
 

Experiment Scaffold Notes 
Syllabus:  Corresponding content descriptor 

from the syllabus 
Aim: To…  Must always begin with “To”. 

Should summarise the objective of 
the experiment, linking in 
independent and dependent variable. 
A hypothesis should also be present; 
however, this will not be shown 
throughout these notes. 

Risk Assessment: Risk Mitigation Risks must be relevant to the 
experiment. Mitigations must be 
specific to the risk and should 
explain how they lower the risk. 

  

  

Equipment: 1.   
2.   
3.   

Should be listed using numbers. 
Must use correct names of equipment 
and specific volumes of any 
chemicals. 

Method overview: 

1.   
2.   
3.  

MUST: 
a) Be numbered 
b) Be written chronologically 
c) Be in third person 
d) Have every step begin with a 

verb 
e) Have one instruction per line 
f) Include a control 
g) Include repetition 
h) Be specific with time and 

equipment 
i) Outline how to collect results 

May include diagrams. These should 
be labelled. 

Results: 

 
Independent 
variable 

Trial 1 
(units) 

Trial 2 
(units) 

Trial 3 
(units) 

Average 
(units) 

A     
B     
C     

 

May be in the form of: 
a) Descriptions 

� Describe only what 
observations were 
made. No explanations 
should be included. 

b) Tables 
� Must have the 

independent variable 
listed in the first 
column. 

� Each trial must be 
listed in subsequent 
columns. 

� Average column at the 
end. 

� Units included in 
column heads. 

c) Graphs 



 
 

� Different graphs for 
different data sets. 

� Independent variables 
on the x-axis. 

� Dependent variable on 
the y-axis. 

d) Photos 
� Clear and relevant 
� Should be labelled 

Estimated results may be shown for 
purposes of calculations. These will 
be denoted by *** and should not be 
used as a substitute for experimental 
results. 

Conclusion: 

 

Should follow a set structure by 
sentence: 

1. Identify the main findings of 
the results. 

2. Link the results and the 
dependent variable to the 
aim. 

3. Answer the aim. 

Explanation/Notes: 

 

Not included in a formal experiment 
write-up. Included for the sake of 
providing an explanation of why 
results occur. May go into further 
unnecessary detail. 

Discussion:  Accuracy: 
Were the expected/correct 
results achieved? 

Reliability: 
Was the experiment repeated 
and were consistent results 
obtained? 

Validity: 
Was there one independent 
variable? 
Were all other variables that 
could affect results 
controlled? 
Did the dependent variable 
answer the aim? 

Experiment 1: Cobalt Chloride Solution 
Syllabus: Investigate the effects of temperature, concentration, volume and/or pressure on a 

system at equilibrium and explain how Le Chatelier’s principle can be used to predict 
such effects, for example: 

●  heating cobalt(II) chloride hydrate 

Aim: To determine the effect of temperature on cobalt chloride solution equilibrium. 



Risk Assessment: Risk Mitigation 
Burning or scalding hands in hot water Using a test tube holder to move test 

tube 
Chemicals entering the eye Wearing safety glasses to prevent 

entry 
Chemicals are toxic Wash hands after use 

Equipment: 1. 3 test tubes 
2. 2 ice cream containers 
3. 200ml of cobalt chloride solution 
4. Hot water 
5. 20 cubes of ice 

Method overview: 1. Prepare three test tubes with 20ml of cobalt chloride solution. 
2. Leave one test tube at room temperature. 
3. Pour hot water into one of the ice cream containers. 
4. Place the ice cubes into the other ice cream container. 
5. Place one test tube into the hot ice cream container. 
6. Observe the colour of the cobalt chloride solution after 5 minutes. 
7. Place one of the other test tubes into the cold ice cream container. 
8. Observe the colour of the cobalt chloride solution after 5 minutes 
9. Compare colour of the control, hot and cold solutions. 
10. Repeat until the results are consistent. 

Results:  The heated solution should have turned a blue colour, while the cooled solution should 
have turned pinkish. The control solution at room temperature should have remained 
somewhere between these colours. 

 
 
Temperature Colour of cobalt chloride solution 

Initial Final 
Room temperature   
Hot   
Cold   

 
 

Conclusion: The cobalt chloride solution is pink in cold water and blue in hot water. The colour is an 
indicator of the equilibrium position of the system. This shows that adding heat shifts 
the equilibrium position to the right as shown in the equation below. 

Explanation/Notes: Reaction: 
The cobalt chloride reacts in an equilibrium reactions as follows: 
 

[Co(H2O)6]
2+ + 4Cl- + HEAT ↔ [CoCl4]

2- + 6H2O 
 

Equilibrium shift: 
When heat energy is added to the system, using Le Chatelier’s principle, the system will 
shift to the right to use the heat energy, thus stabilising the system. This causes the deep 
blue colour. Likewise the opposite is also true for cooling the system 



Discussion: Accuracy: The experiment was accurate, as the colour changes occurred as expected. 
Reliability: The experiment was reliable as repetition was completed and consistent 
results were obtained. 
Validity: The experiment was valid as there was only one independent variable, the 
temperature of the solution. All other variables that could affect the results were 
controlled and the dependent variable, the colour of the solution was able to answer the 
aim. 

Experiment 2: Cobalt Chloride Solid 
Syllabus: Conduct practical investigations to analyse the reversibility of chemical reactions, for 

example cobalt(II) chloride hydrated and dehydrated. 
Aim: To determine the effect of water on cobalt chloride equilibrium. 

Risk Assessment: Risk Mitigation 
Burning from evaporating basin Using a set of tongs to make any 

necessary adjustments to avoid 
contact with hands. Wait to cool 
before moving 

Spitting of water and chemicals from basin 
entering the eye 

Wearing safety glasses to prevent 
entry 

Equipment: 1. Evaporating basin 
2. Tripod and gauze 
3. Bunsen burner 
4. 200ml of water 
5. Anhydrous cobalt chloride chips 

Method overview: 1. Place pipe clay triangle on tripod. 
2. Place evaporating basin on pipe-clay triangle. 
3. Place Bunsen burner underneath tripod.  
4. Place hydrated cobalt chloride solid in evaporating basin. 
5. Observe the colour of the solid. 
6. Heat the evaporating basin. 
7. Observe the colour of the solid. 
8. Add a few drops of water to the solid. 
9. Observe the colour of the solid. 
10. Repeat steps 6-9 until consistent results are achieved. 

