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1. [bookmark: _Toc167360747]Introduction
1.1 [bookmark: _Toc167360748]Aim of the experiment
The aim of this experiment is to perform 3 experiments to determine: 
1. The effect of varying concentrations of HCL impacts the rate of which hydrogen gas is produced.
2. To investigate the influence of temperature on HCL effects the rate of hydrogen gas evolution.
3. Using magnesium strips and turnings to determine if surface area influences the rate of hydrogen gas evolution.

1.2 [bookmark: _Toc167360749]Hypothesis 
Hypothesis 1: The effect of varying concentrations of HCl impacts the rate of which hydrogen gas is produced.
By increasing the concentration of Hydrochloric acid, the rate of which hydrogen gas is produced will also increase. This is because the higher concentration of HCl provide more H+ ions, which collide with the magnesium atoms more frequently, which leads to a higher rate of reaction.
Hypothesis 2: The influence of temperature on HCl effects the rate of hydrogen gas evolution.
When increasing the temperature of the HCl, the hydrogen gas evolution will also increase. The higher temperatures cause frequent and energetic collisions between the HCl molecules and Mg atoms, which increases the rate of reaction.
Hypothesis 3: The influence of surface area on the rate of hydrogen gas evolution.
The magnesium turnings will produce hydrogen gas quicker than the magnesium strips due to having greater surface area. The rate of a chemical reaction involving a solid reactant, such as magnesium, depends on its surface area, the turnings have a larger surface area compared to the strips allowing the atoms to be exposed to the HCl, which leads to more collisions with the H+ ions increasing the reaction rate. 



1.3 [bookmark: _Toc167360750]Experimental variables
Experiment 1. 
Independent variable: Concentration of HCl
Dependent variable: Rate of hydrogen gas
Controlled variables: 
· Mass of magnesium
· Temperature of the reaction mixture
· Volume of HCl
· Surface area and form of magnesium

Experiment 2.
Independent variable: Temperature of HCl solution
Dependent variable: Rate of hydrogen gas
Controlled variables:
· Concentration of HCl 
· Mass of magnesium
· Volume of HCl 
· Surface area of form of magnesium

Experiment 3.
Independent variable: Surface area of magnesium
Dependent variable: Rate of hydrogen gas produced
Controlled variables: 
· Concentration of HCl
· Mass of magnesium
· Temperature of reaction
· Volume of HCl



2. [bookmark: _Toc167360751]Theory of Rate of Reaction
2.1 [bookmark: _Toc167360752]Concepts, principles and laws definitions
Reaction rate and collision theory 
· Reaction rate is a measure of how quickly reactants are converted into products. Usually expressed as the change in the concentration of a reactant or product per unit of time. [1]
· Collision theory states that for a reaction to occur, reactant molecules must collide with enough energy and proper orientation, the rate of reaction depends on the frequency of these collisions and how many are successful. [2] 
What can affect reaction rates?
· Concentration. The higher the concentration of the reactant, usually the rate of reaction increases and there are more molecules available to collide with.
· Temperature. Raising the temperature can lead to more frequent and energetic collisions and the kinetic energy of the molecule is raised.
· Surface area. The surface area of solids allows more particles to be available for reaction.
· Catalysts. These increase the rate of reaction by lowering the activation energy needed for the reaction to occur. [3]
Rate law
The rate law shows the relationship between the rate of reaction and the concentration of the reactants. It is usually shown in the equation:
Rate = k[A]m[B]n
Where k is the rate constant, [A] and [B] are the concentrations of the reactants, and m and n are the reaction orders with respect to each reactant. [4]
Activation energy and Arrhenius equation
· Activation energy is the minimum energy that reactant molecules must possess for a reaction to occur. 
· The Arrhenius equation relates the rate constant to the temperature and activation energy.
k = Ae -
Where k is the rate constant, A is the pre-exponential factor, Ea is the activation energy, R is the gas constant and T is the temperature in Kelvin. [5] 
2.2 [bookmark: _Toc167360753]Chemical equations and formulas
The chemical equation for the experiment is:
Mg (s) + 2HCl (aq) 	MgCl2 (aq) + H2 (g)
Formulas for the experiment:
· Rate of reaction: Rate =      
  
