


Weak acids and bases
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- Strong acid and base are completely ionized

- Weak acid and base are partially ionized

- Mineral (inorganic) acids e.g. HCl, HClO4, HNO3 are strong electrolytes that are totally
ionized in H2O

-Most organic acids and bases as found in clinical applications, are weak. (e.g 
trichloroacetic acid, acetylsalicylic acid (Aspirin)



Equilibrium constant for dissociating species

Compounds are either partially (e.g. CH3COOH) or completely (HCl) dissociated when dissolved in H2O

Weak electrolytes: are partially dissociated electrolytes

e.g. CH3COOH ⇌ CH3COO ⁻ +H⁺

e.g. AB ⇌ A +B

Keq =[A ][B]/[AB] =mola r equilibrium constant

Some species dissociate stepwise, and an equilibrium constant can be written for each step

Strong electrolytes: completely dissociated electrolytes e.g.

HCl H⁺ +C l⁻
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Calculations using equilibrium constant
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Equilibrium concentration (mol/L) = (Initial analytical concentration) – (An amount
reacted)

Steps to be followed:

1. Write the chemical reaction.
2. Write the expression.
3. Let x represents the concentration of unknown small compound amount compared

to others
4. In calculations, for simplicity: In a dissociation, neglect x compared to the initial 

concentration C if C ≥ 100 Keq



Example
Calculate the pH & pOH of a 1×10⁻³ M of acetic acid? Ka = 1.75×10⁻⁵at 25°C.

HOCA⇌ H⁺ + OAC⁻

Ka = [H⁺][OAC⁻]/[HOAC]
Ka = x2/[1×10⁻³ - x] = 1.75×10⁻⁵
Note: if [CHA>100 Ka], x can be neglected compared to CHA

HOAc H⁺ OAC⁻
I (M) 1×10⁻³ 0 0
C (M) - x + x + x
E (M) 1×10⁻³ - x x x
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X is not neglected

5

The solution from a quadratic equation
x = 1.32×10⁻⁴M = [H⁺]
pH = - log[H⁺] = -log1.32×10⁻⁴ = 3.88 
pOH = 14-3.88 = 10.12



Example
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The basicity constant Kb for ammonia is 1.75 × 10−5at 25°C.(It is only coincidental that 
this is equal to Ka for acetic acid). Calculate the pH and pOH for a 1.00 × 10−3M solution 
of ammonia
NH3 + H2O ⇌ NH4⁺ + OH⁻

NH3 NH4⁺ OH⁻
I (M) 1×10⁻³ 0 0
C (M) - x + x + x
E (M) 1×10⁻³ - x x x

x = 1.32 × 10− 4M = [OH− ]
pOH = − log 1.32 × 10− 4= 3.88
pH = 14.00 −3.88 = 10.12



Salts of weak acids and weak bases
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The salt of a weak acid, for example, NaOAc, is a strong electrolyte that completely 
ionizes

NaOAc → Na+ + OAc −

OAc −+ H2O ⇌ HOAc + OH−

𝐾𝑏 =
HOAc [OH−]
[OAc−]

OH − 2 Kw= =
[OAc−] Ka

OH − 2 =
Kw[OAc−]

Ka

OH− =
Kw[OAc−]

Ka = 𝐾𝑏[OAc−]

For any salt of weak acid

OH− = 𝐾𝑏[A−]



Example

Calculate the pH of 0.1 M sodium acetate (CH3COONa = NaOAC)? Ka = 1.75×10−5 

NaOAc → Na+ + OAc −

OAc −+ H2O ⇌ HOAc + OH−

OAc− HOAc OH⁻
I (M) 0.1 0 0
C (M) - x + x + x
E (M) 0.1 - x x x
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Solution
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Kb = Kw/Ka= 1×10⁻¹⁴ / 1.75×10-5 = 5.7×10⁻¹⁰ Kb= 5.7×10-10 = [HOAC][OH-]/ [OAC-]

At Equilibrium [HOAC] = [OH-] = x

[OAC-] = 0.1 (x is neglected because 0.1 > 100 times than Kb)
Kb= 5.7×10-10= x2 /0.1  

x2 = 5.7×10⁻11

x = 7.6×10⁻⁶ M = [OH⁻]

[H+] = 1×10⁻¹⁴/7.6×10⁻⁶= 1.3×10⁻⁹M  pH = -log1.3×10⁻⁹ = 9 - 0.11 = 8.89



Salts of weak bases
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The salt of a weak base completely ionizes in water

BH+ + H2O⇌ B + H3O+

𝐾𝑎 =
B [H O+]
[BH+]

3 =
H+ 2

=
Kw

[BH+] Kb

H+ 2 = Kw[BH+]
Kb

H+ =
Kw[BH+]
Kb = 𝐾𝑎[BH+]