Results: The solid was pink initially. As the solid was heated, it turned to blue in colour. When 
the drops of water were added, the solid turned pink. 

Conclusion: The cobalt chloride turned from pink to blue when heated. The change in colour is an 
indicator of dynamic equilibrium. This shows that reactions can be reversible when in 
dynamic equilibrium. 

Explanation/Notes: Reaction: 
The cobalt chloride reacts in an equilibrium reactions as follows: 
 

[Co(H2O)6]
2+ + 4Cl- + HEAT ↔ [CoCl4]

2- + 6H2O(l) 
 

Equilibrium Shift: 
While it is sometimes explained that adding water causes a shift to the left due to Le 
Chaterlier’s principle this is not correct in all circumstances. Since water is in liquid 
form, its concentration does not usually change for very dilute solutions. However, in 
solutions with very low volumes of water, such as solid crystals, there are very few 
water molecules. Therefore the reverse reaction decreases in the number of collisions 
with water molecules to reform the reactants. This increases the number of products, 
causing the solid to turn blue and a shift to the right.  
 
This can also be examined using equilibrium constants. 



 
K =  [CoCl4]

Co(H2O)6 ×[Cl][ ] 4  
 

K =  V
CoCl4

 ×V
Co(H2O)6

V 4
Cl4

 

As  , (the volume decreases) the denominator will approach a very large V
CoCl4

 ×V
Co(H2O)6

V 4
Cl4

 

number, as the V component is to the power of 5. The numerator will not approach this 
large number as fast. But we know that equilibrium constant must stay the same. To 
compensate for this, the equilibrium position must shift to favour the products, to make 
the numerator larger. This ensures that the numerator and denominator remain equal in 
relative size as the volume decreases. 
 

Discussion: Accuracy: The experiment was accurate, as the colour changes occurred as expected. 
Reliability: The experiment was reliable as repetition was completed and consistent 
results were obtained. 
Validity: The experiment was valid as there was only one independent variable, the 
presence of water. All other variables that could affect the results were controlled and 
the dependent variable, the colour of the solid was able to answer the aim. 

Experiment 3: Dinitrogen tetroxide  
Syllabus: Investigate the effects of temperature, concentration, volume and/or pressure on a 

system at equilibrium and explain how Le Chatelier’s principle can be used to predict 
such effects, for example:  

● interaction between nitrogen dioxide and dinitrogen tetroxide 

 
Aim: To determine the effect of pressure on dinitrogen tetroxide equilibrium. 

Risk Assessment: Risk Mitigation 
Inhaling gas Ensure that syringe is sealed. Carry 

out experiment in a well-ventilated 
area such as a fume cabinet. 

Equipment: 1. Dinitrogen tetroxide gas. 
2. Syringe 

Method overview: 1. Transfer gas into a sealed syringe. 
2. Observe starting colour. 
3. Compress the syringe chamber using the plunger. 
4. Observe the gas colour. 
5. Decompress the syringe chamber using the plunger.  
6. Observe the gas colour. 

Results:  The chamber should have begun as a light 
brown colour. As the volume of the 
container decreases, the chamber should 
have darkened in colour, before lightening 
slightly. As the volume of the chamber was 
increased, the colour should have lightened 
and then darkened slightly. 
 
 

Conclusion: When the volume was decreased, the gas turned to a lighter brown colour. When the 
volume was increased, the gas turned into a darker brown colour. The change in colour 
is an indicator of the equilibrium position of the system. This shows that increasing the 
pressure by decreasing the volume shifts the equilibrium position to the right and 
decreasing the pressure by increasing the volume shifts the equilibrium position to the 
left. 



Explanation/Notes: Reaction: 
Dinitrogen tetroxide reacts in an equilibrium reactions as follows: 
 

2NO2(g) ↔ N2O4(g) (colourless) + HEAT 
 

Equilibrium Shift: 
When the volume is decreased, the pressure is increased. Using Le Chatelier’s principle, 
this will cause a shift to where there are fewer mols of gas, in this case the products. 
When the volume is increased, the pressure is decreased. Using Le Chatelier’s principle, 
this will cause a shift to where there are more mols of gas, in this case the reactants. 
 
Note that in the diagram, the colour darkens from the first frame to the second frame. 
This is due to an overall spike in the concentration of all gaseous molecules, despite a 
relative decrease in the 2NO2(g) gas molecules. The lightening in colour can be seen 
between the second and third frame as the new equilibrium is established. This idea is 
especially important to note, remembering that simply a shift in equilibrium position 
does not constitute and overall increase or decrease in concentration. An example is 

given below: 
This diagram shows the reaction between molecule A and AB, in the very similar form 
to the experiment above:  
 

2A(g) ↔ AB(g) 
 

Initially (t0), equilibrium is established. At the dotted line the pressure is increased and 
thus the volume is decreased. While this actually shifts equilibrium to the right (AB), 
where there are fewer moles of gas, the overall concentration of A still increased, as the 
total volume of the container is smaller. This explains why in the results photo, the final 
frame is actually darker than the original, despite an equilibrium shift against the 
coloured NO2 gas. 

Discussion: Accuracy: The experiment was accurate, as the colour changes occurred as expected. 
Reliability: The experiment was reliable as repetition was completed and consistent 
results were obtained. 
Validity: The experiment was valid as there was only one independent variable, the 
pressure. All other variables that could affect the results were controlled and the 
dependent variable, the colour of the syringe was able to answer the aim. 

