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1.0 Introduction
1.1	The purpose of this experiment is to investigate the effect of temperature, concentration, and surface area on reaction speed.
1.2	The hypothesis being tested are such:
1. That increasing the temperature of a reaction will increase the rate of reaction. This is because in a thermally rich environment, the average kinetic energy of particles is much higher, and as such there are more collisions and transfers of energy.[1] 
2. That increasing the concentration of one of the reactants will increase the rate of reaction. This is because more reactant particles occupy the same space, resulting in more collisions per unit of time.[2]
3. That increasing the surface area of a reactant will increase the rate of reaction. This is because when one reactant has a higher surface area, the total amount of that reactant exposed to the other reactant is higher and thus more particles are available to react with.[3] 
1.3	To test these hypothesis, we will be performing reactions between HCl(Hydrochloric acid), and Mg(Magnesium). This will produce (Hydrogen gas) and (Magnesium chloride). The balanced equation of this reaction is detailed below.
		
1.4	The variables we will be concerned with in this reaction are detailed below:
· Our measured variable will be the amount and speed at which  is produced. To calculate this, we will use the formula detailed below, which describes volume of  with respect to change in time.
 
· Our independent variables will be the temperature of HCl, the concentration of HCl, and the surface area of our .
· Our constant variable will be the amount of HCl used, and the mass of  used.
1.5	The ability to calculate and understand rate of reaction is crucial in wider chemistry, where it can help optimize device performance and aid in the production of new materials, but also specifically in the OME field. This knowledge allows us to ensure safety by better controlling explosive, exothermic, and violent reactions; therefore, helping to prevent danger and loss of life. Accurate calculations prevent accidental/over-scaled reactions[4] and enhance the reliability and effectiveness of energetic compounds.


2.0 Experimental Data
2.1	In the first experiment performed, we used a heat bath to control the temperature the of the HCl solution. Detailed in Table 1 are the results of those experiments.
	Table 1
	0.078g of Mg
	0.0787g of Mg
	0.078g of Mg

	Time(s)
	v  (mL) @ 60°C
	[bookmark: _Hlk167920722][bookmark: _Hlk167969231]v  (mL) @ 50°C
	v  (mL) @ 40°C

	0
	0
	0
	0

	10
	22
	19
	17

	20
	36
	34
	33

	30
	47
	45
	44

	40
	54
	53
	51

	50
	60
	58
	56

	60
	65
	63
	60

	70
	69
	66
	62

	80
	71
	67
	66

	90
	72
	69
	67

	100
	73
	70
	69

	110
	73
	71
	70

	120
	74
	72
	71

	130
	74.5
	73
	72

	140
	75.5
	73.5
	72

	150
	76
	73.5
	72

	160
	76
	73.5
	72

	170
	76.5
	73.5
	72



2.2	Using the equation detailed in section 1.4, 

We can calculate the rates of reaction for each temperature. By adjusting the period and volume accordingly, we can also measure the instantaneous reaction rate, & the periodic reaction rate.
60°C:
 = 0.45mL/s
 = 2.2mL/s
 = 1.57mL/s
50°C:
 = 0.432mL/s
 = 1.9mL/s
 = 1.5mL/s
40°C:
 = 0.423mL/s
 = 1.7mL/s
 = 1.47mL/s
	The data collected in the thermal experiment shows that the solution at 60°C was measured to have the fastest reaction rate in all three categories, with an average of  0.45mL/s, followed by the 50°C and 40°C solutions, with averages of 0.432mL/s and 0.423mL/s respectively. 
2.3	In the second experiment performed, we used 3 different concentrations of HCl solution. Detailed in Table 2 are the results of those experiments.
	Table 2
	0.0781g of Mg
	0.0781g of Mg
	0.079g of Mg

	Time(s)
	v  (mL) @ 1.0M
	v  (mL) @ 1.5M
	v  (mL) @ 2.0M

	0
	0
	0
	0

	10
	13
	32
	39

	20
	24
	54
	60

	30
	34
	67
	72

	40
	43
	76
	81

	50
	49
	80
	87

	60
	55
	82.5
	90

	70
	61
	85
	94

	80
	65
	88
	95.5

	90
	69
	90
	96

	100
	72
	91
	97

	110
	72
	91.5
	97.5

	120
	73
	91.5
	97.5

	130
	73
	91.5
	98


	
2.4	Again, using the equation detailed in section 1.4, 

We can calculate the rates of reaction for each concentration. By adjusting the period and volume accordingly, we can also measure the instantaneous reaction rate, & the periodic reaction rate.
2.0M:
 = 0.75mL/s
 = 3.9mL/s
 = 2.4mL/s

