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[bookmark: _Toc183645224]Abstract
This report has been done to see the effects of concentration, temperature and surface area of Magnesium (Mg) on the speed of Hydrogen (H2) gas evolution. Hydrochloric acid (HCl) is the acid used for these three experiments. The hypothesis for this three-part experiment is that by increasing heat and/or increasing the concentration of acid and/or increasing the surface area, the rate of reaction will increase. This means the reaction will occur quicker.

[bookmark: _Toc183645225]Introduction
This practical is done by observing all three changes in each aspect and seeing how they each affect the rate of reaction. The collision theory directly links to this experiment. “The rate of reaction depends on the frequency of collisions” [1]. This is because of the activation energy being higher or lower. The activation energy is the minimum amount of energy required to activate atoms or molecules to a condition in which they can undergo chemical transformation or physical transport [2]. The reasoning behind the hypothesis is that: as the concentration increases, there are more particles for the reactant to react with; as the temperature increases, the particles are moving around a lot quicker compared to the colder temperatures therefore increasing the rate of reaction; as the surface area increases, there is more of the reactant in smaller quantities and will therefore react quicker due to there being more successful collisions. The variables in this experiment are the control variable being the reactant itself; the independent variable being concentration, temperature and surface area; the dependant variable being the volume of H2 of gas evolution.

[bookmark: _Toc183645226]Results
[bookmark: _Toc183645227]Experiment 1:
	Effect of Concentration of HCl on speed of H2 gas evolution: 1.0M, 1.5M, 2.0M.

	Time (s)
	0
	10
	20
	30
	40
	50
	60
	70
	80
	90
	100
	110
	120
	130
	140
	150
	160

	Vol H2 (mL)
	0
	15
	28
	38
	48
	56
	58
	65
	68
	74
	74
	75
	76
	76
	76
	76
	76

	Time (s)
	0
	10
	20
	30
	40
	50
	60
	70
	80
	90
	100
	110
	120
	130
	140
	150
	160

	Vol H2 (mL)
	0
	25
	42
	50
	57
	59
	60
	60
	60
	65
	69
	72
	74
	77
	79
	81
	83

	Time (s)
	0
	10
	20
	30
	40
	50
	60
	70
	80
	90
	100
	110
	120
	130
	140
	150
	160

	Vol H2 (mL)
	0
	44
	58
	66
	71
	75
	78
	82
	84
	86
	86
	86
	86
	86
	86
	86
	86
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[bookmark: _Toc183642846][bookmark: _Toc183645202]Figure 2

Above are both Fig 1 and Fig2, they both show the data that was collated during the experiment on how the concentration of HCl affects the speed of H2 gas evolution. 
What can be seen in this data is the average rate of reaction as well as the instantaneous rate of reaction. This can be worked out by the “Change in Quantity over the Change in Time” or “Delta Q over Delta T.” The instantaneous reaction for all three concentrations is worked out by using tangents ‘t 0’. For 1.0M, the calculation is 15/10 bringing the instantaneous rate of reaction 1.5 cm3/s. The same is used to find the rate of reaction at ‘t 1.’ For 1.0M the rate at ‘t 1’ is calculated by 76-68/130-80. This equals 8/50 or 0.16 cm3/s. For 1.5M, the calculation is 25/10 bringing the instantaneous rate of reaction to 2.5 cm3/s. For 1.5M the rate at ‘t 1’ is calculated by 77-60/130-80. This equals 17/50 or 0.34 cm3/s. Last of all 2.0M, the calculation is 44/10. The instantaneous rate of reaction for 2.0M is therefore 4.4 cm3/s. For 2.0M the rate at ‘t 1’ is calculated by 86-68/130-80. This equals 18/50 or 0.36 cm3/s. For the average rate of reaction, a time was taken towards the end of the reaction itself and to remain fair, the same time (t 1) was used for all three concentrations. The same calculation is needed to work this figure out. For 1.0M the calculation is 74/90, bringing the average rate of reaction to    0.822… cm3/s. For 1.5M the calculation is 65/90, bringing the average rate of reaction to 0.722… cm3/s. Finally for 2.0M, the calculation is 86/90. This brings the average rate of reaction to 0.955… cm3/s. 

[bookmark: _Toc183645228]Experiment 2:
	Effect of Temperature on speed of H2 gas evolution: 48.5°C, 55.2°C, 62.3°C.

