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1- Acids and bases properties. Acids base models. Reactions equations of aqueous 

solutions of acids and bases. Acid-base pairs. Ampholyte.  

LEARNING OBJECTIVES 

 Explain what is meant by acids and bases.  

 Define acids and bases according to Arrhenius and Brønsted- Lowry.  

 Write down the reaction equations of aqueous solutions of acids and bases. 

 Identify conjugate acid-base pairs for given compounds. 

 Describe a substance that can act as either acid or base as amphiprotic or as an 
ampholyte. 

Introduction: 

Many substances that we encounter in everyday life can be classified either as acids or bases. 
We encounter many examples of acids and bases in our daily lives. Some common examples of 
household items that contain acids are vinegar (contains acetic acid), lemon juice (contains citric 
and ascorbic acid) and wine (contains tartaric acid). These acids are often found to have a sour 
taste.  

Hydrochloric acid, sulfuric acid and nitric acid are examples of acids that are more likely to be 
found in laboratories and industry. 

Hydrochloric acid is also found in the gastric juices in the stomach. Fizzy drinks contain carbonic 
acid; while tea and wine contain tannic acid. 

Bases that you may know about include sodium hydroxide (commonly known as caustic soda), 
ammonium hydroxide and ammonia. Some of these are found in household cleaning products. 
Bases are usually found to have a bitter taste and feel slippery (soap is a good example). Acids 
and bases are also important commercial components in the fertiliser, plastics, and petroleum 
refining industries. 

- You tube video http://youtube.com/watch?v=t5eUOXm-wiE 

Development: 

1.1 Properties of acids and bases  

PROPERTIES OF ACIDS PROPERTIES OF BASES 

Acids are sour to taste. Alkalis are bitter to the taste and feel 
soapy to the touch. The alkalis react with 
oils of the skin to form soap.  

Acids cause specific colour change in 
indicators and plants dyes; For example, 
they change the colour of litmus from blue 
to red. 

Acids cause specific colour change in 
indicators and plants dyes; for example, 
they change the colour of litmus from red 
to blue. 

Aqueous acid solutions conduct electricity Alkaline solutions conduct electricity 

Acids can neutralise bases Bases can neutralise acids. 

Substance that has at list one hydrogen 
atom that can ionise to form a hydrogen 
ion (H+) in an aqueous solution is an acid.  

A substance that produces hydroxide ions 
(OH-) in an aqueous solution is a base. 

 

http://youtube.com/watch?v=t5eUOXm-wiE
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1.2. Acids could be organic or inorganic. 

 

Many acids are dangerous, and even deadly. A number of acids are also corrosive. They can 
eat their way through clothing, burn the skin and attack stonework and metals. 

We also use bases every day. Strong base such as sodium hydroxide are dangerous like strong 
acids. 

1.3 . The acid-base models  

 
 Arrhenius theory (http://youtube.com/watch?v=N-WaZRXf0cE) (5 minutes) 

 
A number of definitions for acids and bases have developed over the years. One of the earliest 
was the Arrhenius definition. Sevante Arrhenius (1887) noticed that water dissociates (splits up) 
into hydronium (H3O+) and hydroxide (OH−) ions according to the following equation: 

H2O (ℓ)+ H2O (ℓ)  → H3O+ (aq) + OH- (aq) 
Arrhenius concept of an acid: An acid is a substance that when dissolved in water, increase 
the concentration of hydronium ion, H3O+ (aq). 

OR 

An acid is a substance that produces hydrogen ions (H
+
)/hydronium ions (H

3
O

+
) when it 

dissolves in water.  

Arrhenius concept of a base: A base is a substance that, when dissolved in water, increase 
the concentration of hydroxide ion, OH- (aq) 

OR 

A base is a substance that produces hydroxide ions (OH
-
) when it dissolves in water.  

ACIDS

INORGANIC

they do not contain 
carbon atoms 

(manufactured for 
commercial use in large 

plants).

Contain carbon atoms 
(present in plants and 

animals)

ORGANIC

http://youtube.com/watch?v=N-WaZRXf0cE
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In the following two examples we can see the dissociation of hydrochloric acid and sodium 
hydroxide (a base) respectively: 

1.  HCl (aq) + H2O (ℓ) → H3O
+ (aq) + Cl− (aq) 

Hydrochloric acid in water increases the concentration of H3O
+ ions and is therefore an acid. 

2.  NaOH (s) 
𝐻2𝑂
→   Na+ (aq) + OH− (aq) 

Sodium hydroxide in water increases the concentration of OH− ions and is therefore a base. 

Note that we write 
𝐻2𝑂
→    to indicate that water is needed for the dissociation. 

Remember that dissociation is a general process in which ionic compounds separate into 
smaller ions, usually in a reversible manner. 

Despite its successes, the Arrhenius’s theory is limited. Arrhenius’s definition could only be used 
for acids and bases reactions only in aqueous solutions. Since there are many reactions which 
do not occur in water it was important to come up with a much broader definition for acids and 
bases. 

 Bronsted-Lowry theory http://youtube.com/watch?v=ZiokqP0aZ1E&t=160s 
 

In 1923, Lowry and Bronsted took the work of Arrhenius further to develop a broader definition 
for acids and bases. The Bronsted-Lowry model defines acids and bases in terms of their ability 
to donate or accept protons. 

According to Bronsted-Lowry concept: an acid is a substance that gives away protons 
(hydrogen cations H+), and is therefore called a proton donor. 

OR 

An acid is a proton (H
+ 

ion) donor. 

According to Bronsted-Lowry concept: a base is a substance that takes up protons 
(hydrogen cations H+), and is therefore called a proton acceptor. 

OR 

A base is a proton (H
+ 

ion) acceptor.  

Let’s see some examples: 

1.  HCl (aq) + NH3 (aq) → N𝐻4
+ (aq) + Cl− (aq) 

In order to decide which substance is a proton donor and which is a proton acceptor, we 
need to look at what happens to each reactant. The reaction can be broken down as 
follows: 

 HCl (aq) → Cl− (aq) and 

 NH3 (aq) → N𝐻4
+ (aq) 

From these reactions, it is clear that HCl is a proton donor and is therefore an acid, and 
that NH3 is a proton acceptor and is therefore a base. 

2.  CH3COOH (aq) + H2O (ℓ) → H3O
+(aq) + CH3COO−(aq) 

http://youtube.com/watch?v=ZiokqP0aZ1E&t=160s
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 The reaction can be broken down as follows: 

 CH3COOH (aq) → CH3COO−(aq) and 

 H2O (ℓ) → H3O
+(aq) 

In this reaction, CH3COOH (acetic acid or vinegar) is a proton donor and is therefore the 
acid. In this case, water acts as a base because it accepts a proton to form H3O+. 

3.  NH3(aq) + H2O (ℓ) → N𝐻4
+ (aq) + OH−(aq) 

 The reaction can be broken down as follows: 

 H2O (ℓ) → OH−(aq)  

and 

 NH3 (aq) → N𝐻4
+ (aq) 

Water donates a proton and is therefore an acid in this reaction. Ammonia accepts the 
proton and is therefore the base. 

 

Notice in these examples how we looked at the common elements to break the reaction into two 
parts. So in the first example we followed what happened to chlorine to see if it was part of the 
acid or the base. And we also followed nitrogen to see if it was part of the acid or the base. You 
should also notice how in the reaction for the acid there is one less hydrogen on the right hand 
side and in the reaction for the base there is an extra hydrogen on the right hand side. 

1.4- Reaction equations of aqueous solutions 

Acids and many bases dissolve in water to form aqueous (watery) solutions. 

Examples: 
 Hydrogen chloride gas dissolves in water to form hydrochloric acid: 
𝑯𝑪𝒍 (𝒈) + 𝑯𝟐𝑶 (𝓵) → 𝑯𝟑𝑶

+(𝒂𝒒) + 𝑪𝒍−(𝒂𝒒)     
                                     

 Hydrogen nitrate gas dissolves in water to form nitric acid: 
𝑯𝑵𝑶𝟑(𝒈) + 𝑯𝟐𝑶(𝒍) → 𝑯𝟑𝑶

+(𝒂𝒒) + 𝑵𝑶𝟑
−(𝒂𝒒) 

 
 Hydrogen sulfate liquid dissolves in water to form sulphuric acid:  

𝑯𝟐𝑺𝑶𝟒(𝓵) + 𝟐𝑯𝟐𝑶(𝓵) → 𝟐𝑯𝟑𝑶
+(𝒂𝒒) + 𝑺𝑶𝟒

𝟐−(aq) 
 

 Sodium hydroxide pellets dissolve in water to form sodium hydroxide: 
𝑵𝒂𝑶𝑯(𝒔) + 𝑯𝟐𝑶(𝓵) → 𝑵𝒂

+(𝒂𝒒) + 𝑶𝑯−(𝒂𝒒)  
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- How to identify conjugate acid/base pairs. 
In any reversible acid-base reaction, both forward and reverse reactions involve proton transfers. 

Consider the reaction of 𝑵𝑯𝟑  with 𝑯𝟐𝑶. 

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

                                      Base                 acid         acid           base 

In the forward reaction, 𝑁𝐻3  accepts a proton from 𝐻2𝑂. Thus 𝑁𝐻3  is a base and 𝐻2𝑂 is an acid. In 
the reverse reaction, 𝑁𝐻4

+ donates a proton to 𝑂𝐻−. 𝑁𝐻4
+ ion is the acid and 𝑂𝐻− is the base. 

Note that 𝑁𝐻3  and 𝑁𝐻4
+  differ by a proton. That is 𝑁𝐻3  becomes 𝑁𝐻4

+  by gaining a proton, 

whereas the  𝑁𝐻4
+ ion becomes the 𝑁𝐻3 molecule by losing a proton. The species 𝑁𝐻4

+ and 𝑁𝐻3 
are a conjugate acid-base pair. 

A conjugate acid-base pair consists of two species in an acid-base reaction, one acid and one 
base that differ by the loss or gain of a proton. The acid in such a pair is called the conjugate 

acid of the base, whereas the base is the conjugate base of the acid. Here  𝑁𝐻4
+  is the 

conjugate acid of 𝑁𝐻3 and 𝑁𝐻3 is the conjugate base of 𝑁𝐻4
+. 

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

Example 1: 

 

Example 2:  

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

 

 
1.5. Amphiprotic substance or an ampholyte  

The Brønsted-Lowry concept defines a species as an acid or as a base according to its function 
in the acid-base, or proton-transfer, reactions. Some species can act as either an acid or a base. 

 An amphiprotic substance is one that can act as either a proton donor (Bronsted- Lowry 
acid) or as a proton acceptor (Bronsted-Lowry base).  

Examples of amphiprotic substances include water, hydrogen carbonate ion (HCO−3 ) and 
hydrogen sulfate ion (HSO−4 ). 

Note: You may also see the term ampholyte used to mean a substance that can act as 
both an acid and a base. This term is no longer in general use in Chemistry. 

HCl (aq) + NH3(aq) → NH+4 (aq) + Cl−(aq) 

acid 1 acid 2 base 2 base 1 

conjugate pair 

conjugate pair 

conjugate pair 

conjugate pair 
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 The amphiprotic characteristic of water is important in the acid-base properties of aqueous 
solutions. Consider,for example , the reactions of water with the base NH3 and with the acid 
HC2H3O2 (acetic acid). 

 

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

base          acid       acid           base 
 

HC2H3O2(aq)  +  H2O(l)⇌ C2H3O2
- (aq) + H3O+(aq) 

acid                     base        base              acid 
 

SUMMARY 

Arrhenius theory: An acid is a substance that produces hydrogen ions (H
+
)/hydronium ions 

(H
3
O

+
) when it dissolves in water. A base is a substance that produces hydroxide ions (OH

-
) 

when it dissolves in water.  

Arrhenius acid increases [H3O+] 

Arrhenius base increases [OH-] 

Lowry-Brønsted theory:  

 An acid is a proton (H
+ 

ion) donor. A base is a proton (H
+ 

ion) acceptor.  
 Acids and bases can be ions as well as molecular substances. 
 Acid-base reactions are not restricted to aqueous solutions. 
 Some species can act as either acids or bases, depending on what the other reactant is. 

 
 

Brønsted-Lowry acid  donates H+ proton donor 

Brønsted-Lowry base  accepts H+  Proton acceptor 

A conjugate acid-base pair consists of two species in an acid-base reaction, one acid and one 
base that differ by the loss or gain of a proton. The acid in such a pair is called the conjugate 
acid of the base, whereas the base is the conjugate base of the acid.  

An amphiprotic specie (substance) is a specie (substance) that can act as either and acid or a 
base (it can lose or gain a proton) 
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EXERCISE 
 

QUESTION  1: 
 
The following equations represent acid-base reactions.  

a) HCO3
- (aq) + HF (aq) ⇌ H2CO3 (aq) + F- (aq) 

b) HCO3
- (aq) + OH- (aq) ⇌ CO3

2- (aq) + H2O (ℓ) 
1.1 Label each species (substances) as and acid or a base. Show the conjugate 

acid-base pair. 
1.2 Define the term amphiprotic substance. 
1.3 Identify the amphiprotic substance in the above acid-base reactions. Justify your 

selection. 
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Solution 

Problem strategy: Recall that a Bronsted- Lowry acid is a proton donor, and the base is a 
proton acceptor. Examine each equation to find the proton donor on each side. Then label the 
acids and bases. 

