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Acidic environment 4. Definitions of acid and base 

Extract from Chemistry Stage 6 Syllabus (Amended October 2002). © Board of Studies, NSW.  

[Edit: 27 Jun 08] 

Background: As the properties of acids and bases have been observed and particle concepts 

developed, there has been a change in the definitions of an acid and base. The original 

definitions were based on observable properties, such as an acid tastes sour, or an acid turns 

litmus red. More recent definitions have been based on particle concepts, such as an acid is a 

proton donor. 

gather and process information from secondary sources to trace developments in 
understanding and describing acid/base reactions 

• This is an opportunity for you to gather relevant information to summarise the 

developments in understanding and describing acid-base reactions by Arrhenius and 

Bronsted-Lowry. The information required is readily available in HSC chemistry 

level texts.  

• Process the information by accessing a number of sources. When you have identified 

a source of information, evaluate its validity by checking the reputation of the source 

and by looking to see how the information compares to information from other 

sources. You might use a table like that following to record and compare information. 

Scientist(s) Acid definition Base definition Notes 

Arrhenius ? ? Water solutions only 

Bronsted-Lowry ? ? Acid must contain hydrogen 

 

outline the historical development of ideas about acids including those of: 

Lavoisier 

Davy 

Arrhenius 

• In the 1780s, the French chemist, Antoine Lavoisier, found that non-metal oxides 

reacted with water forming acidic solutions. He concluded that an acid must contain 

oxygen.  

• In 1815, the English chemist, Humphry Davy, observed that all known acids 

contained hydrogen that could be replaced by reaction with a metal. He also noted 

that compounds of metal with oxygen were bases.  
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• Lavoisier and Davy's definitions were based on observable properties. In 1884, the 

Swedish chemist, Svante Arrhenius, put forward definitions based on concepts about 

particles too small to be directly observed. Arrhenius proposed that:  

An acid produced hydrogen ions H+ when dissolved in water. A base produced 

hydroxide ions OH- when dissolved in water. 

• The Arrhenius definitions are the ones generally used in junior high school (stages 4 

and 5 Science). 

 

outline the Brönsted-Lowry theory of acids and bases 

• A theory, based on proton transfer, was independently outlined in 1923 by the Danish 

chemist, Johannes Bronsted, and the British chemist, Thomas Lowry. An acid is a 

proton donor and a base is a proton acceptor.  

• An acid-base reaction involves proton transfer from acid to base.  

• The Bronsted-Lowry theory is used to explain acids and bases in Stage 6 science 

courses. 

 

describe the relationship between an acid and its conjugate base and a base and its 
conjugate acid 

• When an acid donates a proton, it forms its conjugate base.  

     HCl     +     H2O                Cl-           +     H3O
+  

     acid                           conjugate base  

• When a base accepts a proton, it forms its conjugate acid.  

     HCl     +     H2O         Cl-     +     H3O
+  

                     base                   conjugate acid 

 

identify conjugate acid/base pairs 

• Whenever an acid and a base react, they form their conjugates:  

     HCl     +     H2O             Cl-          +         H3O
+  

    acid1          base2       conjugate base1    conjugate acid2  

• Hydrochloric acid and chloride ion are a conjugate acid-base pair.  

• Water and hydronium ion are another conjugate acid-base pair. 
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identify neutralisation as a proton transfer reaction which is exothermic 

• In junior high school, neutralisation is studied as the reaction between an acid and a 

base to form a salt and water. The solutions reacted to demonstrate neutralisation are 

usually of a strong acid, such as hydrochloric acid, and a strong base, such as sodium 

hydroxide.  

 

acid      +          base     salt      +     water  

 

HCl        +        NaOH      NaCl     +     H2O  

 

H+ + Cl- +  Na+ + OH-    Na+ + Cl- +     H2O  

• The net ionic equation for reaction is:  

 

 H+       +         OH-         H2O  

• The net ionic equation shows that neutralisation is a proton transfer reaction. A 

proton from the acid transfers to the hydoxide ion of the base.  

• All neutralisations are exothermic. When the heat of neutralisation is measured for a 

range of strong acids and strong bases, the amount of heat released is always about 57 

kJ per mole of water formed. This is the heat change for the following reaction:  

 

H+ + OH- H2O     DH = - 57 kJ mol-1 

 

perform a first-hand investigation and solve problems using titrations and including 
the preparation of standard solutions, and use available evidence to quantitatively 
and qualitatively describe the reaction between selected acids and bases 

• There are many successful procedures readily available to describe how to perform 

titrations, including how to prepare of standard solutions. When performing the 

investigation, be careful to minimise hazards and wastage of resources. The notes that 

follow the next syllabus point provide you with a description of the issues that must 

be addressed.  

• Use identified problem-solving strategies to develop quantitative descriptions of the 

reactions you study. Some of these are described in the notes for the next syllabus 

point. You should be able to match your quantitative descriptions to the qualitative 

observations you have made.  

• When using evidence from your titrations, propose ideas that demonstrate coherence 

and logical progression and include correct use of scientific principles and ideas.  
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o A titration can be carried out between a solid water soluble acid or base and a 

standard solution. For example an aspirin (acetylsalicylic acid) tablet can be 

titrated against a solution of NaOH using phenolphthalein indicator. 

Commercially bought tablets have labels indicating the amount of monoprotic 

acetylsalicylic acid in each tablet. Before titrating, the aspirin tablet needs to 

be crushed in about 10 mL of ethanol or methylated spirits.  

o The first step in the calculations for a neutralisation reaction is to write out a 

balanced equation for the reaction in this format:  

        aAcid + bBase salt + water  

e.g. H2SO4 + 2NaOH  Na2SO4 + 2H2O 

Here, a = 1 and b = 2 

o For the two solutions that have been used, the unknown acid concentration, ca 

, or unknown base concentration, cb , can be calculated using the relationship:  

 

where c = molar (moles per litre) concentration and v = volume (va and vb 

must be in the same units). 

e.g. if 25.0 mL of 0.0124 M NaOH solution reacts with 15.6 mL of H2SO4 

solution, the calculation is:  

ca =     = 0.00994 

If one of the reactants is a solid, then convert the mass of solid reactant in 

grams to moles. Replace cava or cbvb with the number of moles. In this case, 

the volume of the other reactant must be in L because cv is in moles. When c is 

in moles per litre, v is in litres. 

e.g. if 37.9 mL of sulfuric acid solution is required to neutralise 1.56 g of 

CaCO3 , the calculation is: 

CaCO3 + H2SO4 CaSO4 + H2O + CO2  

1.56 g CaCO3 = = 0.0156 mole 

= 0.0156 
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ca = = 0.412 M  

The amount of product can also be calculated using the mole 

concept. 

• For instance, as we can see from the previous example, the amount of CO2 product is 

0.0156 mole because each mole of CaCO3 produces one mole of CO2.  

0.0156 mole of CO2 = 0.0156 mol x 44.0 g mol-1 = 0.686 g  

0.0156 mole of CO2 = 0.0156 x 24.8 L of gas at 100 kPa and 298 K = 0.387 L 

 

describe the correct technique for conducting titrations and preparation of 
standard solutions 

• A solution of accurately known concentration is called a standard solution.  

• For a chemical to be suitable to prepare as a standard solution, it must:  

1. be a water soluble solid 

2. have high purity - usually Analytical Reagent (A.R.) grade 

3. have an accurately known formula 

4. be stable in air, i.e. it does not lose or gain water or react with oxygen or 

carbon dioxide in air. 

• The solution is prepared by:  

1. accurately weighing a calculated amount of solid 

2. dissolving it in water 

3. transferring all of the dissolved solid to a volumetric flask 

4. adding water to the flask to prepare a fixed volume of solution. 

The concentration is usually calculated in mol L-1. 

• A standard solution can be reacted with a solution of unknown concentration using 

titration technique. One reactant in solution is slowly added to another reactant in 

solution until an end point is reached.  

• The end point of the titration is usually indicated by a change in colour of a small 

amount of indicator solution added to the mixture of reactants. For an acid-base 

titration an indicator is selected that changes colour at the pH of the salt solution 

formed at the point of neutralisation. This is known as the equivalence point.  