	Time (s)
	0
	10
	20
	30
	40
	50
	60
	70
	80
	90
	100
	110
	120
	130
	140
	150
	160

	Vol H2 (mL)
	0
	8
	20
	29
	36
	43
	48
	52
	55
	58
	60
	61
	62
	64
	65
	66
	67

	Time (s)
	0
	10
	20
	30
	40
	50
	60
	70
	80
	90
	100
	110
	120
	130
	140
	150
	160

	Vol H2 (mL)
	0
	20
	31
	39
	44
	50
	55
	59
	62
	64
	67
	68
	70
	71
	73
	74
	75

	Time (s)
	0
	10
	20
	30
	40
	50
	60
	70
	80
	90
	100
	110
	120
	130
	140
	150
	160

	Vol H2 (mL)
	0
	28
	42
	52
	61
	66
	71
	74
	76
	77
	78
	79
	80
	80
	81
	82
	82
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Above are both Fig 3 and Fig 4, they both show the data that was collated during the experiment on how the temperature of HCl affects the speed of H2 gas evolution. 
The instantaneous reaction for all three concentrations is worked out by using tangents ‘t 0’. For 48.5°C, the calculation is 8/10 bringing the instantaneous rate of reaction 0.8 cm3/s. The same is used to find the rate of reaction at ‘t 1.’ For 48.5°C, the rate at ‘t 1’ is calculated by 64-55/130-80. This equals 9/50 or 0.18 cm3/s. For 55.2°C, the calculation is 20/10 bringing the instantaneous rate of reaction to 2.0 cm3/s. For 55.2°C, the rate at ‘t 1’ is calculated by 71-62/130-80. This equals 9/50 or 0.18 cm3/s. Last of all 62.3°C, the calculation is 28/10. The instantaneous rate of reaction for 62.3°C is therefore 2.8 cm3/s. For 62.3°C, the rate at ‘t 1’ is calculated by 80-76/130-80. This equals 4/50 or 0.08 cm3/s. For the average rate of reaction, a time was taken towards the end of the reaction itself and to remain fair, the same time (t 1) was used for all three concentrations. The same calculation is needed to work this figure out. For 48.5°C the calculation is 58/90, bringing the average rate of reaction to 0.644… cm3/s. For 55.2°C the calculation is 64/90, bringing the average rate of reaction to 0.711… cm3/s. Finally, for 62.3°C, the calculation is 77/90. This brings the average rate of reaction to 0.855… cm3/s.

[bookmark: _Toc183645229]Experiment 3:
	Effect of the surface area of Mg on speed of H2 gas evolution: 38.2°C.

	Time (s)
	0
	10
	20
	30
	40
	50
	60
	70
	80
	90
	100
	110
	120
	130
	140
	150
	160

	Vol H2 (mL)
	0
	18
	29
	36
	43
	50
	55
	61
	65
	68
	71
	74
	77
	79
	81
	82
	83
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Above are both Fig 5 and Fig 6, they both show the data that was collated during the experiment on how the surface area of Mg affects the speed of H2 gas evolution. In this experiment, Mg powder was used instead of Mg ribbon however all the parameters for the experiment were the same as the 1.0M of HCl experiment. The instantaneous rate of reaction at ‘t 0’ can be worked out with the calculation 18/10 which makes it 1.8 cm3/s. The same is used to find the rate of reaction at ‘t 1.’ For the rate at ‘t 1’ it was calculated by 79-65/130-80. This equals 14/50 or 0.28 cm3/s. The average rate of reaction can be calculated using the same ‘t 1’ as the experiment using 1.0M to compare results. For the previous experiment, ‘t 1’ was 90s. the average rate of reaction for this experiment can be calculated with 68/90 which is 0.755… cm3/s. 

[bookmark: _Toc183645230]Discussion
Comparing the results for ‘Experiment 1’ the higher the concentration of HCl, the quicker the rate of reaction. This backs up the original hypothesis. However, there is a clear anomaly when 1.5M of HCl was used and this is because the Mg ribbon got stuck to the side and didn’t fully react until the 90s mark. This is a clear experimental error and could have been noticed earlier however due to human error, the problem wasn’t fixed until the result was skewed. ‘Experiment 2’ also validates the original hypothesis. As the temperature of the acid increased, the rate of reaction did too. No clear experimental errors or skewed results can be observed during this experiment. Moving onto ‘Experiment 3’, the results can be compared to ‘Experiment 1’ with the data of 1.0M of HCl. The results for that showed the average rate of reaction to be 0.822… cm3/s and the average rate of reaction in ‘Experiment 3’ was 0.755… cm3/s. This contradicts the original hypothesis and can be seen as a skewed result as some Mg powder was stuck to the side of the test tube and that is the reason the reaction slowed down. Again, this is due to human error.

