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Titrate iodine with sodium thiosulfate using starch indicator 
and hence estimate oxidising agents by their reaction with 
excess acidified potassium iodide (spec ref 5.3.1)

Practical 7.1

-

-

2- 2-

Introduction
Iodine-thiosulfate titrations can be used to determine the concentration of an 
oxidising agent. The oxidising agent used in this practical is potassium iodate(V); you 
will be supplied with an unknown mass of potassium iodate(V) and will use the method 
described below to determine how much is in the sample. When iodate(V) ions react 
with an excess of iodide ions (from potassium iodide), in the presence of sulfuric acid, 
the following reaction occurs:

IO3  +  6H+  +  5I-  →  3I2  +  3H2O

Note that every 1 mole of iodate(V) ions, IO3, produces 3 moles of iodine, I2. The iodine 
liberated by the reaction can then be titrated with sodium thiosulfate solution. The 
iodine reacts with the thiosulfate ions according to the equation: 

I2  +  2S2O3  →  2I-  +  S4O6    

During the first reaction, the colourless potassium iodate(V) solution turns brown when 
the sulfuric acid and potassium iodide are added, due to the formation of the iodine.

25cm3 of a solution of potassium 
iodate(V)

Colourless

IO3 ions convert iodide ions to 
iodine

Brown solution

-
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Titrate iodine with sodium thiosulfate using starch indicator 
and hence estimate oxidising agents by their reaction with 
excess acidified potassium iodide (spec ref 5.3.1)

Practical 7.1

Thiosulfate ions reacts with iodine
Titrate until straw/yellow coloured

Add strach indicator
Solution turns blue-black

Then, as the sodium thiosulfate solution is added during the titration, it reacts with the 
iodine and the brown colour will fade to a straw/yellow colour as the iodine is used up. 
This happens very near the end point of the titration.

To allow the end point to be observed accurately, a few drops of starch indicator are 
added to the conical flask. This turns the contents of the flask blue-black as the small 
amount of iodine still present reacts with the starch. The titration is then continued 
until all the iodine just reacts with the sodium thiosulfate – this is the end point of the 
titration. This is visible when the colour of the liquid in the conical flask changes from 
blue-black to colourless.
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Titrate iodine with sodium thiosulfate using starch indicator 
and hence estimate oxidising agents by their reaction with 
excess acidified potassium iodide (spec ref 5.3.1)

Practical 7.1

Apparatus and materials
• safety glasses
• 3 × 250 cm3 beakers
• glass rod
• 250 cm3 volumetric flask & stopper
• funnel
• deionised water bottle
• plastic dropping pipette
• 50 cm3 burette
• clamp and stand
• 25 cm3 pipette
• pipette filler
• 25 cm3 measuring cylinder
• 3 × 250 cm3 conical flasks
• white tile 
• weighing boat
• potassium iodate(V)
• sulfuric acid
• potassium iodide
• sodium thiosulfate solution
• access to starch indicator
• access to a balance
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Titrate iodine with sodium thiosulfate using starch indicator 
and hence estimate oxidising agents by their reaction with 
excess acidified potassium iodide (spec ref 5.3.1)

Practical 7.1

Procedure

1. Transfer the potassium iodate(V) into a 250 cm3 beaker and add enough deionised 
water to just dissolve the solid. Stir with a glass rod.

2. Transfer the dissolved potassium iodate(V) into a 250 cm3 volumetric flask. Transfer 
the washings from the beaker and glass stirring rod you have used, to ensure 
maximum transfer of the dissolved solid. 

3. Make the solution up to 250 cm3 carefully with deionised. Stopper and invert the 
flask to thoroughly mix the contents. 

4. Rinse and fill a burette with sodium thiosulfate solution. 

5. Transfer some of the potassium iodate(V) solution to a clean, dry beaker.

6. Rinse and fill a 25.0 cm3 pipette with potassium iodate(V) solution and transfer into 
a clean, dry conical flask. 

7. Measure out 20 cm3 of sulfuric acid using a measuring cylinder and transfer this 
into the conical flask. 

8. Weigh 1.5 g of potassium iodide, add to the flask and swirl the flask to mix the 
contents. 

9. Titrate the contents of the conical flask with the sodium thiosulfate solution until 
the contents turn from brown to straw/yellow coloured. 

10. Add a few drops of starch indicator.

11. Continue to titrate with sodium thiosulfate solution, adding the solution drop wise  
    from the burette as the end point is reached.

12. Record your titre from your first titration in the results table. 

13. Perform further titrations until concordant results are obtained. 

Rough 
titration

Accurate 
titration 1

Accurate 
titration 2

Burette 
Readings

Final /cm3

Initial /cm3

                              Titre /cm3

Mean Titre /cm3
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Titrate iodine with sodium thiosulfate using starch indicator 
and hence estimate oxidising agents by their reaction with 
excess acidified potassium iodide (spec ref 5.3.1)

Practical 7.1

Results analysis

1. Using your mean titre, calculate the number of moles of thiosulfate that reacted 
with iodine in the titration.

2. Calculate the number of moles of iodine that reacted with thiosulfate in the 
titration.

3. Calculate the number of moles of iodate(V) present in 25.0 cm3 of solution added to 
the conical flask.

4. Calculate the number of moles of iodate(V), and hence the number of moles of 
potassium iodate(V) in 250 cm3 of solution.

5. Calculate the molarity of the original potassium iodate(V) solution.

6. Calculate the RFM of potassium iodate(V) and use it to calculate the mass of 
potassium iodate(V) you were given at the start of the experiment.
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Titrate iodine with sodium thiosulfate using starch indicator 
and hence estimate oxidising agents by their reaction with 
excess acidified potassium iodide (spec ref 5.3.1)

Practical 7.1

Questions

1. A 30.0 cm3 sample of bleach was added to an excess of iodide ions in sulfuric acid.

 ClO-  +  2I-  +  2H+  →  Cl-  +  I2  +  H2O

 The liberated iodine was titrated against 0.200 mol dm-3 sodium thiosulfate solution 
using starch indicator.

 I2  +  2S2O3  →  2I-  +  S4O6

 The mean titre was 28.6 cm3. Calculate the concentration of the bleach.

