3O

+

F– is a weak base (Kb < 1); will react with water to produce OH–

If Ka > Kb, acidic solution

If Ka < Kb, basic solution If Ka ≈ Kb, neutral solution

??? salt

Ka(HF) = 3.5×10–4 Kb(NH3) = 1.76×10–5

Ka(HF) > Kb(NH3), acidic solution.



14.4 Ionization of hydrated metal ions
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Small, high-charge metal ions (e.g. Al3+, Fe3+, etc.) form weakly acidic solutions.  

Many 1st row transition metals are acidic such as:

Fe3+ (pKa = 2.2) Cr3+ (pKa = 4.0)        Sc3+ (pKa = 4.4)



14.4 Summary of salts
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Acidic cations:

Conjugate to a weak base

Conjugate to a weak small, high-
charge metal (not 1A or 2A)

NH4
+, CH3NH3

+

Examples

Al3+, Fe3+, Cr3+, Sc3+

Basic anions:

Conjugate to a weak acid CN–, NO2
–, CH3COO–

Neutral cations:

Group 1A or heavy Group 2A Li+, Na+, Ba2+

Neutral anions:

Conjugate bases of strong acids Cl–, NO3
–, ClO4

–



14.5 Polyprotic acids
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Polyprotic acids have more than one proton to donate.  

The first proton is easiest to remove (largest Ka)
Successive protons are progressive harder to remove (smaller Ka)



14.5 Polyprotic acids
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Acid Ka1 Ka2 Ka3

sulfuric acid (H2SO4) 1.0 x 103 1.2 x 10–2

chromic acid (H2CrO4) 9.6 3.2 x 10–7

oxalic acid (H2C2O4) 5.4 x 10–2 5.4 x 10–5

sulfurous acid (H2SO3) 1.7 x 10–2 6.4 x 10–8

phosphoric acid (H3PO4) 7.1 x 10–3 6.3 x 10–8 4.2 x 10–13

glycine (C2H6NO2) 4.5 x 10–3 2.5 x 10–10

citric acid (C6H8O7) 7.5 x 10–4 1.7 x 10–5 4.0 x 10–7

carbonic acid (H2CO3) 4.5 x 10–7 4.7 x 10–11

hydrogen sulfide (H2S) 1.0 x 10–7 1.3 x 10–13



14.6 Buffers
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A buffer is a solution that contains
weak acid + conjugate base or
weak base + conjugate acid

in significant* amounts.

A buffer resists a change in pH when small amounts of strong acid or strong 
base are added.

The acid (HA or HB+) in the buffer neutralizes added base.

The base (A– or B) in the buffer neutralizes added acid.

Buffer from a weak acid

Buffer from a weak base

*The ratio of acid to c.base must 
be within a 10:1 or 1:10 ratio. 
([base]/[acid] ratio 0.10--10)



14.6 Buffer solution salts
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To make a weakly acidic buffer:
1. Add weak acid (HA)
2. Add salt containing conjugate base (A–)

NH4NO3

NaHCO3

NaOH

NaCH3COO

LiF
NaNO2

Example Salt

To make a weakly basic buffer:
1. Add weak base (B)
2. Add salt containing conjugate acid (HB+)



14.6 Buffer
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14.6 Buffer example
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Which aqueous solution is a buffer?

(a) 0.100 M HNO2 + 0.100 M HCl

(b) 0.100 M HNO2 + 0.100 M NaNO2

(c) 0.100 M HNO2 + 0.100 M NaCl

(d) 0.100 M HNO2 + 0.100 M NaNO2



14.6 The IRF Table
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Remember:  An acid reacts with a base.  A base reacts with an acid.

Ex. – Add 0.05 mol strong, monoprotic acid to buffer containing 1.0 mol HA and 
1.0 mol A–.  What are the final moles of acid and base?

Reaction

Initial moles 1.00 mol 1.00 mol0.05 mol

Final moles 1.05 mol 0.95 mol0.00 mol

Acid and base react in stoichiometric amounts (use moles).

Buffer!

Ex. – Add 0.05 mol HCl to water.  What are the final moles of acid and base?

Reaction

Initial moles 0.05 mol 0 mol≈ 0 mol

Final moles 0 mol 0.05 mol0.05 mol



14.6 pH of a Buffer
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Henderson-Hasselbalch equation – used to approximate pH of a buffer*

Derivation in book (or on Blackboard).

