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[bookmark: _Toc213321113]Introduction and Hypothesis
Across modern life many different elements are influenced by the presence of varying rates of reaction. Examples such as heat packs [1], internal combustion [2] cars and especially energetics all have different effects based on the rate of the reactions present. Whilst there is a plethora of different influences on these, the rates of reaction can be calculated and predicted. This is essential for industrial processes, where the competing influences of demand cost and safety often collide. This experiment attempts to characterise the rate of reaction for the common ‘iodine clock’, this reaction clearly demonstrates when the reactants have been consumed through an obvious colour change:  the liquids present change from colourless to a deep blue. The following report will detail the authors findings and provide a rate calculation. It is expected that the H2O2 will have a have a similar effect on the rate of reaction to KI this is because whilst H2O2 is a strong oxidiser, KI is also considered a strong reducer.  It is expected that both ‘sub’ reactions will of the first order.
 Reaction 1:    liberation of Iodine from potassium Iodide H2O2 +2KI+ 2H+  I2 +2H2O+2K+ [3]
Reaction 2:   Iodine reacts with Vitamin C to form Potassium iodide and the oxidised form of ascorbic acid C6H8O6+I2 +2K+→C6H6O6+2H+ 2KI
Reactions 1 and 2 continue back and forth until all vitamin C is oxidised.
‘Reaction’ 3:    when the Vitamin C is used, excess I2 forms, which then mixes with starch to form the blue colour. This is not a chemical reaction but form of mixture (nC6H10O5 +mI2  [C6H10O5 + mI2] complex
[bookmark: _Toc213321114]Importance of Kinetics in OME
Kinetics is of great importance to Ordinance munitions and explosives. Through varying rates of reactions is how many energetic effects are created; these can range from the near instantaneous reactions in military explosives, which propagate above the speed of sound (of the material), to safety fuze compositions, which burn slowly and repeatably.  The difference in these effects is only possible due to having varied and carefully curated reaction kinetics. By understanding and modelling [4]  the effects of kinetics on the decompositions it enable safer operations both during the production cycle and during the through life surveillance [5]. The majority of energetics degrade over time, and through understanding the factors that affect these mechanisms both performance and safety can be improved.
[bookmark: _Toc213321115]Method
The experiment was conducted to the below method:
Reagents A (KI, Vitamin C, Starch and Water), were added single conical flask. These were measured using a pipette dropper.
Reagent B (H2O2) was added to a small test tube using a pipette dropper.
See Table 1 for quantities. 
(only two droppers were used, but these were cleaned thoroughly using distilled water between measuring reagents).
Reagent B was then added to A in the conical flask, and a timer started. Each sample was stirred manually for 25s and the time of colour change recorded.
Control variables:
Quantities of starch and vitamin C, (trial 1: KI), (trial 2 H2O2).  Time stirred
Independent variables
Quantity of Water, (trial 1 H2O2), (trial 2 KI)
Dependent variable:
Time taken for colour change.
[bookmark: _Ref212209739][bookmark: _Ref212369860][bookmark: _Toc213241379]Table 1 Reagent quantities
	Trial
	A: KI 0.2M (ml)
	A: Vit C 0.010M (ml)
	A: Starch 1%(ml)
	A: Water (ml)
	B: H2O2 3% (ml)

	1.1
	3.0
	1.5
	1.0
	18.5
	1.0

	1.2
	3.0
	1.5
	1.0
	17,5
	2.0

	1.3
	3.0
	1.5
	1.0
	16.5
	3.0

	1.4
	3.0
	1.5
	1.0
	15.5
	4.0

	2.1
	1.0
	1.5
	1.0
	18.5
	3.0

	2.2
	2.0
	1.5
	1.0
	17.5
	3.0

	2.3
	3.0
	1.5
	1.0
	16.5
	3.0

	2.4
	4.0
	1.5
	1.0
	15.5
	3.0



[bookmark: _Toc213321116]Results
The results generated were as follows:
Reactant molar mass H2O2 = 2*1+ 2*16 =   34g/mol 
H2O3   3% solution therefore 30g/1000ml so   30/34g =0.88235mol/L   =  (volume*(0.88235/1000)/0.025
KI = 0.2m/L   = 0.0002m/ml      -    25ml all in so overall concentration of KI =amount of  KImol*0.0002/0.25
	
	Trial
	Volume of reactant (ml)
	[Reactant]o (M)
	Clock Time (s)
	1/t (s-1
	Log [Reactant]
	Log(1/t)

	H2O2 varied
	1.1
	1.0
	0.035
	110
	1/110
	-1.452
	-2.041

	
	1.2
	2.0
	0.071
	60
	1/60
	-1.151
	-1.778

	
	1.3
	3.0
	0.106
	53
	1/53
	-0.975
	-1.724

	
	1.4
	4.0
	0.141
	47
	1/47
	-0.850
	-1.672

	KI varied
	2.1
	1.0
	0.008
	65
	1/65
	-2.097
	-1.813

	
	2.2
	2.0
	0.016
	74
	1/74
	-1.796
	-1.869

	
	2.3
	3.0
	0.024
	57
	1/57
	-1.620
	-1.756

	
	2.4
	4.0
	0.032
	49
	1/49
	-1.495
	-1.690


 Using the experimental data from Table 1, Figures 1-3 show the data plots for both the H2O2 trials and the KI trials.  From figure 1, the order of the reaction is clearly below a first order. This is evident from the equation shown (y=0.612x-1.1263), the increase is in Hydrogen peroxide clearly increases the rate of the reaction, but from the experimental data is below the first order (0.61). The R2 value shows low deviation from the trendline calculated within excel, adding confidence to this assessment of the experimental data.

