RATES OF CHEMICAL REACTION
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[bookmark: _Toc213405354]1.0 Introduction
	This laboratory report looks to practically explore factors influencing the rate of chemical reactions and link these back to their importance in the lifecycle processes of Ordnance, Munitions and Explosives (OME). 
[bookmark: _Toc213405355]1.1 Fundamental Theory
The science of studying reaction rates is knows as kinetics and is grounded in the concept of collision theory [1], which in turn utilises the kinetic theory and Maxwell-Boltzmann distribution of energies. The collision model states that chemical reactions only occur when two reactant particles collide with sufficient energy to break the bonds required for the reaction mechanism. This energy is known as the activation energy of the reaction.  The frequency of successful collisions hence corresponds to the reaction rate [2].
The collision model provides two mechanisms for increasing the reaction rate [3]:
1. Increasing the number of collision in a given time.
2. Increasing the proportion of collisions which exceed the activation energy.
The first of these may be achieved through the following mechanisms [2]:
· Increasing the concentration of reactants in a solution.
· Increasing the pressure of gaseous reactants.
· Increasing the surface area of a solid.
And the second achieved by [4]:
· Increasing the reaction temperature (Increases collision energy).
· Addition of a catalyst (Lowers activation energy).
The rate of a chemical reaction is defined as the change in concentration of a reactant or product over time as expressed in Equation 1.
[bookmark: _Ref213227379][bookmark: _Toc213230109]Equation 1 - Definition of reaction rate

Chemists have also formulated a generic rate equation as shown in Equation 2.
[bookmark: _Ref213227419][bookmark: _Toc213230110]Equation 2 - Generic rate equation


In this equation m and n are the reaction orders with respect to each reactant. This outlines how the rate scales with increasing reactant concentration. They also allow the overall reaction order (m + n) to be determined.  
K is the rate constant which is dependant on the temperature of the reaction. The units of k are dependant on the overall reaction order but ensure the rate is defined in   .
The dependence of the rate constant on temperature is defined in the Arrhenius equation [5] as shown in Equation 3.
[bookmark: _Ref213227472][bookmark: _Ref213229616][bookmark: _Toc213230111]Equation 3 - Arrhenius Equation

Where R is the gas constant, T is the absolute temperature, Ea is the activation energy and A is the collision factor. 
This equation hence may be used to find the activation energy, collision factor and the rate of increase in reaction rate with respect to temperature [5].
[bookmark: _Toc213405356]1.2 Application to OME
	The kinetics of chemical reactions are critical to all stages of the OME lifecycle, from manufacture to storage and finally to disposal. To highlight this dependency, examples are given regarding how each mechanism for increasing rection rate can be applied in a real-world scenario. This will focus primarily on energetic material storage.
[bookmark: _Toc213405357]1.2.1 Concentration of Reactants
	One example where the concentration of reactants influences the OME lifecycle is the storage of double base propellants. These materials contain Nitro-glycerine and Nitrocellulose which break down via thermal decomposition to form NO2. This NO2 however, then reacts with the energetics causing further decomposition with the decomposition rate proportional to NO2 concentration [6]. Knowledge of this mechanism allows chemists to mitigate this threat using stabilisers, such as 2NDPA or PnMA, which react preferentially with the NO2 reducing the concentration, slowing the decomposition and extending the life of the propellant [7].
[bookmark: _Toc213405358]1.2.2 Increase in Reaction Temperature
	The Arrhenius Equation tells chemists that the rate of reaction is exponentially proportional to the temperature of the reaction. This feeds into the rule of thumb law that when the storage temperature of an energetic material is raised by 10°C the storage life halves. Whilst this is useful the relationship between temperature and rate can also be exploited quantitatively for Safe Storage Life Estimation for Energetic Materials [8]. Here stability test such as Vacuum Stability [9] and Stabiliser Depletion Analysis are conducted at elevated temperatures for short period of time, weeks to months, and then the Arrhenius equation is used to convert to the equivalent of decades but at room temperature. In doing so chemists can identify long term storage behaviours ahead of time enabling safe shelf lives to be attributed for the qualification and storage of energetic materials. 
[bookmark: _Toc213405359]1.2.3 Addition of Catalysts
	It is well known that energetic materials are extremely sensitive to catalysation from impurities in the material of other components in the energetical article. As such, during the design and qualification of energetic articles extensive work it conducted to understand the compatibility of each material with the energetic. As such, NATO STANAG 4147 [10] outlines a series of tests to ensure materials used in the articles do not catalyse the thermal decomposition of the energetic. These tests compare the thermal decomposition data of the energetic on its own versus when mixed with another material with any increase in decomposition indicating a catalysing effect and hence incompatibility. 