• At senior high school level equipment such as burettes, pipettes and volumetric flasks 

give readings to three significant figures. Calculations are carried out to three 

significant figures. 
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choose equipment and perform a first-hand investigation to identify the pH of a range 
of salt solutions 

• Choose the most appropriate equipment available to you. If possible, a pH meter or 

data logger with probe would be most suitable, otherwise select indicator solution or 

indicator paper to measure the pH of the salt solutions.  

• To ensure you perform a valid investigation, prepare solutions of salts of equal 

concentration. Suitable salts are ammonium chloride (NH4Cl), sodium chloride 

(NaCl), sodium carbonate (Na2CO3) and potassium acetate (KCH3COO). 

 

identify a range of salts which form acidic, basic or neutral solutions and explain 
their acidic, neutral or basic nature 

• Salt ions formed from weak acids or weak bases can react with water to reform the 

acid or base. In undergoing these hydrolysis reactions, they release OH- or H+, which 

can produce basic or acidic salt solutions.  

• Ammonium salt solutions are acidic, because  

NH4
+ + H2O NH3 + H3O

+  

• Sodium chloride solution is neutral, because Na+ and Cl- (ions from the strong base 

NaOH and the strong acid HCl) do not undergo hydrolysis.  

• Sodium carbonate solution is basic, because the carbonate ion from the weak acid 

carbonic acid can hydrolyse.  

CO3
2- + H2O HCO3

- + OH-  

• Similarly, potassium acetate solution is basic.  

CH3COO- + H2O CH3COOH + OH-  

• If a salt is made up of two ions that hydrolyse to the same extent, the salt solution 

could be close to neutral, e.g. ammonium acetate NH4CH3COO.  

NH4
+ + H2O NH3 + H3O

+  

CH3COO- + H2O CH3COOH + OH-  

The resulting reaction, H3O
+ + OH- 2H2O, results in a neutral solution. 

 

identify amphiprotic substances and construct equations to describe their behaviour 
in acidic and basic solutions 

• A molecule or ion that can behave as a proton donor or acceptor is called amphiprotic. 

Amphiprotic means protons on both sides. An amphiprotic molecule or ion can donate 

or accept a proton.  

• Water is an amphiprotic molecule:  
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Water as an acid: H2O H+ + OH- or more fully H2O +H2O H3O
+ + OH-  

Water as a base: H+ + H2O H3O
+ or more fully H3O

++H2O H2O + H3O
+ 

• The hydrogen carbonate (bicarbonate) ion is an amphiprotic ion:  

As an acid HCO3
- H+ + CO3

2- or more fully HCO3
-+H2O H3O

+ + CO3
2-  

As a base H+ + HCO3
- H2CO3 or more fully H3O

++ HCO3
- H2O +H2CO3 

 

perform a first-hand investigation to determine the concentration of a domestic 
acidic substance using computer-based technologies 

• Vinegar contains acetic acid which can be titrated against standardised NaOH(aq) 

using a pH probe attached to a data logger. The data recorded can be used to draw a 

graph. The endpoint is where the pH changes most rapidly.  

 

OR  

• A standard solution of NaOH cannot be prepared by directly weighing out NaOH as 

the solid absorbs water and reacts with carbon dioxide in the air. A NaOH(aq) 

solution prepared in this way needs to be standardised by titration against a suitable 

acid, such as oxalic acid (COOH)2.2H2O.  

For the titration use a pH probe attached to a data logger to produce a graph that 

shows the endpoint where the pH changes most rapidly. 

 

analyse information from secondary sources to assess the use of neutralisation reactions 

as a safety measure or to minimise damage in accidents or chemical spills 

• A substance containing an amphiprotic ion, such as the hydrogen carbonate ion in 

NaHCO3, is quite suitable for neutralising chemical spills.  

If the chemical spill contains an acid, H+ + HCO3
- H2O + CO2  

If the spill contains a base, HCO3
- + OH- CO3

2- + H2O. 

Thus, NaHCO3 is suitable for neutralising chemical spills of acids, bases and 

unknown acidity or basicity. 

• Analyse information from secondary sources to suggest another amphiprotic 

substance suitable for neutralising a chemical spill, making sure you include the 

reason for your judgement. 

 

qualitatively describe the effect of buffers with reference to a specific example in a 
natural system 
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• A buffer controls the level of acidity or basicity in a solution. If an acid or a base is 

added to a buffer solution, there is hardly any change in pH.  

• A buffer solution is usually a mixture of a weak acid and its conjugate base, such as 

hydrogen carbonate ions, HCO3
-, and carbonate ions, CO3

2-.  

• If an acid is added to the buffer, the hydrogen ions are removed by  

H+ + HCO3
- H2CO3  

• If a base is added to the buffer, hydroxide ions are removed by  

OH- + HCO3
- H2O + CO3

2-  

• The net effect is that the pH of the solution containing buffer changes only slightly.  

• Hydrogen carbonate ions are important in maintaining the pH of human blood at 

about 7.4. 

Definitions and Properties of Acids and Bases 

  ACIDS BASES 

Examples Mineral Acids: 

 hydrochloric acid,HCl  

cleaning metals and mortar,  
used in swimming pools to adjust pH,  

found in stomach  
 sulfuric acid, H2SO4  

used in car batteries,  
used to make fertilizers (sulfate of 

ammonia and superphosphate),  
plastics, detergents, dyes, drugs, 

explosives  
 nitric acid,HNO3  

used in the manufacture of fertilizers, 
explosives (TNT and dynamite)  

 phosphoric acid,H3PO4  
used as a food acid and in anti-rust 

products for cars  

Organic Acids: 

 methanoic acid (formic acid), HCOOH  

found in ant stings  
 ethanoic acid (acetic acid), CH3COOH  

found in vinegar  
 butanoic acid (butyric acid), C3H7COOH  

the acid that gives rancid butter its 

characteristic smell  

Alkalis (water soluble bases): 

 sodium hydroxide, NaOH  

caustic soda  
 potassium hydroxide, KOH 

caustic potash  

 aqueous ammonia, NH3(aq)  

   

Properties aqueous acidic solutions:  

 sour taste  

 turn blue litmus red  
 electrical conductors  

 corrode most metals  

aqueous solutions of bases (soluble bases 

are called alkalis):  

 bitter taste  
 change red litmus blue  

 electrical conductors  
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 react with carbonates and bicarbonates  

 neutralise bases  

 slippery feel  

 neutralise acids  

Arrhenius 

Definitions 
(1884) 

an acid ionises in water to produce hydrogen ions, 

H+ (protons) 

a base ionises in water to produce 

hydroxide ions, OH- 

only accounts for acids that:  

 are aqueous solutions  
 have hydrogen ions in their structure, eg, 

HCl  

does not account for amphoteric substances  
(those that can act as an acid or a base)  

only accounts for bases that:  

 are aqueous solutions (alkalis)  
 have OH- already in their 

structures, eg, NaOH  

does not account for amphoteric 
substances  

(those that can act as an acid or a base)  

Brönsted-Lowry 
Definitions 

(1923) 

an acid is a species that donates a proton (H+) a base is a species that accepts a proton 
(H+) 

an amphiprotic substance can act as a proton donor and as a proton acceptor  
hydrogen carbonate (bicarbonate) ion (HCO3

-)is amphiprotic, it can either accept a proton to 

form carbonic acid (H2CO3) or it can donate a proton to form carbonate ion (CO3
2-) 

HB H+ + B- 
 

HB is acting as an acid by donating a proton, H+  

B- is the conjugate base of the acid HB 

B- + H+ HB 
 

B- is acting as a base by accepting a 

proton, H+  
HB is the conjugate acid of the base B- 

acid conjugate base 

HCl Cl- 

HNO3 NO3
- 

H2SO4 HSO4
- 

HSO4
- SO4

2- 

H2O OH- 
 

base conjugate acid 

OH- H2O 

NH3 NH4
+ 

CO3
2- HCO3

- 

HCO3
- H2CO3 

H2O H3O+ 
 

 

 

 

