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UNIT 8: Acid & Base Equilibrium 
 
TOPIC 8B: Strong Acids & Bases 
TOPIC 8A: pH, pOH and Kw 
 

Defining acids and bases 
 

Acids can be defined in terms of proton (H+) transfer, their strength in terms of ionization, and 

how they can be sorted into acid-base conjugate pairs. 

 

Brønsted Lowry definition 

An acid is a proton (hydrogen ion, H+) donor 

A base is a proton (hydrogen ion, H+) acceptor 

 

Arrhenius definition 

An acid is a substance that dissolves in water to produce H3O+ (hydronium) ions 
A base is a substance that dissolves in water to produce OH- (hydroxide) ions 

 
For example; 

 

HNO3(aq) +  H2O(l) → H3O+(aq)  + NO3-(aq) 

ACID   BASE 

 

Here water acts as a base by accepting a hydrogen ion, HNO3 acts as an acid by donating a 

hydrogen ion. The hydroxonium or hydronium ion (H3O+(aq)) is a product of such a reaction. Often 
a proton (H+(aq)) will be written instead of the hydroxonium ion, they mean the same thing. 

 

NH3(aq)   + H2O(l) ⇌  NH4+(aq)  +  OH-(aq) 

BASE   ACID 

 

Here water acts as an acid by donating a hydrogen ion, NH3 acts as a base by accepting a 

hydrogen ion. OH-(aq) is the other product of such a reaction. 

 

The ability of water to act as both and acid and a base is an important concept to grasp, and is 

called amphoteric behavior. 
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Acid-base conjugate pairs 
 
Conjugate acid and base pairs are related by a difference of a hydrogen ion on either side of the 

equation. Consider the second example above. If the reaction proceeds in the forward direction 
then NH3 acts as a base by accepting a proton to form NH4+. If the reaction were to then go 

backwards, then the NH4+ would act as an acid by donating a proton. NH3 and NH4+ are species 

that can act as a base and as an acid respectively, and are related by virtue of the fact they have 

a difference of only one H+. As such they are said to be an acid-base conjugate pair. 

 

Strength of acids and bases 
 

A strong acid or base undergoes complete ionization. For example, for a strong acid, HCl, and a 
strong base, B, the following reactions go to completion (completely to the RHS) to produce large 

numbers of H3O+(aq) and OH-(aq) respectively in solution. 

 

HCl(aq) + H2O(l) → H3O+(aq)  + Cl-(aq) 

B(aq) + H2O(l) → BH+(aq) + OH-(aq) 

 

If the first reaction lays almost 100% to the RHS, then HCl is a very strong acid compared to 

H3O+ (the acid in the potential reverse reaction). It is also true to say that the conjugate base of 
HCl, Cl-, is a very weak base. This is true of all conjugate pairs in as much as a very strong 

component in a conjugate pair will always be accompanied by an equally weak, partner. 

 

Weak acids and weak bases on the other hand, have very little ionization and equilibria are set up 

with the equilibria laying heavily on the LHS i.e., the undissociated form. 

 

HA(aq) + H2O(l) ⇌ H3O+(aq)  + A-(aq) 

B(aq) + H2O(l) ⇌ BH+(aq) + OH-(aq) 
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Task 8.1 
 
Consider the four diagrams below where in each case, HA is an acid and is represented by 

, H+ is a hydrogen ion and is represented by , A- is an anion and is represented by  

and water molecules are represented by . 
 

A B C D 

    

 
1. Which diagram represents a relatively concentrated, weak acid? Explain. 
2. Which diagram represents a relatively concentrated, strong acid? Explain. 
3. Assign relative strengths and concentrations to the two remaining diagrams. Explain. 

 
It should be carefully noted that the concentration of H3O+ and OH- are dependent upon two, 

separate factors. Firstly, the strength of the acid or base i.e., the degree of ionization, and 
secondly, the amount of water present i.e., the concentration of the solution. As such, it is entirely 

possible to have a dilute, (but) strong acid, and to have a concentrated, (but) weak acid that have 

the same hydronium ion concentration, and therefore the same pH (see below) value. 
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pH and pOH 
 
The pH scale is used to indicate the relative acidity or basicity of an aqueous solution. 