Experiment 4: Iron Thiocyanate  
Syllabus: Investigate the effects of temperature, concentration, volume and/or pressure on a 

system at equilibrium and explain how Le Chatelier’s principle can be used to predict 
such effects, for example:  

● iron(III) thiocyanate and varying concentration of ions  

Conduct an investigation to determine Keq of a chemical equilibrium system, for 
example:  

● Keq of the iron(III) thiocyanate equilibrium 

Aim: To measure the equilibrium constant of an iron thiocyanate solutions and hence show 
that this is independent of initial concentrations 



Risk Assessment: Risk Mitigation 
Chemicals entering the eye Wearing safety glasses to prevent 

entry 
FeSCN2+ is harmful to aquatic life Do not pour down sink, pour into 

provided waste bottle 
Equipment:  

1. 200ml 0.2M Fe(NO3)3 
2. 200ml 0.1M KSCN 
3. 500ml 0.5M HNO3 
4. Visible light spectrometer  
5. Cuvettes 
6. 200ml distilled water 
7. Beaker x 6 
8. 100ml volumetric flask x 6 
9. 25ml pipette 
10. 10ml graduated pipette 

Method overview:  
1. Label the six volumetric flasks A-F. 
2. Transfer 25ml of 0.2M Fe(NO3)3 into flask A using the 25ml pipette 
3. Transfer 25ml of 0.1M KSCN into flask A using 25ml pipette. 
4. Add HNO3 to flask A to make the total volume of 100ml.  
5. Repeat steps 2-4 to make up the following solutions, using the 10ml graduated 

pipette where necessary. 

 
Standard 
Solution 

Total Volume 
(ml) 

Volume of 
0.1M KSCN 

(ml) 
 

Volume of 
0.2M 

Fe(NO3)3 (ml) 

Volume of 
0.5M HNO3 

(ml) 

A 100 25 25 50 
B 100 30 25 45 
C 100 35 25 40 
D 100 40 25 35 
E 100 45 25 30 
F 100 50 25 25 

 
6. Rinse the cuvette with distilled water. 
7. Fill the cuvette ¾ with distilled water and wipe the sides clear. 
8. Turn on the colourimeter and turn the light to 470nm. 
9. Calibrate the colourimeter using the distilled water. 
10. Rinse a 100ml beaker using solution A. 
11. Pour a sample of solution A into the beaker. 
12. Rinse the cuvette with solution A. 
13. Fill the cuvette ¾ with solution A and wipe the sides clear. 
14. Measure absorbance for solution A. 
15. Rinse cuvette with distilled water. 
16. Repeat steps 11-15 until consistent results achieved. 
17. Repeat steps 10-16 with solutions B-F. 
18. Record results in a table 
19. Calculate the equilibrium constant of each of the standard solutions 

 



Results:  
Solution Concentration 

Fe3+(M) 
Concentration 

KSCN(M) 
Absorbance 

1 (A) 
Absorbance 

2 (A) 
Absorbance 
Average (A) 

A 0.05 0.025    
B 0.05 0.03    
C 0.05 0.035    
D 0.05 0.04    
E 0.05 0.045    
F 0.05 0.05    

 
 
Using this we can calculate the equilibrium concentration of [FeSCN]2+ for each of the 
solutions. Now we can calculate equilibrium constant using the ICE box method. 
Sample for solution A is shown below: 
 
Solution A: 

 [Fe(H2O)6]
3+ SCN- ↔ [FeSCN(H2O)5]

2+ 
Initial 0.05 0.025 ↔ 0 

Consumed  – C  – C ↔ + C 
Equilibrium 0.05 – C 0.025 – C  ↔ C 

 
K = [products]

[reactants]  
 
K = [FeSCN(H2O)5]

2+/[Fe(H2O)6]
3+× [SCN-] 

 
K = [C]

0.05−C ×[0.025−C][ ]  
 

Conclusion: As the volume of 0.1 KSCN initially placed in each solution increased, the absorptivity 
increased. However, the equilibrium constant remained the same for each of the sample 
solutions. This equilibrium constant measured directly correlates to the aim, thus the 
equilibrium constant of an iron thiocyanate solution is ______. 
 

Explanation/Notes: Reaction: 
The iron thiocyanate reacts in an equilibrium reactions as follows: 
 

[Fe(H2O)6]
3+ + SCN- ↔ [FeSCN(H2O)5]

2+ + H2O + HEAT 
 
Calibration Curve: 
 
The concentration can also be calculated using the Beer-Lambert Law (from module 8). 
This law uses the amount of a certain wavelength absorbed by the sample and a number 
of other factors to calculate the concentration of a certain species in the sample. If a 
sample has a particular visible light colour, the colour used to determine the absorbance 
will be from the opposite end of the visible light spectrum. This is because a blue 
substance, such as copper solution will absorb all light EXCEPT for the blue light which 
it reflects. Thus there will be no measured change if light is fired from a similar 
wavelength. 
The Beer-Lambert Law is as follows 

×l×cA = ε  
OR 
c = A

l×ε  
Where, 
A = absorbance 
ε = molar absorptivity 
c = concentration 



l = length of cuvette 
 
 
 
Equilibrium Constant: 
As the initial concentration of KSCN increases, equilbrium will be shifted to the right 
according to Le Chatelier’s principle. This will result in a higher concentration of the 
iron thiocyanate, which will be detected as a higher absorbance. 
 
For solution A   K1 = [C ]1

0.05−C ×[0.025−C ][ 1] 1
 

 
For solution F 
K2 = [C ]2

0.05−C ×[0.05−C ][ 2] 2
 

 
We know that  from the initial conditions, but this is counteracted by the factC2 > C1  
that . Thus, assume that .05 .0250 − C2 > 0 − C1 K1 = K2  

[C ]1

0.05−C ×[0.025−C ][ 1] 1
= [C ]2

0.05−C ×[0.05−C ][ 2] 2
 

 
[C ]1

[0.025−C ]1
= [C ]2

[0.05−C ]2
 

 
Which is reasonable since the larger numerator on the RHS counteracts ther larger 
denominator. On the LHS, the smaller numerator is only divided by a smaller 
numerator. This equilibrium constant is the relative concentrations at which the 
forwards and reverse reactions will become equal. Since the only thing that will affect 
activation energy and the ability of these forward and reverse reactions is temperature; 
only temperature will alter the equilibrium constant.  
 