2- 2-
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Titrate acidified potassium manganate(VII) with 
reducing agents (spec ref: 5.3.2)

Practical 7.2

Introduction
Potassium manganate(VII), KMnO4, is reduced to the pink Mn2+ by a variety of 
reducing agents. The pink colour is very faint, so the solution obtained is virtually 
colourless. 

MnO4  +  8H+  +  5e-  →  Mn2+  +  4H2O

Iron tablets are regularly prescribed to women during pregnancy to help supplement 
their iron levels. Iron tablets contain iron(II) sulfate, which is a soluble and inexpensive 
source of iron. This titration allows the percentage by mass of iron(II) sulfate in an iron 
tablet to be determined. 

In acidic solution, Fe2+ ions are oxidised to Fe3+ ions by potassium manganate(VII). 
Potassium manganate(VII) solution has a very dark purple colour. When manganate 
ions, MnO4, react with Fe2+ ions, the manganate(VII) ions are reduced to a colourless 
solution of manganese(II) ions, Mn2+ ions. The overall ionic equation for the reaction is: 

MnO4  +  8H+  +  5Fe2+  →  Mn2+  +  5Fe3+  +  4H2O
purple                    colourless 

During the titration, when potassium manganate(VII) solution is added from burette 
into the acidified iron(II) sulfate solution, it is immediately decolourised. As soon as all 
of the Fe2+ ions are used up, the next drop of potassium manganate(VII) solution is not 
decolourised. At the end point the solution changes from colourless to pink. As a result, 
the titration is self-indicating. 

In this redox titration the iron tablets act as the reducing agent – they provide the 
electrons needed to reduce MnO4 ions to Mn2+ ions. 

Fe2+  →  Fe3+  +  e-

In the first part of this experiment, the iron tablets are treated with dilute sulfuric acid 
and left to dissolve. This part of the experiment should be carried out at least 1 day 
before completing the second part of the experiment. This will allow adequate time for 
the insoluble coating on the tablets to break down in the acid. This mixture will then be 
filtered before use in the titration.

-

-

-

-
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Titrate acidified potassium manganate(VII) with 
reducing agents (spec ref: 5.3.2)

Practical 7.2

Apparatus and materials
• safety glasses

• 250 cm3 beaker

• 100 cm3 conical flask & bung/stopper

• 50 cm3 measuring cylinder

• funnel & filter paper

• 100 cm3 volumetric flask & stopper

• deionised water bottle

• plastic dropping pipette

• 50 cm3 burette

• clamp and stand

• 25 cm3 pipette

• pipette filler

• 25 cm3 measuring cylinder

• 3 × 250 cm3 conical flasks

• white tile 

• weighing boat

• 5 × iron tablets 

• sulfuric acid

• potassium manganate(VII) solution

• access to a balance
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Titrate acidified potassium manganate(VII) with 
reducing agents (spec ref: 5.3.2)

Practical 7.2

Procedure
1. Weigh and record the mass of five iron tablets. 

2. Transfer the iron tablets into a 100 cm3 conical flask. 

3. Measure out 50 cm3 of sulfuric acid, using a measuring cylinder, and transfer into 
the conical flask. 

4. Stopper the conical flask and shake the contents. Leave the flask overnight. 

5. Filter the contents of the conical flask into a 100 cm3 volumetric flask.

6. Rinse any residue on the filter paper into the volumetric flask using some deionised 
water. 

7. Using sulfuric acid, make the solution in the volumetric flask up to the 100 cm3 
graduation mark. Stopper and invert the flask to ensure the solution is thoroughly 
mixed.

8. Rinse and fill the burette with potassium manganate(VII) solution. 

9. Transfer some of the acidified iron(II) sulfate solution into a clean 250 cm3 beaker. 

10. Rinse and fill a 25.0 cm3 pipette with the acidified iron(II) sulfate solution and 
transfer into a 250 cm3 conical flask. 

11. Measure out 25 cm3 of sulfuric acid, using a measuring cylinder, and add to the 
conical flask. 
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Titrate acidified potassium manganate(VII) with 
reducing agents (spec ref: 5.3.2)

Practical 7.2

12. Titrate the acidified iron(II) sulfate solution in the conical flask with the potassium 
manganate(VII) solution from the burette until the first permanent pink colour is 
observed. 

13. Record your titre from your first titration in the results table. 

14. Perform further titrations until concordant results are obtained. 
 
 Mass of 5 iron tablets: 

Colourless     Pink

Rough 
titration

Accurate 
titration 1

Accurate 
titration 2

Burette 
Readings

Final /cm3

Initial /cm3

                              Titre /cm3

Mean Titre /cm3
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Titrate acidified potassium manganate(VII) with 
reducing agents (spec ref: 5.3.2)

Practical 7.2

Results analysis

1. Using your mean titre, calculate the number of moles of manganate(VII) ions that 
reacted with iron(II) ions in the titration.

2. Calculate the number of moles of iron(II) ions present in the 25.0 cm3 of solution 
added to the conical flask.

3. Calculate the number of moles of iron(II) ions present in the 100 cm3 of solution in 
the volumetric flask.

4. Calculate the mass of iron(II) sulfate present in the 100 cm3 of solution in the 
volumetric flask. This is equal to the mass of iron(II) sulfate in the five original 
tablets used.

5. Calculate the mass, in milligrams, of iron(II) sulfate in one tablet.
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Titrate acidified potassium manganate(VII) with 
reducing agents (spec ref: 5.3.2)

Practical 7.2

Questions

1. The supplied iron tablets contained 200 mg of iron(II) sulfate per tablet. Compare 
this mass with the value obtained in the experiment and suggest reasons for the 
difference.

2. Iron(II) ions can slowly oxidise in air to iron(III) ions. Explain what effect this would 
have on the accuracy of the titration and on the calculated mass of iron(II) sulfate in 
each tablet.

3. Sulfuric acid is always used to acidify manganate(VII) ions for use in redox 
titrations. Suggest why hydrochloric acid is not used.
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Determine the purity of a Group II metal oxide or 
carbonate by back titration (spec ref: 5.3.4)

Practical 7.3

Introduction
Marble chips contain calcium carbonate, which is insoluble in water. The calcium 
carbonate content of the marble chips has to be determined by a back titration. This 
involves allowing a known sample of marble chips to react with a hydrochloric acid. 
The volume and concentration of the hydrochloric acid must be known accurately. 