Defining & Using pH & pOH 

25oC Acid neutral Base   

pH 0 1 2 3 4 5 6 7 8 9 10 11 12 13 14 pH 

E 
x 

a 
m 

p 
l 

e 
s 

1M 

HCl 

0.1M 

HCl 

Gastric 
juice, 

ant 
venom 

coca 

cola, 
lemon 

juice, 
vinegar 

wine 
coffee, 
toma- 

toes 

tap 

water, 
saliva, 

cow's 
milk 

pure 
water, 

NaCl(aq), 
KNO3(aq) 

sea 

water, 

soap, 
baking 

soda 

deter- 
gents, 

tooth- 
paste 

deter- 
gents, 

washing 
soda 

house- 
hold 

cleaner 

0.1M 

NaOH, 
caustic 

oven 
cleaner 

1M 

NaOH 
+ 

pOH 14 13 12 11 10 9 8 7 6 5 4 3 2 1 0 pOH 

  
most 

acidic 
< ---- ----- ---- --------- 

least 

acidic 
neutral 

least 

basic 
----- -------- ----- ----- > 

most 

basic 
=14 

pH pOH 
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pH is a measure of the hydrogen ion concentration, [H+] pOH is a measure of the hydroxide ion concentration, [OH-] 

pH is calculated using the following formula:  

pH = -log10[H+] 

pOH is calculated using the following formula:  

pOH = -log10[OH-] 

Example 1: 

Find the pH of a 0.2mol L-1  
(0.2M) solution of HCl  

 Write the balanced equation for the dissociation of the 

acid  
HCl -----> H+(aq) + Cl-(aq)  

 Use the equation to find the [H+]:  
0.2 mol L- HCl produces 0.2 mol L-1 H+ since HCl is a 

strong acid that fully dissociates  
 Calculate pH: pH = -log10[H+]  

pH = -log10[0.2] = 0.7  

Example 1: 

Find the pOH of a 0.1mol L-  
(0.1M) solution of NaOH  

 Write the balanced equation for the dissociation of the 

alkali 
NaOH -----> OH-(aq) + Na+(aq)  

 Use the equation to find the [OH-]: 
0.1 mol L-1 NaOH produces 0.1 mol L-1 OH- since NaOH 

is a strong alkali that fully dissociates  
 Calculate pOH: pOH = -log10[OH-] 

pOH = -log10[0.1] = 1  

Example 2: 

Find the pH of a 0.2 mol L-1  

(0.2M) solution of H2SO4  

 Write the balanced equation for the dissociation of the 

acid  
H2SO4 -----> 2H+(aq) + SO4

2-(aq)  

 Use the equation to find the [H+]:  
0.2 mol L-1 H2SO4 produces 2 x 0.2 = 0.4 mol L-1 H+ 

since H2SO4 is a strong acid that fully dissociates  

 Calculate pH: pH = -log10[H+] 

pH = -log10[0.4] = 0.4  

Example 2: 

Find the pOH of a 0.1mol L-1  

(0.1M) solution of Ba(OH)2  

 Write the balanced equation for the dissociation of the 

alkali: 
Ba(OH)2 -----> 2OH-(aq) + Ba2+(aq)  

 Use the equation to find the [OH-]:  
0.1mol L-1 Ba(OH)2 produces 2 x 0.1 = 0.2 mol L-1 OH- 

since Ba(OH)2 is a strong alkali that fully dissociates  

 Calculate pOH: pOH = -log10[OH-]  

pOH = -log10[0.2] = 0.7  

Hydrogen ion concentration, [H+], can be calculated using the 
following formula:  

[H+] = 10-pH 

Hydroxide ion concentration, [OH-], can be calculated using the 
following formula:  

[OH-] = 10-pOH 

Example: 

Find the [H+] of a nitric acid solution with a pH of 3.0 

pH= 3.0  

[H+] = 10-pH  
[H+] = 10-3.0 = 0.001mol L-1  

You can check this answer by using the calculated value [H+] 
in the equation for pH to make sure you arrive at the original 

pH 
pH = -log10[H+]  

pH = -log10[0.001] = 3 

We get the same value for pH using the calculated value for 
[H+], so the calculated value for [H+] is correct. 

Example: 

Find the [OH-] of a sodium hydroxide solution with a pOH of 1 

pOH = 1  

[OH-] = 10-pOH  
[OH-] = 10-1 = 0.1 mol L-1  

You can check this answer by using the calculated value [OH -] in 
the equation for pOH to make sure you arrive at the original 

pOH 
pOH = -log10[OH-] 

pOH = -log10[0.1] = 1 

We get the same value for pOH using the calculated value for 
[OH-], so the calculated value for [OH-] is correct. 

pH + pOH = 14 (25oC) 

Example A(1): 

Find the pH of a solution of sodium hydroxide  

that has a pOH of 2  

Example B(1): 

Find the pOH of a solution of hydrochloric acid  

that has a pH of 3.4  
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pH = 14 - pOH 

pH = 14 - 2 = 12 

pOH = 14 - pH 

pOH = 14 - 3.4 = 10.6 

Example A(2): 

Find the [H+] in a solution of sodium hydroxide  
that has a pOH of 1  

 Calculate the pH 

pH = 14 - pOH 
pH = 14 - 1 = 13  

 Calculate [H+] 
[H+] = 10-pH 

[H+] = 10-13 = 10-13mol L-1  

Example B(2): 

Find the [OH-] of a sulfuric acid solution  
with a pH of 3  

 Calculate the pOH 

pOH = 14 - pH 
pOH = 14 - 3 = 11  

 Calculate [OH-] 
[OH-] = 10-pOH 

[OH-] = 10-11 = 10-11 mol L-1  

Example A(3): 

Find the pH of 0.2mol L-1 sodium hydroxide  

 Write the equation for the dissociation of NaOH: 

NaOH -----> Na+(aq) + OH-(aq)  
 Use the equation to find [OH-]: 

0.2mol L-1 NaOH produces 0.2mol L-1 OH- since NaOH 
is a strong base that fully dissociates  

 Calculate the pOH: 
pOH = -log10[OH-] 

pOH = -log10[0.2] = 0.7  
 Calculate pH: 

pH = 14 - pOH 

pH = 14 - 0.7 = 13.3  

Example B(3): 

Find the pOH of 0.2mol L-1 sulfuric acid  

 Write the equation for the dissociation of H2SO4: 

H2SO4 -----> 2H+(aq) + SO4
2-(aq)  

 Use the equation to find [H+]: 

0.2 mol L-1 H2SO4 produces 2 x 0.2 = 0.4 mol L-1 H+ 
since H2SO4 is a strong acid that fully dissociates  

 Calculate the pH: 
pH = -log10[H+]: 

pH = -log10[0.4] = 0.4  
 Calculate pOH: 

pOH = 14 - pH 

pOH = 14 - 0.4 = 13.6  

 

 

 

Acid Dissociation Constants (Ka) 

Key Concepts 

 Ka, the acid dissociation constant or acid ionisation constant, is an equilibrium constant that refers to the 

dissociation, or ionisation, of an acid.  

 For the reaction in which the acid HA dissociates to form the ions H+ and A-:  

HA  H+ + A-  

Ka = 

[H+][A-] 

 

[HA] 

 Ka provides a measure of the equilibrium position 

a. if Ka is large, the products of the dissociation reaction are favoured  

b. if Ka is small, undissociated acid is favoured.  

 Ka provides a measure of the strength of an acid 
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a. if Ka is large, the acid is largely dissociated so the acid is strong  

b. if Ka is small, very little of the acid is dissociated so the acid is weak.  