Traditionally, the scale ranges from 0-14. Acids have pH’s less than 7, bases have pH’s greater 
than 7, and 7 on the scale is considered to be neutral, although we will see later how this can 

vary. pH and pOH are defined in a similar manner to one another. 
 

 
 

 
 

In the case of strong acids and bases, dissociation is complete (100%), and therefore the 

concentration of the H3O+ ions or OH- ions can be determined directly from the stoichiometric 

ratio in the balanced equation and the concentration of acid or base. For example, sodium 

hydroxide and nitric acid are a strong base and a strong acid respectively. This means that when 
they ionize, the dissociation is complete, and, for example, a 0.01 M solution of each will also 

yield a 0.01 M solution of OH-(aq) and H3O+(aq) respectively. The major species in a solution of a 

strong acid or base will be H3O+ and OH- respectively. 

 

NaOH(s)  +  H2O(l)  →  OH-(aq)   +  Na+(aq)  + H2O(l) 

0.01 M      0.01 M 

 

HNO3(l)   + H2O(l)   → H3O+(aq)  + NO3-(aq) 

0.01 M      0.01 M    

 
Since we know the concentrations of OH- and H3O+, we can simply plug in the numbers into the 

pOH or pH equations above, and (if necessary) use the fact that at 298 K, 

 

 
 
The pH (and hence the pOH, [H+] and [OH-]) can be measured in the lab by the use of a pH 

meter. Somewhat surprisingly, this simply fact was examined in 2019, 3(f)(i).  

pH = - log [H3O
+]

-pOH = - log [OH ]

pOHpH14 +=
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Kw, the ionic product of water 
 

Pure water is essentially covalent, but there is a small amount of self-ionization below, and 

subsequently an equilibrium constant can be written. 
 

H2O(l) + H2O(l) ⇌ H3O+(aq) + OH-(aq) 

 

 
 

As for any equilibrium constant, Kw is temperature dependent. At 298 K, Kw = 1 x 10-14. Since 

pure H2O will have equal concentrations of H3O+(aq) and OH-(aq) then under these conditions, 

 

[H3O+] = [OH-] =  = 1.0 x 10-7 M 

 

Applying pH = - log [H3O+], we find that the pH of pure water at 298 K is 7. As stated above, at 

298 K, Kw = 1.0 x 10-14 and taking logs of the Kw expression, gives; 

 

 
 
It should be carefully noted that temperatures other than 298 K, Kw will have values other than 1 

x 10-14. As such, at these other temperatures, pure water will not have a pH = 7, but it will still be 

considered neutral since in pure water [H+] will always equal [OH-]; neutrality is dependent on the 
equal concentrations of these ions, and not a pH of 7. In the same way, acidity is defined as [H+] 

> [OH-], and basicity as [H+] < [OH-]. 

 
At 298 K, the Ka and Kb of an  acid-base conjugate pair are related thus 

Kw = 1 x	10-14 = (Ka)(Kb) 
 

and the via the ‘logged’ version of the same equation 
 

pKw = 14 = pKa + pKb 
 
Task 8.2 
 
1. Calculate the pH of a solution of 0.030 M hydrochloric acid. 
2. Calculate the pH of a 0.010 M solution of lithium hydroxide. 
3. Calculate the H3O+ concentration in a solution with a pH of 4.32. 
4. Calculate the pH of a solution made by dissolving 2.00 g of KOH in H2O to a total 

volume of 250. mL. 

+ -
3Kw = [H O ] [OH ]

1.0 x 10-14

pKw = 14 = pH + pOH
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TOPIC 8C: Weak Acids & Bases and Ka & Kb 
 
Ka, the equilibrium constant for weak acids 

 

For a weak acid (HA), dissociation is incomplete, and the following equilibrium is set up. 

 

 HA(aq) + H2O(l) ⇌	 H3O+(aq) + A-(aq) 

Initial X    0  0 

Change - x    + x  + x 

Equilibrium X - x    0 + x  0 + x 

 
In this case, we are not sure of how much of the acid has dissociated so it is not possible to go 

directly to pH = - log [H3O+(aq)] from the concentration of the acid. However, we do know that since 

the acid is weak and there is very little dissociation, x will be small and can be considered 

negligible in the term X-x. Additionally we know that the concentrations of H3O+(aq) and A-(aq) will 

be equal. Considering those facts, and knowing that H2O(l) is a pure liquid and will not appear in 

the Ka expression, the following expressions can be derived. 