CaCO3  +  2HCl  →  CaCl2  +  H2O  +  CO2

An excess of acid is used and the amount remaining after neutralising the calcium 
carbonate is determined by titrating it against a standard solution of sodium 
hydroxide.

NaOH  +  HCl  →  NaCl  +  H2O

The initial mass of calcium carbonate in the marble chip sample can then be 
determined. The technique can be used to analyse other insoluble solids, such as 
Group II metal oxides.

Apparatus and materials
• safety glasses
• weighing boat
• access to balance (2 d.p.)
• approximately 1 g of marble chips (calcium carbonate)
• 3 × 250 cm3 beakers
• 50 cm3 measuring cylinder
• funnel & filter paper
• 250 cm3 volumetric flask & stopper
• 50 cm3 burette 
• clamp and stand
• 25 cm3 pipette
• pipette filler
• 3 × 250 cm3 conical flasks
• bottle of deionised water
• 2 × plastic dropping pipettes 
• white tile
• phenolphthalein indicator
• hydrochloric acid 
• sodium hydroxide solution
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Determine the purity of a Group II metal oxide or 
carbonate by back titration (spec ref: 5.3.4)

Practical 7.3

Procedure

1. Place the empty weighing boat on to the electronic balance and record the mass.

2. Weigh out approximately 1.00g of crushed marble chips. Record the mass of the 
weighing boat + marble chips.

3. Transfer all the marble chips to a 250 cm3 beaker and reweigh the weighing boat.

4. Measure out 50 cm3 of hydrochloric acid using the measuring cylinder.

5. Slowly add the 50 cm3 of hydrochloric acid to the marble chips.

6. Once the effervescence in the flask has stopped, carefully filter the marble chips 
& acid mixture into a 250 cm3 volumetric flask using a filter funnel and a piece of 
filter paper.

7. Rinse the beaker with deionised water and add the washings into the volumetric 
flask. Make the volumetric flask up to the mark with deionised water. Stopper and 
invert to mix thoroughly.

8. Rinse the burette and fill it with 0.1 mol dm-3 sodium hydroxide solution.

9. Transfer about 100 cm3 of the solution from the volumetric flask into a clean, dry 
beaker.

10. Using the pipette and pipette filler, transfer 25.0 cm3 of this solution into a clean 
conical flask. 

11. Place a white tile underneath the conical flask. Add 2–3 drops of phenolphthalein 
indicator to the solution in the conical flask.

12. Perform a rough titration. Repeat the titration again to obtain two concordant 
results i.e. two titres within 0.1 cm3 of each other. 

Mass of weighing boat / g

Mass of weighing boat and marble 
chips / g

Mass of marble chips / g
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Determine the purity of a Group II metal oxide or 
carbonate by back titration (spec ref: 5.3.4)

Practical 7.3

Rough 
titration

Accurate 
titration 1

Accurate 
titration 2

Burette 
Readings

Final /cm3

Initial /cm3

                              Titre /cm3

Mean Titre /cm3

Results analysis

1. Use your mean titre to calculate the number of moles of sodium hydroxide that 
reacted with the unreacted hydrochloric acid present in the 25.0 cm3 sample in the 
conical flask.

2. Use the reacting ratio from the titration equation, and your answer to 1, to calculate 
the moles of unreacted hydrochloric acid present in 25.0 cm3 sample of the solution 
from the volumetric flask.

3. The solution in the volumetric flask was made by transferring the filtrate from 
the original 50.0 cm3 reaction mixture of acid & marble chips, into the 250 cm3 
volumetric flask and making it up to the mark with distilled water. Use your answer 
to 2 to calculate the moles of unreacted hydrochloric acid present in 250 cm3 of the 
solution in the volumetric flask.

4. Calculate the initial number of moles of hydrochloric acid added to the marble 
chips.
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Determine the purity of a Group II metal oxide or 
carbonate by back titration (spec ref: 5.3.4)

Practical 7.3

5. Use your answers to 3 and 4 to determine the number of moles of hydrochloric acid 
that reacted with calcium carbonate.

6. Use the reacting ratio from the first equation in the introduction, and your answer 
to 5, to calculate the number of moles of calcium carbonate that reacted with the 
hydrochloric acid in the initial reaction.

7. Calculate the relative formula mass of CaCO3.

8. Use your answers to 6 and 7 to determine the mass of calcium carbonate that was 
present in 1.00 g of marble chips and so reacted with the hydrochloric acid in the 
initial reaction.

9. Determine the percentage purity of the original marble chips sample.
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Determine the purity of a Group II metal oxide or 
carbonate by back titration (spec ref: 5.3.4)

Practical 7.3

Questions

1. Effervescence is observed when the hydrochloric acid is added to the marble chips. 
Describe a test which could be carried out to confirm the gas is carbon dioxide.

2. Explain why methyl orange could be used as an indicator in this titration instead of 
phenolphthalein.
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Carry out paper and thin-layer chromatography and 
measure the Rf values of the components and interpret 
chromatograms (spec ref: 5.4.1/5/4/3)

Practical 8.1

Introduction
Chromatography is a separation technique which separates mixtures based on their 
physical properties. All methods of chromatography have a stationary phase and a 
mobile phase. How far each substance in a mixture separates depends on the relative 
affinities for the stationary and mobile phases. In paper chromatography, the water 
bonded to the cellulose on the paper is the stationary phase and the solvent is the 
mobile phase. In thin-layer chromatography (TLC) the silica/alumina is the stationary 
phase while the solvent is the mobile phase. How far a component in a mixture travels 
is calculated as the retardation factor (Rf) which is given by:

Rf = 
distance travelled by component

          distance travelled by solvent

In this practical you will investigate the composition of different indicators.

Apparatus and materials
• safety glasses

• 250 cm3 beaker

• 5 × capillary tubes 

• filter paper (approximately 12.5 cm × 5.5 cm)

• methyl orange

• methyl red

• bromothymol blue 

• phenolphthalein 

• unknown mixture of indicators

• sodium hydroxide solution
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Carry out paper and thin-layer chromatography and 
measure the Rf values of the components and interpret 
chromatograms (spec ref: 5.4.1/5/4/3)

Practical 8.1

Procedure

1. Draw a straight pencil line approximately 1–1.5 cm from the bottom edge of the 
filter paper. Draw five equally spaced crosses on this line and label them.