· Ideal gas law for volume: PV = nRT  (to find n:  n =    )

· Rate law: Rate = k[HCl]m[Mg]n

2.3 [bookmark: _Toc167360754]Kinetics in OME
The main principle of kinetics of reactions in OME is to develop the safety. Kinetics help understand how chemical reactions in explosives occur and how they are influenced by various factors such as temperature and pressure. This knowledge is essential for designing safe munitions, understanding what can trigger them and establishing protocols for handling, storage and emergency response. 
Understanding reaction rates. This will help us understand how quickly a reaction will occur under various conditions and help in designing more stable explosives. Controlled reaction rates are essential for making sure explosives perform as intended when needed.
Activation energy and sensitivity. By knowing the activation energy, the sensitivity of the explosion can be assessed when initiated. Explosives with high activation energy are less likely to detonate accidently. 
Temperature. Kinetics can identify the critical temperature in which an explosive can self-heat to detonation. Understanding this can help prevent accidents caused by thermal decomposition or overheating.
Pressure. Studies reveal how pressure affects the reaction rate and initiation of explosives. The higher the pressure, the more likely of an accidental detonation.
Decomposition and stability. Kinetics can help understand the decomposition process of explosives, which is critical in determining their shelf life and stability. By knowing these rates and the conditions which contribute to the break-down, more stringent storage protocols can be put in place.
Rate laws. Describe mathematically how the concentration of reactants affect the reaction rate. This is used to design more predictable and controlled munitions. [6,7]
3. [bookmark: _Toc167360755]Results
3.1 [bookmark: _Toc167360756]Experiment 1: Effect of HCl concentration on speed of H2 gas evolution.
Key observations. 
The initial volumes of hydrogen gas are highest for the 0.5 and 1.0 mol HCl concentrations. For all concentrations the volume of Hydrogen gas decreases over time, showing the reaction is progressing and the HCl is being consumed. 
The rate of reaction is significantly different between the 0.5 mol concentration, which shows a steady decrease in volume, with a significant volume still present at 200 seconds. The 2.0 mol concentration shows a rapid decrease in volume, with a minimal amount of hydrogen gas remaining at 110 seconds, and the reaction essentially complete by 130 seconds.
The completion times for the higher concentrations complete quicker than the lower concentrations, which indicates the higher the concentration of HCl, the increase in reaction rate. 
These results support the hypothesis as they clearly show that higher concentrations of HCl result in a faster rate of hydrogen gas production. 



3.2 [bookmark: _Toc167360757]Experiment 2: Effect on temperature on speed of H2 gas evolution.
Key observations.
The initial volume at 23°C produced 94ml of hydrogen gas, whereas at 33°C, the amount of hydrogen gas produced was 80ml.
The rate of reaction for the lower temperature shows the reaction rate decreases steadily over time, stabilising at 190 seconds with a volume of 25ml. 
The rate of reaction for the higher temperature shows the reaction rate decreases more rapidly, stabilising at 180 seconds with a volume of 24ml.
The experiment, despite only having 2 readings due to time constraints, does seem to align with the hypothesis in that the temperature does influence the rate of hydrogen gas evolution. The reaction at 33°C reaches completion faster than the reaction at 23°C.








3.3 [bookmark: _Toc167360758]Experiment 3: Effect of surface area of Magnesium on speed of H2 gas evolution.
Key observations.
The initial volume for the strip shows that 94ml of hydrogen was produced, with the turnings 91ml of hydrogen was produced.
The rate of reaction shows the strip steadily decreases throughout the experiment, while shavings have a quick initial decline in reaction rate then slows down. This is because the have an increased surface area allowing more contact between the magnesium and HCl.
The hypothesis is supported by the experiment as the increased surface area of the shavings resulted in a faster rate of hydrogen gas produced initially.