[bookmark: _Toc213405360]2.0 Experiment Outline
	The rate equation introduced in Section 1.0 shows that the reaction rate is dependent on reactant concentration and the order of the reaction with respect to each reactant.  To explore and verify this theory the experimental method outlined in Appendix A was used.  This studied the oxidisation of iodide ions to iodine using hydrogen peroxide in an acidic environment, as shown in Equation 4.
[bookmark: _Ref213227674][bookmark: _Toc213230112]Equation 4 - Oxidisation of iodide ions to iodine using hydrogen peroxide in an acidic environment

Due to the challenge of measuring the concentration change in this reaction a clock reaction method was used. Here a secondary reaction is introduced to produce a sudden colour change after a fixed amount of one reactant has been evolved [2]. For this experiment Vitamin C is used which reduced iodine back to iodide ion, Equation 5. 
[bookmark: _Ref213227725][bookmark: _Toc213230113]Equation 5 - Reduction of Iodine to Iodide ions by Vitamin C

Then, once all the Vitamin C has reacted, iodine is freely produced forming a blue-starch iodine complex and producing the desired colour change. As the amount of Vitamin C remained constant throughout the experiments the time taken for the colour change to occur was the time it took for x amount of I2 to be produced. This allows the average rate of initial reaction to be calculated as in Equation 6.
[bookmark: _Ref213227811][bookmark: _Toc213230114]Equation 6 - Average initial rate of reaction [2]

If x is kept constant throughout all experiments the average rate of initial reaction will be proportional to 1/t allowing the rate equation for the studied reaction to be re-written as shown in Equation 7.
[bookmark: _Ref213227856][bookmark: _Toc213230115]Equation 7 - Modified rate equation

Where K’ is the proportionality constant linking rate and 1/t.
In this experiment the amount of Vitamin C, the volume of the solution and the reaction temperature were held as constant variables. Then, the concentration of both H2O2 and I- were varied as independent variables allowing the change in the dependant variable t to be measures. 
Section 3.0 of this report then shows how the collected results can be used to find the missing variables m, n, (k’ + k) is the above rate equation.


[bookmark: _Toc213405361]3.0 Results
[bookmark: _Toc213405362]3.1 Experimental Results
Each experiment was performed in line with the method presented in Annex A. The concentration of each reactant in the reaction solution has been calculated using the initial concentration and volume as well as the total volume of reactants. These initial concentration and the resultant clock times are presented in Table 1.
[bookmark: _Ref213227916][bookmark: _Toc213230056]Table 1 - Results data for conducted experiments
	Trial ID
	[I-]0 (mol dm-3)
	[H2O2]0 (mol dm-3)
	t (s)

	1.1
	0.024
	0.0352
	190

	1.2
	0.024
	0.0704
	125

	1.3
	0.024
	0.1056
	102

	1.4
	0.024
	0.1408
	79

	2.1
	0.008
	0.1056
	189

	2.2
	0.016
	0.1056
	123

	2.3
	0.024
	0.1056
	88

	2.4
	0.032
	0.1056
	69



[bookmark: _Toc213405363]3.2 Determining m and n
	To determine m and n from the experimental results the initial rate equation must be re-arranged into the form Y = mX + C. This can be achieved using logarithmic functions as show in Equation 8.
[bookmark: _Ref213227983][bookmark: _Toc213230116]Equation 8 - Manipulation of the rate equation into a linear form




Therefore:

Or:

The link between the elements of each equation and the equation of a linear straight line is shown via colour

With the rate equation now if the correct form it may be plotted. The data used in these plots is given in Table 2.
[bookmark: _Ref213228053][bookmark: _Toc213230057]Table 2 - Processed results data
	Trial ID
	log [I-]0 (mol dm-3)
	log [H2O2]0 (mol dm-3)
	log (1/t) (s-1)