1.5M:
 = 0.704mL/s
 = 3.2mL/s
 = 2.23mL/s
1M:
 = 0.56mL/s
 = 1.3mL/s
 = 1.13mL/s
The data collected in the concentration experiment shows that the  solution at 2.0M was measured to have the fastest reaction rate in all three categories, with an average of 0.75mL/s, followed by the 1.5M and 1.0M solutions, with averages of 0.704mL/s and 0.56mL/s respectively.
2.5 	In the third experiment performed, we used magnesium shavings with an equal mass to the magnesium strips used previously. Detailed in Table 3 are the results of those experiments.
	Table 3
	0.0784g of Mg

	Time(s)
	V mL)

	0
	0

	10
	10

	20
	17

	30
	24

	40
	29

	50
	35

	60
	40

	70
	44

	80
	48

	90
	51

	100
	54

	110
	57

	120
	60

	130
	62

	140
	64

	150
	68

	160
	68
















2.6	Again, using the equation detailed in section 1.4, 

We can calculate the rates of reaction for each concentration. By adjusting the period and volume accordingly, we can also measure the instantaneous reaction rate, & the periodic reaction rate. As only one experiment was performed with magnesium shavings, we will be comparing this to the results obtained from last experiment where a solution of concentration 1.0M was used.
 Shavings:
 = 0.477mL/s
 = 1mL/s
 = 0.8mL/s
 Strips:
 = 0.56mL/s
 = 1.3mL/s
 = 1.13mL/s
The data collected in the concentration experiment shows that the magnesium strips were measured to have the fastest reaction rate, with an average of 0.56mL/s, followed by the magnesium shavings, with an average of 0.477mL/s.
3.0 Results & Discussion
3.1	The results from the first two experiments (temperature and pressure) fully support our initial hypothesis and are exactly what we expected to see. The result from the third experiment, however, defies our hypothesis. There are two possible explanations:
		1. Our hypothesis, which is in line with accepted theory, has been proven wrong.
		2. An error has caused us to produce inaccurate results.
	Of the two of these, the second option is more likely. It is commonly accepted and taught scientific knowledge that surface area increases reaction rate[5][6][7]; furthermore, given the relatively simplistic methods employed in this experiment, it would not be difficult to introduce error margins into our work.
3.2	The primary source of error in this experiment was likely the gas tube. The operation of this piece of equipment relies on the internal surface of the tube & external surface of the plunger being clean and dirt free; we suspect that they may have become contaminated at some point. Error margins might also have been introduced by:
· Measurement errors. Our measuring method was to have someone write down the volume of hydrogen produced periodically, to the nearest 0.5mL. Human error may have corrupted our data in this regard.
· Impurities in our chemicals. As our magnesium samples and HCl solutions were exposed to the air, it may be possible for impurities to have been transferred into the solution at some point, potentially with the magnesium strips.
3.3	If we were able to repeat this experiment (on a higher budget), there are several ways we mitigate experimental error. We could use controllable heating bowls to accurately control the temperature of our HCl solution, and a digital thermometer to measure that. We could also have stored our samples of HCl & Mg in airtight containers, to eliminate the possibility of contamination.
4.0 Conclusion
4.1	In conclusion, I believe this experiment to have been wholly successful. We provided strong evidence towards two of our three hypotheses, and identified an error in our experimental setup for the third hypothesis which allowed us to explore experimental errors in this report. 
	While not groundbreaking, research like this is still the backbone of chemistry, and I’m happy that I was able to participate in it. 
5.0 Method & Materials
5.1	These are the materials & chemicals you will need to reproduce this experiment.
	Materials:
· Test tube holder
· Thermometer 
· Ring stand
· Bunsen burner
· Bunsen gauze
· Stopwatch
· Pipette 
· Pipette filler
· Long test tube with arm
· Gas syringe
· Rubber bung - Ensure this fits test tube
· Delivery tube - Ensure this fits rubber bung
· Large beaker x2
· Clamp stand x2
Chemicals: 
· Hydrochloric acid (2.0 M and 1.0 M)
· De-Ionized water
· Strips of Mg x6 - cut to 4cm length & weighed 
· Shavings of Mg - same mass as one strip

5.2	These are the methods you will need to use to reproduce this experiment.[8] 
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°C when compared to the initial temperature of 1 M HCl measured in the previous part. 
1. Pipette 20 mL of 1.0M stock solution into three test tubes. 
1. Place the first test tube with 1.0M 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. Record the volume of hydrogen gas given off at intervals of 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. Repeat the same experiment for two more temperatures. Temperatures should be gradiated by 10°C

Effect of HCl concentration on the speed of H2 gas production:

1. Prepare three 20.0 mL solutions of HCl with the following concentrations: 2.0M (stock), 1.5M, and 1.0M.  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 intervals of 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. Repeat the same experiment for three other concentrations of HCl.

Effect of the surface area of Mg on speed of H2 gas production:

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. Record the volume of hydrogen gas given off at intervals of 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.
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