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1. Introduction
A clock reaction can be used to measure the rate of a reaction. Rate of reaction can be measured by either the time taken for a product to appear or by the disappearance of a reactant. Where the reaction is measured by the time taken for a change to occur, this change is often indicated by a visible change in colour.  From measuring the time taken for this change to occur it is possible to calculate the rate of reaction [1] [2].
(Insert standard equation)

Rates of reaction are determined by a combination of controllable variables. These include the chemical nature of the material, surface area, temperature, concentration (or molarity), and the presence of a catalyst [3, 4]. In the context of this experiment the focus remained on the concentration of reagents.

Rate Law is associated with the rate of a reaction and how this can be determined according to the concentration of reactants [5]. The rate constant of the reaction is determined by the concentrations of reagents A and B each to the power of their respective order of reaction [6], which can only be identified through experimental methods. The equation can be found below.



Where:
	Rate
	=
	1/t 
	(s)

	k 
	=
	Rate Constant
	

	[A]
	=
	Molarity of Reagent 1
	

	[B]
	=
	Molarity of Reagent 2
	

	m
	=
	Order of Reaction 
	

	n
	=
	Order of reaction
	



The molarity of a solute has an effect on the rate of reaction. By increasing the molarity of a reagent the rate of reaction increases and vice versa. Knowing the molarity of the solutes used in the clock experiment is essential to determine the rate of reaction. Where information was provided for some of the solutes, the molarity for the 3% H202 solute had to be established. To calculate the molarity of a solution, the following equation was applied to determine the molarity of H2O2 before establishing the molarity of the solute:


	Where:
	n
	=
	Number of Moles

	
	m
	=
	Mass

	
	M
	=
	Molar Mass



To calculate the concentration of 3% H2O2 solution the following equation was used:


	Where:
	
	=
	concentration of the initial solution. 

	
	
	=
	volume of the stock solution needed for the dilution. 

	
	
	=
	final concentration of the diluted solution

	
	
	=
	final volume of the diluted solution



Kinetics have been used to examine the speed and efficiency of reactions. Understanding that the rate of a reaction can have an impact on the products formed during the process, along with the overall efficiency of the process [7]. Kinetics play a crucial role in explosive synthesis by governing reaction rates, determining explosive sensitivity and stability, and enabling the design of safer and more efficient manufacturing processes. Understanding kinetics is fundamental to safe manufacture, synthesis (e.g. 2,4,6 Trinitrotoluene [8]), handling and storage of energetic materials. 

Kinetically stable compounds require a higher activation energy than kinetically unstable substances, making energetic materials less sensitive to certain activation stimuli (such as electrostatic shock, friction, impact, and thermal sensitivity) effectively reducing the risk of unplanned initiation [9]. Understanding how kinetics are involved in the synthesis process and how this affects the formation of energetic compounds, begins with the fundamental principles that can be seen in the clock experiment, as the reactions that take place within this process are representative of the first steps of more complex reactions. 
2. [bookmark: _Toc213075802]Purpose (Aim) of the experiment
The aim of this experiment was to determine the rate law for the formation of iodine (I¯) in the reaction between hydrogen peroxide and iodide ions in aqueous solution, using vitamin C (ascorbic acid) as a reducing agent and starch as an indicator.
3. [bookmark: _Toc213075803]Hypothesis: 
From conducting a literature search around the subject, it is suggested that the rate of reaction will increase as the concentration (molarity) of reagents increases, and that the time it takes for the reaction to occur will decrease. To that extent, it will likely be that as the volume of reactant increases, the time for the reaction to occur will decrease. 
Two sets of experiments were run. The first was to determine the order of reaction in H2O2 solution. The variable for this was the increase in concentration of aqueous H2O2 solution.
The second was to determine the order of reaction in I¯, whereby the controlled variable was the aqueous I¯ solution.   