 

 

 

Often written as, 

 

 
and 

 
 

Task 8.3 
 
1. If ethanoic acid has a pKa of 4.74, what is its Ka? 
2. If propanoic acid has a Ka of 1.38 x 10-5, what is its pKa? 
3. Which is the stronger acid, propanoic or ethanoic? 
4. What is the pH of a 1.00 M solution of ethanoic acid? 
5. Calculate the Ka value of a 0.100 M solution of a weak acid with a [H+] of 1.75 x 10-3 M. 
6. Calculate the Ka of a solution of 0.250 M of a weak acid with a pH of 5.11. 
  

+ -
3[H O ] [A ]Ka = 
[HA]

+ 2
3[H O ]Ka = 
[HA]

pKa = -log Ka
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Kb, the equilibrium constant for weak bases 
 

For a weak base, dissociation is incomplete. For example, the following equilibrium is set up for 

NH3 
 

 NH3(aq) + H2O(l) ⇌	 NH4+(aq) + OH-(aq) 

Initial X    0  0 

Change - x    + x  + x 

Equilibrium X - x    0 + x  0 + x 

 

In this case, we are not sure of how much of the base has dissociated so it is not possible to go 

directly to pOH = - log [OH-(aq)] from the concentration of the base. However, we do know that 

since the base is weak and there is very little dissociation, x will be small and can be considered 

negligible in the term X-x. Additionally we know that the concentrations of NH4+(aq) and OH-(aq) will 

be equal. Considering those facts, and knowing that H2O(l) is a pure liquid and will not appear in 

the Kb expression, the following expressions can be derived. 
 

 

 
Often written as 

 

 

and 

 
 
The major species in a solution of a weak acid or base will be the undissociated form. 
 
Task 8.4 
 
1. If ammonia has a pKb of 4.75, what is its Kb? 
2. If methylamine has a Kb of 4.38 x 10-4, what is its pKb? 
3. Which is the stronger base, ammonia or methylamine? 
4. What is the pH of a 0.44 M solution of ammonia? 
5. Calculate the Kb value of a 0.100 M solution of a weak base with [OH-] of 1.75 x 10-3 M. 
6. Calculate the Kb of a solution of 0.250 M of a weak base with a pH of 9.12. 

- +
4

3

[OH ] [NH ]Kb = 
[NH ]

- 2

3

[OH ]Kb = 
[NH ]

pKb = -log Kb
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TOPIC 8F: Structure of Acids and Bases 
 

The structure and bonding that exist in acids and bases can influence their strength. For 

example, consider the dissociation of a strong acid such as nitric acid. 

 
HNO3(aq) +  H2O(l) → H3O+(aq)  + NO3-(aq) 

 
In order for nitric acid to be considered a strong acid, the reaction needs to effectively proceed 

only in the forward direction, thus suggesting that NO3- does not pick up H+ from H3O+ readily, i.e., 

it is a very weak base. The nitrate ion is stabilized (and therefore made less reactive), by resonance, 

where the electrons are delocalized (spread out) over the ion. Similarly, strong bases such as group 

1 and group 2 hydroxides have a very weak conjugate acid, H2O. 

 
Relative strengths of weak, carboxylic acids 
 
The relative strength of a carboxylic acid depends upon the stability of the anion that it forms, 

when it loses its labile (mobile proton). All carboxylic acids form this equilibrium, where ‘R’ is 

some kind of carbon chain, and varies. 

 

RCOOH ⇌ RCOO- + H+ 

 

If the anion (RCOO-) is relatively stable, then it will form in solution, and the reaction will NOT 

proceed in the reverse direction so much, and in the process the acid will tend to donate H+ ions 

making the acid will be relatively (remember, all carboxylic acids are weak) strong. Looking at 

the table below we see that methanoic acid (where ‘R’ = H) is stronger than ethanoic acid (where 

‘R’ = CH3), which, is stronger than propanoic acid (where ‘R’ = C2H5) - remember that the 
smaller the pKa the stronger the acid. This suggests that the methanoate ion is more stable than 

the ethanoate ion, which in turn is more stable than the propanoate ion. 
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Acid  pKa 

Propanoic 

  

4.90 

Ethanoic 

 

4.76 

Methanoic 

 

3.75 

 
The ethanoate and propanoate ions have electron-releasing alkyl groups (CH3 and C2H5) that 

‘pump’ electrons into the COO- anion and make it reactive and unstable. As a result, it tends not 

to form and H+ ions tend not to be released. This ‘pumping’ of electrons is called the inductive 

effect. Methanoic acid on the other hand does not have an alkyl group attached to the COO– part 

of the anion, rather it only has a hydrogen atom. The hydrogen atom does not push electrons into 

the COO– part of the anion and as a result, the anion remains relatively stable. 