	1.1
	-1.619788758
	-1.453457337
	-2.278753601

	1.2
	-1.619788758
	-1.152427341
	-2.096910013

	1.3
	-1.619788758
	-0.976336082
	-2.008600172

	1.4
	-1.619788758
	-0.851397345
	-1.897627091

	2.1
	-2.096910013
	-0.976336082
	-2.276461804

	2.2
	-1.795880017
	-0.976336082
	-2.089905111

	2.3
	-1.619788758
	-0.976336082
	-1.944482672

	2.4
	-1.494850022
	-0.976336082
	-1.838849091



To determine order of reaction with respect to [H2O2]0 Trial ID’s 1.1 through 1.4 must be used as the [I-]0 remains constant and hence  is also constant. The plot of these results is shown in Figure 1.
[image: ]
[bookmark: _Ref213228131][bookmark: _Toc213230054]Figure 1 - Log Rate against Log Concentration results for hydrogen peroxide
On this plot a line of best fit is drawn and the equation of this best fit line calculated. Then using the relationship presented earlier between the linear equations and the rate equation it can be determined that the gradient of this line is equal to the order with respect to [H2O2]0. Hence:

To determine the order with respect to  this process is repeated for trials 2.1 through 2.4. The resultant plot is shown in Figure 2.
[image: ]
[bookmark: _Ref213228193][bookmark: _Toc213230055]Figure 2 - Log Rate against Log Concentration results for iodide ions
From the gradient of this graph the order of reaction with respect to  can be determined as:

As the values of m and n are not whole integers this suggests errors are present within the experimental method. These will be discussed in Section 4.0. Both values however, round to 1 showing the reaction is first order with respect to both reactants and has an overall order of 2. As such the rate equation may now be refined as shown in Equation 9, where k has the units dm3 mol-1 s-1.
[bookmark: _Ref213228485][bookmark: _Toc213230117]Equation 9 - Substituted rate equation

[bookmark: _Toc213405364]3.3 Determining k
	Due to the clock reaction used in this experiment it is not possible to calculate the true value of the rate constant k. This is because, as discussed above, instead of recording the rate this method instead records the time it takes for set amount of product to be evolved. 
What can be calculated instead is the value of   from Equation 10 bellow.
[bookmark: _Ref213228579][bookmark: _Toc213230118]Equation 10 - Substituted and refined rate equation

Knowing this value subsequently allows the clock time to be estimated for any concentration of  or  at the set temperature initial experiment occurred at.
To find , the rate equation above can be re-arranged to give Equation 11.
[bookmark: _Ref213228796][bookmark: _Toc213230119]Equation 11 - Rate equation re-arranged to find (k' x k)

It should be noted that unlike k which has the units dm3 mol-1 s-1,  has the units of dm-6 mol-2 s-1 which ensures the units balance throughout the equation.
Then, the initial concentrations of both reactants and the subsequent clock time can be substituted in. This is repeated for each trial conducted and averaged to reduce the impact of anomalous results. The calculations and results for this method are shown in Table 3.
[bookmark: _Ref213228840][bookmark: _Toc213230058]Table 3 - Processed results for (k' x k)
	Trial ID
	[I-]0 
(mol dm-1)
	[H2O2]0 
(mol dm-1)
	T 
(s)
	k' x k
[bookmark: _Hlk212987688](dm-6 mol-2 s-1)