 The degree to which an acid dissociates can be represented as a percentage:  

% dissociation (ionization) = [H+ at equilibrium] ÷ [acid initial] x 100 

If %dissociation ≈ 100%, the acid is a strong acid  

If %dissociation is small, the acid is a weak acid  

Example : Calculating [H+], pH and %dissociation for a Strong Acid 

Calculate the [H+], pH and %dissociation in 0.10 mol L-1 HCl(aq) at 25oC.  

a. Write the acid dissociation equation:  

HCl H+ + Cl- 

b. Calculate the initial and equilibrium concentrations of the species present:  

HCl is a strong acid, it completely dissociates to form H+ and Cl-  

  HCl  H+ + Cl- 

initial concentrations (M) 0.10   0   0 

Equilibrium concentrations (M) 0.10 - 0.10 = 0   0.10   0.10 

 

[H+] = 0.10M  

c. Calculate pH : pH = -log[H+]  

pH = -log[0.10] = 1  

d. Calculate %dissociation:  

%dissociation = [H+]/[acid initial] x 100  

[H+] = 0.1M  

[HCl initial] = 0.1M  

%dissociation = 0.1/0.1 x 100 = 100%  

Example : Calculating [H+], pH and %dissociation for a Weak Acid 

Calculate the [H+], pH and %dissociation in 0.10 mol L-1 HNO2(aq). (Ka = 5.0 x 10-4 at 25oC) 

a. Write the acid dissociation equation:  
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HNO2 H+ + NO2
- 

b. Write the equilibrium expression for the acid dissociation:  

Ka = 

[H+][NO2
-] 

 

[HNO2] 

5.0 x 10-4 = 

[H+][NO2
-] 

 

[HNO2] 

c. Calculate the initial and equilibrium concentrations of the species present:  

let x = moles of HNO2 that dissociate to form H+ and NO2
-  

  HNO2  H+ + NO2
- 

initial concentrations (M) 0.10   0   0 

Equilibrium concentrations (M) 0.10 - x   x   x 

Since HNO2 is a weak acid (Ka is small), it dissociates only slightly, x will be very small compared to 0.10  

So, at equilibrium, [HNO2] ≈ 0.10M  

d. Substitute the concentration values into the expression for the acid dissociation:  

Ka = 

[H+][NO2
-] 

 

[HNO2] 

5.0 x 10-4 = 

[x][x] 

 

[0.10] 

e.  

5.0 x 10-4 = x2 ÷ 0.10  

f. x2 = 5.0 x 10-4 x 0.10 = 5 x 10-5  
g. x = √5 x 10-5 = 7.1 x 10-3  

h. [H+] = x = 7.1 x 10-3 mol L-1  

i. Calculate pH:  

pH = -log[H+]  

pH = -log[7.1 x 10-3] = 2.1  

j. Calculate %dissociation:  

%dissociation = [H+]/[acid initial] x 100  

[H+] = 7.1 x 10-3  

[HNO2 initial] = 0.10M  
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%dissociation = 7.1 x 10-3/0.10 x 100 = 7.1%  

Example : Calculating [OH-] and pOH for a Weak Acid at 25oC 

Calculate the [OH-] and pOH for an aqueous solution of 0.5M acetic acid (ethanoic acid).  

Ka = 1.8 x 10-5 at 25oC.  

a. Write the acid dissociation equation:  

CH3COOH H+ + CH3COO- 

b. Write the equilibrium expression for the acid dissociation:  

Ka = 

[H+][CH3COO-] 

 

[CH3COOH] 

1.8 x 10-5 = 

[H+][CH3COO-] 

 

[CH3COOH] 

c. Calculate the initial and equilibrium concentrations of the species present:  

let x = moles of CH3COOH that dissociate to form H+ and CH3COO-  

  CH3COOH  H+ + CH3COO- 

initial concentrations (M) 0.5   0   0 

Equilibrium concentrations (M) 0.5 - x   x   x 

Since CH3COOH is a weak acid (Ka is small), it dissociates only slightly, x will be very small compared to 0.5  

So, at equilibrium, [CH3COOH] ≈ 0.5M  

d. Substitute the concentration values into the expression for the acid dissociation:  

Ka = 

[H+][CH3COO-] 

 

[CH3COOH] 

1.8 x 10-5 = 

[x][x] 

 

[0.5] 

e.  
1.8 x 10-5 = x2 ÷ 0.5  

f. x2 = 1.8 x 10-5 x 0.5 = 9 x 10-6  
g. x = √9 x 10-6 = 3 x 10-3  

h. [H+] = x = 3 x 10-3 mol L-1  

i. Calculate the concentration of OH-:  

At 25oC, Kw, the equilibrium constant for the dissociation of water, is 10-14  

ie, [H+][OH-] = 10-14  
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[OH-] = 10-14/[H+]  

Substitute in the value for [H+]:  

[OH-] = 10-14/3 x 10-3 = 3.3 x 10-12M  

j. Calculate pOH:  

pOH = -log[OH-]  

pOH = -log[3.3 x 10-12] = 11.5  

 

 

Base Dissociation Constants (Kb) 

Key Concepts 

 Kb, the base dissociation constant or base ionisation constant, is an equilibrium constant that refers to the 
dissociation, or ionisation, of a base.  

 For the reaction in which the Arrhenius base, BOH, dissociates to form the ions OH- and B+:  

BOH OH- + B+  

Kb = 

[OH-][B+] 

 

[BOH] 

 

For a Brönsted-Lowry base:  

B + H2O BH+ + OH- 

Kb = 

[OH-][BH+] 

 

[B] 

 

The concentration of water is absorbed into the value of Kb  

 Kb provides a measure of the equilibrium position 

a. if Kb is large, the products of the dissociation reaction are favoured  

b. if Kb is small, undissociated base is favoured.  

 Kb provides a measure of the strength of a base 

a. if Kb is large, the base is largely dissociated so the base is strong  

b. if Kb is small, very little of the base is dissociated so the base is weak.  

 The degree to which a base dissociates can be represented as a percentage:  

% dissociation (ionization) = [OH- at equilibrium] ÷ [base initial] x 100 

http://www.lulu.com/content/e-book/l-verhelst-The-Acidic-Environment
http://www.ausetute.com.au/equicons.html
http://www.ausetute.com.au/acidbase.html
http://www.ausetute.com.au/acidbase.html


 

16 

http://www.lulu.com/content/e-book/l-verhelst-The-Acidic-Environment 

 

If %dissociation ≈ 100%, the base is a strong base  

If %dissociation is small, the base is a weak base  

Example : Calculating [OH-], pOH and %dissociation for a Strong Base 

Calculate the [OH-], pOH and %dissociation in 0.10 mol L-1 NaOH(aq) at 25oC.  

a. Write the base dissociation equation:  

NaOH OH- + Na+ 

b. Calculate the initial and equilibrium concentrations of the species present:  

NaOH is a strong base, it completely dissociates to form OH- and Na+  

  NaOH  OH- + Na+ 

initial concentrations (M) 0.10   0   0 

Equilibrium concentrations (M) 0.10 - 0.10 = 0   0.10   0.10 

 

[OH-] = 0.10M  

c. Calculate pOH : pH = -log[OH-]  

pOH = -log[0.10] = 1  

d. Calculate %dissociation:  

%dissociation = [OH-]/[base initial] x 100  

[OH-] = 0.1M  

[NaOH initial] = 0.1M  

%dissociation = 0.1/0.1 x 100 = 100%  

Example : Calculating [OH-], pOH and %dissociation for a Weak Base 

Calculate the [OH-], pOH and %dissociation in 0.40 mol L-1 NH3(aq). (Kb = 1.8 x 10-5 at 25oC) 

a. Write the base dissociation equation:  

NH3 + H2O NH4
+ + OH- 

b. Write the equilibrium expression for the base dissociation:  

Kb = 

[NH4
+][OH-] 

 

[NH3] 

1.8 x 10-5 = [NH4
+][OH-] 
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[NH3] 

c. Calculate the initial and equilibrium concentrations of the species present:  

let x = moles of NH3 that dissociate to form NH4
+ and OH-  

  NH3 + H2 O  NH4
+ + OH- 

initial concentrations (M) 0.40   0   0 

Equilibrium concentrations (M) 0.40 - x   x   x 

Since NH3 is a weak base (Kb is small), it dissociates only slightly, x will be very small compared to 0.40  

So, at equilibrium, [NH3] ≈ 0.40M  

d. Substitute the concentration values into the expression for the base dissociation:  

Kb = 

[NH4
+][OH-] 

 

[NH3] 

1.8 x 10-5 = 

[x][x] 

 

[0.40] 

e.  
1.8 x 10-5 = x2 ÷ 0.40  

f. x2 = 1.8 x 10-5 x 0.40 = 7.2 x 10-6  
g. x = √7.2 x 10-6 = 2.7 x 10-3  

h. [OH-] = x = 2.7 x 10-3 mol L-1  

i. Calculate pOH:  

pOH = -log[OH-]  

pOH = -log[2.7 x 10-3] = 2.6  

j. Calculate %dissociation:  

%dissociation = [OH-]/[base initial] x 100  

[OH-] = 2.7 x 10-3  

[NH3 initial] = 0.40M  

%dissociation = 2.7 x 10-3/0.40 x 100 = 0.68%  

Example : Calculating [H+] and pH for a Weak Base at 25oC 

Calculate the [H+] and pH for a 0.62M aqueous ammonia solution.  