For any salt of weak 
bases

H+ = 𝐾𝑎[BH+]



Example

Calculate the pH of a 0.25 M solution of ammonium chloride NH4Cl? (Kb for NH3= 
1.75×10⁻⁵)

NH4Cl → NH4
+ + Cl−

NH4
+ + H2O ⇌ H+ + NH4OH

NH4
+ H+ NH4OH

I (M) 0.25 0 0
C (M) - x + x + x
E (M) 0.25 - x x x
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Solution

Ka = Kw/Kb = [NH4OH][H⁺]/[NH4⁺]

Ka = 1×10 -14 /1.75×10⁻⁵= 5.7×10-10

At equilibrium [NH4OH] = [H⁺] = x

[NH4⁺] = 0.25 – x (x is neglected because [NH4⁺] > 100 Ka)

Ka = 5.7×10-10 = x2 / 0.25

x = [H⁺] = Ka× [NH4⁺] = 5.7×10 -10 × 0.25 = 1.2×10⁻5  

pH = - log 1.2×10⁻5 = 4.92
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Example

Calculate the pH of a 0.025M solution of potassium benzoate at 25 C◦ if (Ka for benzoic 
acid = 6.25×10⁻⁵)

C6H5COOK → C6H5COO−+ K+ 

C6H5COO− + H2O ⇌ C6H5COOH + OH−

C6H5COO− C6H5COOH OH−

I (M) 0.025 0 0
C (M) - x + x + x
E (M) 0.025 – x x x
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Solution

Kb = [C6H5COOH][OH⁻]/ [C6H5COO−]
Kb = 1×10 -14/6.25×10⁻⁵= 1.6×10-10

Kb = 1.6 ×10-10 = x2 / [(0.025 - x)]

X2= 4 ×10-12

X= 4 ×10−12 = 2.0×10⁻⁶= [OH⁻]  
pOH = - log 2.0×10⁻⁶ = 5.7
pH = 14 - 5.7 = 8.3
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Buffers
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• A buffer is a solution that resists change in pH when a small amount of acid or base is 
added, or when the solution is diluted

• A buffer solution consists of a mixture of weak acid & its conjugated base or a weak
base & its conjugated acid

• Weak acid & its salt in solution is buffer. For example a mixture of 
(CH3COOH/CH3COONa)

• Weak base & its salt in one solution is a buffer. For example a mixture of (NH3/NH4Cl)



Buffers
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HOAC + OAC⁻ (acetic acid- acetate buffer) 
HOAC ⇌ H+ + OAC⁻
Ka = [H⁺][OAC⁻] /[HOAC] 
[H⁺] = Ka[HOAC]/[OAC⁻]
- log[H⁺] = - log (Ka. [HOAC] / [OAC⁻])
- log[H⁺] = - logKa – log([HOAC] / [OAC⁻])
pH = pKa – log([HOAC]/[OAC⁻])

Note: (Change the sign – to +) the above equation becomes as follows: 
pH = pKa + log([OAC⁻]/[HOAC])

In general: pH = pKa + log([salt]/[acid])



Hendrson-Hasselbalch equation
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It is used to calculate the pH of a weak acid & its salt in solution = pH of buffer solutions 
pH = pKa + log ([A⁻]/[HA])

Example: Acetate buffer HOAC/NaOAC 
pH = pKa + log ([OAC⁻]/[HOAC])
pH = pKa + log ([base]/[acid])
pH = pKa + log ([proton acceptor]/[proton donor])

Example: NH3/NH4Cl
pH = pKa + log ([NH3]/[NH4+])

= (pKw - pKb) + log ([NH3]/[NH4
+])



Example

Calculate the pH of a buffer solution prepared by adding 10mL of 0.1M HOAC to 20 mL 
of 0.1M sodium acetate (Ka=1.75×10⁻⁵)

pH = - log Ka + log([OAC⁻]/[HOAC]) 

Final volume =10+20=30mL

M of HOAC = (0.1×10/30) = 0.033 M 
M of OAC⁻ = (0.1×20/30) = 0.067 M
pH = - log (1.75×10⁻⁵) + log ([0.067]/[0.033]) 
pH = 4.76 + log 2.0→ pH = 5.06

For the log ([salt]/[acid]), volume gets cancelled and the number of mole ratio can be
used 18



Example
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Calculate the pH of a solution prepared by adding 25 mL of 0.1 M sodium hydroxide to 
30 mL of 0.2 M acetic acid (Ka = 1.75×10⁻⁵)