Solution: 

1.1 On the left, HF is the proton donor; on the right, H2CO3 is the proton donor. The proton acceptors 
are HCO3

- and F-. Once the proton donor and acceptor are identified, the acids and bases can be 
label.   

 
 
 
HCO3

-(aq) + H F(aq) ⇌ H 2 CO3(aq)   +    F-(aq) 
 

 

 

In this reaction, H2CO3 and HCO3
-, are a conjugate acid-base pair, as are HF and F-. 

 

 
HCO3

-(aq) + OH-(aq)⇌ CO3
2- (aq) + H 2O(l)  

              Acid         base      base        acid 
 
 
Here HCO3

- and CO3
2- are conjugate acid-base pair, as H2O and OH-. 

Answer check:  Check that each conjugate acid base pair consist of one species from the left 
side of the equation and one species from the right side, and that two species differ by only a 
proton. 

1.2 An amphiprotic specie (substance) is a specie (substance) that can act as either     
      and acid or a base (it can lose or gain a proton). 
 
1.3 HCO3

- . It acts as an acid in the presence of OH- but as a base in the presence of    
      HF. 

 

 

 

 

  

base acid acid base 

Conjugate acid-base pair 

Conjugate acid-base pair 

Conjugate acid-base pair 

Conjugate acid-base pair 
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2 - Strong and weak acids ad bases. Dilute and concentrated solutions. The acid and base 

dissociation constants, Ka and Kb. Acids base reactions. Neutralisation reactions.  

LEARNING OBJECTIVES 

 Distinguish between strong acids and strong bases and weak acids and weak bases with 
examples. 

 Distinguish between concentrated acids and concentrated bases and dilute acids and 
dilute bases. 

 Interpret Ka values of acids to determine the relative strength of given acids. 

 Interpret Kb values of bases to determine the relative strength of given bases. 

 Write down neutralisation reactions of common laboratory acids and bases. 
 

Baseline assessment: 
  

1. Define acids and bases according to Arrhenius theory. 
2. Define acids and bases according to Lowry-Brønsted theory.  

 

Introduction: 

The Brønsted- Lowry theory considers an acid base reaction as a proton-transfer reaction. It is 
useful to consider such acid-base reactions as a competition between species for protons. From 
this point of view you can order acids by their relative strengths proton donors. Similarly, you can 
order the bases by their relative strength of proton acceptor. 

Development: 

2.1. Strong acids and strong bases  
- You Tube videos. https://www.youtube.com/watch?v=rKqYE5sZi1s  

OR 
http://youtube.com/watch?v=RE3CKkkMljo&t=49s 

 The stronger acids are those that lose their protons more easily than other acids. 
 The stronger bases are those that hold on the protons more strongly than other bases. 
 
Definitions: 
 
Strong acids ionise completely in water to form a high concentration of H3O+ ions.  
 
Strong bases dissociate completely in water to form a high concentration of OH- ions. 

HCl is a strong acid. For example if 100 000 molecules of HCl are added to water and 90000 
molecules ionise to form H+ and Cl- ions, then there is a large amount of ionisation. This is what 
makes HCl a strong acid. 

 

https://www.youtube.com/watch?v=rKqYE5sZi1s
http://youtube.com/watch?v=RE3CKkkMljo&t=49s
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The unequal double arrows in the reaction equation indicate that the equilibrium position favours 
the formation of ions.  
 
There are three strong acids that we commonly find: HCl (hydrochloric acid), HNO3 
(nitric acid) and H2SO4 (sulfuric acid). Two strong bases that are commonly found are: 
NaOH (sodium hydroxide) and KOH (potassium hydroxide). 
 

2.2. Weak acids and weak bases  
You tube video. https://www.youtube.com/watch?v=9sDdIaBhtgkbe video. 

A weak acid or base is one where only a small percentage of molecules will dissociate to 
form ions in solution. 

 
Definitions: 

Weak acids ionise incompletely in water to form a low concentration of H3O+ ions. 

Weak bases dissociate/ionise incompletely in water to form a low concentration of OH- 
ions. 

HF is a weak acid. For example if 100 000 molecules of HF are added to water and only 100 
molecules ionise to form H+ and F- ions, then there is only a small amount of ionisation. This is 
what makes HF a weak acid. 

 

The unequal double arrows in the reaction equation indicate that the equilibrium position 
does not favour the formation of ions. 
 
An example of a weak base is Mg(OH)2 which will only dissociate partially into Mg2+ and OH- 
ions. 
An example of a weak base is that will only dissociate in part and ions. 
 You tube video 
http://youtube.com/watch?v=ar2jfLE0iHI&feature=youtu.be&t=174 

2.3. Dilute and concentrated solutions. 

A different concept to strong and weak is the concept of concentrated and dilute solutions. 
Where strong and weak refer to the characteristic of a compound, concentrated and dilute refer 
to the characteristic of a solution. Thus a strong acid can be prepared as either a concentrated 
or a dilute solution.  
 
The concentration of the solution is the amount of solute present in a given quantity of a 
solvent or solution. 
 
A solution of which the exact concentration is known is called a standard solution. 
A standard solution is one where the exact concentration of solute in a solvent is known. 

http://youtube.com/watch?v=ar2jfLE0iHI&feature=youtu.be&t=174
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A strong base that is also concentrated would be a base that almost completely dissociates 
when added to a solution, and you also add a large amount of the base to the solution.  
 
A weak acid that is also dilute would be an acid where only a small percentage of molecules 
ionise when added to a solution, and you also add only a small amount of the acid to the 
solution. Table below summarises these concepts. 

 
Worked examples. (Siyavula page 341-343) 
Example 1: Acids and bases 

Solution 1 contains 100 dm3 of HCl added to 10 dm3 of water. Almost all the HCl molecules 
ionise in the solution. Solution 2 contains 0,01 g of Mg(OH)2 added to 1000 dm3 of water. Only a 
small percentage of the Mg(OH)2 molecules dissociate in the solution. 
 
Say whether these solutions: 
1.1. Contain a strong or weak acid or base. 
1.2. Are concentrated or dilute. 

 

  

Solution

Concentrated

A concentrated solution
is one where there is a
high ratio of dissolved
substance.

Dilute

Dilute solution is one
where there is a low
ratio of dissolved
substance to solvent.
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Solution: 

Step 1: Are the compounds acids or bases? 
HCl is hydrochloric acid. It would donate a proton and is an acid. Mg(OH)2 is magnesium 
hydroxide and is a base. 
 

Step 2: What makes an acid or base strong or weak? 
Almost complete ionisation or dissociation means an acid or base is strong. Only a small 
amount of ionisation or dissociation means an acid or base is weak. 

 
Step 3: Are the compounds strong or weak acids and bases? 

Almost all the HCl molecules ionise in the solution, therefore HCl is a strong acid. 
Only a small percentage of the Mg(OH)2 molecules dissociate, therefore Mg(OH)2 is a 
weak base. 
 

Step 4: What makes a solution concentrated or dilute? 
A concentrated solution has a high ratio of solute to solvent. A dilute solution has a low 
ratio of solute to solvent. 
 

Step 5: Are the solutions concentrated or dilute? 
100 dm3 of HCl is added to 10 dm3 of water. This is a high ratio, therefore the solution of 
HCl is concentrated. 0,01 g of Mg(OH)2 is added to 1000 dm3 of water. This is a low 
ratio, therefore the solution of Mg(OH)2 is dilute.  

 
Step 6: Combine your information:  

Solution 1 is a concentrated solution of a strong acid. 
Solution 2 is a dilute solution of a weak base. 

Example 2: Calculating concentration 

16,4 g of KOH is added to 12,9 cm3 of water. Calculate the concentration of the solution. 

Solution: 

Step 1: List the information you have and the information you need: 
 V = 183,7 dm3, m = 0,27 g. 
The volume (V) and the mass (m) are given. The number of moles (n) needs to be 
calculated. To do that the molar mass (M) needs to be calculated. 
 

Step 2: Make sure all given units are correct and convert them if necessary 
 
All the units are correct. 

Step 3: What equations will be necessary to calculate the concentration? 

𝑪 =
𝒏

𝑽
                  𝒏 =

𝒎

𝑴
 

Step 4: Calculate the number of moles of the acid in the solution 

M(H2SO4) = (2 x 1,01) + 32,1 + (4 x 16) = 98,12 g·mol-1. 

𝒏 =
𝒎

𝑴
=

𝟎,𝟐𝟕 𝒈

𝟗𝟖,𝟏𝟐 𝒈·𝒎𝒐𝒍−𝟏
= 0,0028 mol 
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Step 5: Calculate the concentration of the solution. 

𝒏 =
𝒏

𝑽
=
𝟎,𝟎𝟎𝟐𝟖 𝒎𝒐𝒍

𝟏𝟖𝟑,𝟕 𝒅𝒎𝟑
= 0,0000152 mol.dm-3 = 1,52 x 10-5 mol·dm-3 

2.4. The acids and bases dissociation constants,  Ka and Kb. 

 
The equilibrium constant for the ionisation process of an acid (the extent to which ions are 
formed in solution) is given by the term Ka, while that for a base is given by Kb. These 
equilibrium constants are a way of determining whether the acid or base is weak or strong. 

We will calculate the dissociation constant (K) dividing the concentration of the products 
by the concentration of the reactants. 

𝑲 =
[𝑷𝒓𝒐𝒅𝒖𝒄𝒕𝒔]

[𝑹𝒆𝒂𝒄𝒕𝒂𝒏𝒕𝒔]
 

Acids 

 Strong acids 
Consider the ionisation of HBr: 

HBr(g) + H2O(l) ⟶   H3O+(aq) + Br-(aq) 
We are calculating Ka here as it is an acid being dissolved in water. The liquid water is not 
included in the equation. 

𝑲𝒂 =
[𝑯𝟑𝑶

+(𝒂𝒒)][𝑩𝒓−]

[𝑯𝑩𝒓(𝒈)]
 

The value of Ka for this reaction is very high (approximately 1 x 109). This means that there are 
many more moles of product than reactant. The HBr molecules are almost all ionised to H+ and 
Br-. 
 
We can then show that in the ionisation reaction HBr is almost completely ionised. Effectively, 
any value above 1 x 103 is large and shows that almost complete ionisation has occurred: 

 
The uneven arrows in this reaction equation indicates that the ekwilibrium is advantaging the 
forming of positive ions. This contradicts the ionisation of a weak acid. 

 

 Weak acids 
Consider the ionisation of ethanoic acid (CH3COOH): 

CH3COOH(aq) + H2O(l)  ⟶H3O+ (aq) + CH3COO- (aq) 

𝑲𝒂 =
[𝑯𝟑𝑶

+(𝒂𝒒)][𝑪𝑯𝟑𝑪𝑶𝑶
−(𝒂𝒒)]

[𝑯𝟑𝑪𝑶𝑶𝑯(𝒂𝒒)]
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The value of Ka for this reaction is very low (approximately 1,7 x 10-5), showing that only a few of 
the CH3COOH molecules ionise to form H3O+(in water) and CH3COO-. 
 
We can write the reaction with an unequal double arrow to show the position of the equilibrium, 
which does not favour the formation of ions: 

 
 
Conclusion:  
 
The acid dissociation constant (Ka) is a measure of the relative strength of the acid. 

 Strong acids have Ka values higher than 1. 

 Weak acids have Ka values less than 1. 

 
Bases: 
The dissociation of bases is similar to that of acids in that we look at the Kb values in a similar 
manner: 
 

  Strong bases 
For a strong base like NaOH: 

NaOH(aq) + H2O(l) ⟶ Na+(aq) + OH-(aq) + H2O(l)          𝑲𝒃 =
[𝑵𝒂

+(𝒂𝒒)][𝑶𝑯−(𝒂𝒒)]

[𝑵𝒂𝑶𝑯(𝒂𝒒)]
 

The Kb for NaOH is very large (NaOH is a strong base and almost completely dissociates) and 
shows that the equilibrium lies very far to the OH- side of the reaction. As a result we can write 
the equilibrium as: 

 

 

 Weak bases 

NH3(g) + H2O(l) ⟶ NH4
+ (aq) + OH- (aq) 

𝑲𝒃 =
[𝑵𝑯𝟒

+(𝒂𝒒)][𝑶𝑯−(𝒂𝒒)]

[𝑵𝑯𝟑(𝒈)]
 

The Kb for NH3 is approximately 1,8 x 10-5 (NH3 is a weak base) and shows that the equilibrium 
lies to the NH3 side of the reaction. As a result we can write the equilibrium as: 
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Conclusion: 
 
The base dissociation constant Kb is the measure of the relative strength of a base. 

 Strong bases have Kb values higher than 1. 

 Weak bases have Kb values less than 1. 
 

Worked example. (Siyavula page 347)  

Equilibrium constant calculations 

Question: 

Calculate the equilibrium constant for hydrochloric acid added to 1,38 dm3 of water: 
 

HCl(aq) + H2O(l) ⟶ H3O+(aq) + Cl-(aq) 
n(HCl) in solution = 0,005 mol 
n(Cl-) in solution = 87,3 mol 

Solution: 

Step 1: Calculate the concentration of HCl at equilibrium. 