Kb = 1.8 x 10-5 at 25oC.  

a. Write the base dissociation equation:  
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NH3 + H2O NH4
+ + OH- 

b. Write the equilibrium expression for the base dissociation:  

Kb = 

[NH4
+][OH-] 

 

[NH3] 

1.8 x 10-5 = 

[NH4
+][OH-] 

 

[NH3] 

c. Calculate the initial and equilibrium concentrations of the species present:  

let x = moles of NH3 that dissociate to form NH4
+ and OH-  

  NH3 + H2O  NH4
+ + OH- 

initial concentrations (M) 0.62   0   0 

Equilibrium concentrations (M) 0.62 - x   x   x 

Since NH3 is a weak base (Kb is small), it dissociates only slightly, x will be very small compared to 0.62  

So, at equilibrium, [NH3] ≈ 0.62M  

d. Substitute the concentration values into the expression for the base dissociation:  

Kb = 

[NH4
+][OH-] 

 

[NH3] 

1.8 x 10-5 = 

[x][x] 

 

[0.62] 

e.  

1.8 x 10-5 = x2 ÷ 0.62  

f. x2 = 1.8 x 10-5 x 0.62 = 1.1 x 10-5  
g. x = √1.1 x 10-5 = 3.3 x 10-3  

h. [OH-] = x = 3.3 x 10-3 mol L-1  

i. Calculate the concentration of H+:  

At 25oC, Kw, the equilibrium constant for the dissociation of water, is 10-14  

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

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

Substitute in the value for [OH-]:  

[H+] = 10-14/3.3 x 10-3 = 3 x 10-12M  

j. Calculate pH:  
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pH = -log[H+]  

pH = -log[3 x 10-12] = 11.5  

 

 

Acid-base Titration Calculations 

Key Concepts 

 acid-base reactions involve a proton transfer  

 the acid donates a proton to the base  

 acid-base reactions are also known as neutralisation reactions  

acid + base -----> salt + water  

acid A + base B -----> conjugate acid of base B + conjugate base of acid A  

(Lowry-Brönsted theory) 

 H+ + OH- ------> H2O is the most general neutralisation reaction  

 Equivalence point is the point at which the moles of H+ is equal to the moles of OH-  
    An indicator is used to show the equivalence point during a titration  

 A titration involves the progressive addition of one reactant from a burette  
    (usually the acid), to a known volume of the other reactant in a conical flask  

    (usually the base)  

Calculations 

a. Write the balanced chemical equation for the reaction  
b. Extract all the relevant information from the question  

c. Check that data for consistency, for example, concentrations are usually given in M or mol L-1 but volumes 
are often given in mL. You will need to convert the mL to L for consistency. The easiest way to do this is to 

multiply the volume in mL x 10-3  
d. Calculate the moles of reactant (n) for which you have both the volume(V) and concentration(M) : n = M x 

V  
e. From the balanced chemical equation find the mole ratio known reactant : unknown reactant  

f. Use the mole ratio to calculate the moles of the unknown reactant  
g. From the volume(V) of unknown reactant and its previously calculated moles(n), calculate its 

concentration(M): M = n ÷ V  

Examples 

1. 30 mL of 0.10M NaOH neutralised 25.0mL of hydrochloric acid.  

    Determine the concentration of the acid 
a. Write the balanced chemical equation for the reaction 

      NaOH(aq) + HCl(aq) -----> NaCl(aq) + H2O(l)  
b. Extract the relevant information from the question: 

      NaOH      V = 30mL , M = 0.10M       HCl      V = 25.0mL, M = ?  
c. Check the data for consistency 

      NaOH      V = 30 x 10-3L , M = 0.10M       HCl      V = 25.0 x 10-3L, M = ?  
d. Calculate moles NaOH 

      n(NaOH) = M x V = 0.10 x 30 x 10-3 = 3 x 10-3 moles  
e. From the balanced chemical equation find the mole ratio 

      NaOH:HCl 
      1:1  

f. Find moles HCl 
      NaOH: HCl is 1:1 

      So n(NaOH) = n(HCl) = 3 x 10-3 moles at the equivalence point  

g. Calculate concentration of HCl: M = n ÷ V 
      n = 3 x 10-3 mol,       V = 25.0 x 10-3L 

      M(HCl) = 3 x 10-3 ÷ 25.0 x 10-3 = 0.12M or 0.12 mol L-1  
2. 50mL of 0.2mol L-1 NaOH neutralised 20mL of sulfuric acid.  

    Determine the concentration of the acid  
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a. Write the balanced chemical equation for the reaction 
      2NaOH(aq) + H2SO4(aq) -----> Na2SO4(aq) + 2H2O(l)  

b. Extract the relevant information from the question: 
      NaOH       V = 50mL, M = 0.2M       H2SO4       V = 20mL, M = ?  

c. Check the data for consistency 

      NaOH       V = 50 x 10-3L, M = 0.2M       H2SO4       V = 20 x 10-3L, M = ?  

d. Calculate moles NaOH 
      n(NaOH) = M x V = 0.2 x 50 x 10-3 = 0.01 mol  

e. From the balanced chemical equation find the mole ratio 
      NaOH:H2SO4 

      2:1  
f. Find moles H2SO4 

      NaOH: H2SO4 is 2:1 
      So n(H2SO4) = ½ x n(NaOH) = ½ x 0.01 = 5 x 10-3 moles H2SO4 at the equivalence point  

g. Calculate concentration of H2SO4: M = n ÷ V 
      n = 5 x 10-3 mol,       V = 20 x 10-3L 

      M(H2SO4) = 5 x 10-3 ÷ 20 x 10-3 = 0.25M or 0.25 mol L-1  
3. 25.0mL of 0.05M Ba(OH)2 neutralised 40.0mL of nitric acid.  

    Determine the concentration of the acid.  
a. Write the balanced chemical equation for the reaction 

      Ba(OH)2(aq) + 2HNO3(aq) -----> Ba(NO3)2(aq) + 2H2O(l)  
b. Extract the relevant information from the question: 

      Ba(OH)2       V = 25.0mL, M = 0.05M       HNO3       V = 40.0mL, M = ?  

c. Check the data for consistency 
      Ba(OH)2       V = 25.0 x 10-3L, M = 0.05M       HNO3       V = 40.0 x 10-3L, M = ?  

d. Calculate moles Ba(OH)2 
      n = M x V = 0.05 x 25.0 x 10-3 = 1.25 x 10-3 mol  

e. From the balanced chemical equation find the mole ratio 
      Ba(OH)2 : HNO3 

      1 : 2  
f. Find moles HNO3 

      Ba(OH)2 : HNO3 is 1 : 2 
      So n(HNO3) = 2 x n(Ba(OH)2) = 2 x 1.25 x 10-3 = 2.5 x 10-3 mol  

g. Calculate concentration of HNO3: M = n ÷ V 
      n = 2.5 x 10-3moles, V = 40.0 x 10-3L 

      M = 2.5 x 10-3 ÷ 40.0 x 10-3 = 0.0625M or 0.0625 mol L-1  

 

 

Acid-base Titration Curves 

Examples of Titration Curves 

General Type Example 
Typical Titration 

Curve 
Features of Curve 

Strong Acid and 
Strong Base 

HCl added to NaOH 

 

Curve begins at high pH typical of strong base 
and ends at low pH typical of strong acid.  

There is a large rapid change in pH near the 

equivalence point (pH =7). 
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Strong Base and 

strong Acid 
NaOH added to HCl 

 

Curve begins at low pH typical of strong acid, 

and ends at high pH typical of strong base.  

There is a large rapid change in pH near the 

equivalence point (pH=7). 

Weak Acid and 

Strong Base 

NaOH added to acetic 

acid (CH3COOH) 

 

Curve begins at a higher acidic pH and ends at 
high basic pH.  

The pH change at the equivalence point (pH > 

7)is not so great. 

Strong Acid and 

Weak Base 

Ammonia (NH3) added 

to HCl 

 

Curve begins at low pH and ends at a less high 

basic pH.  

The pH change at the equivalence point (pH < 
7) is similar to that for Strong Base and Weak 

Acid. 