HOAC + NaOH→ NaOAC+ H2O

Solution:
mmol HOAC = 0.2 × 30 = 6.0
mmol NaOH = 0.1 × 25 = 2.5 mmol of OAC-

6 - 2.5 = 3.5 mmol HOAC excess 
pH = pKa +log[salt]/[acid] =
pKa + log[OAC⁻]/[HOAC]
pH = - log 1.75×10⁻⁵+ log (2.5/3.5)  
pH = 4.76 + log 0.71= 4.61





Buffer capacity
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A higher buffer capacity means that we can add more H⁺ or OH– before the pH changes

HOAc ⇌ H⁺ + OAc⁻ (Ka = 1.8* 10-5, pKa = 4.74)

Assume that [A–]/[HA] = 1.84

pH = pKa + log ([OAC⁻]/[HOAC]) = 4.74 + log1.84 = 5.00 

pH = 5.00



Buffer capacity

Add 0.04 mol NaOH to 1L buffer

HOAC + NaOH→ NaOAC+ H2O
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Buffer 2

[A–] = 0.090 M[A–] = 0.90 M
[HA] = 0.49 M [HA] = 0.049 M

pH = pKa + log ([OAC⁻]/[HOAC]) = 4.74 + 
log [0.94/0.45]

pH = 5.06

pH = pKa + log ([OAC⁻]/[HOAC]) = 4.74 + 
log [0.13/0.009]

pH = 5.90

Buffer 1 Has a higher buffer capacity

– 0.04 M = 0.45 M
+ 0.04 M = 0.94 M

– 0.04 M = 0.009 M
+ 0.04 M = 0.13 M







Buffering mechanism
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▪ For a mixture of a weak acid and its salt pH = pKa + log ([A⁻]/[HA]) the pH is governed 

by log ([A⁻]/[HA])

▪ Upon dilution the ratio stays constant so the pH does not change

▪ Upon addition of a strong acid or strong base, the change will be small compared to

unbuffered solutions

▪ The buffering capacity increases with the conc. Of [A–] and [HA]

▪ The buffering capacity is maximum at pH = pKa

▪ The buffering capacity is satisfactory over a pH range of pKa ± 1



Example
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A buffer solution 0.2 M HOAc and NaOAc. Calculate the change in pH upon addition of 1 
mL 0.1 M HCl to 10 mL of this solution (Ka = 1.75 * 10-5)

At the beginning [HOAc] = [NaOAc]
pH = pKa + log ([OAC⁻]/[HOAC])→ pH = pKa = 4.76

When adding HCl it will react with OAC⁻

0.2 * 10 = 2 mmol HOAc and NaOAc
0.1 * 1 = 0.1 mmol HCl that will react with OAC⁻ to produce more HOAc

After the addition of HCl: 2 + 0.1 = 2.1 mmol HOAc; 2 – 0.1 = 1.9 mmol OAC⁻ 
Total volume 11 mL





Solution…Cont.
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pH = 4.76 + log ([1.9]/[2.1]) = 4.71

Change in pH is -0.05



Example

Calculate the volume of conc. ammonia and the weight (g) of ammonium chloride you 
need to add to prepare 100 mL buffer at pH 10 if the final conc. of salt is 0.2 M. [NH3] = 
14.8M, Kb = 1.75×10⁻⁵ , (NH4Cl 53.5 g/mol).



Example

Calculate the volume of conc. ammonia and the weight (g) of ammonium chloride you 
need to add to prepare 100 mL buffer at pH 10 if the final conc. of salt is 0.2 M. [NH3] = 
14.8M, Kb = 1.75×10⁻⁵ , (NH4Cl 53.5 g/mol).
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Example

Calculate the weight (g) NH4Cl (53.5 g/mol) and the volume (mL) of 3M NaOH needed to 
prepare 500 mL buffer at pH 9.5 and salt conc. 0.1 M (Kb = 1.75 * 10-5)
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Example

Calculate the weight (g) NH4Cl (53.5 g/mol) and the volume (mL) of 3M NaOH needed to 
prepare 500 mL buffer at pH 9.5 and salt conc. 0.1 M (Kb = 1.75 * 10-5)



Example

Calculate the pH of a buffer solution prepared by dissolving 242.2 mg of ((HOCH2)3CNH2
= 121.1 g/mol) in 10 mL of 0.17 M HCl and diluting to 100 mL with H2O (pKa = 8.08 for
the conjugate acid of the amine)

(HOCH2)3CNH2 + HCl→ (HOCH2)3CNH3
+ + Cl–
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Example

Calculate the pH of a buffer solution prepared by dissolving 242.2 mg of ((HOCH2)3CNH2
= 121.1 g/mol) in 10 mL of 0.17 M HCl and diluting to 100 mL with H2O (pKa = 8.08 for
the conjugate acid of the amine)

(HOCH2)3CNH2 + HCl→ (HOCH2)3CNH3
+ + Cl–
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