2. Use a capillary tube to make a small dot (no more than 1–2 mm in diameter) on the 
cross for each indicator and the unknown mixture. Do not put any dots close to the 
side edges of the chromatography paper. 

3. Add the mobile phase (sodium hydroxide solution) to a 250 cm3 beaker to a depth of 
no more than 1 cm. 

4. Insert the paper into the mobile phase taking care that the paper does not touch the 
beaker wall. Make sure that the pencil line with the pH indicator dots stays above 
the solvent level. 

5. Leave in the beaker for about 10 minutes. Do not allow the level of the solvent (the 
solvent front) to reach the top of the paper. 

6. Remove the paper, mark the position of the solvent front and leave it to dry. 

7. Estimate the centre of each spot and calculate the Rf values for all components 
present. 

Results

Questions

1. Explain why the base line is drawn in pencil.
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Carry out paper and thin-layer chromatography and 
measure the Rf values of the components and interpret 
chromatograms (spec ref: 5.4.1/5/4/3)

Practical 8.1

2. Explain why the Rf values of the components in each indicator could change if a 
different mobile phase was used instead of sodium hydroxide solution.

3. Explain how chromatography allows the purity of a sample to be determined.

4. Explain why iodine or ninhydrin is often used when analysing chromatograms.

5. When analysing the products of protein hydrolysis, the mixture is usually analysed 
using two-way chromatography. Explain why it is necessary.

6. Describe the process of two-way chromatography.
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Use ethylene diamine (1,2-diaminoethane), phenylamine 
and aqueous ammonia to demonstrate ligand replacement 
based on lone pair availability (spec ref: 5.5.8)

Practical 9.1

Introduction
The availability of the lone pair of electrons on a ligand to form a coordinate bond 
in a complex depends on the nature of the ligand. For example, the lone pairs 
in ethylene diamine (H2NCH2CH2NH2) are more available than the lone pair in 
ammonia, which is more available than the lone pair in phenylamine. The IUPAC 
name for ethylene diamine is ethane-1,2-diamine. The relative availability of lone 
pairs can be demonstrated using copper(II) ions which, in solution, are present as 
hexaaquacopper(II) ions, [Cu(H2O)6]2+.

Apparatus and materials
• safety glasses

• boiling tube

• 4 × plastic dropping pipettes 

• copper sulfate solution

• phenylamine

• ammonia solution

• ethylene diamine

Procedure

1. Using a plastic dropping pipette, add 2 cm3 of copper(II) sulfate solution to a boiling 
tube.

2. Using a plastic dropping pipette, add 1 cm3 of phenylamine to the boiling tube, 
shake and record observations. 

3. Using a plastic dropping pipette, add 1 cm3 of ammonia solution to the boiling tube, 
shake and record observations. 

4. Using a plastic dropping pipette, add 1 cm3 of ethylene diamine to the boiling tube, 
shake and record observations. 

Colour of 
copper(II) 
solution

Colour of solution 
on addition of 
phenylamine

Colour of solution 
on addition of 
ammonia(aq)

Colour of solution 
on addition of 

ethylene diamine
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Use ethylene diamine (1,2-diaminoethane), phenylamine 
and aqueous ammonia to demonstrate ligand replacement 
based on lone pair availability (spec ref: 5.5.8)

Practical 9.1

Questions

1. Write an equation for the ligand exchange reaction between hexaaquacopper(II) and 
phenylamine assuming two water ligands are exchanged.

2. Write an equation for the ligand exchange reaction between the product in 1 and 
ammonia solution assuming two water ligands and both phenylamine ligands are 
exchanged.

3. Write an equation for the ligand exchange reaction between the product in 2 and 
ethylene diamine assuming four ammonia ligands are exchanged.

4. Explain why, if the amines were added to hexaaquacopper(II) ions in the reverse 
order, only one colour change would be observed.
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Demonstrate the relative strengths of ligands using hydrated 
copper(II) ions and hydrochloric acid (spec ref: 5.5.9)

Practical 9.2

Introduction
The relative strength of ligands can be demonstrated using copper(II) ions which, in 
solution, are present as hexaaquacopper(II) ions, [Cu(H2O)6]2+.

Apparatus and materials
• safety glasses

• test tube

• plastic dropping pipettes 

• copper sulfate solution

• concentrated hydrochloric acid

Procedure

1. Using a plastic dropping pipette, add 2 cm3 of copper(II) sulfate solution to a test 
tube.

2. Using a plastic dropping pipette, add 2 cm3 of concentrated hydrochloric acid to the 
test tube, shake and record observations. 

Questions

1. State the colour change observed in the test tube.

2. Write an equation for the ligand exchange reaction between hexaaquacopper(II) 
ions and hydrochloric acid.

3. Explain why the complex ion formed in 2 has a different co-ordination number 
compared to the hexaaqaucopper(II).
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Demonstrate the relative strengths of ligands using hydrated 
copper(II) ions and hydrochloric acid (spec ref: 5.5.9)

Practical 9.2

4. The Cl- ion is a weaker ligand than H2O. Suggest two reasons why the reaction 
proceeds.
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Carry out qualitative tests for the formation of transition 
metal hydroxides with sodium hydroxide and aqueous 
ammonia (spec ref: 5.5.12)

Practical 9.3

Introduction
When sodium hydroxide solution or aqueous ammonia is added to a solution 
containing transition metal ions, a precipitate of the corresponding metal hydroxide 
is formed which is insoluble. The colour of the precipitate can be used to identify the 
transition metal ion. Some transition metal hydroxides are soluble in an excess of 
sodium hydroxide solution or aqueous ammonia which can also be used as qualitative 
tests for the transition metal ions.

Apparatus and materials
• safety glasses

• test tubes

• test tube rack

• plastic dropping pipettes 

• transition metal solutions: cobalt(II) chloride, chromium(III) potassium sulfate, 
copper(II) sulfate, iron(II) sulfate (acidified), iron(III) chloride, manganese(II) 
chloride

• sodium hydroxide solution

• aqueous ammonia

Procedure

1. Using a plastic dropping pipette, add 2 cm3 of each transition metal ion solution to a 
test tube.

2. Using a plastic dropping pipette, add a few drops of sodium hydroxide solution to 
each test tube, shake and record observations.

3. Using a plastic dropping pipette, add 5 cm3 of sodium hydroxide solution to each 
test tube, shake and record observations.