 

A similar effect is observed when comparing the relative strengths of halogen-substituted 

carboxylic acids. It is found that as the number of Cl atoms present increases, so does strength. 
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Acid 

 

pKa 
Ethanoic acid 

 

4.76 

Chloroethanoic acid 

 

2.86 

Dichloroethanoic acid 

 

1.29 

Trichloroethanoic acid 

 

0.65 

 

This time, the highly electronegative Cl atoms attract electron density away from the COO– part of 

the anion, therefore increasing its stability. 
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Fluorine is the most electronegative (best electron-withdrawing) halogen, so its acids tend to be 

the strongest. 

 

Acid 

 

pKa 
Ethanoic acid 

 

4.76 

Bromoethanoic acid 

 

2.90 

Chlorethanoic acid 

 

2.86 

Flouroethanoic acid 

  
 

2.66 

 

Summary of weak and strong acids 
 

Weak acids HF and organic (carboxylic) acids e.g., butanoic, propanoic, ethanoic and methanoic 

Strong acids HCl, HBr, HI, HClO4, HNO3, H2SO4 

Weak bases 
Ammonia, and organic bases such as amines and pyridines that contain N atoms with 

lone pairs attached 

Strong bases Group 1 and group 2 hydroxides 

 
  

C
OH

C
O

H

H

H

C
OH

C
O

H

Br

H

C
OH

C
O

H

Cl

H

C
OH

C
O

H

F

H

Increasing acid strength  
è
è
è
è
è
è
è

 
 

(sm
aller pKa = larger Ka,  

 so greater dissociation and m
ore  acidic)  

 



© Adrian Dingle’s Chemistry Pages and ChemEducator LLC 2019 – All rights reserved. 
 

8/15/2020 11:30 AM  Page 13 of 19 

TOPIC 8E: Titrations II 
 
Titrations and titration curves 
 

Titration is an experimental technique used to perform (in the context of acids and bases) a 

neutralization reaction. Accurately graduated glassware (volumetric flasks, graduated glass pipets 

and burets) is used in a quantitative manner, to determine the unknown concentration of an acid 
or base. In a titration, as a base or an acid is added to an acid or base respectively, there is very 

little change in pH, and a pH change of less than approx. 1.5 is expected up to the point that 90% 

of the acid or base has been neutralized. When the moles of titrant (the solution that is added 

from the buret) are in the exact stoichiometric proportion with the titrate (the solution that the 

titrant is added, to), i.e., 100% of the acid or base has been neutralized, then the equivalence 

point has been reached. At this point there is a rapid change in pH. These changes can be 

summarized using titration curve plots. 

 

Strong Acid titrated with Strong Base Weak Acid titrated with Strong Base 

  

 

Strong Acid titrated with Weak Base Weak Acid titrated with Weak Base 
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Most acid-base titrations involve the addition of one colorless solution to another colorless 

solution with no obvious, observable reaction taking place. Since in an acid-base titration we 

need to find the equivalence point in order to apply the stoichiometric ratio and then calculate the 

unknown concentration, we need a method of determining when the equivalence point has been 
reached. We do this with the aid of an indicator, a chemical that changes colors at various pHs. 