	1.1
	0.024
	0.0352
	190
	6.230064

	1.2
	0.024
	0.0704
	125
	4.734848

	1.3
	0.024
	0.1056
	102
	3.86834

	1.4
	0.024
	0.1408
	79
	3.745924

	2.1
	0.008
	0.1056
	189
	6.263027

	2.2
	0.016
	0.1056
	123
	4.811838

	2.3
	0.024
	0.1056
	88
	4.483758

	2.4
	0.032
	0.1056
	69
	4.288812

	Average (k’ x k) = 
	4.803327



These calculations show the value of  to be around 4.8 dm-6 mol-2 s-1. The standard deviation of this population however is 0.9 dm-6 mol-2 s-1 which is close to 19% further suggesting potential errors in the practical methodology.
[bookmark: _Toc213405365]4.0 Discussion
[bookmark: _Toc213405366]4.1 Improvements to The Presented Experiment
	As can be seen from the discrepancies between the expected and calculated values for m and n, as well as the high standard deviation for the value of , the conducted experiment contained experimental errors.
The most significant of these is likely the method for determining the time at which the colour change occurs. This is because colour changes may be subjective between individuals and even for a singular person, they may not call time at the exact same colour concentration. This error could significantly alter the value of 1/t and hence introduce errors into all further calculations.
This error could be eliminated using quantitative methods to measure the evolved I2. One such method is colourimetry which shines light through the sample to measure absorbance [1]. Here the clock time could be set as the point a set absorbance is reached. Another method would be to use a conductivity cell to measure the changes in the conductivity of the reaction mixture [2]. As I- carries a change and I2 does not as I2 is evolved the conductivity would drop, and the clock time could be recorded at a set conductivity value. Either of the methods would significantly contribute to reduced error in the experiment.
Another source of experimental error is the temperature of the reaction mixture. As k changes with temperature if the temperature of the reaction changes across experiments this will alter the clock time introducing error. This can be resolved by placing the reactants and the reaction vessel in a water bath before and during the experiment to ensure a constant temperature is maintained.
Finally, the stirring rate during the reaction effects the distribution of reactants and can influence reaction rate. In this experiment this was done by hand, but a more sophisticated method could use a magnetic stirring rod to ensure consistent even stirring.
[bookmark: _Toc213405367]4.2 Further Experimental Methodologies 
	As discussed on multiple occasions throughout this report the methodology used does not allow for the true rate equation to be determined. This is because the clock method does not measure the true rate of reaction.  One method however that would allow for this is colourimetry. 
As the iodine causes the solution to change colour a colourimeter could be calibrated using known iodine concentration standards, such that samples taken during the reaction can be analysed to give an accurate iodine concentration. By running the experiment and recording this change in iodine concentration a plot of iodine concentration against time can be drawn. An instantaneous rate can be determined based on tangent to this curve. Then using the known order of the reaction and by calculating the instantaneous reactant concentration K can be calculated using the rate equation.
When analysing the kinetics of a reaction it also common to try identify the activation energy, Ea, and collision factor, A, from the Arrhenius equation, Equation 3 [5].
[bookmark: _Toc213230120]Equation 12 - Arrhenius Equation

To achieve this the clock reaction performed above can again be utilised. This time however, instead of altering the concentration of the reactants these remain constant, and the temperature of the reaction is varied. For each reaction the value of k can then be estimated.
If natural logarithms of both sides of the Arrhenius equation are taken and then re-arranged the equation can be written as shown in Equation 13.
[bookmark: _Ref213229725][bookmark: _Toc213230121]Equation 13 - Rearrangement of the Arrhenius equation into a linear form

This means that if ln k is plotted against 1/T (T = temperature in Kelvin) the activation energy can be found by multiplying the gradient by -1/R and the collision factor by calculating .
[bookmark: _Toc213405368]5.0 Conclusions
To conclude this report has explained the fundamental theory behind reaction kinetics and provided detail on how reactant concentration, temperature and catalysis influence the rate of chemical reactions. This has then been reinforced by real world examples of how each of these factors influence the chemistry of energetic materials throughout their lifecycle and storage.
This report then focuses in on the influence of reactant concentration and outlines a clock reaction experiment that may be used to find the order of the rate equation with respect to each reactant. By re-arranging the rate equation to a linear form and plotting the experimental results both reactants were found to be first order.
It was then explained how the use of a clock reaction meant the true reaction rate was not recorded. This showed that the true rate constant k could not be found and instead a proportionality constant k’ was required. Then using the experimental data and previously derived reaction orders the value of (k’ x k) was found to be 4.8 dm-6 mol-2 s-1.
After the full rate equation was determined this report looked to explain the potential errors in the experimental method pointing at the subjectivity of the clock time and stability of reaction conditions as the primary sources of error.
This was taken further with an explanation of further experimental methodologies that could be used to find the true rate equation, Activation Energy and Collision factor which would allow chemists to better understand the kinetics of this reaction.
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Appendix A 
ACDA 6020 LAB SESSION #2

 RATE OF REACTION (Advanced)