𝑪(𝑯𝑪𝒍) = [𝑯𝑪𝒍] =
𝒏

𝑽
=
𝟎. 𝟎𝟎𝟓 𝒎𝒐𝒍

𝟏. 𝟑𝟖 𝒅𝒎𝟑
= 0,0036 mol · 𝑑𝑚−3 

 

Step 2: Calculate the concentration of Cl- at equilibrium 

𝑪(𝑪𝒍−) = [𝑪𝒍−] =
𝒏

𝑽
=
𝟖𝟕. 𝟑 𝒎𝒐𝒍

𝟏. 𝟑𝟖 𝒅𝒎𝟑
= 63,3 mol · 𝑑𝑚−3 

Step 3: Calculate the concentration of H3O+ at equilibrium  
 
There is a 1:1 mole ratio between H3O+ and Cl-. Therefore, if 87,3 mol of Cl- is present at 
equilibrium, 87,3 mol of H3O+ must be present as well. 

𝑪(𝑯𝟑𝑶
+) = [𝑯𝟑𝑶

+] =
𝒏

𝑽
=
𝟖𝟕. 𝟑 𝒎𝒐𝒍

𝟏. 𝟑𝟖 𝒅𝒎𝟑
= 63,3 mol · 𝑑𝑚−3 

 
Step 4: Calculate Ka (because HCl is an acid) 
 

𝐾𝑎 =
[𝐻3𝑂

+(𝑎𝑞)]1[𝐶𝑙−(𝑎𝑞)]1

[𝐻𝐶𝑙]1
 

𝐾𝑎 =
[63,3]1[63,3)]1

[0,0036]1
= 1,11 × 106 

 
Ka is very high , HCl is a strong acid.  
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2.5. Acids and bases reactions (neutralisation reactions). 
 
o When an acid and a base react, they form a salt. If the base contains hydroxide (OH-) 

ions, then water will also be formed. The word salt is a general term which applies to the 
products of all acid-base reactions. A salt is a product that is made up of the cation from a 
base and the anion from an acid. 

 
o A salt is a neutral ionic compound composed of cations and anions. It is the result 

of an acid-base neutralisation reaction. 
 
o When an equivalent amount of acid and base react (so that neither the acid nor the base 

are in excess), the reaction is said to have reached the equivalence point. At this point 
neutralisation has been achieved. 

 
o Equivalence point: When a stoichiometrically equivalent number of moles of both 

reactants has been added to the reaction vessel. 
 
To better understand stoichiometric equivalence looking at the following equations: 
 
Example 1: 

1HA(aq) + 1BOH(aq) ⟶1AB(aq) + 1H2O(l) 
 
Example 2 

1H2A(aq) + 2BOH(aq) ⟶1AB2(aq) + 2H2O(l) 
 
In the first example above, a stoichiometrically equivalent number of moles is ONE mole of HA 
for every ONE mole of BOH. In the second example, a stoichiometrically equivalent number of 
moles is ONE mole of H2A for every TWO moles of BOH. 

A neutralisation reaction involves an acid and a base reacting to form a salt. 

Examples of neutralisation reactions: 
  

 Hydrochloric acid with sodium hydroxide: 
 

Hydrochloric acid reacts with sodium hydroxide to form sodium chloride (the salt) and 
water. Sodium chloride is made up of Na+ cations from the base (NaOH) and Cl- anions 
from the acid (HCl). 

HCl(aq) + NaOH(aq) ⟶ NaCl(aq) + H2O(l) 

Acid   + metal hydroxide → salt     +   water 

 Hydrogen bromide with potassium hydroxide: 
 

     Hydrogen bromide reacts with potassium hydroxide to form potassium bromide 
     (the salt) and water. Potassium bromide is made up of K+ cations from the base 
     (KOH) and Br- anions from the acid (HBr). 

 

HBr(aq) + KOH(aq) ⟶KBr(aq) + H2O(l) 
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 Hydrochloric acid with sodium hydrocarbonate: 
 
Hydrochloric acid reacts with sodium hydrocarbonate to form sodium chloride 
(the salt), water and carbon dioxide. Sodium chloride is made up of Na+ cations 
from the base (NaHCO3) and Cl- anions from the acid (HCl). 

 

HCl(aq)  +     NaHCO3(aq)   →     NaCl(aq)  +  H2O(l) + CO2(g) 
acid     + metal hydrogen carbonate → salt + water + carbon dioxide 

 
 

- The importance of neutralisation reactions in everyday life. 
 

 Domestic uses: 

Calcium oxide (CaO) is used to neutralise acidic soil. Powdered limestone 
(CaCO3) can also be used, but its action is much slower and less effective. These 
substances can also be used on a larger scale in farming and in rivers. 
 

 Biological uses: 

Hydrochloric acid (HCl) in the stomach plays an important role in helping to digest food. It 
is important to note that too much acid in the stomach may lead to the formation of ulcers 
in cases where the stomach lining is damaged (e.g. by an infection). 
 
Anti-acids (which are bases) are taken to neutralise excess stomach acid, to prevent 
damage to the intestines. Examples of antacids are aluminium hydroxide, magnesium 
hydroxide (’milk of magnesia’) and sodium bicarbonate (’bicarbonate of soda’). 
 

 Industrial uses: 
Alkaline calcium hydroxide (limewater) is used to absorb harmful acidic SO2 gas that is 
released from power stations and from the burning of fossil fuels. 

SUMMARY 

Definitions: 

 Strong acids ionise completely in water to form a high concentration of H3O+ ions.  

 Strong bases dissociate completely in water to form a high concentration of OH- ions. 

 Weak acids ionise incompletely in water to form a low concentration of H3O+ ions. 

 Weak bases dissociate/ionise incompletely in water to form a low concentration of 
OH- ions. 

 The concentration of the solution is the amount of solute present in a given 
quantity of a solvent or solution. 

 A standard solution is one where the exact concentration of solute in a solvent is 
known. 

 Equivalence point: When a stoichiometrically equivalent number of moles of both 
reactants has been added to the reaction vessel. 

 A neutralisation reaction involves an acid and a base reacting to form a salt. 
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EXERCISES 

QUESTION 1: Siyavula (page 348) 

State whether the acids and bases in the following balanced chemical equations are strong or 
weak and give a reason for your answer. 

 

QUESTION 2: 
Complete and balance the following reactions and in each case name the salt formed. 
 

2.1  Cu (s) + HCl(aq)⟶ 
2.2  Ag2CO3(aq) + HNO3(aq) ⟶ 

2.3  KOH(aq) + HNO3(aq) ⟶ 
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SOLUTIONS  

Memo of baseline assessment: 

1.   Arrhenius theory: An acid is a substance that produces hydrogen ions (H
+
)/hydronium ions 

(H
3
O

+
) when it dissolves in water. A base is a substance that produces hydroxide ions (OH

-
) 

when it dissolves in water.  
 

2.   Lowry-Brønsted theory: An acid is a proton (H
+ 

ion) donor. A base is a proton (H
+ 

ion)  
      acceptor.  

 

QUESTION 1 

 

Weak acid.  
The equilibrium lies far to the left meaning that only a small percentage of the hydrofluoric acid 
molecules donate a proton, ionisation is not favoured. 
 

 
Strong base. The equilibrium lies far to the right meaning that a large percentage of the 
potassium hydroxide molecules dissociate in water, dissociation is favoured. 

 
Weak base. The equilibrium lies far to the left meaning that only a small percentage of the 
ammonia molecules accept a proton, ionisation is not favoured. 
 

 
Strong acid.  
The equilibrium lies far to the right meaning that a large percentage of the hydrochloric acid 
molecules donate a proton, ionisation is favoured. 
 
QUESTION 2 

2.1  2Cu (s) + 2HCl(aq)⟶ 2 CuCl(aq) +H2(g)  
  
 SALT: copper chloride 
 

2.2  Ag2CO3(s) + 2HNO3(aq) ⟶ 2AgNO3(aq) + H2O(l) + CO2(g)  
 
 SALT: silver nitrate 
 

2.3  KOH(aq) + HNO3(aq) ⟶ KNO3(aq) + H2O(l) 
  
 SALT: potassium nitrate 
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3 - Auto-ionisation of water. Definition of Kw. The pH scale. pH calculations. Salts 

hydrolysis. 

LEARNING OBJECTIVES 

 Explain the auto-ionisation of water, i.e. the reaction of water with itself to form H3O+ ions 
and OH- ions. 

 Define the concept of KW. 

 Explain the pH scale as a scale of numbers from 0 to 14 used to express the acidity or 
alkalinity of a solution.  

 Calculate pH values of strong acids and strong bases using pH = -log[H3O+].  

 Define hydrolysis as the reaction of a salt with water. 

 Determine the approximate pH of salts (equal to, smaller than or larger than 7) in salt 
hydrolysis.  

 

Baseline assessment: 
 

1. Define  the following terms: 
1.1 Strong acids.         (2 ) 
1.2 Weak acids.         (2 ) 
1.3 Strong bases.         (2 ) 
1.4 Weak bases.        (2 ) 
1.5 Concentration of a solution.       (2 ) 
1.6 Standard solution.        (2 ) 

[12] 

Introduction: 

In aqueous solutions two ions have dominant roles. These ions the hydronium ion H3O+ (or 
hydrogen ion H+) and the hydroxide ion OH-, are available in any aqueous solution as a result of 
the auto-ionisation of water, a reaction of water with itself. 
The concentration of specific ions in solution determines whether the solution is acidic or basic. 
Acids and bases can be described as substances that either increase or decrease the 
concentration of hydrogen (H+) or hydronium (H3O+) ions in a solution. 
An acid increases the hydrogen ion concentration in a solution, while a base decreases the 
hydrogen ion concentration. To express the acidity or alkalinity of a solution we are going to use 
the pH scale. 

Development: 

3.1. Auto-ionisation of water.  

 You tube vedio http://youtube.com/watch?v=Kz1oyPAPIM4 

OR 

http://youtube.com/watch?v=zeFSzt5x9uo 

Although pure water is often considered a nonelectrolyte (non-conductor of electricity), precise 
measurements do show a very small conduction. This conduction results from auto-ionisation (or 
self-ionisation) a reaction in which two like molecules react to give ions. In the case of water a 
proton from one H2O molecule is transferred to another   H2O molecule, leaving behind an OH- 
ion and forming s hydronium, H3O+(aq) 

𝐻2𝑂(𝑙) + 𝐻2𝑂(𝑙) ⇌  𝐻3𝑂
+(𝑎𝑞) + 𝑂𝐻−(𝑎𝑞) 

http://youtube.com/watch?v=Kz1oyPAPIM4
http://youtube.com/watch?v=zeFSzt5x9uo
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This type of reaction (the transfer of a proton between identical molecules) is known as auto-
protolysis. This reaction is also known as the auto-ionisation of water and the ions formed are a 
conjugate acid and base pair of water: 

 
 

DEFINITION: Auto-protolysis and auto-ionisation of water: 
  
Auto-protolysis is the transfer of a proton between two of the same molecules. The auto-
ionisation of water is one example of auto-protolysis. 

In conclusion: Auto-ionisation of water is the reaction of water with itself to form H3O+ ions 
and OH- ions. 

You can see the slight extent to which auto-ionisation of water occurs by noting the small value 
of its equilibrium constant, which we indicate here as Kw. 

𝑲𝒘 = [𝑯𝟑𝑶
+][𝑶𝑯−] 

The concentration of water H2O is excluded here because its concentration remains essentially 
constant. We call Kw, the equilibrium value of the ion product  [𝑯𝟑𝑶

+][𝑶𝑯−], the ionisation 
constant for water. At 25 oC, the value of Kw is 1,0 x 10-14. 

𝑲𝒘 = [𝑯𝟑𝑶
+][𝑶𝑯−] = 𝟏, 𝟎 × 𝟏𝟎−𝟏𝟒 𝒂𝒕 𝟐𝟓 oC 

Adding acid raises the concentration of the 𝐻3𝑂
+ions. To oppose this increase, Le Chatelier’s 

principle predicts that a small fraction of the 𝐻3𝑂
+ reacts with 𝑂𝐻−  ions to form water. This 

lowers  [𝑂𝐻−] until the product [𝑯𝟑𝑶
+][𝑶𝑯−] is again equal to 1,0 × 10−14 𝑎𝑡 25 oC. Similarly, 

adding a base to pure water raises the 𝑂𝐻− ion concentration. Le Chatelier’s principle predicts 
that some of the added 𝑂𝐻− ions react with 𝐻3𝑂

+  ions present in the solution, thereby lowering 
[𝐻3𝑂

+] until the value of the [𝑯𝟑𝑶
+][𝑶𝑯−] equals 1,0 × 10−14 𝑎𝑡 25 oC 

Thus, for aqueous solutions at 25 oC we can say: 
 In a neutral solution [𝐻3𝑂

+] = [𝑂𝐻−] 
 In and acid solution [𝐻3𝑂

+] > [𝑂𝐻−] 
 In a basis solution [𝐻3𝑂

+] < [𝑂𝐻−] 
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3.2. How to calculate ion concentration.   