Weak Acid and 

Weak Base 

Ammonia (NH3) added 
to Acetic acid 

(CH3COOH) 

 

Curve begins at higher acidic pH and ends at 

low basic pH.  

There is not a great pH change at the 
equivalence point (pH ~ 7) making this a very 

difficult titration to perform. 

 

Calculating a Titration Curve 

Imagine an experiment in which 0.10M HCl is added 1mL at a time to a conical flask containing 10mL 0.10M NaOH 

solution. 

HCl(aq) + NaOH(aq) -----> NaCl(aq) + H2O(l) 

 Calculate the pH of the NaOH(aq) before any HCl is added.  

[OH-] = [NaOH] = 0.10 mol L-1  

pOH = -log10[OH-] = -log10[0.10] = 1  

pH = 14 - pOH = 14 - 1 = 13  

 Calculate the pH of the solution after 1mL 0.10 HCl has been added.  
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(NaOH is in excess, HCl is the limiting reagent)  

Calculate moles of HCl added: n(HCl) = M x V 
M = 0.10M 

V = 1mL = 1 x 10-3L 

n(HCl) = 0.10 x 1 x 10-3 = 1 x 10-4 mol 

Calculate moles NaOH unreacted = initial moles NaOH - moles NaOH reacted 
initial moles NaOH = M x V 

M = 0.10M 

V = 10mL = 10 x 10-3L 
initial moles NaOH = 0.10 x 10 x 10-3 = 1 x 10-3mol 

moles NaOH reacted = moles HCl added = 1 x 10-4mol 

moles NaOH unreacted = 1 x 10-3 - 1 x 10-4 = 9 x 10-4mol 

Calculate [OH-] = n(unreacted OH-) ÷ total volume 
n(unreacted OH-) = n(unreacted NaOH) = 9 x 10-4mol 

total volume = 10mL + 1mL = 11mL = 11 x 10-3L 

[OH-] = 9 x 10-4 ÷ 11 x 10-3 = 0.082 mol L-1  

Calculate pOH: pOH = -log10[OH-] = -log10[0.082] = 1.09  

Calculate pH: pH = 14 - pOH = 14 - 1.09 = 12.91  

Continue these calculations until 11mL 0.10 HCl is added.  

At this point the NaOH is no longer in excess, rather it is now the HCl that is in excess.  

 Calculate the pH of the solution after 11mL HCl has been added  

moles HCl: n(HCl) = M x V 

M = 0.10 mol L-1 
V = 11mL = 11 x 10-3L 

n(HCl) = 0.10 x 11 x 10-3 = 1.1 x 10-3mol  

Calculate moles HCl in excess 
n(HCl) unreacted = total n(HCl) - n(HCl) reacted 

total n(HCl) = 1.1 x 10-3 mol 
n(HCl) reacted = n(NaOH) = 1 x 10-3 mol 

n(HCl) unreacted = 1.1 x 10-3 - 1 x 10-3 = 1 x 10-4 mol  

Calculate [H+]: [H+] = n(H+ unreacted) ÷ total volume 

n(H+) unreacted = n(HCl) unreacted = 1 x 10-4 mol 

total volume = 10mL + 11mL = 21mL = 21 x 10-3L 

[H+] = 1 x 10-4 ÷ 21 x 10-3 =4.76 x 10-3 mol L-1  

Calculate pH of the solution 

pH = -log10[H+] = -log10[4.76 x 10-3] = 2.32  

Continue these calculations until all the HCl has been added  

volume HCl 

added in L 

moles 
(n)HCl 

added 

moles 
(n)NaOH 

present 

Total 
volume of 

solution 

[OH-] = n(NaOH) 

÷ total volume 

pOH = -

log10[OH-] 

pH = 14 - 

pOH 

0 0 1 x 10-3 10 x 10-3 0.10 1 13 

1 x 10-3 1 x 10-4 9 x 10-4 11 x 10-3 0.082 1.09 12.91 

2 x 10-3 2 x 10-4 8 x 10-4 12 x 10-3 0.067 1.18 12.82 

3 x 10-3 3 x 10-4 7 x 10-4 13 x 10-3 0.054 1.27 12.73 
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4 x 10-3 4 x 10-4 6 x 10-4 14 x 10-3 0.043 1.37 12.63 

5 x 10-3 5 x 10-4 5 x 10-4 15 x 10-3 0.033 1.48 12.52 

6 x 10-3 6 x 10-4 4 x 10-4 16 x 10-3 0.025 1.60 12.40 

7 x 10-3 7 x 10-4 3 x 10-4 17 x 10-3 0.018 1.75 12.25 

8 x 10-3 8 x 10-4 2 x 10-4 18 x 10-3 0.011 1.95 12.05 

9 x 10-3 9 x 10-4 1 x 10-4 19 x 10-3 0.0053 2.28 11.72 

10 x 10-3 1 x 10-3 0 20 x 10-3 0 undefined undefined 

volume HCl 

added in L 

moles 

(n)HCl 
added 

moles (n)HCl 

unreacted 

Total 

volume of 
solution 

[H+] = n(HCl) 

unreacted ÷ total 
volume 

pH = -

log10[H+] 

  
11 x 10-3 1.1 x 10-3  1 x 10-4 21 x 10-3 4.76 x 10-3 2.32 

12 x 10-3 1.2 x 10-3 2 x 10-4 22 x 10-3 9.09 x 10-3 2.04 

13 x 10-3 1.3 x 10-3 3 x 10-4 23 x 10-3 0.013 1.88 

14 x 10-3 1.4 x 10-3 4 x 10-4 24 x 10-3 0.017 1.78 

Plotting these points will result in a curve for strong acid and strong base titration as shown in the first table. 

 

 

Indicators 

Key Concepts 

 An indicator is a dye than changes colour when pH changes  

 An indicator is actually a Brönsted-Lowry conjugate acid-base pair in which the acid is a different colour to the base  

Examples of Indicators: 

25oC Acid neutral Base   

[H+] 

(mol/L) 
100 10-1 10-2 10-3 10-4 10-5 10-6 10-7 10-8 10-9 10-10 10-11 10-12 10-13 10-14   

pH 0 1 2 3 4 5 6 7 8 9 10 11 12 13 14 
pH 

range 

Universal  

indicator 
red red 

orange- 

red 
orange 

pale  

orange 

orange- 

yellow 

pale  

yellow 

green- 

yellow 
green 

dark- 

green 
blue blue blue blue blue   

cyanidin 

(red 
cabbage 

water) 

red red red cerise purple blue blue blue 
aqua- 
marine 

emerald- 
green 

lime lime yellow yellow yellow   

blue 
litmus 

indicator 

red red red red red red red blue blue blue blue blue blue blue blue 
5.0 - 

8.0 

red litmus 

indicator 
red red red red red red red red blue blue blue blue blue blue blue 

5.0 - 

8.0 

phenol- 
phthalein 

indicator 

colour 

-less 

colour 

-less 

colour 

-less 

colour 

-less 

colour 

-less 

colour 

-less 

colour 

-less 

colour 

-less 
pink pink pink pink pink pink pink 

8.3 - 

10.0 

thymol 

blue 
indicator 

yellow yellow yellow yellow yellow yellow yellow yellow yellow blue blue blue blue blue blue 
8.0 - 

9.6 
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phenol 

red 
indicator 

yellow yellow yellow yellow yellow yellow yellow yellow red red red red red red red 
6.8 - 
8.4 

bromo- 

thymol 

blue 
indicator 

yellow yellow yellow yellow yellow yellow yellow blue blue blue blue blue blue blue blue 
6.2 - 

7.6 

methyl 

red 
indicator 

pink pink pink pink pink pink yellow yellow yellow yellow yellow yellow yellow yellow yellow 
4.4 - 
6.0 

bromo- 
cresol 

green 
indicator 

yellow yellow yellow yellow yellow 

pale 

blue- 
green 

blue- 

green 

blue- 

green 

blue- 

green 

blue- 

green 

blue- 

green 

blue- 

green 

blue- 

green 

blue- 

green 

blue- 

green 

3.8 - 

5.4 

methyl 
orange 

indicator 

red red red red yellow yellow yellow yellow yellow yellow yellow yellow yellow yellow yellow 
3.1 - 
4.4 

bromo- 
phenol 

blue 

yellow yellow yellow yellow blue blue blue blue blue blue blue blue blue blue blue 
3.0 - 

4.6 

cresol red red red red yellow yellow yellow yellow yellow yellow yellow yellow yellow yellow yellow yellow 
0.2 - 

1.8 

pH 0 1 2 3 4 5 6 7 8 9 10 11 12 13 14 
pH 

range 

Choosing an appropriate indicator for a titration: 

 an appropriate indicator will change colour at the equivalence point of the titration.  