*The ratio of acid/c.base (or base/c.acid) must be within a 1:10 to 10:1 ratio

If ratio is exactly 1:1



14.6 Buffer Capacity
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The buffer capacity of a buffer is the extent at which the buffer can resist a 
change in pH. The more it can resist, the higher the buffer capacity.

Which buffer has the larger buffer capacity?

Buffer A – can neutralize 
much more acid or base 
than Buffer B

Buffer A: 1.0 M acetic acid + 1.0 M sodium acetate

Buffer B: 0.1 M acetic acid + 0.1 M sodium acetate



14.6 Making a buffer – Which acid/base?
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For an acidic buffer, choose an 
acid that has a pKa that is 
within ±1 of the desired pH.

For a basic buffer, choose an acid 
that has a pKb that is within ±1 
of the desired pOH.

Acid pKa

H3PO4 1.12

HCOOH 3.74

CH3COOH 4.74

H2CO3 6.37

H2PO4
– 7.21

HClO 7.54

Base pKb

(CH3)2NH2 3.23

CH3NH2 3.36

NH3 4.74

Example (assume 25 ◦C)

Which acid or base is the best choice for 
creating a buffer with a pH of 4.85?

CH3COOH

Which acid or base is the best choice for 
creating a buffer with a pH of 9.30?

pOH = 14 – 9.30 = 4.70

NH3



14.7 Acid/base titration curves
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Eq. point: pH = 7

Titration of a strong acid.

Strong base added to strong acid

Titration of a weak acid.

Strong base added to weak acid.

Eq. point: pH > 7



14.7 Acid/base titration curves
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Eq. point: pH = 

Initial solution?

Added solution?

Equivalence point occurs when all acid and base react.
[HA] = [OH–] at eq. point.



14.7 Acid/base titration curves
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Eq. point: pH = 

Initial solution?

Added solution?

Equivalence point occurs when all acid and base react.
[HA] = [OH–] at eq. point.



14.7 Acid/base titration curves
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Eq. point: pH = 

Initial solution?

Added solution?

Equivalence point occurs when all acid and base react.
[HA] = [OH–] at eq. point.



14.7 Acid/base titration curves
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Eq. point: pH = 

Initial solution?

Added solution?

Equivalence point occurs when all acid and base react.
[HA] = [OH–] at eq. point.



14.7 Acid/base titration curves
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Eq. point: pH = 

Initial solution?

Added solution?

Equivalence point occurs when all acid and base react.
[HA] = [OH–] at eq. point.



14.7 Acid/base titration curves
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What type of acid gives rise to this titration curve?

Equivalence point occurs when all acid and base react.
1st eq. point: [H2A] = [OH–]
2nd eq. point: [HA–] = [OH–]



14.7 Acid/base titration curves
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What type of acid gives rise to this titration curve?

Equivalence point occurs when all acid and base react.
1st eq. point: [H3A] = [OH–]
2nd eq. point: [H2A

–] = [OH–]
3rd eq. point: [HA–] = [OH–]



14.7 Indicators
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14.7 Indicators
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14.7 Acid/base titrations
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You can determine the final pH of any acid/base reaction in 3 steps:

1.) Determine acid/base reaction type

Strong/strong

Weak/strong

2.) Determine molar changes – IRF Table

Smaller amount “wiped out”

React acid and base based on moles

Strong/weak



14.7 Acid/base titrations
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a.) Any “strong” (H+ or OH–) remains

Determine Vfinal and then final [H+] or [OH–]

b.) “Weak” pair present (HA/A– or  B/HB+)

c.) Only one “weak” present (HA, A–, B, or HB+)

Determine Vfinal and then final [weak]

Use ICE table to find pH

You can determine the final pH of any acid/base reaction in 3 steps:

3.) Final pH determined in one of three ways



14.7 Strong acid/strong base titration
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Titrate 25.0 mL of 0.100 M HCl with 0.100 M NaOH.  (at 25 ◦C)
What is the pH after 15.0 mL of NaOH is added?

A: 1.6021. Determine reaction type

HCl – strong acid
NaOH – strong base

Strong/strong

2. Determine molar changes – IRF Table

Acid and base react.

Initial moles 0.00250 0.00150

00.00100Final moles

Reaction



14.7 Strong acid/strong base titration
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Titrate 25.0 mL of 0.100 M HCl with 0.100 M NaOH.  (at 25 ◦C)
What is the pH after 15.0 mL of NaOH is added?

A: 1.602
3a. “Strong” remains 0.00100 mol of H+ remains

Determine Vfinal and then final [H+] or [OH–]



14.7 Strong acid/strong base titration
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Titrate 25.0 mL of 0.100 M HCl with 0.100 M NaOH.  (at 25 ◦C)
What is the pH after 30.0 mL of NaOH is added?