Discussion: Accuracy: The experiment was accurate, as the equilibrium constant measured 
approximately matched the expected value. 
Reliability: The experiment was reliable as repetition was completed and consistent 
results were obtained. 
Validity: The experiment was valid as there was only one independent variable, the 
initial volumes of the KSCN. All other variables that could affect the results were 
controlled and the dependent variable, the equilibrium constant was able to answer the 
aim and the consistency of the equilibrium constant demonstrates that this is 
independent of the initial concentrations. 

Experiment 5: Preparation And Use Of Indicators  
Syllabus: Conduct an investigation to demonstrate the preparation and use of indicators as 

illustrators of the characteristics and properties of acids and bases and their reversible 
reactions 

Aim: To prepare acid/base indicators and thus demonstrate the reversible nature of acids and 
bases. 

Risk Assessment: Risk Mitigation 
Acid/base in eyes and skin Ensure that safety goggles are worn 

Fumes from ammonia Perform in a well-ventilated area 
such as a fume cabinet. 

Equipment: 1. 100g cabbage 
2. 100g hibiscus 
3. 100g beetroot 
4. 100ml 0.1M HCl  
5. 100ml 0.1M acetic acid 
6. 100ml 0.1M saline 



7. 100ml 0.1M ammonia 
8. 100ml 0.1M NaOH 
9. 1L water 
10. Beaker x 3 
11. Test tubes x 15 
12. Bunsen burner 
13. Tripod 
14. Gauze 

Method overview: 1. Pour 250ml of water into a beaker. 
2. Place beaker on tripod and gauze above Bunsen burner. 
3. Place 100g cabbage sample in water. 
4. Bring water to boil. 
5. Leave until an unchanging colour has leached into the water. 
6. Observe colour of indicator. 
7. Pour 20ml of respective acids and bases into 5 separate test tubes 
8. Pour 3 drops of indicator into each test tube. 
9. Observe any colour changes in indicator. 
10. Add 0.1M HCl into each solution until a colour change occurs. 
11. Observe colour changes. 
12. Add 0.1M NaOH into each solution until a colour change occurs. 
13. Observe colour changes. 
14. Repeat steps 1-13 until consistent results achieved. 
15. Repeat steps 1-14 using hibiscus and beetroot respectively. 

Results:  
Indicator Initial HCl Acetic 

Acid 
Saline Ammonia NaOH 

Beetroot Purple Red Red Purple Purple Yellow/green 
Cabbage Purple Red Pink Blue Blue/green Yellow/green 
Hibiscus Light 

red 
Darker 

red 
Light 
red 

Light 
red 

Very light 
red 

Yellow 

 
The initial colours of each of the test tubes are shown in the table.  
As 0.1M HCl was added, each of the beet solutions lightened in colour before turning 
red, except for the HCl and acetic acid solutions which were already red. The NaOH and 
NH3 solution required the most added before it turned red. 
The cabbage solutions went through various colour changes, before eventually turning 
red. The HCl solution required none as it was already red, while the NaOH and NH3 
solution required the most added before it turned red.  
The hibiscus solutions all lightened in colour before turning red, except for the HCl 
solution which were already red. The NaOH and NH3 solution required the most HCl to 
change to red. 
 
As 0.1M NaOH was added, each of the beet solutions lightened in colour before turning 
yellow/green, each solution required similar amounts of NaOH to achieve this.  
The cabbage solutions went through various colour changes, before eventually turning 
yellow/green. Each solution required similar amounts of NaOH to achieve this.  
The hibiscus solutions all lightened in colour before turning yellow. Each solution 
required similar amounts of NaOH to achieve this. 
 

Conclusion: Each indicator produced a range of colours when placed in different concentrations of 
acids and bases. As acid was added, each solution went through a variety of colour 
changes, before stopping at a red/orange colour. When base was added, these colour 
changes reversed. The colour is an indicator of the pH of the solution, as each of the 



plants was a natural indicator. Thus boiling and leaching enabled the preparation of 
these natural indicators. The reversibility of the colours demonstrates that pH of a 
solution is reversible.  

Explanation/Notes: Indicators: 
Below is the pH chart for each of the natural indicators tested. 

 

 

 
Indicators are coloured dyes with are themselves weak acids. They react in the 
following equilibrium, 

HIn + H2O ↔ H3O+ + In- 
 

Where at least one of the states of the indicator, HIn or In- are coloured. When a change 
is introduced to the equilibrium, such as an increase in hydrogen ion concentration, 
using Le Chatelier’s principle this will cause a shift to the reactants. Similarly, the 
introduction of a base will remove the hydronium products through a neutralisation 
reaction, shifting equilibrium position to the products. 
Reaction: 
One particular instance to note about this particular investigation is that it takes equal 
amounts of 0.1 M HCl to change both the ammonia and NaOH solutions red in the 
beetroot solution. This can be explained using Le Chatelier’s principle. Ammonia and 
NaOH dissociate as follows: 
 

NH3 + H2O ↔ NH4
+ + OH- 

NaOH ↔ Na+ + OH- 
 
While equilibrium position does lie far further to the right in the NaOH dissociation, as 
HCl is added to each, the hydroxide products will be removed. This will shift the 
equilibrium to the right, and when excess HCl is added, it will cause both bases to fully 



disassociate. Since both are of equal molarity, this complete disassociation will require 
equal volumes of acid. Thus, both will require equal volumes of HCl to change to the 
red colour.  
 

Discussion: Accuracy: The experiment was accurate, as the colour changes occurred as expected. 
Reliability: The experiment was reliable as repetition was completed and consistent 
results were obtained. 
Validity: The experiment was somewhat valid. While there was only one independent 
variable, the indicator used, and one dependent variable, the colour of the solution, this 
investigation combined multiple experiments; the preparation of natural indicators and 
the reversibility of pH. This could be improved through separating these experiments to 
ensure as many variables that could affect the experiment are controlled. However, the 
experiment did answer the aim, as it demonstrated the preparation of natural indicators 
as well as the reversibility of pH. 