Indictors are often weak acids, where the ionized and the unionized form have different colors. In 

practice an indicator will change color over a small, given range of pH, for example; 

 

Indicator Color in acid  
Approx. pH range of 

color change  
Color in base 

Methyl orange Red 5-6 Yellow 

Methyl red Red 6-7 Yellow 

Litmus Red 7-8 Blue 

Phenolphthalein Colorless 9-10 Pink 

 

The equivalence point is located in the middle of the vertical portion of the titration curves. We 

need to choose an indicator that changes color at a pH value as close to the equivalence point as 

possible. This observable color change of the indicator is called the end point, and it should 

correspond to the equivalence point as closely as possible. So using the titration plots and the 

table above, suitable indicators can be chosen; 
 

Strong acid-Strong base  most indicators 

Weak acid-Strong base  phenolphthalein 

Strong acid-Weak base  methyl orange 

 

For a weak acid-weak base titration there is no sharp change in pH at the equivalence point, 

therefore no indicator will change color sharply at the end-point, therefore no indicator is suitable. 
A pH meter can be used to determine the end-point in such titrations. 

 

An acid with more than one H+, e.g., H3PO4, will have multiple equivalence points, and produce a 

titration curve with multiple, vertical portions. 
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Hydrolysis of salts 
 
Careful analysis of titration curves shows that the equivalence point is not necessarily at pH = 7. 

This is due to the reaction of the salts produced, with water. The reaction is called salt hydrolysis. 
The table below summarizes the possible combinations of acids and bases and the subsequent 

salt hydrolysis reaction and the effect on the pH of the solution at the equivalence point. 

 

Acid Base combination pH at equivalence point Example of salt formed and hydrolysis 

Strong acid and Strong base 7 (Neutral) 
NaNO3. No hydrolysis occurs. Solution is water, 

therefore pH 7. 

Strong base and Weak acid > 7 (Basic) 

Na+CH3COO-. Ethanoate ions act as a weak 

base to yield OH- ions in solution so pH > 7. 

CH3COO- + H2O ⇌ CH3COOH + OH- 

(This equilibrium has a Kb value which allows 

the calculation of a pH value) 

Strong acid and Weak base < 7 (Acidic) 

NH4+Cl-. Ammonium ions act as a weak acid to 

yield H3O+ ions in solution so pH < 7. 

NH4+ + H2O ⇌ NH3 + H3O+ 

(This equilibrium has a Ka value which allows 

the calculation of a pH value) 

Weak acid and Weak base All pH’s possible (various) 

If Kb for the anion > Ka for the cation then 

BASIC 

If Ka for the cation > Kb for the anion then 

ACIDIC 
If Ka is approximately equal to Kb then 

NEUTRAL 
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TOPIC 8H: Introduction to Buffers 

Buffer solutions 

 

A buffer solution is one that resists changes in pH when either a small amount of acid or base is 
added to it. Usually a buffer solution is made from a weak acid and one of its salts (i.e., its 

conjugate base), or from a weak base and one of its salts (i.e., its conjugate acid). For example, 

ethanoic acid (a weak acid) and sodium ethanoate (one of its salts). 

 

The ethanoic acid acts as the acid in the buffer solution, and will absorb base that is added; 

 

CH3CO2H + OH- → CH3CO2- + H2O 

 
The ethanoate ions act as the base in the buffer solution, and will absorb acid that is added; 

 

CH3CO2- + H3O+ → CH3CO2H + H2O 

 

These processes of “mopping up” of added base and acid, allow the pH to remain relatively 

unchanged. 
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TOPIC 8D: Neutralization, and Partial Neutralization to Create a Buffer 

Strong acids & bases 

When strong acids and bases react, they do so to create water. 

H+(aq) + OH-(aq) → H2O(l) 

When the moles of base are equal to the moles of acid, neutralization has occurred. If either the 

acid or the base are in excess, the pH of the solution can be calculated by using the pH and pOH 

formula above. 

Weak acids & bases 
 

A crucial part of the application of buffer solutions on the AP exam has been the appreciation that 

buffer solutions are inadvertently produced during the titration of weak acids and weak bases. 

Consider the following titrations. 
 

Titration of a weak acid with a strong base – as the base is gradually added to the weak acid, 

some of the weak acid is neutralized, and the result the salt of the weak acid (its conjugate base) 

and water. Because not all of the weak acid has been neutralized (the neutralization is only 

partial), it is still present in solution alongside the salt. This combination in solution is a buffer 

solution, and its pH can be calculated by firstly determining the remaining concentration of the 

weak acid, then the new concentration of the salt, and then applying the Henderson-Hasselbach 

equation. 
 