3.4 [bookmark: _Toc167360759]Calculations
3.4.1 [bookmark: _Toc167360760]Average rate
Experiment 1. 
To work out the average rate we use the formula: Average Rate=        
 0.5 mol HCL
Initial Volume (Vi) at t = 10 seconds: 98ml
Final volume (Vf) at t = 260 seconds: 24ml
ΔV = Vi​ – Vf = 98 ml − 24 ml = 74 ml
ΔT = 260s − 10s = 250s
Average Rate =  ​= 0.296 ml/s
1.0 mol HCl
Initial Volume (Vi) at t = 10 seconds
Final volume (Vf) at t = 260 seconds
ΔV = Vi ​ − Vf ​ = 94ml − 24ml = 70ml
ΔT = 260s − 10s = 250s
Average Rate =  ​= 0.28ml/s
1.5 mol HCl
Initial Volume (Vi) at t = 10 seconds: 73ml
Final volume (Vf) at t = 150 seconds: 10ml
ΔV = Vi ​– Vf ​= 73ml − 10ml = 63ml
ΔT = 150s – 10s = 140s
Average Rate =  ​ = 0.45ml/s
2.0 mol HCl
Initial Volume (Vi) at t = 10 seconds: 68ml
Final volume (Vf) at t = 100 seconds: 5ml
ΔV = Vi ​– Vf ​= 68ml − 5ml = 63ml
ΔT = 100s − 10s = 90s
Average Rate =  ​= 0.7ml/s
Experiment 2.
1.0 mol of HCl at 23oC
Initial volume (Vi) at t = 10 seconds: 94ml
Final volume (Vf) at t = 260 seconds: 70ml 
ΔV = Vi ​– Vf ​= 94ml − 24ml = 70ml
ΔT = 260s − 10s = 250s
Average Rate =  ​= 0.28ml/s
1.0 mol of HCl at 33oC
Initial volume (Vi) at t = 10 seconds: 80ml
Final volume (Vf) at t = 180 seconds: 20ml
ΔV = Vi ​– Vf ​= 80ml − 20ml = 60ml
ΔT = 180s − 10s = 170s
Average Rate =  = 0.353ml/s
Experiment 3.
1.0 mol HCl with magnesium strip
Initial volume (Vi) at t = 10 seconds: 94ml
Final volume (Vf) at t = 200 seconds: 25ml
ΔV = Vi ​– Vf ​= 94ml − 25ml = 69ml
ΔT = 200s − 10s = 190s
Average Rate =  = 0.363ml/s
1.0 mol HCl with magnesium shavings
Initial volume (Vi) at t = 10 seconds: 91ml
Final volume (Vf) at t = 200 seconds: 32ml
ΔV = Vi ​– Vf ​= 91ml − 32ml = 59ml
ΔT = 200s − 10s = 190s
Average Rate =  = 0.311ml/s
4. [bookmark: _Toc167360761]Conclusion
Overall, the higher concentrations of HCl have led to faster reaction rates confirming that concentration plays a big role in rate reaction.
The higher temperatures have also increased the reaction rate, which proves temperature is crucial for providing necessary energy for effective collisions between reactant molecules.
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6. [bookmark: _Toc167360763]Appendix
Equipment.
1. Long test tube with arm
1. Gas syringe
1. Rubber bung and delivery tube to fit the test tube
1. Two large beakers for the water bath and reaction mixture
1. Pipette and pipette filler
1. Two clamp stands
1. Test tube holder
1. Thermometer 
1. Ring stand, Bunsen burner, clay triangle 
1. Stopwatch
1. Graph paper
Chemicals.
1. Magnesium ribbon cut into 4 cm length and weighed 
1. Magnesium turnings (same mass as ribbon)
1. Hydrochloric acid (2.0 M and 1.0 M)
1. DI water

Procedure.
1. Effect of HCl concentration on the speed of H2 gas evolution
1. Prepare four 20.0 mL solutions of HCl with the following concentrations: 2.0 M (stock), 1.5 M, 1.0 M and 0.5 M.  Use the pipette to measure appropriate volumes of the 2.0 M HCl solution and DI water. 
1. Pour the HCl solution with the lowest concentration into the test tube with arm. 
1. When ready, add a 4 cm strip of magnesium ribbon to the test tube, quickly put the bung back, and start the stopwatch.
1. Record the volume of hydrogen gas given off at suitable intervals (e.g. 10 seconds). Continue timing until no more gas is given off. 
1. After the reaction is completed, discard the reaction mixture in the waste beaker.
1. Measure the temperature of 1.0 M HCl.
1. Repeat the same experiment for three other concentrations of HCl.