Experiment 6: Enthalpy of Neutralisation  
Syllabus Conduct a practical investigation to measure the enthalpy of neutralisation 

Aim: To determine the enthalpy of neutralisation of acid base reactions. 

Risk Assessment: Risk Mitigation 
Acid/base in eyes and skin Ensure that safety goggles are worn 

Equipment: 1. 50ml 1M HCL 
2. 50ml 1M NaOH 
3. Beaker x 2 
4. Thermometer 

Method overview: 1. Pour 50ml of 1M HCl into a beaker. 
2. Pour 50ml of 1M NaOH into a second beaker. 
3. Measure the temperature of each substance using the thermometer, confirming 

they should both be at room temperature. 
4. Pour the NaOH into the acid beaker. 
5. Record maximum temperature reached. 
6. Calculate enthalpy of reaction. 
7. Calculate enthalpy of neutralisation by dividing by the moles of water 

produced. 

Results: Initial temperature acid: 25 °C 
Initial temperature base: 25 °C 
Final temperature: 29 °C*** 
Moles produced = 0.05 

H C∆T∆ =  − m  
H 00×4.18×4∆ =  − 1  
H 668J∆ =  − 1  

***H/mol 33360J /mol∆ =  −   
Conclusion: The temperature of the solution increased by 4 °C. This temperature change can be used 

to determine the enthalpy of neutralisation of acid base reactions. Thus the enthalpy of 
neutralisation is ***3360J /mol3  

Explanation/Notes: Reaction: 
Acids and bases react in the following non-reversible neutralisation general reaction: 
 

Acid + Base  Salt + Water 
 

In this instance the acid base reaction was as follows: 
 

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



 
Generally, the breaking of bonds requires energy input, while the formation of bonds 
releases energy. Since both HCl and NaOH are already in an aqueous state, there are no 
bonds to break. However, the formation of the H2O molecule does release energy, 
making this process exothermic. 
 
Since this process releases energy, it is absorbed by the water, leading to the increase in 
the temperature of the water. For every liquid of a constant density, there is a set amount 
of energy required to raise a certain volume by 1 °C. For water, this value, known as the 
specific heat energy of water is 4.18J/g/℃. This can be used to calculate the total 
amount of energy released by the neutralisation of the water. 
Exams: 
A commonly asked examination question is as to why the experimental value for the 
enthalpy is far lower than that of the predicted enthalpy. In answering this you MUST 
refer to the fact that the system is not isolated and thus energy is being lost to the 
environment which is not being detected by the thermometer. This can be remedied by 
the use of a bomb calorimeter, or through the use of insulation. Other aspects to mention 
include: 

● Incorrect batch concentration of reactants causing incomplete neutralisation. 
● Heat not being evenly distributed throughout the water. 
● Contaminants interfering with the experiment, either through reacting with the 

acid/bases or absorbing heat energy. 

Discussion: Accuracy: The experiment was not accurate, as the enthalpy of neutralisation for an acid 
base reaction is 57kJ/mol. 
Reliability: The experiment was reliable as repetition was completed and consistent 
results were obtained. 
Validity: The experiment was valid. The method used controlled all variables which 
may have affected the experiment, and the dependent variable answered the aim. Since 
this was an investigation it did not traditionally have an independent variable. 

Experiment 7: Enthalpy of combustion 
Syllabus: Conduct a practical investigation to measure and reliably compare the enthalpy of 

combustion for a range of alcohols 
Aim: To determine and compare the enthalpy of combustion of a range of alcohols. 

Risk Assessment: Risk Mitigation 
Severe burns/explosion Take care around any open flames. 

Ensure spirit burners lids are tightly 
attached. 

Equipment: 1. Spirit burner – methanol 
2. Spirit burner – ethanol  
3. Spirit burner – propanol  
4. Spirit burner – butanol  
5. Tripod 
6. Gauze 
7. Beaker 
8. 1L water 
9. Thermometer 
10. Scientific scales 
11. Stopwatch 

Method overview: 1. Measure and record initial weight of methanol spirit burner. 
2. Pour 100.0ml of water into the beaker.  
3. Place beaker on gauze and tripod. 
4. Measure and record the initial temperature of water. 
5. Light methanol spirit burner and place underneath tripod. 



6. Leave for 5 minutes. 
7. Extinguish flame. 
8. Record final temperature of water. 
9. Record final mass of methanol spirit burner. 
10. Calculate enthalpy of combustion for methanol. 
11. Repeat steps 1-10 until consistent results obtained for methanol. 
12. Repeat steps 1-11 using each of the respective alcohols. 
13. Record results in a table. 

 

Results:  
Alcohol Initial 

temp 
water 
(℃) 

Final 
temp 
water 
(℃) 

∆T 
(℃) 

Initial 
mass 
(g) 

Final 
mass 
(g) 

∆mass 
(g) 

Moles 
consumed 
(moles) 

∆H ∆H/mol 

Methanol  22 35 13 255 250 5 0.1560… -5434 35kj 
Ethanol          

Propanol          
Butanol          

 
Sample calculation: 
Initial temp water (℃) = 22*** 
Final temp water (℃) = 35*** 
∆T = 13 °C 
Initial mass (g) = 255*** 
Final mass (g) = 250*** 
∆mass = 5g 
Moles = mass / molar mass 
= 5 / 12.01 + 4 x 1.008 +16  
= 0.156045… 

H − C∆T∆ = m  
H − 00×4.18×13∆ = 1  
H − 434∆ = 5  

−∆H
mol = 5434

0.156045  
 

− 4823.28815= 3  
 ***(2 sig fig)−= mol

35kJ  
 
 

Conclusion: The mass of the spirit burner decreased and the temperature of the water increased. 
These changes can be used to directly calculate and compare the heat of combustion of 
each of the alcohols. The heat of combustion of methanol was the lowest at 
35kJ/mol*** while the heat of combustion of butanol was the highest at 50kJ/mol***. 
The heat of combustion tended to increase as the molar mass of the alcohol increased. 