Litmus is not used in titrations because the pH range over which it changes colour is too great.  

Universal indicator which is actually a mixture of several indicators displays a variety of colours over a wide pH range so it can be 

used to determine an approximate pH of a solution but is not used for titrations.  

 Determine what species are present at the equivalence point & deduce the pH at the equivalence point  

pH of salts formed from 
reactions of acids & bases 

(25oC) 

Strong Base Weak Base 

Strong Acid pH = 7 pH < 7 

Weak Acid pH > 7 pH = 7 

 Use the table of indicators to choose an indicator which changes colour over a pH range that includes the equivalence point  

Examples: 

Strong Acid - Strong Base titration 

HCl(aq) + NaOH(aq) -----> NaCl(aq) + H2O(l)  

At equivalence the only species present will be NaCl(aq) & H2O(l)  

The solution of a salt of a strong acid and a strong base will have a pH=7  

NaCl(aq) will have a pH=7  

A suitable indicator would be bromothymol blue (pH range 6.2 - 7.6) or phenol red (pH range 6.8 - 8.4)  

http://www.lulu.com/content/e-book/l-verhelst-The-Acidic-Environment


 

25 

http://www.lulu.com/content/e-book/l-verhelst-The-Acidic-Environment 

 

Strong Acid - Weak Base titration 

HCl(aq) + NH3(aq) -----> NH4Cl(aq)  

NH4Cl is the salt of a strong acid & a weak base, so a solution of NH4Cl will have a pH < 7 (NH4
+ is a weak acid)  

A suitable indicator would be methyl orange (pH range 3.1 - 4.4) or methyl red (pH range 4.4 - 6.0)  

Weak Acid - Strong Base titration 

CH3COOH(aq) + NaOH(aq) -----> CH3COONa(aq) + H2O(l)  
CH3COONa is the salt of a weak acid & a strong base, so a solution of CH3COONa will have a pH > 7 (CH3COO- is a weak base)  

A suitable indicator would be phenolphthalein (pH range 8.3 - 10.0) or thymol blue (pH 8.0 - 9.6)  

Dissociation constants for indicators: 

let HIn be the acid form of the indicator and In- the base form and KIn the dissociation constant for the indicator  

HIn + H2O In- + H3O+ 

KIn = 

[In-][H3O+]  

 
[HIn] 

KIn  

 
[H3O+] 

= 

[In-]  

 
[HIn] 

The colour of the indicator at any pH is determined by the ratio [In-]:[HIn]  

As pH increases, [H3O+] decreases, [In-]:[HIn] increases, so the indicator has increasingly more of the colour of the base form and less of 

the acid form  

It is important to use as little indicator as possible during a titration since the indicator itself reacts with the titration's reactants  

 

 

Back Titration (Indirect Titration) Calculations 

Key Concepts 

A back titration, or indirect titration, is generally a two-stage analytical technique:  

a. Reactant A of unknown concentration is reacted with excess reactant B of known concentration.  

b. A titration is then performed to determine the amount of reactant B in excess.  

Back titrations are used when:  

 one of the reactants is volatile, for example ammonia.  
 an acid or a base is an insoluble salt, for example calcium carbonate  

 a particular reaction is too slow  
 direct titration would involve a weak acid - weak base titration  

    (the end-point of this type of direct titration is very difficult to observe)  

Example : Back (Indirect) Titration to Determine the Concentration of a Volatile Substance 

A student was asked to determine the concentration of ammonia, a volatile substance, in a commercially available 

cloudy ammonia solution used for cleaning.  
First the student pipetted 25.00mL of the cloudy ammonia solution into a 250.0mL conical flask.  

50.00mL of 0.100M HCl(aq) was immediately added to the conical flask which reacted with the ammonia in solution.  
The excess (unreacted) HCl was then titrated with 0.050M Na2CO3(aq).  

21.50mL of Na2CO3(aq) was required.  
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Calculate the concentration of the ammonia in the cloudy ammonia solution.  

Step 1: Determine the amount of HCl in excess from the titration results  

a. Write the equation for the titration:  

2HCl(aq) +  Na2CO3(aq) →  2NaCl(aq)  +  CO2(g) +  H2O(l) 

acid +  carbonate →  salt  +  
carbon 
dioxide 

+  water 

b. Calculate the moles, n, of Na2CO3(aq) that reacted in the titration:  

    n = M x V  
    M = 0.050 molL-1  

    V = 21.50mL = 21.50 x 10-3L  
    n(Na2CO3(aq)) = 0.050 x 21.50 x 10-3 = 1.075 x 10-3 mol  

c. Use the balanced chemical reaction for the titration to determine the moles of HCl that reacted in the 
titration.  

    From the balanced chemical equation, 1 mole Na2CO3 react with 2 moles of HCl  
    So, 1.075 x 10-3 mole Na2CO3 reacted with 2 x 1.075 x 10-3 moles HCl  

    n(HCltitrated) = 2 x 1.075 x 10-3 = 2.150 x 10-3 mol  
d. The amount of HCl that was added to the cloudy ammonia solution in excess was  

    2.150 x 10-3 mol  

Step 2: Determine the amount of ammonia in the cloudy ammonia solution  

a. Calculate the total moles of HCl originally added to the diluted cloudy ammonia solution:  

    n(HCltotal added) = M x V  
    M = 0.100 molL-1  

    V = 50.00mL = 50.00 x 10-3L  

    n(HCltotal added) = 0.100 x 50.00 x 10-3 = 5.00 x 10-3 mol  
b. Calculate the moles of HCl that reacted with the ammonia in the diluted cloudy ammonia solution  

    n(HCltitrated) + n(HClreacted with ammonia) = n(HCltotal added)  
    n(HCltotal added) = 5.00 x 10-3 mol  

    n(HCltitrated) = 2.150 x 10-3 mol  
    2.150 x 10-3 + n(HClreacted with ammonia) = 5.00 x 10-3  

    n(HClreacted with ammonia) = 5.00 x 10-3 - 2.150 x 10-3 = 2.85 x 10-3 mol  
c. Write the balanced chemical equation for the reaction between ammonia in the cloudy ammonia solution 

and the HCl(aq).  

NH3(aq) + HCl(aq) → NH4Cl(aq) 

d. From the balanced chemical equation, calculate the moles of NH3 that reacted with HCl.  

    From the equation, 1 mol HCl reacts with 1 mol NH3  
    So, 2.85 x 10-3 mol HCl had reacted with 2.85 x 10-3 mol NH3 in the cloudy ammonia solution.  

e. Calculate the ammonia concentration in the cloudy ammonia solution.  
    M = n ÷ V  

    n = 2.85 x 10-3 mol (moles of NH3 that reacted with HCl)  
    V = 25.00mL = 25.00 x 10-3L (volume of ammonia solution that reacted with HCl)  

    M = 2.85 x 10-3 ÷ 25.00 x 10-3 = 0.114 M  

f. The concentration of ammonia in the cloudy ammonia solution was 0.114M  

Example : Back (Indirect) Titration to Determine the Amount of an Insoluble Salt 

 

A student was asked to determine the mass, in grams, of calcium carbonate present in a 0.125g sample of chalk.  
The student placed the chalk sample in a 250mL conical flask and added 50.00mL 0.200M HCl using a pipette.  

The excess HCl was then titrated with 0.250M NaOH.  
The average NaOH titre was 32.12mL  

Calculate the mass of calcium carbonate, in grams, present in the chalk sample.  
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Step 1: Determine the amount of HCl in excess from the titration results  

a. Write the equation for the titration:  

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

acid +  base →  salt +  water 

b. Calculate the moles, n, of NaOH(aq) that reacted in the titration:  

    n = M x V  
    M = 0.250 molL-1  

    V = 32.12mL = 32.12 x 10-3L  
    n(NaOH(aq)) = 0.250 x 32.12 x 10-3 = 8.03 x 10-3 mol  

c. Use the balanced chemical reaction for the titration to determine the moles of HCl that reacted in the 
titration.  