A: 11.961. Determine reaction type

HCl – strong acid
NaOH – strong base

Strong/strong

2. Determine molar changes – IRF Table

Acid and base react. Initial moles

Final moles

Reaction0.0025

0.0030

0.00300.0025

0.00050.0

3a. “Strong” remains

Determine Vfinal and then final [H+] or [OH–]

0.055 L

[OH–] = 0.0091 M

pOH =

pH =

2.04

11.96



14.7 Strong acid/strong base titration
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Titrate 25.0 mL of 0.100 M HCl with 0.100 M NaOH.  (at 25 ◦C)
What is the pH after X mL of NaOH is added?

Vol. of OH–

added (mL)
nOH– added

(mmol)
H+ remain 
(mmol)

Vtotal

(mL)
[H+]

(mol L–1)
pH

0 0 2.50 25.0 0.100 1.000

5.0 0.50 2.00 30.0 0.0667 1.176

10.0 1.00 1.50 35.0 0.0429 1.364

15.0 1.50 1.00 40.0 0.0250 1.602

20.0 2.00 0.50 45.0 0.011 1.96

25.0 2.50 0 50.0 1.0x10–7 7.00

Vol. of OH–

added (mL)
nOH– added

(mmol)
Excess OH–

(mmol)
Vtotal

(mL)
[OH–]

(mol/L)
pOH pH

30.0 3.00 0.50 55.0 0.0091 2.04 11.96

35.0 3.50 1.00 60.0 0.0167 1.778 12.222



14.7 Weak acid/strong base titration
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Titrate 25.0 mL of 0.100 M CH3COOH with 0.100 M NaOH (at 25 ◦C). What is 
the initial pH? Ka=1.8×10–5

A: 2.87

I

C

E

0.100

–x

0.100–x

0

+x+x

≈0

x x

Test x



14.7 Weak acid/strong base titration
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Titrate 25.0 mL of 0.100 M CH3COOH with 0.100 M NaOH (at 25 ◦C).
What is the pH after 15.0 mL of NaOH is added? Ka=1.8×10–5

A: 4.92
1. Determine reaction type

CH3COOH – weak acid
NaOH – strong base

Weak/strong

2. Determine molar changes

Acid and base react

Initial moles

Final moles

Reaction

0.0025 0.0015

00.0010 0.0015

0



14.7 Weak acid/strong base titration
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Titrate 25.0 mL of 0.100 M CH3COOH with 0.100 M NaOH (at 25 ◦C).
What is the pH after 15.0 mL of NaOH is added? Ka=1.8×10–5

A: 4.92

3b. “Weak” pair present (HA and A–)

0.0010 mol of HA remains

0.0015 mol of A– remains

Buffer! Can use moles instead of M here.



14.7 Weak acid/strong base titration
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Titrate 25.0 mL of 0.100 M CH3COOH with 0.100 M NaOH (at 25 ◦C).
What is the pH after 25.0 mL of NaOH is added? Ka=1.8×10–5

A: 8.72
1. Determine reaction type

CH3COOH – weak acid
NaOH – strong base

Weak/strong

2. Determine molar changes

Acid and base react.

Initial moles

Final moles

Reaction

0.0025 0.0025

00 0.0025

0
All acid and base react. 
Equivalence point.



14.7 Weak acid/strong base titration
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Titrate 25.0 mL of 0.100 M CH3COOH with 0.100 M NaOH (at 25 ◦C).
What is the pH after 25.0 mL of NaOH is added? Ka=1.8×10–5

A: 8.72
3c. Only one “weak” present (A–)

0.0025 mol of A– remains

Determine Vfinal and then final [weak]

Use ICE table



14.7 Weak acid/strong base titration
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Titrate 25.0 mL of 0.100 M CH3COOH with 0.100 M NaOH (at 25 ◦C).
What is the pH after 25.0 mL of NaOH is added? Ka=1.8×10–5

A: 8.723c. Use ICE table

I

C

E

0.05

–x

0.05–x

+x

0

x

+x

0

x

Need Kb of c. base since 
there is no acid.