Explanation/Notes: Reaction: 
Hydrocarbons react with oxygen in an exothermic combustion reaction as follows: 
 

Hydrocarbon + O2  CO2 + H2O 



 
For methanol, this occurred as follows: 
 

CH3OH(l) + O2(g)  CO2(g) + H2O(l) 
 
Since this process releases energy, it is absorbed by the water, leading to the increase in 
the temperature of the water. For every liquid of a constant density, there is a set amount 
of energy required to raise a certain volume by 1 °C. For water, this value, known as the 
specific heat energy of water is 4.18J/g/℃ . This can be used to calculate the total 
amount of energy released by the combustion of a set quantity of alcohol. 
Exams: 
A commonly asked examination question is as to why the experimental value for the 
enthalpy of combustion is far lower than that of the predicted enthalpy. In answering 
this you MUST refer to: 

● The system not being isolated, and heat being lost to the environment which is 
not measured by the thermometer. This may be remedied through using 
insulation or a bomb calorimeter. 

● Incomplete combustion occurring from the flame not receiving enough oxygen, 
resulting in a lower amount of energy released. This may be remedied through 
using an air pipe to ensure flame is ventilated. 

● Energy is not being dispersed equally through the water. This may be remedied 
through using stirring rod. 

 
Discussion: Accuracy: The experiment was very inaccurate as the expected heat of combustion for 

the sample calculation methanol is 715kJ/mol. This is due to the reasons listed above. 
Each of the alcohols had an experimental heat of combustion far beneath the expected 
value. 
Reliability: The experiment was reliable as repetition was completed and consistent 
results were obtained. 
Validity: The experiment was valid as there was only one independent variable, the 
alcohol used. All other variables that could affect the results were controlled and the 
dependent variable, the enthalpy of combustion was able to answer the aim. 

Experiment 8: Esterification  
Syllabus: Investigate the production, in a school laboratory, of simple esters 

Aim: To produce and purify an ester. 

Risk Assessment: Risk Mitigation 
Inhaling volatile reactants Perform experiment in a 

well-ventilated area such as a fume 
cabinet 

Combustion of volatile reactants Complete procedure using an oil bath 
OR take care with open flame and 
ensure flame it wafted rather than 
placed directly onto round-bottom 
flask 
 

Scalds or broken glass from excess bubbles 
forming 

Ensure use of porcelain boiling chips 
to prevent the formation of large 
bubbles 

Burns from acid in eyes Ensure safety glasses worn 

Equipment: 1. 20ml butanoic acid 
2. 5ml propanol 
3. 15ml 1M Sodium carbonate 



4. Anhydrous magnesium sulphate 
5. Concentrated sulfuric acid 
6. Round bottom flask 
7. Retort stand 
8. Boss head and clamp x 2 
9. Condensing tube 
10. Running water 
11. Bunsen burner 
12. Tripod 
13. Gauze 
14. Porcelain boiling chips 
15. Filter paper 
16. Filter funnel 
17. Separating funnel 
18. Large beaker 
19. Beaker 

Method overview: Part A – Production: 
1. Pour 20ml butanoic acid, 5ml of propanol and 1ml of concentrated sulfuric acid 

into round bottom flask. 
2. Attach the neck of the flask to the retort stand using the boss head and clamp. 
3. Place 3 boiling chips into the flask. 
4. Connect the condenser to the top of the flask. 
5. Secure condenser using boss head and clamp. 
6. Attach leads of condenser to tap. 
7. Turn water on to a consistent flow. 
8. Place round bottom flask in large beaker filled with water. This should be 

supported by a tripod and gauze. 
9. Light Bunsen burner. 
10. Heat mixture with a steady flame for 40 minutes. 
11. Leave to cool for five minutes. 
12. Turn off water and leave overnight. 
13. Reheat mixture for ten minutes. 
14. Allow to cool. 

Part B – Purification: 
1. Remove flask. 
2. Add 15ml of 1M sodium carbonate solution to flask, or until bubbles stop 

forming. 
3. Pour flask into separating funnel. 
4. Allow mixture to separate. 
5. Drain off bottom aqueous layer. 
6. Add anhydrous magnesium sulphate to flask. 
7. Pour solution through a filter funnel with filter paper. 
8. Re-construct the equipment set-up from part A, with the condenser in the 

condensing rather than reflux position. 
9. Pour solution back into round bottom flask. 
10. Light Bunsen burner. 
11. Collect distilled ester in a beaker. 

Results: At the end of part - A, the solution had a strong fruity smell. When the solution was 
poured into the separating funnel, two layers formed. Upon distillation, the fruity smell 
intensified. 

Conclusion: The ester propylbutanoate was formed. This satisfies the aim of the experiment. 



Explanation/Notes: Part A: 
Reaction: 
Esters are formed from the reaction between alcohols and carboxylic acids. This ester 
formed, propylbutanoate, is from the following reaction: 
 

CH3CH2CH2OH(l) + CH3CH2CH2COOH(l) ↔ CH3CH2CH2COCH2CH2CH3(l)+ 
H2O(l) 

 

 
This reaction is known as a condensation reaction, as two smaller molecules come 
together, and a water molecule is lost. Important to note is that the hydroxyl group does 
not come off the alcohol, it comes off the alkanoic acid, while the hydrogen comes off 
the alcohol. 
Conditions: 
One of the most frequent exam questions is on the reasons for each reaction condition. 
You MUST be able to explain the impact and reason for each. 
Reflux: 

� Increases rate of reaction 
� Prevents the escape of extremely volatile reactants, ensuring the reaction goes 

to completion 

H2SO4: 
� Acts as a catalyst (site for the reaction) 
� Increases yield by acting as a dehydrator, removing the water product. 

Reactants: 
� Esterification has extremely low yield. Ensuring reactants are in excess ensures 

equilibrium position is shifted to the products. The excess of butanoic acid also 
ensures that as little propanol remains as possible. This is because, in part B, the 
removal of acids (acid carbonate reaction) is far easier than the removal of 
alcohols (precise distillation). 