    From the balanced chemical equation, 1 mole NaOH reacts with 1 mole of HCl  
    So, 8.03 x 10-3 mole NaOH reacted with 8.03 x 10-3 moles HCl  

d. The amount of HCl that was added to the chalk in excess was  

    8.03 x 10-3 mol  

Step 2: Determine the amount of calcium carbonate in chalk  

a. Calculate the total moles of HCl originally added to the chalk:  
    n(HCltotal added) = M x V  

    M = 0.200 molL-1  
    V = 50.00mL = 50.00 x 10-3L  

    n(HCltotal added) = 0.200 x 50.00 x 10-3 = 0.010 mol  
b. Calculate the moles of HCl that reacted with the calcium carbonate in the chalk  

    n(HCltitrated) + n(HClreacted with calcium carbonate) = n(HCltotal added)  

    n(HCltotal added) = 0.010 mol  
    n(HCltitrated) = 8.03 x 10-3 mol  

    8.03 x 10-3 + n(HClreacted with calcium carbonate) = 0.010  
    n(HClreacted with calcium carbonate) = 0.010 - 8.03 x 10-3 = 1.97 x 10-3 mol  

c. Write the balanced chemical equation for the reaction between calcium carbonate in the chalk and the 

HCl(aq).  

CaCO3(s) + 2HCl(aq) → CaCl2(aq) + CO2(g) + H2O(l) 

d. From the balanced chemical equation, calculate the moles of CaCO3 that reacted with HCl.  
    From the equation, 1 mol CaCO3 reacts with 2 mol HCl so, 1 mol HCl reacts with ½ mol CaCO3  

    So, 1.97 x 10-3 mol HCl had reacted with ½ x 1.97 x 10-3 = 9.85 x 10-4 mol CaCO3 in the chalk.  
e. Calculate the mass of calcium carbonate in the chalk.  

    n = mass ÷ MM  
    n = 9.85 x 10-4 mol (moles of CaCO3 that reacted with HCl)  

    MM(CaCO3) = 40.08 + 12.01 + (3 x 16.00) = 100.09 g/mol  
    mass = n x MM = 9.85 x 10-4 x 100.09 = 0.099g  

f. The mass of calcium carbonate in the chalk was 0.099g  

 

Soil pH: What it Means 

From the SUNY College of Environmental Science and Forestry... 

Soil pH or soil reaction is an indication of the acidity or alkalinity of soil and is 
measured in pH units. Soil pH is defined as the negative logarithm of the 

hydrogen ion concentration. The pH scale goes from 0 to 14 with pH 7 as the 

neutral point. As the amount of hydrogen ions in the soil increases the soil pH 

decreases thus becoming more acidic. From pH 7 to 0 the soil is increasingly 
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more acidic and from pH 7 to 14 the soil is increasingly more alkaline or basic. 

Descriptive terms commonly associated with certain ranges in soil pH are: 

• Extremely acid: < than 4.5; lemon=2.5; vinegar=3.0; stomach acid=2.0; 

soda=2–4 

• Very strongly acid: 4.5–5.0; beer=4.5–5.0; tomatoes=4.5 

• Strongly acid: 5.1–5.5; carrots=5.0; asparagus=5.5; boric acid=5.2; 

cabbage=5.3 

• Moderately acid: 5.6–6.0; potatoes=5.6 

• Slightly acid: 6.1–6.5; salmon=6.2; cow's milk=6.5 

• Neutral: 6.6–7.3; saliva=6.6–7.3; blood=7.3; shrimp=7.0 

• Slightly alkaline: 7.4–7.8; eggs=7.6–7.8 

• Moderately alkaline: 7.9–8.4; sea water=8.2; sodium bicarbonate=8.4 

• Strongly alkaline: 8.5–9.0; borax=9.0 

• Very strongly alkaline: > than 9.1; milk of magnesia=10.5, ammonia=11.1; 

lime=12 

Measuring Soil pH 

Soil pH provides various clues about soil properties and is easily determined. The 
most accurate method of determining soil pH is by a pH meter. A second method 

which is simple and easy but less accurate then using a pH meter, consists of 

using certain indicators or dyes. 

 

Many dyes change color with an increase or decrease of pH making it possible to 

estimate soil pH. In making a pH determination on soil, the sample is saturated 

with the dye for a few minutes and the color observed. This method is accurate 
enough for most purposes. Kits (pH) containing the necessary chemicals and 

color charts are available from garden stores. 

There may be considerable variation in the soil pH from one spot in a field or 
lawn to another. To determine the average soil pH of a field or lawn it is 

necessary to collect soil from several locations and combine into one sample. 

pH Affects Nutrients, Minerals and Growth 

The effect of soil pH is great on the solubility of minerals or nutrients. Fourteen 

of the seventeen essential plant nutrients are obtained from the soil. Before a 

nutrient can be used by plants it must be dissolved in the soil solution. Most 

minerals and nutrients are more soluble or available in acid soils than in neutral 

or slightly alkaline soils. 

Phosphorus is never readily soluble in the soil but is most available in soil with a 

pH range centered around 6.5. Extremely and strongly acid soils (pH 4.0-5.0) 
can have high concentrations of soluble aluminum, iron and manganese which 

may be toxic to the growth of some plants. A pH range of approximately 6 to 7 

promotes the most ready availability of plant nutrients. 
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But some plants, such as azaleas, rhododendrons, blueberries, white potatoes 
and conifer trees, tolerate strong acid soils and grow well. Also, some plants do 

well only in slightly acid to moderately alkaline soils. However, a slightly alkaline 

(pH 7.4-7.8) or higher pH soil can cause a problem with the availability of iron to 

pin oak and a few other trees in Central New York causing chlorosis of the leaves 
which will put the tree under stress leading to tree decline and eventual 

mortality. 

The soil pH can also influence plant growth by its effect on activity of beneficial 
microorganisms Bacteria that decompose soil organic matter are hindered in 

strong acid soils. This prevents organic matter from breaking down, resulting in 

an accumulation of organic matter and the tie up of nutrients, particularly 

nitrogen, that are held in the organic matter. 

Changes in Soil pH 

Soils tend to become acidic as a result of: (1) rainwater leaching away basic ions 

(calcium, magnesium, potassium and sodium); (2) carbon dioxide from 
decomposing organic matter and root respiration dissolving in soil water to form 

a weak organic acid; (3) formation of strong organic and inorganic acids, such as 

nitric and sulfuric acid, from decaying organic matter and oxidation of 
ammonium and sulfur fertilizers. Strongly acid soils are usually the result of the 

action of these strong organic and inorganic acids. 

Lime is usually added to acid soils to increase soil pH. The addition of lime not 
only replaces hydrogen ions and raises soil pH, thereby eliminating most major 

problems associated with acid soils but it also provides two nutrients, calcium 

and magnesium to the soil. Lime also makes phosphorus that is added to the soil 

more available for plant growth and increases the availability of nitrogen by 
hastening the decomposition of organic matter. Liming materials are relatively 

inexpensive, comparatively mild to handle and leave no objectionable residues in 

the soil. 

Some common liming materials are: (1) Calcic limestone which is ground 

limestone; (2) Dolomitic limestone from ground limestone high in magnesium; 

and (3) Miscellaneous sources such as wood ashes. The amount of lime to apply 
to correct a soil acidity problem is affected by a number of factors, including soil 

pH, texture (amount of sand, silt and clay), structure, and amount of organic 

matter. In addition to soil variables the crops or plants to be grown influence the 

amount of lime needed. 

In addition to monitoring soil pH the nutrient status of the soil should be 

examined. To obtain soil sampling instructions and kits along with specific 

recommendation contact Cornell Cooperative Extension listed in your local phone 

book under United States Government Offices - Agriculture Department. 

Credits: 

Text prepared by Donald Bickelhaupt, Instructional Support Specialist, 

Department of Forest and Natural Resources Management. Illustration by Robert 

Schmedicke.  Submission Guidelines (ESF faculty and staff only) 

 

http://www.lulu.com/content/e-book/l-verhelst-The-Acidic-Environment
http://www.esf.edu/pubprog/author.htm