Although you normally ignore the auto-ionisation of water in calculating the H3O+ concentration 
in a solution of a strong acid, the auto-ionisation equilibrium still exists and is responsible for a 
small concentration of OH- ion.  

Example 1: 

Calculate the concentration on OH-  ion in 0,10 mol·dm-3. 

𝑲𝒘 = [𝑯𝟑𝑶
+][𝑶𝑯−] 

 𝟏, 𝟎 × 𝟏𝟎−𝟏𝟒 = 𝟎, 𝟏𝟎 × [𝑶𝑯−] 

[𝑂𝐻−] =
1,0×10−14

0.10
= 1,0 × 10−13 mol·dm-3 

Example 2: 

The concentration of a solution of NaOH (strong base) is 0.010 mol·dm-3. Calculate the OH- and 

H3O
+ concentrations in this solution. 

Because NaOH is a strong base, the molecules dissociate completely: 

𝑁𝑎𝑂𝐻(𝑠) → 𝑁𝑎+(𝑎𝑞) + 𝑂𝐻−(𝑎𝑞) 

1 molecule of NaOH dissociates to form 1 molecule of OH- . 

 

OR 

 

1 mol of NaOH dissociates to form 1 mol of OH- . 

Therefore, [𝐻3𝑂
+] = [𝑂𝐻−] = 0,010 mol·dm-3 

𝑲𝒘 = [𝑯𝟑𝑶
+][𝑶𝑯−] 

1 × 10−14 = [𝐻3𝑂
+][𝑂𝐻−] 

1 × 10−14 = [𝐻3𝑂
+] × 0,010 

[H3O
+] =

1 × 10−14

[0,010]
= 1,0 × 10−12 mol · dm−3 

3.3. The pH scale. 

A second way of expressing hydronium ion concentration avoiding using very small number or 
exponential notation is the pH scale. 

pH is used to measure the concentration of H+ ions ([H+]) and therefore, whether a substance is 
acidic or basic (alkaline). Solutions with a pH of less than seven are acidic, while those with a pH 
greater than seven are basic (alkaline). The pH scale ranges from 0 to 14 and a pH of 7 is 
considered neutral, see example in Figure below: 
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- (You tube video). https://www.youtube.com/watch?v=ckbsHM2igT0 

 

 

 

 

 

 

 

 

 

 

 

http://pmel.noaa.gov/co2/files/phfig2-revised.jpg 

pH is a measure of the acidity or alkalinity of a solution. 

The pH of a solution is defined as the negative of the base-10 logarithm (log) of the 
hydronium ion concentration. 

𝒑𝑯 = −𝒍𝒐𝒈[𝑯𝟑𝑶
+] 

Worked examples on pH calculations 
 
Example 3: 

Calculate the pH of a solution where the concentration of hydronium ions is 1 × 10−3 mol·dm-3. 
Solution: 
 
Step 1: Determine the concentration of hydronium ions 

In this example, the concentration has been given: 1 × 10−3 mol·dm-3. 
 
Step 2: Substitute this value into the pH equation and calculate the pH value 

𝒑𝑯 = −𝒍𝒐𝒈[𝑯𝟑𝑶
+] 

𝒑𝑯 = −𝒍𝒐𝒈(1 × 10−3 )= 3.00 
  

https://www.youtube.com/watch?v=ckbsHM2igT0
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Example 4: Siyavula (pages 354-355) 

In a 162 cm3 solution of ethanoic acid, the following equilibrium is established: 
 

CH3COOH(aq) + H2O(l) ⇌ CH3COO-(aq) + H3O+(aq) 
 
The number of moles of CH3COO- is found to be 0,001 mol. Calculate the pH of the solution. 
 
Solution: 
 
Step 1: Determine the number of moles of hydronium ions in the solution 
According to the balanced equation for this reaction, the mole ratio of CH3COO- ions to H3O+ 
ions is 1:1, therefore the number of moles of these two ions in the solution 
will be the same. 
So, n(H3O+) = 0,001 mol. 
 
Step 2: Determine the concentration of hydronium ions in the solution 

𝑪 =
𝒏

𝑽
 

  
We must convert 162 cm3 to dm3 

 

𝑉 = 162 𝑐𝑚3 ×
0,001 𝑑𝑚1

1 𝑐𝑚3
= 0,162 𝑑𝑚3 

 

[𝐻3𝑂
+] =

0,001 𝑚𝑜𝑙

0,162 𝑑𝑚3
 

[𝐻3𝑂
+] = 0,0062 mol·dm3 

 

 
Step 3: Substitute this value into the pH equation and calculate the pH value. 

𝑯 = −𝒍𝒐𝒈[𝑯𝟑𝑶
+] 

𝒑𝑯 = −𝒍𝒐𝒈(𝟎, 𝟎𝟎𝟔𝟐) = 𝟐. 𝟐𝟏 

3.4. The importance of pH 
 

Understanding pH is very important. In living organisms, it is necessary to maintain a constant 
pH in the optimal range for that organism, so that chemical reactions can occur. 
 
In agriculture, it is important for farmers to know the pH of their soils so that they are able to 
plant the right kinds of crops. The pH of soils can vary depending on a number of factors, such 
as rainwater, the kinds of rocks and materials from which the soil was formed and also human 
influences such as pollution and fertilisers.  
 
The pH of rain water can also vary, and this too has an effect on agriculture, buildings, water 
courses, animals and plants. Rainwater is naturally acidic because carbon dioxide in the 
atmosphere combines with water to form carbonic acid.  
 
Unpolluted rainwater has a pH of approximately 5,6. However, human activities can alter the 
acidity of rain and this can cause serious problems such as acid rain. 
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3.5. The salt hydrolysis 
 

In previous lessons we studied that when acids and bases react with each other, they form a salt 
and (usually) water as products. This is called neutralisation reaction. 
 
Does neutralisation mean that the pH of the solution is 7?  
No. At the equivalence point of a reaction, the pH of the solution need not be 7. This is because 
of the interaction of the salt (formed by the reaction) and water. 
 
At the equivalence point of an acid-base neutralisation reaction there is salt and water. The ions 
of water interact with the salt present and form a small quantity of excess hydronium ions (H3O+) 
or hydroxide ions (OH-). This leads to pH values that are not equal to 7. 
 
The reverse of a neutralisation reaction is called hydrolysis. Hydrolysis happens when a salt 
dissolves in water, sometimes changing the pH of the solution. 
 
Hydrolysis is the reaction of a salt with water. 
 
A simple rule for determining the likely pH of a solution is as follows: 

 A strong acid + strong base form a neutral salt and water solution: 
→ pH = 7. 
 
Example: H2SO4(l) + NaOH(s) → Na2SO4(aq) + H2O(l) 

 A weak acid + strong base form a weak basic salt and water solution: 
→ pH = approximately 9. 
 
Example: HF(l) + NaOH(s) → NaF(aq) + H2O(l) 

 A strong acid + weak base form a weak acidic salt and water solution: 
→ pH = approximately 5. 
 
Example: H2SO4(l) + NH3(l) → (NH4)2SO4(aq) + H2O(l) 
 
The approximate pH of neutralisation reaction solutions based on the strength of the acid and 
base used are shown in table below: 
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SUMMARY 

 Auto-ionisation of water is the reaction of water with itself to form H3O+ ions and 
OH- ions. 

 Kw, the equilibrium value of the ion product [𝑯𝟑𝑶
+][𝑶𝑯−] is the ionisation constant for 

water. 𝑲𝒘 = [𝑯𝟑𝑶
+][𝑶𝑯−] 

 For aqueous solutions at 25 oC we can say 

o In a neutral solution [𝐻3𝑂
+] = [𝑂𝐻−] 

o In and acid solution [𝐻3𝑂
+] > [𝑂𝐻−] 

o In a basis solution [𝐻3𝑂
+] < [𝑂𝐻−] 

 pH is a measure of the acidity or alkalinity of a solution. 
 The pH of a solution is defined as the negative of the base-10 logarithm (log) of the 

hydronium ion concentration. 

 𝒑𝑯 = −𝒍𝒐𝒈[𝑯𝟑𝑶
+] 

 The reverse of a neutralisation reaction is called hydrolysis. Hydrolysis happens when a 
salt dissolves in water, sometimes changing the pH of the solution. 

 
 Hydrolysis is the reaction of a salt with water 

 
 Hydrolysis of the salt of a weak acid and a strong base results in an alkaline solution, i.e. 

the pH > 7. Examples of such salts are sodium ethanoate, sodium oxalate and sodium 
carbonate. 
o   Hydrolysis of the salt of a strong acid and a weak base results in an acidic solution, i.e. 

the pH < 7. An example of such a salt is ammonium chloride. 
o   The salt of a strong acid and a strong bases does not undergo hydrolysis and the   
      solution of the salt will be neutral, i.e. pH = 7. 

EXERCISES 

QUESTION 1 
 
Calculate the pH of a solution of HNO3 with concentration of 1,0 x 10-2 mol·dm-3. 
 
QUESTION 2 
Calculate the pH of a solution of NaOH with a concentration of 2 x 10-3 mol·dm-3. 
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Solution of the homework: 

Memorandum of baseline assessment: 

1.1. Strong acids ionise completely in water to form a high concentration of  
H3O+ ions.  

1.2. Weak acids ionise incompletely in water to form a low concentration of  
H3O+ ions. 

1.3. Strong bases dissociate completely in water to form a high concentration of  
OH- ions. 

1.4. Weak bases dissociate/ionise incompletely in water to form a low concentration  
of OH- ions. 

1.5. The concentration of the solution is the amount of solute present in a given  
quantity of a solvent or solution. 

1.6. A standard solution is one where the exact concentration of solute in a solvent is  
known. 

 

QUESTION 1: 

In a solution of HNO3, the molecules ionise almost completely: 

𝐻𝑁𝑂3 + 𝐻2𝑂(𝑙) → 𝐻3𝑂
+(𝑎𝑞) + 𝑁𝑂3

−(𝑎𝑞) 

Thus we can approximate that 1 molecule of HNO3 will ionise to form 1 𝐻3𝑂
+ ion. 

Therefore, [𝐻𝑁𝑂3] = [𝐻3𝑂
+] = 1 × 10−2 mol·dm-3 

[𝐻3𝑂
+] = 1 × 10−2 mol·dm-3 

𝑝𝐻 = −𝑙𝑜𝑔[𝐻3𝑂
+] 

𝑝𝐻 = −𝑙𝑜𝑔(1 × 10−2) 

𝑝𝐻 = 2 

QUESTION 2: 

In a solution of NaOH, the molecules dissociate completely: 

𝑁𝑎𝑂𝐻(𝑠) → 𝑁𝑎+(𝑎𝑞) + 𝑂𝐻−(𝑎𝑞) 

1 molecule of NaOH dissociates to form 1 molecule of OH- . 

Therefore, [𝐻3𝑂
+] = [𝑂𝐻−] = 2 × 10−3 mol·dm-3 

[𝐻3𝑂
+][𝑂𝐻−] = 1 × 10−14 

[𝐻3𝑂
+] =

1 × 10−14

[𝑂𝐻−]
 

[𝐻3𝑂
+] =

1 × 10−14

[2 × 10−3]
= 5 × 10−12 𝑚𝑜𝑙 · 𝑑𝑚−3 

𝑝𝐻 = −𝑙𝑜𝑔[𝐻3𝑂
+] 

𝑝𝐻 = −𝑙𝑜𝑔(5 × 10−12) 

𝑝𝐻 = 11.30 
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4 - Indicators. Titration. Titration calculations.  

LEARNING OBJECTIVES 

 Motivate the choice of a specific indicator in a titration. Choose from methyl orange, 
phenolphthalein and bromothymol blue. 

 Define the equivalence point of a titration as the point at which the acid /base has 
completely reacted with the base/acid. 

 Define the endpoint of a titration as the point where the indicator changes colour. 

 Perform stoichiometric calculations based on titrations of a strong acid with a strong base, 
a strong acid with a weak base and a weak acid with a strong base. (Calculations may 
include percentage purity). 

 
Baseline assessment:  

 Explain the term auto-ionisation of water. Define the concept of KW.         (2) 

 Explain the pH scale.                (2) 

 Define the term hydrolysis.              (2) 

 The pH of a certain solution is 8. What will be the pH if a few drops of sodium hydroxide are 
added? 
A more than 8 
B less than 8 
C 8 
C 0                  (2)  
    

 Sodium chloride (NaCl) is produced by the reaction of HCl, a strong acid, with NaOH, a strong 
base. The pH of 0,1 mol·dm-3 sodium chloride solution will be: 
A 1 
B 2 
C 7 
D 13                    (2) 

     [10] 

Introduction: 

In grade 11 we studied titration as a process to determine, with precision, the concentration of a 
solution with unknown concentration.  
 
The theory behind titrations is going to be discussed in today’s lesson.  
 
A titration requires an indicator that will respond to the change in pH with a sensitive and quick 
colour change. 
 
We use chemical indicators to show us whether a substance is an acid, base or neutral. 
An indicator is used to show the scientist carrying out the reaction exactly when the reaction has 
reached completion. 