4. Repeat steps 1–3 using aqueous ammonia instead of sodium hydroxide solution.
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Carry out qualitative tests for the formation of transition 
metal hydroxides with sodium hydroxide and aqueous 
ammonia (spec ref: 5.5.12)

Practical 9.3

Complex ion
Colour and 
formula of 
precipitate

Colour of solution 
if precipitate 
dissolves in 

excess NaOH(aq) 
and formula of 

complex formed

Colour of solution 
if precipitate 
dissolves in 

excess NH3(aq) 
and formula of 

complex formed

[Co(H2O)6]2+

[Cu(H2O)6]2+

[Fe(H2O)6]2+

[Cr(H2O)6]3+

[Fe(H2O)6]3+

[Mn(H2O)6]2+
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Carry out qualitative tests for the formation of transition 
metal hydroxides with sodium hydroxide and aqueous 
ammonia (spec ref: 5.5.12)

Practical 9.3

Questions

1. Write ionic equations for the formation of the insoluble transition metal hydroxide 
precipitates.

2. Write an ionic equation for the reaction of the relevant insoluble transition metal 
hydroxide precipitate and excess hydroxide ions.

3. Write ionic equations for the reaction of the relevant insoluble transition metal 
hydroxide precipitates and excess aqueous ammonia.

4. The complex ion hexaaquanickel(II) forms an insoluble green precipitate of nickel 
hydroxide when a few drops of sodium hydroxide or aqueous ammonia are added to 
it. The precipitate is soluble in excess aqueous ammonia, forming a blue solution. 
Write ionic equations for both reactions.
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Carry out the reduction of acidified ammonium 
metavanadate with zinc and observe the sequence 
of colours (spec ref: 5.5.13)

Practical 9.4

Introduction
Ammonium vanadate(V), NH4VO3, dissolves in acid to give a yellow solution. Under 
these conditions, the ion present in solution is considered to be the dioxovanadium(V) 
ion, VO2(aq).

VO3(aq)  +  2H+(aq)  →  VO2(aq)  +  H2O(l)

The reduction of an acidic solution of vanadium(V) using zinc powder (or granulated 
zinc) as the reducing agent is investigated. You will then attempt to oxidise the 
vanadium species obtained back up to vanadium(V).

Apparatus and materials
• safety glasses

• 100 cm3 conical flask

• test tube and rack

• 25 cm3 measuring cylinder

• ammonium vanadate(V)

• sulfuric acid

• zinc powder (1 to 2 spatula loads) or a few pieces of granulated zinc

• cotton wool plug

• weighing boat

• filter funnel and filter paper

• plastic dropping pipettes

• potassium manganate(VII) solution

• access to a balance

- +

+
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Carry out the reduction of acidified ammonium 
metavanadate with zinc and observe the sequence 
of colours (spec ref: 5.5.13)

Practical 9.4

Procedure – reduction of vanadium(V)

1. Measure 25 cm3 of sulfuric acid, using a measuring cylinder, and add to a conical 
flask. Weigh 0.25 g of ammonium vanadate(V) and add to the conical flask. Swirl the 
flask until a yellow solution is obtained.

2. Add a few pieces of granulated zinc (or a spatula load of zinc powder added a little at 
a time).

3. Plug the neck of the flask loosely with cotton wool to prevent the escape of acid 
spray. Gently swirl the flask until no further changes occur. (If you are using 
granulated zinc, heat the solution to speed up the reactions. This may be needed 
with zinc powder also).

Questions

1. Complete the following table to summarise the colour changes observed.

Ion Oxidation state of 
vanadium Colour

VO2

VO2+

V3+

V2+

+
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Carry out the reduction of acidified ammonium 
metavanadate with zinc and observe the sequence 
of colours (spec ref: 5.5.13)

Practical 9.4

2. Use the table of standard electrode potentials given below to explain your 
observations. Write ionic equations for any reactions that took place.

3. Explain, with an equation, why fizzing was observed when zinc was added to the 
solution in the conical flask.

Half-cell Standard electrode 
potential / V

Zn2+(aq) + 2e- → Zn(s) –0.76

V3+(aq) + e- → V2+(aq) –0.26

VO2+(aq) + 2H+(aq) + e- → V3+(aq) + H2O(l) +0.34

VO2(aq) + 2H+(aq) + e- → VO2+(aq) + H2O(l) +1.00

MnO4(aq) + 8H+(aq) + 5e- → Mn2+(aq) + 4H2O(l) +1.51

+

-
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Carry out the reduction of acidified ammonium 
metavanadate with zinc and observe the sequence 
of colours (spec ref: 5.5.13)

Practical 9.4

Procedure – oxidation of vanadium(II)

1. Filter the violet solution obtained in the previous procedure.

2. Using a plastic dropping pipette, add 2 cm3 of the filtrate to a test tube.

3. Using a plastic dropping pipette, add an excess of acidified potassium 
manganate(VII) solution to the test tube dropwise, shaking after each addition, until 
no further change is observed.

Questions

1. Describe what is observed in the test tube as the acidified potassium 
manganate(VII) solution is added dropwise.

2. Use the table of standard electrode potentials given above to explain your 
observations. Write ionic equations for any reactions that took place.
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Determine the electrode potentials of a series of cells 
and predict their values using standard electrode 
potentials (spec ref: 5.6.2)

Practical 10.1

Introduction
Many chemical reactions give out energy. This energy is usually released from the 
reaction as heat energy. If this heat energy was used to drive an engine, then the 
chemicals in the reaction could be referred to as fuels. If a chemical reaction can be 
carried out in such a way as to release the energy as electricity then it can be called 
an electric cell. In this experiment you measure the potential difference between 
half cells and use measurements to predict a standard electrode potential. A half-cell 
allows an element and its ions, or two different oxidation states of the same element, 
to be in contact in a solution. When two different half-cells are connected via a salt 
bridge and the electrodes are connected by an external circuit, a cell is produced. The 
potential difference between the two half-cells is measured using a high resistance 
voltmeter (which prevents current from flowing). This gives the electromotive force 
(emf) of the cell.

Standard electrode potentials for different half-cell systems are represented as 
reduction half-equations. The more positive (or less negative) the value of the electrode 
potential – the more likely the reaction will happen as it is written – i.e. as a reduction. 
When two electrode potentials are compared – the one with the more positive (less 
negative) value – will proceed as the reduction reaction in the overall cell.