2. Effect of temperature on the speed of H2 gas evolution
1. Set up a water bath. Pour water into the large beaker and heat it over the Bunsen burner till the temperature of water increases by approximately 10 degC when compared to the initial temperature of 1 M HCl measured in the previous part. 
1. Pipette 20 mL of 1.0 M stock solution into three test tubes. 
1. Place the first test tube with 1.0 M HCl in the water bath and wait until the temperature of the acid reaches the temperature of the water in the water bath. 
1. Quickly transfer the warm HCl into the tube with the arm, put 4 cm piece of magnesium ribbon, put the bung back, and start the stopwatch.
1. Continue timing until no more gas is given off. 
1. After the reaction is completed, discard the reaction mixture in the waste beaker.
1. Repeat the same experiment for two more temperatures (ideally 10  degC apart).
On the separate graph paper provided, plot the graph (VH2 vs t)) showing the change in volume of H2 gas over time for each temperature. 
For each concentration of HCl determine the:
1. 1 Average rate of reaction (between t = 0s and t = t1; use the same t1 for all concentrations. 
1. Instantaneous rate of reaction at t = 0.

1. Effect of the surface area of Mg on speed of H2 gas evolution
1. Use the pipette to transfer 20 mL of 1 M HCl at room temperature into the test tube with arm. 
1. Quickly add the Mg turnings into the test tube, put the bung back, and start the stopwatch.
1. Continue timing until no more gas is given off. 
1. After the reaction is completed, discard the reaction mixture in the waste beaker.



‌

Experiment 1

0.5 mol	T	10	20	30	40	50	60	70	80	90	100	110	120	130	140	150	160	170	180	190	200	210	220	230	240	250	0	98	97	96	94	93	92	91	90	87	86	85	84	82	81	80	79	76	75	73	0.74097222222222225	1.0 mol (strip)	T	10	20	30	40	50	60	70	80	90	100	110	120	130	140	150	160	170	180	190	200	210	220	230	240	250	0	94	78	72	65	59	54	48	44	40	37	33	31	30	29	29	27	26	26	25	25	24	24	24	24	24	1.5 mol	T	10	20	30	40	50	60	70	80	90	100	110	120	130	140	150	160	170	180	190	200	210	220	230	240	250	0	73	50	36	28	25	22	20	17	15	12	11	10	10	9.0972222222222218E-2	2 mol	T	10	20	30	40	50	60	70	80	90	100	110	120	130	140	150	160	170	180	190	200	210	220	230	240	250	0	68	40	36	24	20	13	10	6	5	5	7.0833333333333331E-2	Time (seconds)


Volume of H2




Experiment 2

1.0 mol (strip)	T	10	20	30	40	50	60	70	80	90	100	110	120	130	140	150	160	170	180	190	200	210	220	230	240	250	260	0	94	78	72	65	59	54	48	44	40	37	33	31	30	29	29	27	26	26	25	25	24	24	24	24	24	0.1875	1.0 mol (33C)	T	10	20	30	40	50	60	70	80	90	100	110	120	130	140	150	160	170	180	190	200	210	220	230	240	250	260	0	80	64	53	42	38	37	31	28	26	25	24	23	23	22	22	21	20	0.12430555555555556	Time (seconds)


Volume H2




Experiment 3

1.0 mol (strip)	T	10	20	30	40	50	60	70	80	90	100	110	120	130	140	150	160	170	180	190	200	210	220	230	240	250	260	0	94	78	72	65	59	54	48	44	40	37	33	31	30	29	29	27	26	26	25	25	24	24	24	24	24	0.1875	1.0 mol (Shavings)	T	10	20	30	40	50	60	70	80	90	100	110	120	130	140	150	160	170	180	190	200	210	220	230	240	250	260	0	91	84	78	73	68	64	60	56	53	50	47	46	43	41	40	38	36	34	34	32	31	30	29	29	0.17222222222222222	Time (seconds)


Volume H2