Development: 

4.1. The use of indicators in Chemistry 

You tube video: http://youtube.com/watch?v=xYQlvTblgCY 

Certain substances, which are highly coloured in solution, change colour depending on the pH of 
the solution. These substances are known as indicators. Many acid-base indicators are extracts 

http://youtube.com/watch?v=xYQlvTblgCY
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from plants. These indicators are weak organic acids or bases and their conjugate bases and 
their conjugate bases or acids differ in colour from the original acid or base.   

Some example of chemical indicators are: litmus paper, red cabbage water, red onion water, 
turmeric water, bromothymol blue and phenolphthalein. 

Some of these chemical indicators are made by chemists, but we can make other such as red 
cabbage water, red onion water and turmeric water. 

Most of these chemical indicators are not very precise and only show us whether a substance is 
an acid, base or neutral. We can tell if a substance is an acid, base or neutral by the colour 
change or the indicator.  

Universal indicator is more precise. Universal indicator is a mixture of indicators so it can show 
the full range of pH values on the pH scale. It becomes different colour to show how strong an 
acid or base is. Each colour shows a particular number on the pH scale, which indicates whether 
a substance is a strong acid, a weak acid, a weak base or strong base. 

 

 

 

 

 

 

 

 

 Acids change the colour of universal indicator towards yellow, orange and red colour.  
 Bases change the colour of universal indicator towards the blue and purple colour.  
 Neutral substances change the colour of universal indicator to green. 

The colour of different types of universal indicators may vary slightly because different chemicals 
may have been used to make them. 

Indicators Colour in acid Colour in neutral Colour in base 

Universal indicator Red, orange, yellow Green Blue, violet, purple 

Red litmus paper Red Red Blue 

Blue litmus paper Red Blue Blue 

Red cabbage water Red, pink Violet, purple Blue, green, yellow 

Red onion water Red Violet Green 

Turmeric water Yellow Yellow Red 

Bromothymol blue Yellow Green Blue 

Phenolphthalein Colourless Colourless Pink, red. 
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4.2. Titrations of acids and bases.  
You tube videos:  

http://youtube.com/watch?v=8UiuE7Xx5l8 
http://youtube.com/watch?v=tIbD8MG1qMM 
 

The neutralisation reaction between an acid and a base can be very useful. If an acidic 
solution of known concentration (a standard solution) is added to a basic (alkaline) solution of 
unknown concentration until the solution is exactly neutralised (i.e. there is only salt and 
water), it is possible to calculate the exact concentration of the unknown solution.  
It is possible to do this because, at the exact point where the solution is neutralised, 
stoichiometrically equivalent mole amounts of acid and base have reacted with each other. 
 
A titration is a technique where a solution of known concentration is used to determine the 
con centration of an unknown solution. This process involves the gradual neutralisation 
reaction of and acid by a base or a base by an acid.  

 
Titration is the method used to determine the concentration of a known substance 
using another, standard, solution. 
 
The titration of an acid in aqueous solution with a base is illustrated in the series of 
photographs below. 
 
 

 
a) A burette, a volumetric measuring device calibrated in divisions of 0,1 ml, is filled with an 

aqueous solution of a base of known concentration. 
b) Base is added slowly from the burette to the solution. 
c) A change in colour of an indicator signals the equivalence point. 

  
An acid-base titration determines the concentration of an acid or base by exactly neutralising the 
acid/base with a base or acid of known concentration. Neutralisation occurs at the equivalence 
point of the reaction where equal molar amount of the acid and base have reacted according to 
the molar ratio in the chemical equation. In other words equivalence point is the point where the 
number of moles of OH- added exactly equals the number of moles of H+ that can be supplied by 
then acid.   
 
The point where enough base is added to the acid (or acid added to the base) to bring about the 
change in colour of the indicator is called the end point of neutralisation. 

http://youtube.com/watch?v=8UiuE7Xx5l8
http://youtube.com/watch?v=tIbD8MG1qMM
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An indicator is used to determine the end point of neutralisation. As we already know an 
indicator is dye that changes colour when the reaction used for the analysis is complete. 
In the example described above, the dye is colourless in acid but pink in basic solution. 

Suitable indicators for the tradition are shown in the table below. 

Indicator pH range Colour change 

Methyl orange 3,1- 4,4 
 

Bromothymol blue  6,0 -7,6 

 
Phenolphthalein 8,3- 10 

 
 

4.3. How to select the indicator for titration. 

 

Titrating End point Indicator 

Strong acid with a strong base Approximately a pH of 7 Bromothymol blue 

Strong base with a strong acid Approximately a pH of 7 Bromothymol blue 

Strong acid with a weak base pH less than 7 Methyl orange 

Strong base with a weak acid pH greater than 7 Phenolphthalein 

Titration can be carried out to determine an unknown 
concentration following the steps below. 

1. Make up a standard solution of the acid or the 
base. Standard solution has a known concentration. 

 Accurate weight the correct amount of solute 
in a watch glass on a balance. 

 Transfer the solute to a volumetric flask 
through a funnel. 

 Add a small amount of water to the flask and 
carefully swirl it to dissolve the solid. 

 Once the solid is completely dissolved, add 
more water to bring the level of the exactly to 
the volume mark (bottom of the meniscus 
must be on the volume line). 

 Calculate the concentration of the solution 

using the following equation: 𝑐 =
𝑚

𝑀𝑉
. 

 
 

2. Fill the burette with the standard solution and open the tap until the volume reading is on 
zero. 

3. Use a pipette to measure the accurate volume of acid or base (solution with unknown 
concentration) and allow the liquid to flow out into the conical flask. The conical flask must 

be placed on a white tile or piece of paper (to make colour changes easier to see). 
4. Add few drops of the suitable indicator must be added to this solution with unknown 

concentration. 
5. Slowly add the acid/base (standard solution) in the burette to the base/acid in the conical 

flask. 
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6. Near the end point the colour of the indicator will change and after stirring change back to 
the original colour. Add drop by drop until the colour change stays for 15-20 seconds. 

7. Record the volume of standard solution that has been added up to this point. 
8. Use the information you have gathered to calculate the exact concentration of the 

unknown solution. 
 
We use neutralisation titrations to determine the unknown concentration of and acid or base. At 
the equivalence point the number of moles of OH- equals the number of moles of H+. 

We know that 𝑛 = 𝑐𝑉. 

Applying it to the neutralisation reaction, we get to following equation that we can use to 
calculate the unknown concentration: 

𝑛𝑎
𝑛𝑏
=
𝑐𝑎𝑉𝑎
𝑐𝑏𝑉𝑏

 

Where 
n= number of moles of acid or base in mol. 
c= concentration of acid or base in mol·dm-3. 
V= volume of acid or base in dm3. 
 
Worked examples. Siyavula (page361-362) 

Example 1 

Given the equation:     NaOH(aq)+HCl(aq)→NaCl(aq)+H2O(l) 
25 cm3 of sodium hydroxide solution was pipetted into a conical flask and titrated with 
0,2 mol·dm-3 hydrochloric acid. Using a suitable indicator, it was found that 15 cm3 of acid was 
needed to neutralise the base. Calculate the concentration of the sodium hydroxide. 
 

Solution: 

Step 1: Make sure that the equation is balanced 

There are equal numbers of each type of atom on each side of the equation, so the equation is 
balanced. 

Step 2: Write down all the information you know about the reaction, converting to the correct 
units. 

NaOH: 𝑽 = 𝟐𝟓 𝒄𝒎𝟑 ×
𝟎,𝟎𝟎𝟏 𝒅𝒎𝟑

𝟏 𝒄𝒎𝟑
= 𝟎, 𝟎𝟐𝟓 𝒅𝒎𝟑 

HCl: 𝑽 = 𝟏𝟓 𝒄𝒎𝟑 ×
𝟎,𝟎𝟎𝟏 𝒅𝒎𝟑

𝟏 𝒄𝒎𝟑
= 𝟎, 𝟎𝟏𝟓 𝒅𝒎𝟑   c= 0,2 mol·dm-3 

Step 3: Calculate the number of moles of HCl that are added. 

𝒄 =
𝒏

𝑽
 

𝒏(𝑯𝑪𝒍) = 𝒄 × 𝑽 

𝒏(𝑯𝑪𝒍) = 𝟎, 𝟐 × 𝟎, 𝟎𝟏𝟓 

𝒏(𝑯𝑪𝒍) = 𝟎, 𝟎𝟎𝟑 𝒎𝒐𝒍 
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Step 4: Calculate the number of moles of sodium hydroxide in the reaction. 
Look at the equation for the reaction: the molar ratio of HCl : NaOH is 1:1. 
So for every mole of HCl, there is one mole of NaOH that is involved in the reaction. Therefore, if 
0,003 mol HCl is required to neutralise the solution, 0,003 mol NaOH must have been present in 
the sample of the unknown solution. 
 
Step 5: Calculate the concentration of the sodium hydroxide solution. 

𝒄(𝑵𝒂𝑶𝑯) =
𝒏

𝑽
 

𝒄(𝑵𝒂𝑶𝑯) =
𝟎, 𝟎𝟎𝟑

𝟎, 𝟎𝟐𝟓
= 𝟎, 𝟏𝟐 𝒎𝒐𝒍. 𝒅𝒎−𝟑 

Example 2:  

10 g of solid sodium hydroxide is dissolved in 500 cm3 water. Using titration, it was found that 20 
cm3 of this solution was able to completely neutralise 10 cm3 of a sulphuric acid solution. 
Calculate the concentration of the sulfuric acid. 

Solution: (Adapted) Using a different method  

Step 1: Write a balanced equation for the titration reaction. 
 
The reactants are sodium hydroxide (NaOH) and sulfuric acid (H2SO4). The base has 
a hydroxide anion (OH-), therefore the products will be a salt and water. The cation for the salt 

(Na+) will come from the base. The anion for the salt (𝑆𝑂4
2−) will come from the acid. There must 

be 2 Na+ cations for every one 𝑆𝑂4
2−  and the salt will be Na2SO4. 

H2SO4(aq) + NaOH(aq) → Na2SO4(aq) + H2O(l) 
 
To balance the equation we need to multipy the number of sodium hydroxide molecules and the 
water molecules by two. 

H2SO4(aq) + 2NaOH(aq) →Na2SO4(aq) + 2H2O(l)Cha 

Acid           + base    → salt  + water 

Step 2: Determine the mol ratio using the balanced equation. 

          Acid : base 

H2SO4(aq) : NaOH(aq) 

     1: 2 

Step 3: Using the equation 𝒏 = 𝒄 × 𝑽, formulate  an equation that equates the number of moles 
of the acid to the number of moles of base, using the mole ratio. 

𝑛𝑎
𝑛𝑏
=
𝑐𝑎𝑉𝑎
𝑐𝑏𝑉𝑏

 

1

2
=
𝑐𝑎𝑉𝑎
𝑐𝑏𝑉𝑏
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Step 4: Substitute the values and solve for the unknown. 

1

2
=
𝑐𝑎(10)

𝑐𝑏(20)
 

We need to calculate the concentration of the acid we do not know the concentration of the 
Base. 

Let’s calculate the concentration of NaOH first.𝑐 =
𝑛

𝑉
 

We do not know the number of moles of NaOH, but we know the equation 

𝑛 =
𝑚

𝑀(𝑁𝑎𝑂𝐻)
 

𝑛 =
10

(23,0 + 16,0 + 1,01)
 

𝑛 =
10

40,01
= 0,25 𝑚𝑜𝑙 

𝑐 =
0,25

0,5
= 0,5 𝑚𝑜𝑙 · 𝑑𝑚−3 

Step 5. Calculate the concentration of sulphuric acid. 

1

2
=
𝑐𝑎(10)

0,5 × 20
 

𝑐𝑎 = 0,5 𝑚𝑜𝑙 · 𝑑𝑚
−3 

SUMMARY 

 Titration is the method used to determine the concentration of a known substance using another, 
standard, solution. 

 The equivalence point of a titration is the point at which the acid /base has completely 
reacted with the base/acid. 

 The endpoint of a titration is the point where the indicator changes colour. 
 We know that 𝑛 = 𝑐𝑉. 

Applying it to the neutralisation reaction, we get to following equation that we can use to calculate 
the unknown concentration: 
 

𝑛𝑎
𝑛𝑏
=
𝑐𝑎𝑉𝑎
𝑐𝑏𝑉𝑏

 

 
 To calculate the unknown concentration you can follow the steps below: 

1- Write the balance equation for the reaction. 
2- Determine the mole ration. 
3- Substitute  into the equation the known values 

  
𝑛𝑎
𝑛𝑏
=
𝑐𝑎𝑉𝑎
𝑐𝑏𝑉𝑏

 

4. Calculate the unknown value. 
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EXERCISES 
 
QUESTION 1: 
 
The concentration of a solution of sodium carbonate is 0,5 mol·dm-3. In titration 49 cm3 of 
sulphuric acid is neutralised by exactly 40 cm3 of sodium carbonate. Calculate the concentration 
of sulphuric acid. 
 
 
QUESTION 2: (Trial exam 2014 NC)  
 
Acids and bases can be defined according to Arrhenius’ theory and Lowry-Br∅nsted’s 
theory. 

  

     
2.1  In terms of Arrhenius theory hydrogen chloride is classified as an acid. Write 

down the CHEMICAL FORMULA of the ion responsible for the acidic 
properties of hydrogen chloride. 
 