The more positive half-cell in a cell is the reduction reaction and always goes on the 
right hand side. It is classed as the positive electrode (cathode). The more negative 
half-cell in a cell is the oxidation reaction and always goes on the left hand side. It is 
classed as the negative electrode (anode). 

The overall cell emf is calculated using the equation:

E   cell  =  E   RHS  -  E   LHS

If the overall cell emf has a positive value then the cell is feasible. 

o o o
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Determine the electrode potentials of a series of cells 
and predict their values using standard electrode 
potentials (spec ref: 5.6.2)

Practical 10.1

Apparatus and materials
• safety glasses

• tweezers

• sandpaper

• 100 cm3 beakers

• 100 cm3 measuring cylinder

• deionised water

• wire leads – fitted with crocodile clips (so can be attached to a voltmeter)

• high resistance voltmeter

• strips of filter paper

• retort stands, boss heads and clamps

• saturated potassium nitrate solution

• strip of zinc foil

• strip of copper foil

• iron nail

• strip of lead 

• copper(II) sulfate solution

• zinc sulfate solution

• iron(II) sulfate solution

• lead(II) nitrate solution

Procedure – Setting up a zinc/copper cell

1. Clean the strips of zinc and copper using sandpaper.

2. Place one of the long strips of filter paper provided into the beaker of saturated 
potassium nitrate solution.

3. Measure 50 cm3 of zinc sulfate solution using a measuring cylinder and transfer into 
a 100 cm3 beaker.

4. Clamp the zinc metal strip into one of the crocodile clips and clamp into position so 
that it dips into the beaker of zinc sulfate solution.

5. Repeat steps (3) and (4) with the copper sulfate solution and copper strip.

6. Connect the two half cells with a salt bridge (this is the piece of filter paper which 
has been soaked in saturated potassium nitrate solution).

7. Connect the two metal electrodes to a high resistance voltmeter and note the value 
of the potential difference that is measured. Compare this value with your predicted 
value.
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Determine the electrode potentials of a series of cells 
and predict their values using standard electrode 
potentials (spec ref: 5.6.2)

Practical 10.1

V

high resistance voltmeter salt bridge

salt bridge

copper strip

copper

1 mol dm-3 ZnSO4(aq)

1 mol dm-3 ZnSO4(aq)

1 mol dm-3 CuSO4(aq)

1 mol dm-3 CuSO4(aq)

zinc strip

zinc

A diagram of the apparatus should be drawn as shown below.
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Determine the electrode potentials of a series of cells 
and predict their values using standard electrode 
potentials (spec ref: 5.6.2)

Practical 10.1

Procedure – Setting up an iron/copper cell

1. Repeat the same steps outlined in the zinc/copper cell experiment.

V

salt bridge

copper

1 mol dm-3 FeSO4(aq) 1 mol dm-3 CuSO4(aq)

iron
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Determine the electrode potentials of a series of cells 
and predict their values using standard electrode 
potentials (spec ref: 5.6.2)

Practical 10.1

Procedure – Setting up an iron/zinc cell

1. Repeat the same steps outlined in the zinc/copper cell experiment.

V

salt bridge

iron

1 mol dm-3 ZnSO4(aq) 1 mol dm-3 FeSO4(aq)

zinc

Now that you have practised setting up simple electrochemical cells and measured the 
resulting voltages – you will construct a cell and use the overall cell emf to determine 
the electrode potential of one of the half-cells.

Procedure – Setting up a zinc/lead cell

1. Place one of the long strips of filter paper provided into the beaker of saturated 
potassium nitrate solution.

2. Measure 50 cm3 of zinc sulfate solution using a measuring cylinder and transfer into 
a 100 cm3 beaker.

3. Clamp the zinc metal strip into one of the crocodile clips and clamp into position – 
so that it dips into the beaker of zinc sulfate.

4. Repeat steps (2) and (3) with the lead(II) nitrate solution and lead metal strip.

5. Connect the two half cells with a salt bridge (this is the piece of filter paper which 
has been soaked in saturated potassium nitrate solution).

6. Connect the two metal electrodes to a high resistance voltmeter and note the value 
of the potential difference that is measured.
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Practical 10.1

V

salt bridge

lead

1 mol dm-3 ZnSO4(aq) 1 mol dm-3 Pb(NO3)2(aq)

iron

Cell Measured cell potential difference / V

Zinc/copper

Iron/copper

Iron/zinc

Zinc/lead



CHEMISTRY

pg 39

Determine the electrode potentials of a series of cells 
and predict their values using standard electrode 
potentials (spec ref: 5.6.2)

Practical 10.1

Questions
Use the standard electrode potentials in the table below to answer the following 
questions.

1. For each of the first three constructed cells, identify which half-cell reduction 
takes place in and which half-cell oxidation takes place in. Calculate the potential 
difference of each cell and compare with the value measured.

2. For each of the first three constructed cells, write an overall ionic equation for the 
reaction that would take place if the current was allowed to flow. Represent each cell 
using the conventional cell representation.

Half-cell Standard electrode potential / V

Zn2+ + 2e- → Zn -0.76

Fe2+ + 2e- → Fe -0.44

Cu2+ + 2e- → Cu +0.34

Cell Reduction 
half-cell

Oxidation 
half-cell

Calculated 
cell potential 
difference / V

Measured 
cell potential 
difference / V

Zinc/copper

Iron/copper

Iron/zinc
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Determine the electrode potentials of a series of cells 
and predict their values using standard electrode 
potentials (spec ref: 5.6.2)

Practical 10.1

3. Use the standard electrode potential for the zinc half-cell along with the measured 
potential difference for the zinc/lead cell to calculate the standard electrode 
potential for the lead half-cell. How does it compare with data book value of -0.13 V?