4. [bookmark: _Toc213075804]results 
Two sets of experiments were conducted to establish the order of reaction in H2O2 and the order of reaction in I¯.
4.1 [bookmark: _Ref212996126][bookmark: _Toc213075805]. Order of reaction in H2O2
For the first part of the experiment different volumes of H2O2 were used. These can be found in 7.2 Procedure. The results of this can be seen below:

[bookmark: _Ref212993577][bookmark: _Toc213076219]Table 1 - Order of the Reaction H2O2 results
	
	Reactant
	Clock time
	1/t (s-1)
	Log[Reactant]
	log[1/t]

	
	(M)
	t
	
	
	

	
	H2O2
	(s)
	
	
	

	1.1
	0.035294
	273
	0.003663
	-1.452298
	2.436163

	1.2
	0.070588
	101
	0.009901
	-1.151268
	2.004321

	1.3
	0.105882
	89
	0.011236
	-0.975176
	1.949390

	1.4
	0.141176
	83
	0.012048
	-0.850238
	1.919078



To calculate the molarity of H2O2 solution by volume the several steps were taken. The molar mass had to be calculated before the molarity of solute could be established. 
	H
	=
	1.0

	O
	=
	16.0


 



Given that the Mm had been identified, the molarity of the 3% H2O2 solution was established per 100ml as follows (using the following equation):


	n
	=
	? M

	m
	=
	3.0 g

	M
	=
	34.0 g/M



Substituting in the numbers accordingly:


Where this is  per 100ml, this should be multiplied by 10 to translate this into useable units for further calculations.



To calculate the concentration of the 3% H2O2 solution, the following equation was used:


This was rearranged to give:


	Where:
	
	=
	0.88 Mol/L

	
	
	=
	

	
	
	=
	?

	
	
	=
	



The volume (  ) was substituted for each change in volume according to the experimental procedure, for the calculation below it was given as 1ml. (This was repeated for each change in volume and results can be found in Table 1.





This process was applied to all variants in volume of H2O2. Once calculations were complete and recorded in Table 1, and Log[Reactant] and Log [1/t] were calculated. These were plotted on a graph and a trendline was added. Where this was given as 1.0152, it was rounded to the nearest whole number to identify the Order of Reaction.
 

[bookmark: _Toc213076201]Figure 1 - Order of Reaction in H2O2-

From this process, it was determined that H2O2 was a First Order reaction.

4.2 [bookmark: _Ref213001256][bookmark: _Toc213075806] Order of reaction in I¯
The same process and equations (as used in 3.1) were applied to calculate the molarity of KI¯ Solution. The molarity of the solution was already known, which enabled the equation below to be used:


This was rearranged to give:


	Where:
	
	=
	0.20 Mol/L

	
	
	=
	

	
	
	=
	?

	
	
	=
	



The volume (  ) was substituted for each change in volume according to the experimental procedure, for the calculation below it was given as 1ml. (This was repeated for each change in volume and results can be found in Table 2.




[bookmark: _Ref212996622]
[bookmark: _Toc213076220]Table 2 - Order of Reaction  I¯ Results
	
	Reactant
	Clock time
	1/t (s-1)
	Log[Reactant]
	Log[1/t]

	
	(M)
	t
	
	
	

	
	KI
	(s)
	
	
	

	2.1
	0.008
	151
	0.006623
	-2.096910
	-2.178977

	2.2
	0.016
	129
	0.007752
	-1.795880
	-2.110590

	2.3
	0.024
	79
	0.012658
	-1.619789
	-1.897627

	2.4
	0.032
	69
	0.014493
	-1.494850
	-1.838849





[bookmark: _Toc213076202]Figure 2 - Order of reaction in I¯
From this process, it was determined that the Order of Reaction I¯ was also of the First Order.




4.3 [bookmark: _Toc213075807] Rate Average

From the results established in 4.1 and 4.2, the order of reactions can be used to calculate the Rate Constant. The following equation was used:


	Where:
	Rate
	=
	1/t 
	(s)

	
	k 
	=
	Rate Constant
	

	
	[A]
	=
	Molarity of Reagent 1
	

	
	[B]
	=
	Molarity of Reagent 2
	

	
	m
	=
	Order of Reaction 
	

	
	n
	=
	Order of reaction
	



To calculate k (Rate Constant), the equation was rearranged as shown below:





Using the values identified in 4.1 and 4.2 and substituting these values into the equation, the rate constant is identified. An example can be seen below:


	Where:
	
	=
	0.003663
	Time (s)

	
	
	=
	?
	

	
	
	=
	0.035294
	H2O2

	
	
	=
	0.200
	I¯

	
	
	=
	1 
	Order of Reaction

	
	
	=
	1
	Order of Reaction



By rearranging the equation, this became:

 

This process was applied to the results recorded and results from the calculations can be found in Table 3.