  

(1) 

2.2  Consider the reaction represented by the incomplete equation below: 

H2SO4(aq)   +   NH3(aq)   ⇌   ------------------------   +   ----------------------   
 

  

  2.2.1    Write down a reason why H2SO4 is regarded as a strong acid.  

2.2.2   Use the Lowry-Br∅nsted theory to write a balanced equation for the 
reaction.  

 (2) 

 

(3) 

2.3 
 
 
 

2.4 
 

 2.3.1   Write down a balanced chemical equation to demonstrate the auto-
ionisation (self-ionisation) of water. 

2.3.2   Write down the NAME given to a substance that reacts like water 
does in QUESTION 2.3.1 above. 

In an acid-base reaction 0,50 dm3 of a 0,10 mol∙dm-3 hydrogen fluoride 
solution is added to 0,80 dm3 of a 0,25 mol.dm-3 solution of sodium 
hydroxide. 

The reaction runs to completion according to the following equation: 
  

HF(aq)   +   NaOH (aq)   →  NaF(aq)   +   H2O (ℓ) 
 
2.4.1    Calculate the number of moles of hydroxide ions (OH-ions) remaining 

in the solution at the completion of the reaction. 

2.4.2   Calculate the pH of the solution at the completion of the reaction. 
 

  
(3) 

 
(1) 
 

 

 
 
 
 
 
 
(5) 

(5) 
[20] 
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SOLUTIONS 

Memorandum of baseline assessment: 
1. The reaction of water with itself to form H3O+ ions and OH- ions. 
2. The pH scale is a scale of numbers from 0 to 14 used to express the acidity or alkalinity of 

a solution.  
3. Hydrolysis is the reaction of a salt with water. 
4. A 
5. C             [10] 

 

QUESTION 1 

1. Balanced equation 

Na2CO3(aq)+ H2SO4(aq)→Na2SO4(s) + H2O(l)+CO2(g) 

2. Mole ration 
 Base : acid 

Na2CO3: H2SO4 

  1 : 1 

3. Using the equation 𝑛 = 𝑐 × 𝑉, formulate  an equation that equates the number of moles of 
the acid to the number of moles of base, using the mole ratio. 
 
𝑛𝑎
𝑛𝑏
=
𝑐𝑎𝑉𝑎
𝑐𝑏𝑉𝑏

 

1

1
=
𝑐𝑎𝑉𝑎
𝑐𝑏𝑉𝑏

 

 
4. Substitute and solve for the unknown. 

 
1

1
=
𝑐𝑎49

0,5𝑋40
 

𝑐𝑎 =
20

49
= 0,41 mol·dm-3 
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QUESTION 2 

  

2.1  H+ (aq)                                     (1) 
2.2 
2.2.1 
 
 

2.2.2 

 

 

  
Ionises almost completely in solution/ equilibrium reaction strongly favours 
the formation of ions/ Large Ka (acid dissociation constant) value / strong 
electrolyte   
 

                                                                                                        

H2SO4(aq)  +  2NH3(aq)   ⇌   SO
2

4 (aq)  +  2NH


4  (aq)   (Balancing ) 

 
 
 
 
 
 
 

 

  
 
 
 
 
 
 
(2) 

 
 
(3) 
 

2.3 
2.3.1 
 
 
 
 
 
 
 
 
 

2.3.2 
 
2.4 

 

2.4.1 

 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 

  
H2O(ℓ)  +  H2O(ℓ)  ⇌  H3O+(aq)   +  OH-(aq)   

OR 

 2H2O(ℓ)  ⇌  H3O+(aq)   +  OH-(aq) 
 

 
 
 

 
 

Amphiprotic/Ampholyte   
 

HF(aq)   +   NaOH (aq)   →  NaF(aq)   +   H2O (ℓ) 
 
 

nHF = c V                                                        
       = (0,5)(0,1)  
       = 0,05 mol 
 
nOH

- reacted = 0.05 (mole ratio =1:1)  

 
nOH

- initial = cV 
               = (0,8)(0,25)   
               = 0,20 mol     
   
nOH

- in excess  = 0,20 – 0,05  
                         = 0.15 mol     OR 

  
b

a

bb

aa

n

n

Vc

Vc
   

1

1

)8,0(c

)5,0)(1,0(

b

   

  
 
 
 
 
 
 
 
 

 
 
(3) 
 
(1) 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 

Notes: 

 Products:  one mark each ;  Balancing   

 Ignore ⇌ 

 Ignore phases 

 
 

Notes: 

 Reactants ;Products ;Balancing    

 Ignore ⇌ 

Notes: 

 Products:  one mark each ;  Balancing   

 Ignore ⇌ 
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2.4.2 

cb = 0,0625  

[OH-] = 0,25 – 0.0625  

         = 0,1875 mol.dm-3  

n = cV = (0,1875)(0,8)  

           = 0,15 mol                                                                                        
 
 

    c OH- = 
V

n  = 0,15
(0,5+0,8)

           OR  

                    = 0,115 mol.dm-3 

[H3O+][ OH-] = 10-14 
 

         [H3O+] = 
10−14

0,115
  

               = 8,69 x10-14 

               pH = -log[H3O+] 

                    = -log(8,69 x10-14)  

                    = 13,06  

 
 
 
 
 
 
 
 
 
(5)  
 
 
 
 
 
 
 
 
 
 
 
 
 
(5) 
[20] 

 

  

c OH- = 
V

n  = 0,15
(0,5+0,8)

  

            = 0,115 mol.dm-3 

       pOH = -log[ OH-]   

      = -log (0,115)   

                = 0,94 

           pH = 14 – 0,94   

                 = 13,06   
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5 -The titration of oxalic acid with sodium hydroxide (Experiment). 
 
LEARNING OBJECTIVES 
 
For a titration of oxalic acid with sodium hydroxide: 

 List the apparatus needed or identify the apparatus from a diagram. 

 Describe the procedure to prepare a standard oxalic acid solution. 

 Describe the procedure to conduct the titration. 

 Describe safety precautions. 

 Describe measures that need to be in place to ensure reliable results. 

 Interpret given results to determine the unknown concentration. 
 
Baseline assessment:  
 

1. Define the term titration. 
2. Define equivalence point of a titration. 
3. Define the endpoint of a titration. 

 
Introduction: 
 
 
We learned that when an acid reacts with a base, a proton (H+) is transferred from the acid 
to the base. 
 

The reaction between an acid and base is called neutralization reaction. Generally this type of 

reaction produced salts and water. 

ACID + BASE → SALT + WATER 

Titration is a technique for determining the concentration of an unknown solution.  

We can calculate the concentration of an unknown solution using the following equation: 

𝑛𝑎
𝑛𝑏
=
𝑐𝑎𝑉𝑎
𝑐𝑏𝑉𝑏

 

 

Where 

n= number of moles of acid or base in mol. 

c= concentration of acid or base in mol·dm-3. 

V= volume of acid or base in dm3. 

In this experiment we are going to neutralise sodium hydroxide with oxalic acid through titration. 
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Development  

Experiment: Titration of oxalic acid with sodium hydroxide: 

Aim: Neutralise sodium hydroxide with oxalic acid through titration. 

Materials: 

 Two burettes. 
 Glass beaker. 
 Spatula 
 Funnel. 
 Watch glass. 
 Volumetric flask. 
 Distilled water. 
 0,5 mol·dm-3 sodium hydroxide solution. 
 phenolphthalein solution. 
 oxalic acid crystals ((COOH)2·2H2O) 

 

Safety precautions:  

 Wear safety goggle. 
 Use safety glasses  
 Avoid contact with the chemicals and wash your hands after experiment. 
 Use glass apparatus with care. 

 

Method: 

First we need to make the oxalic acid solution: 

Step 1: Weigh 15,7 g oxalic acid crystals in a watch glass. 

Step 2: Transfer the crystals quantitatively to a 250 volumetric flask. Use a funnel and a wash 

bottle. Make sure that all the crystals drop into the flask. 

Step 3: Fill the flask to two-third of its volume with distilled water; stopper the flask and shake 

until the crystals have dissolved. 

Step 4: Fill the volumetric flask to the mark, using the wash bottle. Shake well. 

Step 5: Calculate the concentration of you oxalic acid solution. 

Reaction of the acid and the base: 

Step 1: Fill one burette to the 0 mark with the standard oxalic acid solution. 

Step 2: Run 25 ml oxalic acid into the Erlenmeyer flask. 

Step 3: Add two drops of phenolphthalein solution into the Erlenmeyer flask. 

Step 4: Open the rap of the 2nd burette in small squirts with the NaOH until the content of the 

Erlenmeyer flask change colour. 

Step 5: Note the reading on the brunette and record this reading as the trial run. 

Step 6: Dispose of the content of the flask and rise with distilled water. 

Step 7: Repeat steps 1 to 5 and record your reading in a table. Take three readings. 

Step 8: Do not use the trial run when calculating the average of the reading. 
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Results: 

Result V acid (cm3) V base (cm3) 

1   

2   

3   

Average   

 

Analysis of the result: 

1. Write the balance equation for the reaction between oxalic acid and sodium hydroxide. 

2. Calculate the concentration of the sodium hydroxide solution. Use the volume of oxalic acid 

that you titrated or assume that the volume was 14,5 ml. 

Conclusions: 

 Write down the conclusion of the experiment. 

Report 

 

The report  for the experiment must include the following headings: 

1.  Aim 

2.  Apparatus 

3.  Safety precautions required. 

4.  Method 

5.  Observation & Recording of results 

6.  Analysis & Interpretation  

7. Conclusion 
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EXERCISE 

QUESTION 1 (DBE/Feb.–Mar. 2016)   

1.1 Define an acid in terms of the Lowry-Brønsted theory.  (2) 

1.2 Carbonated water is an aqueous solution of carbonic acid, H2CO3.  H2CO3(aq) 

ionises in two steps when it dissolves in water. 

  

 1.2.1 Write down the FORMULA of the conjugate base of H2CO3(aq).  (1) 

 1.2.2 Write down a balanced equation for the first step in the ionisation 

of carbonic acid. 

 

(3) 

 1.2.3 The pH of a carbonic acid solution at 25 °C is 3,4. Calculate the 

hydroxide ion concentration in the solution. 

 

(5) 

1.3 X is a monoprotic acid.    

 1.3.1 State the meaning of the term monoprotic.   (1) 

 1.3.2 A sample of acid X is titrated with a standard sodium hydroxide 

solution using a suitable indicator.  

At the endpoint it is found that 25 cm3 of acid X is neutralised by 

27,5 cm3 of the sodium hydroxide solution of concentration 

0,1 mol∙dm-3.  

Calculate the concentration of acid X. 

  

 

 

 

(5) 

 1.3.3 The concentration of H3O+ ions in the sample of acid X is            

2,4 x 10-4 mol∙dm-3. 

Is acid X a WEAK or a STRONG acid? Explain the answer by 

referring to the answer in QUESTION 1.3.2. 

  

 

 

 

(3) 

[20] 
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SOLUTIONS  

Momo of baseline assessment 
 
3. Titration is the method used to determine the concentration of a known substance using 

another, standard, solution.  
4. The equivalence point of a titration is the point at which the acid /base has completely 

reacted with the base/acid. 
5. The endpoint of a titration is the point where the indicator changes colour. 

 

Experiment: 

 Calculate the concentration of your oxalic acid solution. 

M ((COOH)2·2H2O = 2(12 + 16 +16 +1) +2(2x1 +16) = 126 g·mol-1 

m = 15,7 g 

V = 250 cm3 = 0,25 dm3 

𝐶 =
𝑛

𝑉
  

𝑛 =
𝑚

𝑀
=
15,7

126
= 0,12 𝑚𝑜𝑙  

𝐶 =
𝑛

𝑉
=
0,12

0,25
= 0,48 𝑚𝑜𝑙 · 𝑑𝑚−3  

Results: 

Result V acid (cm3) V base (cm3) 

1 25 9,5 

2 25 10 

3 25 10,3 

Average 25 9,93 

Analysis of the results: 

Close to the end point the content of the flask change colour to a light pink. At the end point the 
acid was neutralised by the base. 

6. 2NaOH + (COOH)2 · 2H2O → Na2(COO)2 (aq) + 4H2O 

2. 𝐶(𝐶𝑂𝑂𝐻)2∙2𝐻2𝑂 = 0,48  𝑚𝑜𝑙 · 𝑑𝑚
−3 

 𝑉(𝐶𝑂𝑂𝐻)2∙2𝐻2𝑂 = 25 𝑐𝑚
3 = 0,025 𝑑𝑚3 

 𝑎 = 1 

 𝑉𝑁𝑎𝑂𝐻 = 9,93 𝑐𝑚
3 = 0,01 𝑑𝑚3 

 𝐶𝑁𝑎𝑂𝐻 =? 