4. Write the overall ionic equation for the reaction that that would take place in 
the zinc/lead cell if current was allowed to flow. Represent the cell using the 
conventional cell representation.
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Determine the amount of a carbonate, for example calcium 
carbonate or magnesium carbonate, in an indigestion tablet 
(spec ref: 5.11.2)

Practical 11.1

Introduction
Indigestion is caused when excess stomach acid (hydrochloric acid) comes into 
contact with the delicate lining of the digestive system. An indigestion remedy 
contains a chemical ingredient which is an alkali/base and acts to neutralise the 
excess stomach acid and easing the symptoms of indigestion. One such ingredient is 
calcium carbonate. This substance reacts with hydrochloric acid, neutralising it and 
forming calcium chloride, a soluble salt, carbon dioxide gas and water.

calcium carbonate + hydrochloric acid → calcium chloride + carbon dioxide + water
CaCO3         +           2HCl     → CaCl2            +            CO2           +  H2O           

The mass of calcium carbonate present in a single indigestion tablet can be 
determined by titration using the method outlined below. All the calcium carbonate 
in the indigestion tablet reacts with the hydrochloric acid added. Some unreacted 
hydrochloric acid will remain. It is the unreacted hydrochloric acid that is neutralised 
by the sodium hydroxide solution used during the titration. 

sodium hydroxide + hydrochloric acid → sodium chloride + water
NaOH                         +        HCl                    →        NaCl                +   H2O

Determining the moles of unreacted hydrochloric acid allows the original reacting 
mass of calcium carbonate in the indigestion tablet to be determined.
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Determine the amount of a carbonate, for example calcium 
carbonate or magnesium carbonate, in an indigestion tablet 
(spec ref: 5.11.2)

Practical 11.1

Apparatus and materials
• safety glasses

• weighing boat

• access to balance (2 d.p)

• indigestion tablet containing 500 mg calcium carbonate

• pestle and mortar

• 250 cm3 beakers

• 50 cm3 measuring cylinder

• funnel & filter paper

• 250 cm3 volumetric flask & stopper

• 50 cm3 burette 

• clamp and stand

• 25 cm3 pipette

• pipette filler    

• 250 cm3 conical flasks       

• bottle of deionised water

• plastic dropping pipettes    

• white tile

• phenolphthalein indicator

• hydrochloric acid 

• sodium hydroxide solution
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Determine the amount of a carbonate, for example calcium 
carbonate or magnesium carbonate, in an indigestion tablet 
(spec ref: 5.11.2)

Practical 11.1

Procedure 

1. Weigh and record the mass of an indigestion tablet.

2. Crush up the tablet using a pestle and mortar.

3. Carefully transfer all the crushed tablet into a 250 cm3 beaker.

4. Using the 50 cm3 measuring cylinder, carefully measure out 50cm3 of hydrochloric 
acid.

5. Add the hydrochloric acid to the crushed tablet in the beaker. Stir the mixture. 
Effervescence will be observed as the tablet reacts and starts to neutralise the 
acid. Once the mixture has stopped bubbling, this indicates that the neutralisation 
reaction is completed. 

6. Carefully filter the mixture into a 250 cm3 volumetric flask using a filter funnel and 
filter paper. Transfer all washings from the beaker into the filter funnel, ensuring 
that all the reagents are transferred and filtered.

7. Add distilled water to the filtrate in the volumetric flask, making the solution up to 
the mark. Stopper the flask and invert to thoroughly mix contents. 

8. Rinse and fill the burette with sodium hydroxide solution.

9. Pour some of the solution from the volumetric flask into a beaker. Using the pipette 
filler, rinse the pipette with some of this solution and carefully transfer 25.0 cm3 of 
the solution to a clean 250 cm3 conical flask.

10. Add 2–3 drops of phenolphthalein indicator solution. The phenolphthalein indicator 
will be colourless.

11. Place a white tile underneath the conical flask. Add 2–3 drops of phenolphthalein 
indicator to the solution in the conical flask.

12. Perform a rough titration. Repeat the titration again to obtain two concordant 
results i.e. two titres within 0.1cm3 of each other.

Mass of weighing boat / g

Mass of weighing boat and 
indigestion tablet / g

Mass of indigestion tablet / g
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Practical 11.1

Rough 
titration

Accurate 
titration 1

Accurate 
titration 2

Burette 
Readings

Final /cm3

Initial /cm3

                              Titre /cm3

Mean Titre /cm3

Results analysis

1. Calculate the number of moles of sodium hydroxide which reacted in the titration.

2. Using the appropriate reacting ratio, determine the number of moles of unreacted 
hydrochloric acid present in conical flask during the titration.

3. Hence, calculate the number of moles of unreacted hydrochloric acid present in the 
250 cm3 solution in the volumetric flask.

4. Calculate the moles of hydrochloric acid added initially to the indigestion tablet.

5. Use your answers to 3 and 4 to determine the number of moles of hydrochloric acid 
that has reacted with the tablet.
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Determine the amount of a carbonate, for example calcium 
carbonate or magnesium carbonate, in an indigestion tablet 
(spec ref: 5.11.2)

Practical 11.1

6. Using the appropriate ratio, calculate the number of moles of calcium carbonate 
present in the indigestion tablet.

7. Calculate the mass of calcium carbonate present in the indigestion tablet.

8. Calculate the percentage by mass of calcium carbonate in the indigestion tablet.
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Prepare aspirin using salicylic acid and ethanoic 
anhydride (spec ref: 5.11.7)

Practical 11.2

C C
O OOH OH

OH O      C      CH3                              C 
C 

C 

O

O

O

O

H3C

H3C

HO

H3C

O

Introduction
Aspirin is formed by an esterification reaction between salicylic acid 
(2-hydroxybenzoic acid) and ethanoic anhydride.

ethanoic anhydride   2-hydroxybenzoic acid            aspirin                              ethanoic acid

+ → +

HOOCC6H4OH           +        (CH3CO)2O            →           HOOCC6H4OCOCH3         +       CH3COOH

Apparatus and materials
• safety glasses
• 100 cm3 conical flask
• access to balance (2 d.p)
• weighing boat
• 10 cm3 measuring cylinder
• thermometer
• plastic dropping pipette
• 250 cm3 beaker
• Büchner funnel & flask
• filter paper 
• 100 cm3 beaker
• watch glass
• spatula
• access to a drying oven
• a capillary tube sealed at one end
• access to melting point apparatus
• test tubes and rack
• salicylic acid 
• ethanoic anhydride
• concentrated sulfuric acid
• ice
• ethanol
• iron(III) chloride solution
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Prepare aspirin using salicylic acid and ethanoic 
anhydride (spec ref: 5.11.7)

Practical 11.2

Procedure 

1. Weigh 2.00 g of salicylic acid and transfer into a 100 cm3 conical flask. 

2. Using a measuring cylinder, measure out 4 cm3 of ethanoic anhydride and add to 
the conical flask. Swirl the contents.