Boiling Chips: 
� Prevents large bubbles from forming which may cause bumping of the liquid 

and small explosions 

Part B: 
Sodium carbonate: 
Sodium carbonate will react with any of the acids present in the following reaction: 

Acid(aq) + Carbonate(aq) ↔ CO2(g) + Salt(aq) + H2O(l) 
 
Thus, the carbonate will remove both the excess butanoic acid and the sulfuric acid. 
Water and carbon dioxide (bubbles) are also produced 
Separating funnel: 
In the separating funnel, two layers should have formed. This is because the large ester 
molecule is nonpolar, while water is polar. Using the rule of “like dissolves like”, these 
two substances will not dissolve in each other. Since the ester is far less dense, it will sit 
on top, allowing the water formed from the acid carbonate reaction to be removed. 



Anhydrous magnesium sulphate: 
This molecule will remove any remaining water molecules. 
Distillation: 
Esters have only weak intermolecular dispersion forces. This means they have lower 
boiling points than water, which has strong hydrogen bonding. When the mixture is 
heated, the ester will boil off, removing most impurities. It is important to note that even 
though the propanol was limiting, there still may be some remaining which is difficult to 
remove. 

Discussion: Accuracy: The experiment was accurate, as the ester was produced as expected. 
Reliability: The experiment was reliable as repetition was completed and consistent 
results were obtained. 
Validity: The experiment was valid as aim was satisfied and the method was constructed 
such that it collected correct results. 

Experiment 9: Gravimetric analysis  
Syllabus: Conduct investigations and/or process data involving: 

● gravimetric analysis  

Aim: To determine the molarity of a 100ml sodium chloride solution 

Risk Assessment: Risk Mitigation 
Silver nitrate can be damaging to ecosystems Dispose of waste into waste bucket 

Equipment: 1. Sample NaCl 
2. 0.1M AgNO3 
3. Filter funnel 
4. Filter paper 
5. Scientific scales 
6. Desiccator 

Method overview: 1. Add excess 0.1M AgNO3 until precipitate stops forming. 
2. Measure the mass of filter paper. 
3. Pour solution through filter funnel and paper. 
4. Leave filter paper to dry in a desiccator. 
5. Re-weigh filter paper until mass is constant. 
6. Calculate moles of NaCl 

Results: Initial mass: 5g*** 
Final mass: 7g*** 
Mass of AgCl = 2g 
Moles = mass / molar mass 
5 / 107.868 + 35.453 
= 0.034886… 
Molarity Cl- = Molarity NaCl = 0.34886… 
= 0.3 (1 sig fig) 
 

Conclusion: The mass of the silver chloride was 2g. This gives a molarity of 0.3 for the NaCl 
solution, thus satisfying the aim. 

Explanation/Notes: Silver chloride has a very low solubility, causing it to precipitate in the presence of its 
ions: 
 

Ag+(aq) + Cl-(aq)  AgCl(s) 
 

A common exam question is to ask why the experimental molarity is greater than that of 
the expected molarity. Answers should include: 

� Filter paper was not left to dry adequately 



� Contaminants also reacted with the silver, precipitating in the presence of the 
excess.  

The molarity may also be lower than the expected value. This may be because 
precipitate molecules were able to pass through filter paper. 
 

Discussion: Accuracy: The experiment was accurate, as the methods used ensured that the correct 
results were collected. 
Reliability: The experiment was reliable as repetition was completed and consistent 
results were obtained. Note that if a similar method is used to analyse soil samples, 
consistent results will not be possible since it is a heterogeneous mixture. 
Validity: The experiment was valid as the method satisfied the aim. The method also 
ensured that under school laboratory conditions, the chlorine ions were measured as 
precisely as possible. 

Experiment 10: Buffers  
Syllabus: Conduct a practical investigation to prepare a buffer and demonstrate its properties 

Aim: To prepare a buffer and demonstrate its properties 

Risk Assessment: Risk Mitigation 
Acid/base burns in eyes and on skin Ensure safety glasses worn 

Equipment: 1. 20ml of 1M acetic acid 
2. 1g sodium acetate 
3. 20ml of 0.1M HCl 
4. 0.1M NaOH  
5. Universal indicator 
6. Distilled water 
7. Beaker x 2 

Method overview: 1. Pour 20ml of 1M acetic acid into the beaker. 
2. Place 1g of sodium acetate into beaker. 
3. Stir beaker until sodium acetate has dissolved. 
4. Place 3 drops of universal indicator into the beaker. 
5. Pour 20ml of 0.1M HCl into the second beaker. 
6. Place 3 drops of universal indicator into the second beaker. 
7. Pour distilled water into the second beaker till the colour of the two beakers are 

similar. 
8. Add one drop of NaOH to each beaker. 
9. Observe any colour change. 
10. Repeat steps 8-9 until colour changes stop. 
11. Repeat steps 1-10 until consistent results achieved. 

Results:  
 Trial 1 Trial 2 Trial 3 Average drops 
Buffered 
solution 

    

HCl solution     
 
 

Conclusion: The buffered solution required significantly more base to change colour than the 
unbuffered solution. The amount of base required to change colour is an indication of 
the ability of the system to resist change. This demonstrates that the buffered solution is 
able to resist changes in pH. 

Explanation/Notes: Reaction: 



A buffer is composed of a weak acid and its conjugate base. In this case, it forms as 
follows: 

CH3COOH(aq) + H2O(l) ↔ CH3COO-(aq) + H+(aq) 
 

Due to adding acetic acid and sodium acetate to the solution, it adds product and 
reactant to both sides. Using Le Chatelier’s principle, an increase in the concentration of 
hydrogen ions will cause a shift to the left, lowering the concentration of hydrogen ions 
and thus resisting the change in pH. An increase in the concentration of hydroxide ions 
will remove the hydrogen ions through a neutralisation reaction:  
 

Discussion: Accuracy: The experiment was somewhat accurate, as the number of drops required 
were relatively near the expected value. 
Reliability: The experiment was reliable as repetition was completed and consistent 
results were obtained. 
Validity: The experiment was valid as there was only one independent variable, the 
buffering of the solution. All other variables that could affect the results were controlled 
and the dependent variable, the number of base required was able to answer the aim. 