AIM OF THE EXPERIMENT: To determine the rate law for the formation of iodine 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.
INTRODUCTION
In acidic solution, hydrogen peroxide oxidises iodide ions to iodine:
H₂O₂ + 2I⁻ + 2H⁺ → I₂ + 2H₂O
Vitamin C instantly reduces iodine back to iodide:
C₆H₈O₆ + I₂ → C₆H₆O₆ + 2I⁻ + 2H⁺
As long as vitamin C is present, no blue colour appears. When it is consumed, iodine accumulates and forms a blue starch–iodine complex. The time until this colour appears is the clock time (t), which reflects the rate of iodine formation.
In Part 1 you will determine the order of the reaction in [H2O2] and in Part 2 – order of reaction in [I-].
Why we use the “clock” method
In most kinetics experiments, the rate of reaction is found by measuring how the concentration of a reactant or product changes continuously with time.
In this iodine clock experiment, however, we cannot easily monitor the gradual formation of iodine because it is immediately reduced by vitamin C until that reagent is fully consumed.
To overcome this, we use a clock approach: the moment the blue starch–iodine colour appears corresponds to the instant when all vitamin C has been used up and a small, fixed amount of iodine suddenly accumulates.
That fixed iodine amount is the same in every trial, so the time taken to reach it (the clock time, t) depends only on how fast iodine is being produced.
If iodine forms quickly, the blue colour appears sooner (small t); if formation is slower, the colour takes longer (large t).
This means the average rate of the reaction is inversely proportional to the measured clock time:
Rate ∝ 1/t
By varying one reactant concentration at a time and comparing the reciprocal of the times, we can determine how the rate depends on each concentration and hence deduce the rate law for the reaction.
PROCEDURE
Put on the lab coat, safety goggles, and gloves. Make sure that long hair is tied.
IMPORTANT: Record all your observation sin the data sheets at the end o f this script.
Lab tools and supplies:
· 50 mL conical flasks x4
· Glass pipettes x2 (pipette 1 used for KI and ascorbic acid; pipette 2 – H2O2) and pipette filler
· Graduated cylinder or small beaker and test tube
· Stopwatch
· Glass stirring rod
Chemicals: 
Solution A (in conical flask):
· 0.20 M KI solution
· 0.010 – 0.025 M ascorbic acid (Vitamin C) solution
· 1 % starch indicator
· Distilled water
Solution B (in test tube):
· 3% H₂O₂ solution
Procedure: 
I. Order of the reaction in [H2O2]
1. In four conical flasks prepare solution A according to the table. Use one glass pipette to measure the required volumes of KI and Vit C solutions. Add ~1 mL of starch solution. 
2. With the second glass pipette measure the required volume of H2O2 (solution B) and transfer it in the test tube. 
3. Pour quickly solution B from the test tube to solution A in the conical flask, stir and start the timer as soon as the solutions are mixed.
4. Record the time until the first permanent blue colour appears.



	Trial
	A: KI 0.20 M (mL)
	A: Vit C 0.010 M (mL)
	A: Starch 1% (mL)
	A: Water (mL)
	B: H₂O₂ 3% (mL)

	I.1
	3.0
	1.5
	1.0
	18.5
	1.0

	I.2
	3.0
	1.5
	1.0
	17.5
	2.0

	I.3
	3.0
	1.5
	1.0
	16.5
	3.0

	I.4
	3.0
	1.5
	1.0
	15.5
	4.0



II. Order of the reaction in [I-]
5. In four conical flasks prepare solution A according to the table. Use one glass pipette to measure the required volumes of KI and Vit C solutions. Add ~1 mL of starch solution. 
6. With the second glass pipette measure the required volume of H2O2 (solution B) and transfer it in the test tube. 
7. Pour quickly solution B from the test tube to solution A in conical flask, stir and start the timer as soon as the solutions are mixed.
8. Record the time until the first permanent blue colour appears.

	Trial
	A: KI 0.20 M (mL)
	A: Vit C 0.010 M (mL)
	A: Starch 1% (mL)
	A: Water (mL)
	B: H₂O₂ 3% (mL)

	II.1
	1.0
	1.5
	1.0
	18.5
	3.0

	II.2
	2.0
	1.5
	1.0
	17.5
	3.0

	II.3
	3.0
	1.5
	1.0
	16.5
	3.0

	II.4
	4.0
	1.5
	1.0
	15.5
	3.0









DATA SHEET to RECORD OBSERVATIONS, CALCULATIONS and RESULTS
	STUDENT’S NAME: ____________________________________________________
PARTNERS’ NAMES: ____________________________________________________



REPORT IS DUE OCTOBER 31ST  2025 (DD. OCTOBER 7TH) @3.00pm  submitted via Moodle 

Record the times before blue colour of I2-starch complex appear. 
Calculate [H2O2]0 (Part 1), [I-]0 (Part 2), log[Reactant]0 and 1/t.

	Trial
	[Reactant]₀ (M)
	Clock Time t (s)
	Log(1/t) (s⁻¹)
	log[Reactant]0

	1.1
	0.0352
	190
	-2.28
	-1.45

	1.2
	0.0704
	125
	-2.10
	-1.15

	1.3
	0.1056
	102
	-2.01
	-0.98

	1.4
	0.1408
	79
	-1.90
	-0.85

	2.1
	0.008
	189
	-2.28
	-2.10

	2.2
	0.016
	123
	-2.09
	-1.80

	2.3
	0.024
	88
	-1.94
	-1.62

	2.4
	0.032
	69
	-1.84
	-1.49
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