[bookmark: _Toc213241375]Figure 1 H2O2 Varied
Figure 2 shows the KI variation, this equation shows a much different relationship between the concentration and time, in this case the equation is y=0.2035x-1.4255, this is again sub-first order, but significantly lower than in figure 1. However, when looking at the R2 value this shows a poor correlation between the expected values and the values received. This appears to be due to the result at 2.2, where the experimental value is significantly below the trendline or 2.1 where it is clearly not in line with the other three point.

Figure 3 shows the same graph as Figure 2, but with the results of sample 2.2 excluded. The equation from this is y=0.1808x-1.4389 with and R2 value of 0.8707. This means that the trendline is much closer to the expected values.  Whilst it may appear that this is an anomaly, due to a lack of data, this cannot be discounted. As such trial 2.2 cannot be excluded from the overall rate calculation.[bookmark: _Ref212370508][bookmark: _Toc213241376]Figure 2 KI Varied


[bookmark: _Ref212370726][bookmark: _Toc213241377]Figure 3 KI Varied 2.2 excluded
Figure 4 shows the trendline with sample 2.1 excluded, this gradient is much higher than the others and much closer to the trendline in experiment 1. In addition, the R2 value of 0.9972 suggests that the trendline is extremely well correlated with the data points.

[bookmark: _Ref213058480][bookmark: _Toc213241378]Figure 4 KI Varied 2.1 excluded

Overall rate law can be calculated by using the following equation
Rate=K * [H2O2]m * [KI]n     where K is a constant m is the H2O2 logs gradient, and n is the KI logs gradient.
M=0.612 n=0.2035.
to calculate K, the author took an average of   trials 1.1, 1.4, 2.1 and 2.4. samples
using the following equation
K= (1/t) /(H2O2m * KIn)
[bookmark: _Toc213241380]Table 2 Constant K calculation
	trial
	1/t
	H2O2
	KI
	Value for K

	1.1
	1/110
	0.035
	0.024
	0.151

	1.2
	1/60
	0.071
	0.024
	0.179

	1.3
	1/53
	0.106
	0.024
	0.159

	1.4
	1/47
	0.141
	0.024
	0.151

	2.1
	1/65
	0.106
	0.008
	0.162

	2.2
	1/74
	0.106
	0.016
	0.124

	2.3
	1/57
	0.106
	0.024
	0.148

	2.4
	1/49
	0.106
	0.032
	0.162

	
	
	
	average
	0.1545


This provided the overall rate:
Rate law =    0.155 * [H2O2]0.612 * [KI]0.2035
[bookmark: _Toc213241381]Table 3 Constant K calculation (excluding 2.1)
	trial
	1/t
	H2O2
	KI
	Value for K

	1.1
	1/110
	0.035
	0.024
	0.658

	1.2
	1/60
	0.071
	0.024
	0.783

	1.3
	1/53
	0.106
	0.024
	0.693

	1.4
	1/47
	0.141
	0.024
	0.656

	2.2
	1/74
	0.106
	0.016
	0.633

	2.3
	1/57
	0.106
	0.024
	0.645

	2.4
	1/49
	0.106
	0.032
	0.631

	
	
	
	average
	0.6712


Rate law =0.671* [H2O2]0.612 * [KI]0.598
The overall calculated order is 0.8155. This is significantly below the expected order. However, if value 2.1 is ignored from the KI calculation the overall order rises to an overall order of 1.21.
[bookmark: _Toc213321117]Discussion
The rate generated experimentally for this reaction is as follows:
Rate law =    0.155 * [H2O2]0.612 * [KI]0.2035 (or if 2.1 excluded) = 0.671* [H2O2]0.612 * [KI]0.598 
This Shows both reactions as sub-first order, this is substantially different to literature sources where  both the variation of Hydrogen peroxide [6]and the variation of the Potassium Iodide [7] are considered as full first order reactions. [8]  the Experimental results show the concentration of Hydrogen Peroxide had a greater effect on the rate of reaction than that of the Potassium iodide, the reasons for this are unclear, but may be due to experimental error. If experiment 2.1 is discounted, the iodine clock reaction is affected similarly by both H2O2 and KI. Whilst the results could be rounded to produce a first order reaction, the author feels that this would not represent the results most faithfully but would produce results similar to the literature.
To improve the results, it would be recommended to repeat the experiment multiple times, this will reduce the effect of random variation or experimental error. It is believed by the author that trial 2.1 is an anomalous result, but due to the limited sample size, this cannot be proven, and as such is potentially poisoning the results, reducing the order significantly. Another element that was not controlled was the temperature of the reaction and reaction vessels. It is also noted that the indicated was added using a pipette dropped, instead of the calibrated instruments, whilst this will not cause a drastic change as this was the indicator solution, the variation in this could have caused an increase (or decrease) in the relative concentrations which could again have affected the results significantly. 

[bookmark: _Toc213321118]Conclusion:
Overall, this experiment was useful to examine the overall rates of reaction and ways in which there are affected by the reactants. The experimental results are a poor reflection of the literature results but could be caused by a number of experimental factors. These would likely be resolved in repeated trials and through more careful control of external factors such as temperature and use of laboratory equipment such as magnetic stirrers.
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