 𝑏 = 2 
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𝐶(𝐶𝑂𝑂𝐻)2∙2𝐻2𝑂×𝑉(𝐶𝑂𝑂𝐻)2∙2𝐻2𝑂

𝑎
=
𝐶𝑁𝑎𝑂𝐻𝑉𝑁𝑎𝑂𝐻

𝑏
  

                         
0,48×0,025

1
=
𝐶𝑁𝑎𝑂𝐻×0,01

2
 

                                 𝐶𝑁𝑎𝑂𝐻 = 2,4 𝑚𝑜𝑙 ∙ 𝑑𝑚
−3 

Conclusion: 

At the end point the base neutralises the acid completely and the number of mole of the base 

and the acid are stiochometrically equal therefore the concentration the unkown substance can 

be calculated using the equation 
𝑛𝑎

𝑛𝑏
=
𝑐𝑎𝑉𝑎

𝑐𝑏𝑉𝑏
 

QUESTION 1 

1.1 It is a proton/H3O+ ion/H+ ion donor.   (2) 

1.2     

1.2.1 2

3CO (aq)        Note 

Ignore phase/Ignoreer fase 

 

(1) 

1.2.2 H2CO3 + H2O ⇌ HCO3
-(aq)+ H3O+(aq)       bal   

(3) 

Notes  

 Reactants        Products    Balancing  
 Ignore → and phases 
 Marking rule 6.3.10 

 

1.2.3 

 

OPTION 1 

pH =-log[H+]  

3,4 =-log[H+]  

[H+] = 10-3,4 / 3,98 x 10-4 mol∙dm-3  

 

[H+][OH-] = 10-14 


 

[OH-] = 
4

14

1098,3

101







  

  = 2,51x10-11 mol∙dm-3 
 

OPTION 2 

pH + pOH = 14  

3,4 + pOH = 14  

pOH = 11,6 

 

pOH =-log[OH-]  

11,6 =-log[OH-]  

[OH-] = 10-11,6/2,51x10-11 mol∙dm-3 


 

 

 

 

 

 

(5) 
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1.3 

1.3.1 

 

An acid that donates ONE proton/H+/H3O+-ion.  

OR 

An acid of which ONE mol ionises to form ONE mol of protons/H+ ions/H3O+ 

ions.  

 

 

 

(1) 

1.3.2 OPTION 1 

3

a

a

b

a

bb

aa

dmmol11,0c

1

1

5,271,0

25c

n

n

Vc

Vc













 

Marking guidelines: 

 Formula 

 Substitution of ca x 25. 

 Substitution of 0,1 x 27,5 

 Use mol ratio 1:1. 

 Final answer: 0,11 mol∙dm-3 

 

(5) 

OPTION/OPSIE 2 

n(NaOH) = cV  

               = 0,1 x 0,0275  

               = 0,00275 mol 

 

n(acid X) = n(NaOH)  

               = 0,00275 mol  

3

3

dmmol11,0

025,0

1075,2

V

n
)Xacid(c












 

Marking guidelines/Nasienriglyne: 

 n = cV  

 Substitution into n = cV to calculate 
n(NaOH). 

 Use mol ratio 1:1. 
  

 Substitution into 
V

n
c   to calculate 

c(acid). 

 Final answer: 0,11 mol∙dm-3 
  

 

1.3.3 Weak  

The [H+] OR [H3O+] is lower than the concentration of acid X.  

Therefore the acid is incompletely ionised.  

 

 

(3) 

   [20] 

 

 

 
 

 

 

 

 

- 
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6 - Revision exercises on acids and bases. 
 
LEARNING OBJECTIVES 

 Define acids and bases according to Arrhenius and Lowry-Brønsted: 

 Distinguish between strong acids/bases and weak acids/bases.  

 Distinguish between concentrated acids/bases and dilute acids/bases. 

 Write down the reaction equations of aqueous solutions of acids and bases. 

 Identify conjugate acid-base pairs for given compounds. 

 Describe a substance that can act as either acid or base as amphiprotic (ampholyte). 

 Write down neutralisation reactions of common laboratory acids and bases. 

 Motivate the choice of a specific indicator in a titration. 

 Perform stoichiometric calculations based on titrations of a strong acid with a strong base, 
a strong acid with a weak base and a weak acid with a strong base. 

 Calculate pH values of strong acids and strong bases. Define Kw as the equilibrium 
constant for the ionisation of water. 

 Explain the auto-ionisation of water. 

 Interpret Ka and Kb values. 
 
 Introduction 
-  Summary on acids and bases 
 

 Arrhenius theory: An acid is a substance that produces hydrogen ions (H
+
)/hydronium 

ions (H
3
O

+
) when it dissolves in water. A base is a substance that produces hydroxide 

ions (OH
-
) when it dissolves in water.  

 
Arrhenius acid increases [H3O+] 

Arrhenius base increases [OH-] 

 
 Lowry-Brønsted theory:  

An acid is a proton (H
+ 

ion) donor. A base is a proton (H
+ 

ion) acceptor.  

Brønsted-Lowry acid  donates H+ proton donor 

Brønsted-Lowry base  accepts H+  Proton acceptor 

 A conjugate acid-base pair consists of two species in an acid-base reaction, one acid 
and one base that differ by the loss or gain of a proton. The acid in such a pair is called 
the conjugate acid of the base, whereas the base is the conjugate base of the acid.  

 Strong acids ionise completely in water to form a high concentration of H3O+ ions.  

 Strong bases dissociate completely in water to form a high concentration of OH- ions. 

 Weak acids ionise incompletely in water to form a low concentration of H3O+ ions. 

 Weak bases dissociate/ionise incompletely in water to form a low concentration of OH- 

ions. 

 The concentration of the solution is the amount of solute present in a given quantity of a 

solvent or solution. 

 A neutralisation reaction involves an acid and a base reacting to form a salt. 

 Auto-ionisation of water is the reaction of water with itself to form H3O+ ions and OH- 

ions. 

 Kw, the equilibrium value of the ion product [𝑯𝟑𝑶
+][𝑶𝑯−] is the ionisation constant for 

water. 𝑲𝒘 = [𝑯𝟑𝑶
+][𝑶𝑯−] 

 pH is a measure of the acidity or alkalinity of a solution. 
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 𝒑𝑯 = −𝒍𝒐𝒈[𝑯𝟑𝑶
+] 

 The reverse of a neutralisation reaction is called hydrolysis. Hydrolysis happens when a 

salt dissolves in water, sometimes changing the pH of the solution. Hydrolysis is the 

reaction of a salt with water 

 Titration is the method used to determine the concentration of a known substance using 

another, standard solution. A standard solution is one where the exact concentration of 

solute in a solvent is known. 

 The equivalence point of a titration is the point at which the acid /base has completely 

reacted with the base/acid. 

 The endpoint of a titration is the point where the indicator changes colour. 

 Applying it to the neutralisation reaction, we get to following equation that we can use to 

calculate the unknown concentration: 

 
𝑛𝑎
𝑛𝑏
=
𝑐𝑎𝑉𝑎
𝑐𝑏𝑉𝑏

 

 
 
Development  
 
REVISION EXERCISES 
 
QUESTION 1:  MULTIPLE-CHOICE QUESTIONS. 
 
Four options are provided as possible answers to the following questions.  Each 
question has only ONE correct answer.  Write only the letter (A, B, C, D) next to  
the question number. 
 

  

1.1. An Arrhenius acid is a substance that  
 
A Accept a proton. 
B Donates a proton. 
C Produces H+ ions in aqueous solution. 
D Produces OH-  ions in aqueous solution. 
 
1.2. In the reaction: 𝐻2𝑆𝑂4(𝑎𝑞) + 𝐻2𝑂(𝑙) ⇌ 𝐻𝑆𝑂4

−(𝑎𝑞) + 𝐻3𝑂
+(𝑎𝑞), the Brønsted –Lowry bases  

       are: 

 

A 𝐻2𝑂 and 𝐻3𝑂
+ 

B 𝐻2𝑆𝑂4 and 𝐻3𝑂
+ 

C 𝐻𝑆𝑂4
− and 𝐻3𝑂

+ 

D 𝐻2𝑂  and 𝐻𝑆𝑂4
− 

 

1.3. Which of the following is amphiprotic in water? 

 

A 𝑆𝑂2 

B 𝑆𝑂3
2− 

C  𝐻𝑆𝑂3
− 

D 𝐻2𝑆𝑂3 
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1.4. Water undergoes auto-ionisation and the dissociation constant KW remains constant at 1 x 

10-14. In a neutral solution... 

 

A [H3O+] < [OH-] 

B [H3O+] = [OH-] 

C  [H3O+] > [OH-] 

D  [H3O+] = [H2O] 

 

1.5. Consider  the reaction:  

𝑿   +    𝑯𝟐𝑶   ⇌   𝑯𝟑𝑶
+    +    𝑯𝑺𝑶𝟒

−  
X  represents the:  
 

A       acid 𝑺𝑶𝟒
𝟐−    

B       base 𝑺𝑶𝟒
𝟐−  

C       acid H2SO4 
D       base H2SO4 

 
 
 
 
 
1.6. If base X is titrated against acid Y, the pH of the solution at the end point is 8. 
       The base X and the acid Y are respectively:   

 X Y 

A NaOH CH3COOH 

B CaCO3 HCℓ 

C NaOH H2SO4 

D CaCO3 CH3COOH 

    
 

1.7. Which ONE of the following represents the products formed during the hydrolysis of   
       ammonium chloride? 
 

A 𝑁𝐻3(aq) and H3O+(aq) 

B   𝑁𝐻4
+(𝑎𝑞) and Cℓ− (aq) 

C HCℓ(aq) and OH− (aq) 

D Cℓ− (aq) and 𝐻3𝑂
+(aq) 
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QUESTION 2: (JUNE 2014 NC) 

Lana is given a solution of sodium hydroxide of unknown concentration. Her teacher said she 

can find its concentration by titrating it against a standard solution of oxalic acid. 

2.1 Define a standard solution.  

2.2 Lana wants to prepare a standard solution of oxalic acid dihydrate (H2C2O4.2H2O) of    
           concentration 0,1mol·dm-3 in a 250 cm3 volumetric flask. 
 

Perform a suitable calculation to find out the mass of oxalic acid dihydrate that she has to weigh 

out accurately to make a solution of 0,1 mol·dm-3.    

2.3 Suggest a suitable indicator that she can use for the titration of the standard oxalic acid  
           against sodium hydroxide solution.  
   
2.4 Motivate your answer in QUESTION 2.3     

The neutralisation reaction that takes place between oxalic acid and sodium hydroxide is given 

below. 

                   2NaOH(aq)  +  H2C2O4(aq)             Na2C2O4(aq)  +  2H2O(ℓ) 

2.5 If exactly 22 cm3 of the sodium hydroxide solution was required to neutralise 25 cm3 of  
           the oxalic acid solution, calculate the concentration of the sodium hydroxide solution. 
  
 

QUESTION 3:  

Hydrochloric acid is a strong acid while ammonia is a weak base. Consider the acid -base 

reaction between hydrochloric acid and ammonia and answer the following questions. 

3.1. Write down the Bronsted- Lowry definition for an acid. 

3.2. Complete the following equation and indicate the conjugate acid-base pairs. 

             HCℓ  +  NH3  ⇌ 

The pH scale is used to measure how acidic or basic a liquid is. The pH scale varies from 0-14. 

3.3. If the hydrochloric acid solution was prepared by dissolving 0,20 g of HCℓ in 500cm3 of  
       water, Calculate the pH of the solution. 
 

The pH value, conductivity and reaction rate of acids and bases also indicate how strong or  
weak the solutions are. 
 
3.4 Compare hydrochloric acid and ethanoic acid by referring to their 

3.4.1. pH 

3.4.2. conductivity 
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QUESTION 4: (NOVEMBER 2014) 

4.1 Nitric acid (HNO3), an important acid used in industry, is a strong acid. 

4.1.1. Give a reason why nitric acid is classified as a strong acid.                                       (1) 

4.1.2. Write down the NAME or FORMULA of the conjugate base of nitric acid                  (1)  

4.1.3 Calculate the pH of a 0,3 mol∙dm-3 nitric acid solution.                                                (3) 

4.2. A laboratory technician wants to determine the percentage purity of magnesium oxide. He 

dissolves a 4,5 g sample of the magnesium oxide in 100 cm3 hydrochloric acid of concentration 

2 mol∙dm-3. 

4.2.1. Calculate the number of moles of hydrochloric acid added to the magnesium oxide.(3) 

He then uses the apparatus below to titrate the EXCESS hydrochloric acid in the above solution 

against a sodium hydroxide solution. 

 

4.2.2. Write down the name of apparatus Q in the above diagram.                                     (1) 

4.2.3. The following indicators are available for the titration: 

INDICATOR pH RANGE 

A 3,1 – 4,4 

B 6,0 – 7,6 

C 8,3 – 10,0 

 Which ONE of the above indicators (A, B or C) is most suitable to indicate the exact endpoint in 

this titration? Give a reason for the answer.                                                        (3) 

4.2.4. During the titration, the technician uses distilled water to wash any sodium hydroxide  
          spilled against the sides of the Erlenmeyer flask into the solution. 
 