[bookmark: _Ref213002211][bookmark: _Toc213076221]Table 3 - Rate Constant and  Rate Average
	
	Reactant
	Reactant 
	Clock time
	1/t (s-1)
	Log[Reactant]
	log[1/t]
	Rate Order
	Rate

	
	(M)
	(M)
	t
	
	
	
	
	

	
	H2O2
	KI
	(s)
	
	
	
	
	(k)

	1.1
	0.035294
	0.200
	273
	0.003663
	-1.452299
	-2.436163
	1
	0.518927

	1.2
	0.070588
	0.200
	101
	0.009901
	-1.151269
	-2.004321
	1
	0.701322

	1.3
	0.105883
	0.200
	89
	0.011236
	-0.975174
	-1.949390
	1
	0.530584

	1.4
	0.141176
	0.200
	83
	0.012048
	-0.850239
	-1.919078
	1
	0.426708

	2.1
	0.105883
	0.008
	151
	0.006623
	-2.096910
	-2.17898
	1
	7.818201

	2.2
	0.105883
	0.016
	129
	0.007752
	-1.795880
	-2.11059
	1
	4.575769

	2.3
	0.105883
	0.024
	79
	0.012658
	-1.619789
	-1.89763
	1
	4.981217

	2.4
	0.105883
	0.032
	69
	0.014493
	-1.494850
	-1.83885
	1
	4.277349

	
	
	Rate Average:
	2.97876



The Rate Average was established by averaging the results and was calculated as 2.98  (2 d.p.). This can be seen in Table 3 (above).


















5. [bookmark: _Toc213075808]Discussion: 

From the results recorded in 4.1 and 4.2 and from calculating the rates of reaction, it was confirmed that the time it took for the reaction to occur decreased proportionately with the increase in molarity of the aqueous 3% H2O2 and I¯ solutions . 

In the first part of the experiment the increase in volume of 3% H2O2 resulted in an increased molarity of solution, which directly affected the duration of the reaction. The second part of the experiment where the increase in volume in  I¯  (0.20 mol) produced similar results. This supported the hypothesis that as the increase of reagent volume (and molarity) resulted in a reduction in time for the reaction to complete. The relationship between reaction time and duration of the reaction is inversely proportional.

Where the results were accurately recorded there were environmental factors that should be considered should the experiment be replicated. These are discussed below.

The experiment initially took place on a grey background, which affected identification of the initial colour change. As a result of this the first result was discarded, and a white sheet of paper was placed underneath to assist with the identification process. The first stage of the experiment was then run again, and a shorter result time was observed as the colour change was easier to identify.

Where this was a paired experiment, there was variance in opinion of what determined a colour change. It should be noted that the observation in colour change is subjective, which prompted discussion on what this should look like. It was agreed that colour change was determined to be the first appearance of any identifiable blue colour. 
The effect of this meant that there was a variation of the time data, as there were delays in change identification and timer being stopped. To avoid this, a colour chart could be introduced and placed next to the conical flask to deconflict and assist in colour identification.

Also of interest were the lighting conditions. Where the lab was predominantly well lit, group numbers and experimental conditions resulted in this experiment taking place in a lower lit condition than was ideal. Should this experiment be reproduced, lighting conditions should be considered.

Further study:
Where this experiment took place at ambient room temperature; however, this factor could have contributed to the reaction times observed and recorded. 
Temperature has a direct effect on the movement of the molecules in the solution, and by increasing the temperature there is an increase in their collision rate (and therefore an increase in reaction rate) [10]. 

Should this experiment have taken place in a warmer setting, or if the reagents/solutions have been heated, a higher reaction speed could be observed. By introducing heat to the experiment this would increase the motion of the reactant molecules and increase the frequency and force of their collisions, contributing to the breaking of the electron bonds, absorbing enough energy to reach a transitionary state and continue the reaction to completion [11].

For the reactions that took place sufficient activation energy must have been present in order to have broken the existing bonds of the molecules present, enabling the products to be formed. 

To explore this further the solution(s) could be heated (or cooled) to set intervals, and observations conducted relative to the molarity, time and temperature of the reaction. The Arrhenius equation could then be applied, and further information gathered on the activation energies of 3% H2O2 and I¯ solutions.