3. Using a plastic dropping pipette, add 5 drops of concentrated sulfuric acid to the 
flask and swirl the mixture to ensure the reagents are mixed thoroughly.

4. Warm the flask in a beaker of hot water at approximately 60 °C until the solid 
dissolves. Once dissolved, let the flask remain in the hot water for a further 5–10 
minutes.

5. Add 10 cm3 of cold water to the flask and then place the flask in an ice-water bath. 
Leave to cool so that solid aspirin forms.

6. Filter off the crude aspirin using Büchner apparatus. Retain a few crystals for further 
analysis.

7. Place the crude aspirin in a 100 cm3 beaker. Add a minimum amount of a hot 50:50 
ethanol/water solution to dissolve the crude product. Cool and filter off the crystals 
using Büchner apparatus.

8. Transfer the recrystallised aspirin to a watch glass and place in a drying oven 
overnight. Weigh the recrystallised aspirin once dry.

9. Add 2 cm3 of deionised water to each of three test tubes. 
 To one test tube add a few crystals of the crude aspirin and shake. 
To another test tube add a few crystals of the recrystallised aspirin and shake. 
 To the third test tube add a few crystals of salicylic acid and shake.

Filter paper

Büchner funnel

Büchner flask

To suction pump
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Prepare aspirin using salicylic acid and ethanoic 
anhydride (spec ref: 5.11.7)

Practical 11.2

10. To each test tube, in turn, add 2 drops of iron(III) chloride solution using a plastic 
dropping pipette and shake (this is used to test for the presence of the –OH group 
attached to a benzene ring, ie a phenol group. A purple colour indicates the 
presence of this group).

11. Determine the melting point of the recrystallised aspirin using a capilary tube 
sealed at one end and melting point apparatus.

Mass of 2-hydroxybenzoic acid / g 

Mass of recrystallised aspirin / g

Melting point of recrystallised aspirin

Colour of iron(III) chloride solution 
with salicylic acid

Colour of iron(III) chloride solution 
with crude aspirin

Colour of iron(III) chloride solution 
with recrystallised aspirin

Questions 

1. Calculate the percentage yield of the reaction based on the mass of salicylic acid 
used. Suggest reasons why the yield is less than 100%.

2. Over what temperature range did the recrystallised aspirin melt? How does this 
indicate the purity of the sample given that pure aspirin has a melting point of 
139 °C?



CHEMISTRY

pg 49

Prepare aspirin using salicylic acid and ethanoic 
anhydride (spec ref: 5.11.7)

Practical 11.2

3. Explain how the results of the iron(III) chloride test indicate the purity of the crude 
and recrystallised aspirin.

4. Explain why ethanoic anhydride is used in the preparation of aspirin rather than 
ethanoic acid or ethanoyl chloride.

5. Explain, with an equation, why cold water is added to the reaction mixture.
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Prepare aspirin using salicylic acid and ethanoic 
anhydride (spec ref: 5.11.7)

Practical 11.2

6. What considerations need to be given to the solvent used during recrystallisation? 
Explain why a minimum volume of hot solvent is used.
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Use chromatography to compare the purity of 
laboratory-made aspirin with commercial tablets 
(spec ref: 5.11.8)

Practical 11.3

Introduction
Chromatography is a separation technique which separates mixtures based on their 
physical properties. All methods of chromatography have a stationary phase and 
a mobile phase. How far each substance in a mixture separates depends on the 
relative affinities for the stationary and mobile phases. In paper chromatography, 
the paper is the stationary phase and the solvent is the mobile phase. In thin-layer 
chromatography (TLC) the silica/alumina is the stationary phase while the solvent 
is the mobile phase. How far a component in a mixture travels is calculated as the 
retardation factor (Rf) which is given by:

Rf = 
distance travelled by component

          distance travelled by solvent

In this practical you will compare the aspirin you made in practical 11.2 with a 
commercial sample using thin-layer chromatography.

Apparatus and materials
• safety glasses

• 250 cm3 beaker

• spatula

• tweezers

• 3 × capillary tubes 

• 3 × small vials

• plastic dropping pipette

• TLC paper (approximately 12.5 cm × 5.5 cm)

• 50 cm3 measuring cylinder

• watch glass

• samples of crude and recyrstallised aspirin made in practical 11.2

• sample of a commercial brand of aspirin tablet, crushed

• access to ethanol

• ethyl ethanoate

• short wavelength UV lamp (254 nm) 

• a few iodine crystals
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laboratory-made aspirin with commercial tablets 
(spec ref: 5.11.8)

Practical 11.3

Procedure 

1. Take a TLC plate and, using a pencil and ruler, lightly draw a line across the plate 
about 1 cm from the bottom. Mark three equally spaced points on this line.

2. Place small amounts (about 1/3 of a spatula measure) of the crude aspirin, the 
recrystallised aspirin and the commercial sample of aspirin in three separate vials. 
Label the vials so that you know which is which.

3. Using a plastic dropping pipette, add 1 cm3 of the ethanol to each of the vials to 
dissolve the samples.

4. Use capillary tubes to spot each of your three samples onto the TLC plate. Allow the 
spots to dry and then repeat three more times. The spots should be no more than 0.5 
cm in diameter.

5. Using a measuring cylinder, measure 30 cm3 of ethyl ethanoate and transfer to a 
250 cm3 beaker.

6. Once dry, place the TLC plate in the beaker making sure that the original pencil line 
is above the level of the developing solvent – ethyl ethanoate. Put a watch glass 
on the beaker and allow to stand until the solvent front has risen to within a few 
millimetres of the top of the plate.

7. Remove the plate from the beaker and quickly mark the position of the solvent front 
with a pencil. Allow the plate to dry.

8. Observe the plate under a short wavelength UV lamp and lightly mark with a pencil 
any spots observed.

9. Carefully place the plate in the dried 250 cm3 beaker containing a few iodine 
crystals. Cover with a watch glass and leave until spots begin to appear.
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Use chromatography to compare the purity of 
laboratory-made aspirin with commercial tablets 
(spec ref: 5.11.8)

Practical 11.3

Questions 

1. Calculate the Rf values of each spot observed on the tlc plate from each of the 
aspirin samples.

2. Explain what the spots observed on the tlc for each aspirin sample indicate about 
the purity of each sample.