Test x



14.7 Weak acid/strong base titration
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Titrate 25.0 mL of 0.100 M CH3COOH with 0.100 M NaOH (at 25 ◦C).
What is the pH after X mL of NaOH is added? Ka=1.8×10–5

Vol. of OH–

added (mL)
nOH– added

(mmol)

CH3COOH
remain 
(mmol)

CH3COO–

made 
(mmol)

pH

0 0 2.50 0.0 2.87

5.0 0.50 2.00 0.50 4.14

10.0 1.00 1.50 1.00 4.56

15.0 1.50 1.00 1.50 4.92

20.0 2.00 0.50 2.00 5.34

25.0 2.50 0 2.50 8.72

Vol. of OH–

added (mL)
nOH– added

(mmol)
Excess OH–

(mmol)
Vtotal

(mL)
[OH–]

(mol/L)
pOH pH

30.0 3.00 0.50 55.0 0.0091 2.04 11.96

35.0 3.50 1.00 60.0 0.0167 1.778 12.222



52

14 Practice

What are the hydronium and hydroxide ion concentrations in a sample of pure water 

at 25 ◦C?
A: 1.0×10–7

A sample of pure water (at 25 ◦C) is spiked with 1.0×10–4 M OH–.  What is the 

concentration of H3O
+?

A: 1.0×10–10

What is the pH of pure water at 37 ◦C?  Kw(37 ◦C) = 2.32×10–14

The Kb for NO2
– is 2.17×10–11. What is the Ka and pKa for its conjugate acid? Assume 

25 ◦C.  

A: 6.82

The pH of an aqueous solution is 7.82 (at 25 ◦C).  What is the pOH?
A: 6.18

A: 4.61×10–4; 3.34

What is the percent ionization of a 0.125 M solution of nitrous acid (HNO2) with a pH 

of 2.09?  Is the acid strong or weak?
A: 6.5%; weak
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14 Practice

What is the pH and pOH of an aqueous solution containing 0.035 M HI (at 25 ◦C)?

A: 1.46; 12.54

What is the molar concentration of a 1 L aqueous NaOH solution and a 1 L aqueous 

solution of Ba(OH)2 each with a pH of 8.15 (at 25 ◦C)?
A: 1.31×10–6; 6.55×10–7

The pH of a 0.100 M solution of HCN is 2.34.  What is its Ka?

A: 2.19×10–4

What is [OH–]eq and pH of a 0.25 M solution of trimethylamine, a weak base 

(at 25 ◦C)? Kb = 7.4×10–5

A: 4.3×10–3 ; 11.63
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14 Practice

Is an aqueous NaF solution acidic, basic, or neutral?

What is the acetic acid (CH3CO2H) concentration (in M) in a solution with 

[CH3CO2
–]eq = 0.050 M and [OH–]eq = 2.5×10–6 M (at 25 ◦C)?

A: 1.1×10–5

A: basic

Carbonated water is slightly acidic because CO2 reacts with water to form carbonic 

acid, H2CO3.  What are [H3O
+], [HCO3

–], and [CO3
2–] in a saturated solution of CO2

with an initial [H2CO3] = 0.033 M? 

A: See Ex. 14.19

Find the pH of an acetic acid/sodium acetate buffer solution where [HA]i = [A–]i = 1.00 

M and Ka = 1.8×10–5 (at 25 ◦C).
A: 4.74
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14 Practice

Compare pH change of (a) 1.0 L of pure water and (b) a 1.0 L buffer solution 

([CH3COOH] = [CH3COO–] = 1.00 M) with a pH of 4.74 at 25 ◦C when 0.10 mol HCl is 

added. Ka(acetic acid) = 1.8×10–5

A: –6; –0.08

What is the pH of a 1 L solution containing 0.50 M HClO (hypochlorous acid) and 

0.40 M KClO?  Ka(HClO) = 3.5×10–8

A: 7.36

What is the pH of a 1.0 L solution containing [HA] = [A–] = 1.00?  Ka = 6.2×10–8

What is the pH of the solution if 0.10 mol NaOH is added? (assume no volume change)

A: 7.21; 7.29 

An aqueous solution (at 25 ◦C) is prepared by adding 0.50 mol HNO3 to a 1 L 

aqueous solution containing 1.40 M of B (pKb = 3.62) and 0.50 M of BH+.  What is the 

final pH?  
A: 10.33



14.3 Relationship between Ka and Kb ; Kw

56

Auto-ionization of water (H2O + H2O), Kw

amphiprotic – can behave 
as an acid or a base

(at 25 ◦C)

Equal concentrations 
in pure water

Strong acids have large Ka → 

weak conjugate bases with small Kb

Strong bases have large Kb → 

weak conjugate acids with small Ka

Kw = water dissociation constant

+

(at 25 ◦C)