Experiment 11: Titrations  
Syllabus: Conduct practical investigations to analyse the concentration of an unknown acid or 

base by titration 
Aim: To determine the concentration of a sample NaOH solution 

Risk Assessment: Risk Mitigation 
Acid/base burns in eyes and on skin Ensure safety glasses worn 

Cuts from burette or pipette (broken glass) Be gentle with glassware 

Equipment: 1. Sample NaOH 
2. Standard solution of HCl (0.1M) 
3. Burette 
4. Conical flask 
5. Phenol red indicator 
6. Distilled water 

Method overview: 1. Rinse conical flask with distilled water 3 times. 
2. Rinse 25ml pipette with distilled water 3 times. 
3. Rinse pipette with NaOH solution. 
4. Pipette 25ml of NaOH into conical flask. 
5. Add phenolphthalein red indicator to conical flask. 
6. Rinse burette with distilled water 3 times. 
7. Rinse burette with HCl 
8. Pour standard HCl into burette. 
9. Add HCl until colour of indicator begins to change. 
10. Add HCl drop by drop until end point is reached. 
11. Repeat steps 1 – 10 more accurately at least 3 more times. 
12. Record results in a table. 
13. Calculate concentration of NaOH solution. 

Results:  
 

 Titre 1 
(ml) 

Titre 2 
(ml) 

Titre 3 
(ml) 

Titre 4 
(ml) 

Titre 5 
(ml) 

Average 
(ml) 

Volume 
used 

24.5 25 25.1 24.9 25.4 25ml 

Average titre (outliers removed): 



(25 + 25.1 + 24.9 + 24.5 + 25.4) /5 = 25ml 
Equation: 
HCl(aq) + NaOH(aq)  NaCl(aq) + H2O(l) 
 
Molar ratio: 1:1 
Moles NaOH = 25 x 0.1 x 10-3 = 0.0025 
Molarity = moles/L = 0.1M NaOH 
 

Conclusion: The molarity of the NaOH solution was 0.1M. Thus the dependent variable measured 
answers the aim. 

Explanation/Notes: Terminology: 
� Titrant – known primary standard solution usually added via burette 
� Analyte – Unknown solution (also known as titrate) 
� Aliquot – Accurately known volume delivered by pipette 
� Titre – The volume added by the burette needed to reach the endpoint 

Standards: 
Primary standards are highly accurately made or measured solutions. These are 
extremely important, as these standards are used as titrants to determine the 
concentration of other solutions. Standards must be: 

� Found in solid form 
� High molar mass 
� Must not absorb water easily 

For this reason, HCl is usually not used as a primary standard as it can not be 
standardized easily. This was used in this case as an example for simplification. 

Rinsing: 
Pipette – must not contain any extra water as this will reduce the actual volume of 
solution delivered to the conical flask and hence reduce the number of moles delivered. 
Thus, this must be rinsed with the solution to be delivered last. This theory is also 
applicable to the burette which must only be rinsed with what is going into the burette. 
Conical flask – must not contain any additional moles of either solution, as there is no 
way for this to be calculated. Thus, the conical flask must only be rinsed with distilled 
water. 
Reaction: 

HCl(aq) + NaOH(aq)  NaCl(aq) + H2O(l)  
 
The reaction which occurs is a neutralisation reaction. As more HCl is added, it reacts 
with the NaOH, reducing the pH of the solution. The salt produced NaCl is a neutral 
salt, since both the acids are strong. This will result in an equivalence point at 7. This is 
significant as it will determine which indicator will be appropriate. It is also important 
to note that the strength of the acid or base does not determine the volume required to 
reach the equivalence point. Consider the titration of NaOH against NH3, which each 
disassociate as follows: 

NH3 + H2O ↔ NH4
+ + OH- 

NaOH ↔ Na+ + OH- 
 
While equilibrium position does lie far further to the right in the NaOH dissociation, as 
HCl is added to each, the hydroxide products will be removed. This will shift the 
equilibrium position to the right, and when excess HCl is added, it will cause both bases 
to fully disassociate. Since both are of equal molarity, this complete disassociation will 
require equal volumes of acid. Thus, each will require equal volumes to reach the 
equivalence point, provided that both have the same molarity and volume. 
 
Note also that in the calculation for the average, any outliers were discarded. This 
ensures results are as accurate as possible. 



Indicator: 
This reaction had an equivalence point at a pH of 7. In order to ensure that the colour 
change is accurate, an indicator that has a colour change around 7 is required.  

 

 
 
 

Discussion: Accuracy: The experiment was accurate, as the molarity was as expected. 
Reliability: The experiment was reliable as repetition was completed and consistent 
results were obtained. 
Validity: The experiment was valid as the method satisfied the aim and the method was 
constructed such that it collected correct results.. 

 



 

HCl NH3 N.S K2CrO4 N.S NH4OH N.S H2SO4 N.S NaF Flame test N.S NH4OH N.S KSCN NH3

te PPTE PPTE 
dissolves 

Red  

te PPTE PPTE 
remains 

Yellow White PPTE 
dissolves 

upon excess  

 

 White PPTE  Apple Green  
 White PPTE White PPTE Brick red  

 White PPTE   
 Blue PPTE  ??? 
 Green PPTE   
 Brown PPTE Blood red  

 

Anion Red Litmus HNO3 N.S Cu(NO3)2 N.S CONC 
AgNO3 

AgNO3 + HNO3 NH4OH 

CO32- Blue Bubbles  
OH- Blue No bubbles Blue PPTE  

CH3COO- Blue No Bubbles No PPTE White PPTE 
Cl- Red  White PPTE Dissolves 
Br- Red  Cream PPTE Remains D
I- Red  Yellow PPTE Remains R

SO42- Red  
PO43- Red  

 

Organic Blue litmus Bromine water Acidified K2Cr2O7 in
Alkanoic acid Red No change No change 

Alkene No change Discolours bromine water No change 
Alcohol No change No change Turns green 
 