Give a reason why the addition of distilled water to the Erlenmeyer flask will not influence the 
results.  
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              (1) 
4.2.5. At the endpoint of the titration he finds that 21 cm3 of a 0,2 mol· dm-3 sodium hydroxide           
          solution has neutralised the EXCESS hydrochloric acid. 
          Calculate the number of moles of hydrochloric acid in excess.                              (3) 

4.2.6. The balanced equation for the reaction between hydrochloric acid and magnesium oxide 

is:       MgO(s) + 2HCℓ(aq) → MgCℓ2(aq) + 2H2O(ℓ) 

Calculate the percentage purity of the magnesium oxide. Assume that only the magnesium oxide 
in the 4,5 g sample reacted with the acid.                                                                 (5) 

[21] 

QUESTION 5: (FEBRUARY-MARCH 2015) 

5.1   Sulphuric acid is a diprotic acid. 

5.1.1. Define an acid in terms of the Lowry-Brønsted theory.      (2) 

5.1.2. Give a reason why sulphuric acid is referred to as a diprotic acid.   (1) 

5.2. The hydrogen carbonate ion can act as both an acid and a base. It reacts with water    

       according to the following balanced equation: 

HCO3
-(aq) + H2O(ℓ) ⇌ H2CO3(aq) + OH-(aq) 

5.2.1. Write down ONE word for the underlined phrase.     (1) 

5.2.2. HCO3
-(aq) acts as base in the above reaction. Write down the formula of the conjugate 

acid of HCO3
-(aq).            (1) 

A learner accidentally spills some sulphuric acid of concentration 6 mol∙dm-3 from a flask on the 
laboratory bench. Her teacher tells her to neutralise the spilled acid by sprinkling sodium 
hydrogen carbonate powder onto it. The reaction that takes place is: (Assume that the H2SO4 
ionises completely.) 

H2SO4(aq) + 2NaHCO3(s) → Na2SO4(aq) + 2H2O(ℓ) + 2CO2(g) 

The fizzing, due to the formation of carbon dioxide, stops after the learner has added 27 g  
sodium hydrogen carbonate to the spilled acid. 
 
5.3.1. Calculate the volume of sulphuric acid that spilled. Assume that all the sodium hydrogen 
carbonate reacts with all the acid.         (6) 
The learner now dilutes some of the 6 mol∙dm-3 sulphuric acid solution in the flask  
to 0,1 mol∙dm-3. 
5.3.2 Calculate the volume of the 6 mol∙dm-3 sulphuric acid solution needed to prepare 1 dm3 of 
the dilute acid.           (2) 
During a titration 25 cm3 of the 0,1 mol∙dm-3 sulphuric acid solution is added to an Erlenmeyer 
flask and titrated with a 0,1 mol∙dm-3 sodium hydroxide solution. 
5.3.3. The learner uses bromothymol blue as indicator. What is the purpose of this indicator? 
              (1) 
5.3.4. Calculate the pH of the solution in the flask after the addition of 30 cm3 of sodium 
hydroxide. The endpoint of the titration is not yet reached at this point.    (8) 

[22] 
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QUESTION 6   (DBE/November 2016)    

 

6.1 A learner dissolves ammonium chloride (NH4Cℓ) crystals in water and 

measures the pH of the solution. 

 

 

 6.1.1 Define the term hydrolysis of a salt.  (2) 

 6.1.2 Will the pH of the solution be GREATER THAN, SMALLER THAN 

or EQUAL TO 7? Write a relevant equation to support your answer. 

 

(3) 

6.2 A sulphuric acid solution is prepared by dissolving 7,35 g of H2SO4(ℓ) in 

500 cm3 of water.  

 

 

 6.2.1 Calculate the number of moles of H2SO4 present in this solution.  (2) 

 Sodium hydroxide (NaOH) pellets are added to the 500 cm3 H2SO4 solution.  

The balanced equation for the reaction is: 

H2SO4(aq) + 2NaOH(s)  →  Na2SO4(aq) + 2H2O(ℓ) 

After completion of the reaction, the pH of the solution was found to be 1,3. 

Assume complete ionisation of H2SO4. 

 

 

 6.2.2 Calculate the mass of NaOH added to the H2SO4 solution. Assume 

that the volume of the solution does not change. 

 

(9) 

    [16] 
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SOLUTIONS  

QUESTION 1: 

1.1 D 
1.2 D 
1.3 C 
1.4 B 
1.5 C 
1.6 A 
1.7 A 
 

QUESTION 2: 

 

2.1. A solution of accurately known concentration. 

2.2.      c = 
𝑚

𝑀𝑉
  

   0,1= 
𝑚

(126)(0,25)
    

     m = 3,15g 

 

2.3. Phenolphthalein 

 

2.4. When oxalic acid which is a weak acid is titrated against sodium hydroxide which is a strong 

base, the end point would be at a pH greater than 7.  

Phenolphthalein has a pH range of 8,3 - 10. /Suitable for weak acid and strong base titration. 

2.5.       
𝑐𝑎𝑉𝑎

𝑐𝑏𝑉𝑏
 = 

𝑛𝑎

𝑛𝑏
   

   
(0,1)(25)

𝑐𝑏(22)
 = 
1

2
  

    cb = 0,23 mol·dm-3 

 

QUESTION 3: 

3.1 Acid is a proton donor. 

3.2  

HCℓ  +  NH3   ⇌  NH4
+   +   Cl- 

                            

 

3.3. HCℓ   +  H2O            [H3O]+  + Cl- 

             c = 
m

MV
   

                = 
0,2

(36,5)(0,5)
    

  = 0,012 mol·dm-3 

     [H3O+] = 0,012 mol·dm-3  

   pH =  - log [H3O]+        pH=  - log ( 0,012 )  

       pH =    1,92 

3.4.1. Hydrochloric acid has a lower pH than ethanoic acid.                                              

3.4.2. Hydrochloric acid has a  higher conductivity than ethanoic acid.                             
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QUESTION 4 

4.1. Ionises / dissociates completely (in water)                                                              (1) 

4.2. 𝑁𝑂3
−/ Nitrate ion     (1) 

 
4.3. pH = -log[H3O+] / -log[H+]  
= -log(0,3)  
= 0,52      (3) 

 

4.2.1 𝐶 =
𝑛

𝑉
 

2 =
𝑛

0,1
 

∴ n(HCℓ) = 0,2 mol      (3) 

 

4.2.2. Burette     (1) 

4.2.3. B 

Titration of strong acid and strong base.     

OR 

The endpoint will be approximately at pH = 7 which is in the range of the indicator.         (3) 

 

4.2.4. The number of moles of acid in the flask remains constant.   (1) 

4.2.5.  

𝐶 =
𝑛

𝑉
 

2 =
𝑛

0,021
 

n = 4,2 x 10-3 mol 
n(HCℓ in excess: 
n(HCℓ) = n(NaOH) 
= 4,2 x 10-3 mol        (3) 
 

(5) 
    [21] 
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QUESTION 5 
5.1.1. An acid is a proton (H+ ion) donor.                   (2) 
5.1.2. It ionises to form 2 protons                                                                         
OR 
It donates 2 H+ ions per H2SO4 molecule.    (1) 
5.2.1. Amphiprotic (substance).    (1) 
5.2.2. H2CO3(aq)    (1) 
5.3.1. 
 

   (6) 
5.3.2. 
na(initia = na(final) 
cava(initial/) = cava(final) 

∴ (6)va = (0,1)(1) 
∴ va = 0,02 dm3  or  (20 cm3/0,0167 dm3/16,7 cm3)    (2)5.3.3. 

Shows end point (of titration)./Shows when neutralisation occurs.   (1) 
5.3.4.  

    
  (8)  [22] 
QUESTION 6   
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6.1 

6.1.1 

 

Hydrolysis is the reaction (of a salt) with water.   (2 or 0) 

 

 

(2) 

6.1.2 Smaller than (7)  



4NH + H2O  → NH3 + H3O+       

Accept: 

NH4Cℓ + H2O  →  NH3 + H3O+ + Cℓ-      



4NH  →  NH3 + H+ 

Note: 

 Mark equation independently of first 
answer 

 If incorrect balancing Max.          
3

2  

 

 

 

 Marking criteria for equation: 

 Reactants   Products    

 Ignore double arrows and phases. 

 Marking rule 6.3.10. 

 

(3) 

6.2    

6.2.1 Marking guidelines: 

 Substitution of 98 g∙mol-1.  

 Final answer: 0,08 mol   
Note:  

If not rounded: (0,075 mol)  

 

 

 OPTION 1 

M

m
n   

   = 
98

35,7
 

   = 0,08 mol    (0,075 mol) 

OPTION 2 

98 g : 1 mol 

7,35 :0,08 mol  

 

(2) 

OPTION 3 

MV

m
c   

   = 
5,098

35,7


 

   = 0,15 mol∙dm-3  

n = cV 

   = 0,15 x 0,5 

   = 0,08 mol  
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6.2.2 POSITIVE MARKING FROM QUESTION 6.2.1.   

 OPTION 1/OPSIE 1 

pH = −log[H3O+]  

1,3  = −log[H3O+]  

[H3O+] = 0,05 mol∙dm-3  

[H2SO4] = ½[H3O+] 

             = ½ x 0,05  

             = 0,025 mol∙dm-3          (0,03)  

n(H2SO4)ex = cV  

                       = 0,025 x 0,5  

                       = 0,0125 mol       (0,02) 

n(H2SO4)react= 0,075 – 0,0125                                       

                          = 0,0625 mol    (0,06) 

n(NaOH) = 2n(H2SO4) 

               = 2 x 0,0625  

               = 0,125 mol                 (0,12) 

 

40

m
125,0

M

m
)NaOH(n





 

           m = 5 g       (4,8 g) 

Marking guidelines/Nasienriglyne: 

 

 Formula/Formule: pH = −log[H3O+] 
 

 Substitution of/Substitusie van 1,3 
 

 Use [H2SO4] : [H3O+] = 1 : 2  
Gebruik [H2SO4] : [H3O+] = 1 : 2  

 Formula: 
V

n
c 

 

 

 Multiply by 0,5 dm3
 

 Subtract ninitial – nexcess   

 Use n(NaOH) : n(H2SO4) = 2:1  

 Substitution of 40 g∙mol-1  

 Final answer: m = 5 g  
Range: 4,8 – 5,6 g 

 

 

 

 

 

 

 

OR 

1 mol         :   40 g   

0,125 mol  :   5 g  
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 OPTION 2 

pH = −log[H3O+]  

1,3  = −log[H3O+]  

[H3O+] = 0,05 mol∙dm-3  

n(H3O+)ex= cV  

       = (0,05)(0,5)  

                    = 0,025 mol            (0,03) 

n(H3O+)in = 2n(H2SO4) 

                     = 0,075 x 2  

                     = 0,15 mol             (0,16) 

 

n(H3O+)react = 0,15 – 0,025  

                   = 0,125 mol    (0,13) 

 

n(NaOH) = n(H3O+)  

               = 0,125 mol                 (0,13) 

40

m
125,0

M

m
)NaOH(n





 

           m = 5 g       (5,2 g)  

Marking guidelines: 

 Formula: pH = −log[H3O+]  

 Substitution of 1,3  

 Formula: 
V

n
c 

 

 

 Multiply by 0,5 dm3
 

 Use n(H2SO4) : n(H3O+) = 1 : 2  

 Subtract ninitial – nexcess  

 Use n(H3O+) : n(NaOH) = 1 : 1  

 Substitution of 40 g∙mol-1  

 Final answer: m = 5 g  
 

Range: 4,8 – 5,6 g 

 

 

 

 

 

 

 

 

OR 

1 mol        : 40 g   

0,125 mol : 5 g  
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 OPTION 3 

[H2SO4]in= 
V

n
  

                     = 
5,0

075,0
  

                     = 0,15 mol∙dm-3      (0,16) 

[H3O+]in= 2[H2SO4]  

                   = 2 x 0,15  

                   = 0,3 mol∙dm-3         (0,32) 

pH = −log[H3O+]  

1,3  = -log[H3O+]  

[H3O+] = 0,05 mol∙dm-3  

[H3O+]react= 0,3 – 0,05   

                     = 0,25 mol∙dm-3       (0,27) 

[H2SO4]react = ½[H3O+]  

                       = ½ x 0,25  

                       = 0,125 mol∙dm-3  
(0,14) 

Marking guidelines: 

 Formula: 
V

n
c 

 

 

 Divide by 0,5 dm3
 

 Use [H3O+] : [H2SO4] = 2:1  

 Formula: pH = −log[H3O+]  

 Substitution of 1,3  

 Subtract [H3O+]initial – [H3O+]excess  

 Use n(NaOH) : n(H2SO4) = 2:1  
OR 

Use [H2SO4] : [NaOH] = 1 : 2  

 Substitution of 40 g∙mol-1  

 Final answer: m = 5 g  
 

Range: 4,8 – 5,6 g 

 

 

 

 

 

 n(H2SO4)react = cV  

 = (0,125)(0,5)  

 = 0,0625 mol      (0,07) 

n(NaOH) = 2n(H2SO4)  

     = 2 x 0,0625  

     = 0,125 mol                       (0,14) 

40

m
125,0

M

m
)NaOH(n





 

           m = 5 g       (5,6 g) 

       [H2SO4] : [NaOH]   

  1       :       2 

      0,125      :    0,25    (0,28) 

m = cMV   

    = 0,25 x 40 x 0,5  

    = 5 g          (5,6 g) 

 

 

 

 

 

(9) 

    [16] 

 