6. [bookmark: _Toc213075809]Conclusion 

The clock experiment and data collected confirm that the relationship between reactants and reaction time is inversely proportional. Where reactants were diluted higher reaction times would be observed with the increase in molarity. 
Where the reactants of 3% H2O2 solution and I¯ were determined to be of the First Order, the reaction constant was identified as 2.98  (2 d.p.) at the given molarities.
Related factors that contribute towards higher reaction times include an increase in molarity and temperature. Conducting further studies in these areas could provide more data to be examined in relation to the activation energy of reactants.
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7. [bookmark: _Ref212990714][bookmark: _Toc213075811]Appendix
7.1 [bookmark: _Toc213075812] Chemicals and equipment 

The following equipment and materials were used to conduct the cock experiment:
Equipment:
· 4x Conical Flasks
· 4x glass Pipettes 
· 1x pipette filler
· Stopwatch/timer
· Glass stirring rod
· 1x Test tube
Chemicals:
Solution A
· 0.20 Mol KI (Potassium Iodide) solution 
· 0.010-0.025 Mol Ascorbic Acid (Vitamin C) Solution
· 1% starch indicator
· Distilled water

Solution B
· 3% Hydrogen Peroxide (H2O2) Solution
















7.2 [bookmark: _Ref212990737][bookmark: _Toc213075813] Procedure
The procedure for both parts of the experiment were similar in set up, however the difference between them was subtle. Pay close attention to volumes of KI and H2O2 during preparation for each part of the experiment.
Part 1 -  Order of the Reaction in [H2O2]:
1. Set out 4 conical flasks and prepare the solution according to the table below.
2. Using 1x glass pipette for KI, 1x glass pipette for Vitamin C and 1x glass pipette for the 1% starch solution.
3. Using 1x glass pipette measure the correct volume of 3% H2O2 and put this into the test tube.
4. Prepare the stopwatch/timer.
5. Pour solution B into the conical flask, stir 3 times and start the stopwatch/timer.
6. Stop the timer at the first sighting of colour change.
7. Record the results in tabular format.
8. Once complete, dispose of waste correctly, wash all equipment thoroughly and rise with distilled water. 
	
	Solution A
	Solution B
	Total Volume

	Trial
	KI – 0.20 M
	Vit. C – 0.01 M
	Starch – 1%
	Di. Water
	H2O2
	

	
	(ml)
	(ml)
	(ml)
	(ml)
	(ml)
	(ml)

	1.1
	3.0
	1.5
	1.0
	18.5
	1.0
	25.0

	1.2
	3.0
	1.5
	1.0
	17.5
	2.0
	25.0

	1.3
	3.0
	1.5
	1.0
	16.5
	3.0
	25.0

	1.4
	3.0
	1.5
	1.0
	15.5
	4.0
	25.0



Part 2 -  Order of the Reaction in [I¯]:
1. Set out 4 conical flasks and prepare the solution according to the table below.
2. Using 1x glass pipette for KI, 1x glass pipette for Vitamin C and 1x glass pipette for the 1% starch solution.
3. Using 1x glass pipette measure the correct volume of H2O2 and put this into the test tube.
4. Prepare the stopwatch/timer.
5. Pour solution B into the conical flask, stir 3 times and start the stopwatch/timer.
6. Stop the timer at the first sighting of colour change.
7. Record the results in tabular format.
8. Once complete, dispose of waste correctly, wash all equipment thoroughly and rise with distilled water. 
	
	Solution A
	Solution B
	Total Volume

	Trial
	KI – 0.20 M
	Vit. C – 0.01 M
	Starch – 1%
	Di. Water
	H2O2
	

	
	(ml)
	(ml)
	(ml)
	(ml)
	(ml)
	(ml)

	2.1
	1.0
	1.5
	1.0
	18.5
	3.0
	25.0

	2.2
	2.0
	1.5
	1.0
	17.5
	3.0
	25.0

	2.3
	3.0
	1.5
	1.0
	16.5
	3.0
	25.0

	2.4
	4.0
	1.5
	1.0
	15.5
	3.0
	25.0



Order Data H2O2

Order Data	
-2.436162647040756	-2.0043213737826426	-1.9493900066449128	-1.919078092376074	-1.4522976709946303	-1.151267675330649	-0.97517641627496776	-0.85023767966666797	



Order Data KI	
-2.0969100130080562	-1.7958800173440752	-1.6197887582883939	-1.494850021680094	-2.1789769472931693	-2.1105897102992488	-1.8976270912904414	-1.8388490907372552	
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