[bookmark: _Toc183645231]Conclusion
As the experiment has shown, the hypothesis was correct in stating that the higher the concentration and temperature, directly correlate to the increase in rate of reaction. This is due to the collision theory as previously mentioned. The theory states the rate is dependant on the number of collisions and with an increase in surface area, there is going to be more collisions and therefore lowering the activation energy. This is the same sort of thing for all the factors that were tested. The increase in both temperature of HCl and the concentration of it, also lower the activation energy causing the rate of reaction to increase as well. However as seen, ‘Experiment 3’ was skewed and this can be resolved by repeating the experiment multiple times however due to the time limit, a repetition was not possible. With a repeated experiment, the hypothesis would show to be ultimately correct as opposed to majority correct. 
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[bookmark: _Toc183645233]Materials used:
· Long test tube with arm
· Gas syringe
· Rubber bung and delivery tube to fit the test tube
· 2 large beakers for water bath and reaction mixture waste
· Pipette and pipette filler
· 2 clamp stands
· 6 test tubes and holder
· Graduated cylinder
· Thermometer
· Ring stand
· Bunsen burner
· Graph paper
· Stopwatch 
[bookmark: _Toc183645234]Chemicals Used:
· Magnesium (Mg) ribbon cut in 4cm length and weighed
· Mg powder (same mass as ribbon)
· Hydrochloric acid (HCl) in 2M and 1M
· DI water

[bookmark: _Toc183645235]Procedures:
[bookmark: _Toc183645236]Effect of HCl concentration:
· Prepare three 20ml solutions of HCl with 1M, 1.5M and 2M.
· Pour the lowest concentration into the test tube with an arm and add a Mg ribbon, close the bung and start the stopwatch.
· Record the volume of hydrogen gas give off at 10s intervals and continue until no more gas is given off.
· After completion, disregard the reaction mixture into the waste beaker.
· Measure the temperature of 1M of HCl.
· Repeat the experiment for the other 2 concentrations of HCl.

[bookmark: _Toc183645237]Effect of temperature on the speed of Hydrogen gas evolution:
· Set up a water bath in a large beaker and heat over the Bunsen burner until the temperature increases by around 10°C from the original temperature of 1M HCl in the previous experiment.
· In the graduated cylinder, measure 20ml of 1M stock solution into three test tubes and place one in the water bath and wait until the temperature of the acid is the same.
· Quickly transfer the warmed HCl into the tube with the arm, place a Mg ribbon, put the bung on and start the stopwatch.
· Continue timing until no more gas is given off.
· After completed, disregard the mixture into the waste beaker.
· Repeat for two more temperatures, ideally 10°C apart.

[bookmark: _Toc183645238]Effect of the surface area of Mg on speed of Hydrogen gas evolution:
· Use the graduated cylinder to transfer 20ml of 1M HCl at room temperature into the tube with an arm.
· Quickly add the Mg powder into the test tube, put the bung back and start the stopwatch.
· Continue timing until no more gas is given off.
· After completion, disregard the reaction mixture into the waste beaker.

[bookmark: _Toc183645239]SAFETY NOTES
· Do NOT handle HCl without gloves, lab coat or goggles.
· Make sure all correct PPE is worn.
· Handle the hot items with tongs or wait for them to cool.
image2.png
Volume of H2 (mL)

90

80

70

60

50

40

30

20

10

20

40

Effect of Temperature

60 80 100 120
Time (s)

—e—VOLUME@48°C —e—VOLUME@55°C —e—VOLUME@62°C

140

160

180




image3.png
Surface Area

90

80

70

60

3 <
(W) 2H yo swniop

20

10

180

160

140

120

100

80

60

40

20

Time (s)




image1.png
Volume of Hydrogen (mL)

100

)

80

70

60

50

40

30

20

20

40

60

Concentration of HCL

80 100
Time (s)

—@—VOLUMEIM —@—VOLUME1SM —@—VOLUME2M

140