Titration of a weak base with a strong acid – as the acid is gradually added to the weak base, 

some of the weak base is neutralized, and the result is the salt of the weak base (its conjugate 

acid) and water. Because not all of the weak base has been neutralized (the neutralization is only 

partial), it is still present in solution alongside the salt. This combination in solution is a buffer 

solution, and its pOH can be calculated by firstly determining the remaining concentration of the 

weak base, then the new concentration of the salt, and then applying the Henderson-Hasselbach 

equation. 
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TOPIC 8I: Henderson-Hasselbalch 

TOPIC 8G: pH of Buffers Relative to pKa 

 

pH of Buffers 
 
The pH of a buffer solution is determined by the pKa or pKb of the weak acid or base and the 

ratio of the concentrations of each component. To calculate the pH of an acidic buffer use one 

version of the Henderson-Hasselbach equation, either for an acidic buffer 

 

 

 

or for a basic buffer 

 

  
and then applying 14 = pH + pOH 
 

Since the pKa or pKb is fixed for a weak acid or base, if the concentration of the components of the 
buffer are change but remain in the same ratio, the pH of the buffer will not change. However, 

changing the concentrations of the components does affect the capacity of the buffer.  

 

A little knowledge of logs can go a long way here. Considering the acid version of the Henderson-

Hasselbach equation, it can be seen that if the pH of a buffer solution is greater than the pKa of the 

acid, then the term, log	" [salt][acid]
#  must be a positive number. In order for the log of a number to be 

positive, then the number (in this case " [salt][acid]
# ), must be greater than 1, i.e., the salt concentration 

must be greater than the acid concentration. When the pH is less than the pKa, the opposite is true. 

 

In both of the partial neutralization scenarios described above, a crucial point is reached when the 

weak acid or weak base has been exactly ‘half-neutralized’, i.e., when the titration is exactly 
halfway to the equivalence point. At this point the concentrations of salt and acid, or salt and base 

are equal, making the terms " [salt][acid]
#  and " [salt][base]

#= 1, and since log (1) = 0, this simplifies the 

Henderson-Hasselbach equations at the half equivalence point to read pH = pKa and pOH = pKb, 

respectively. 

 

pH = pKa + log [salt]
[acid]

⎛
⎝⎜

⎞
⎠⎟

æ ö
ç ÷
è ø

[salt]pOH = pKb + log 
[base]
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Using the relationship between the pH and the pKa in a solution that is a buffer, allows us to 

make both qualitative and quantitative assessments of which component of the buffer is present 

in the greatest concentration. For example, proteins are large organic molecules that are 

important in the biochemistry of the body. A protein side chain has a –NH2 group that can either 
be protonated (i.e., it can receive a proton, form –NH3+ and be the acid component in a buffer) or 

it can be unprotonated (as –NH2, and be the base component). When an H+ ion moves around in 

this manner it is called labile, meaning it can move. We can compare the pH to the pKa to 

determine which species is predominant at a certain pH, or use the ratio of components to 

determine the pH. 

 

Task 8.5 
 
1. A 0.100 M solution of ethanoic acid (Ka = 1.80 x 10-5) is mixed with a solution of 0.100 M 

potassium ethanoate. Calculate the pH of the resulting solution. 
2. Explain why it is good practice when selecting a weak acid to make a buffer solution, 

that one with a pKa close to that of the desired buffers pH is chosen. 
3. A certain biological molecule has an amino group on its side-chain with a pKa of 7.6. 

Calculate the pH that will result in one third of its amino groups being protonated. 
4. Ethanoic acid has a pKa of 4.75. Find the pH of the solution that results from the addition 

of 40.0 mL of 0.040 M NaOH to 50.0 mL of 0.075 M ethanoic acid. 
5. Methanoic acid has a Ka = 1.60 x 10-4. Calculate the pH of the final solution when 23.90 

mL of 0.100 M sodium hydroxide is added to 25.00 mL of 0.100 M methanoic acid. 

TOPIC 8J: Capacity of Buffers 

Capacity of buffers 
 

The capacity of a buffer is defined as its ability to continue react with any extra acid or base that 

is added to it. The higher the concentration of the components of a buffer, the more acid or base 

it can absorb in the reactions above, and the higher its capacity. Note that if we change the 

concentrations of each component of a buffer the capacity will change, but if the ratio of the 
components remains the same, according to the Henderson-Hasselbalch equation, the pH will 

not change. 


