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Purpose:

In this laboratory, you will measure heat changes arising from chemical reactions. You will use Hess’s Law to calculate enthalpies of reaction from the heat of formation data. Since the heat of formation for magnesium oxide, MgO, is difficult to measure without using a bomb calorimeter, you must use a series of reactions to compute the result. 

Introduction:

Nearly all chemical reactions generate or consume heat while forming products. We depend on the heat liberated in the combustion of fossil fuels to sustain a technological society. We observe applications of thermochemistry every day, and these applications are not limited to heat generating (exothermic) reactions. Cold-packs drain heat from the surrounding in a heat consuming (endothermic) reaction, using heat from the environment. 

To determine an enthalpy change in the laboratory, you must be very careful to define “the system” and “the surroundings” precisely. The system is that part of the universe or the lab that you are going to measure while the surroundings are everything else (in the universe!). There is a boundary between the system and the surroundings, and you will only measure what exists in the system. You need not account for what happens to the surroundings. As a result, you must understand what the system is and where the boundary between the system and the surroundings exists.

In our case this distinction is clear, since you will be using nested coffee cups as a constant-pressure calorimeter. The system is the calorimeter and everything inside the calorimeter, and the surroundings is everything outside the calorimeter. You will use a pair of Styrofoam coffee cups (a good heat insulator) nested inside one another, a coffee cup top and a thermocouple for measuring temperature. The thermocouple is connected to a data collection device, which is, in turn set up to communicate with a computer running a graphing and analysis program.
 To calculate your results correctly you will need to account for all heat changes within the system. Made  the following simplifying assumptions:
1. The room temperature does not change greatly during the experiment.
2. The only source of heat generated is from the chemical reaction being studied.
3. The heat generated by the chemical reaction is absorbed by the other components of the system which we can assume to be the mass of water present and the calorimeter (Styrofoam cups). We make the further assumption that even though in this case the cup contains hydrochloric acid, we will assume that this solution, which is mostly water, will have the same heat properties as pure water, which is well documented.
Using the symbols q (heat) and H (enthalpy),
Qtotal = 0 = qrxn + qwater + qcalorimeter or
Qrxn = -qwater + - qcalorimeter ; ∆H = qrxn/moles of limiting reagent
The heat that causes temperature change is equal to the quantity of material times the change in temperature times its specific heat (s). Thus, for the heat terms given above we can rewrite the water and calorimeter terms as follows:
qwater = ms∆T and qcalorimeter = C∆T 
where m is mass, s is the specific heat of the material (water), C is the heat capacity of the calorimeter and 
∆T is the temperature change in degrees Celsius. For these calculations, you may assume that the heat change after the reaction is complete (this is called the decay curve) looks very nearly linear over the first several minutes. By assuming it is linear, you can extend the line back in time to determine the temperature at the time the reaction began, which is the same time as it started if the reaction happened instantaneously (by definition). Now you have both the initial and  final temperatures. It is tempting to try to determine the value graphically, but that method is error  prone, and must be avoided.



                                                    
Procedure:

1. General setup, used of the Macintosh computer/Lab Quest system and reaction of Mg with HCl.
Set up the calorimeter apparatus as shown at the instructor’s desk, needed two Styrofoam 
Coffee cups nested inside one another, a ring stand and support ring to keep the cups upright, a 
100mL graduated cylinder and the computer/lab Quest system including a temperature probe and 
USB cable. Set up the lab Quest as far from the coffee cups as possible to avoid damage.

1.2 Transferred 100.0 mL of 3.0 M HCl to each of two Styrofoam cups and label the cups #1 and #2. 

Created your calorimeter by placing cup #1 inside an empty cup mounted on the ring stand. Inserted the temperature probe through the lid of the calorimeter. Did not remove the waxy coating on the temperature probe. This covering  was to protect the probe from the HCl solution. Set aside the second cup of HCl for use on the second trial.

1.3 Turned on the computer. Connect the power supply to the LabQuest, connect the temperature probe in Channel 1 of the LabQuest and connect the USB cable to both the LabQuest and the computer. 
1.4 On the computer, looked to the bottom of the screen and move the cursor onto the caliper and graph icon. Double clicked on this icon to open the LoggerPro application on the computer. I saw the LoggerPro screen, a data table on the left and an empty graph window on the right. On the line that said LoggerPro is a series of pull down menus (File, Edit, Experiment, etc.)
1.5 Run a short temperature vs. time acquisition using the LabQuest system to determine 
the room temperature and to test the connections of the computer/LabQuest system. Moved  the 
cursor to the Experiment pull down menu and select Data Collection. Made  the Length of the trial 960 seconds and set the sampling speed to 2 samples per second. Selected  Done from the bottom of the window. 

1.6 Went  back to the Experiment pull down menu and select Start Collection. The data table should fill with data and the graph should show a relatively straight horizontal line across the window. The temperature shown actively above the data table. Recorded this temperature in the data table as Room Temperature. After I have collected about a minute’s worth of data, and then I stopped the collection.

1.7 Using weighing paper determined the mass on the analytical balance to within 0.1 mg (0.0001g) of approximately 0.25 g of magnesium ribbon that has been cut into ~1 cm pieces. Determine the mass on the analytical balance to four decimal places. Data from the top loading balance resulted  in large point deductions for the entire group.

1.8 Selected Experiment from the pull-down menu and from that menu selects Data Collection. Confirmed that the data collection parameters are the same as before (960 sec @ 2 samples per sec).

1.9 Started the data collection and let it run for about 30 seconds.
 Quickly added all the magnesium to the calorimeter, covered  it and stirred the contents continually until the temperature has reached a peak and is beginning to decrease steadily. Did not stir too vigorously.

1.11 Allowed the data collection to continue for the entire 16 minutes.

1.12 Once the data collected for the first trial, notified the instructor to show you the method for analyzing the data. For all subsequent trials, you may proceed on my own.
1.12.1 Selected the Analyze pull down menu and select Examine from this menu.

1.12.2 Moved the cursor to the highest point on the graph (highest temperature) and dragged  the cursor to  form a darker blue window that starts at the highest point on the graph and ends with a point 
collected several minutes into the decay curve.

1.12.3 Performed a Linear Fit on the selected data. If the linear correlation is very close to unity I captured a nearly linear portion of the curve.

1.12.4 Recorded the slope and intercept of this line and move the box that displays these values to a portion of the graph that does not contain data.

1.12.5 Selected the File pull down menu and the Print Graph option. The number of copies should equal the number of members in your group plus one for the group data to be turned in. Printed the graph and got the hard copies from the printer in the lab. 

1.13 Before moving on to the next trial, recorded the starting time and temperature of the reaction. Got this by positioning the cursor at the point where the temperature starts to rise rapidly. Used the time value of this point to solve the linear regression equation for the final temperature.

1.14 Removed cup #1 and set it aside to cool. Do not discard, you will be using it again! Repeated at 1.7 –1.13 for a second trial using a second sample of magnesium and cup #2 of HCl.

2. Reaction of Magnesium Oxide with HCl.

Repeated 1.7-1.14 substituting approximately 0.5 grams of MgO for the magnesium metal . Record the mass of MgO on the analytical balance to within 0.1 mg! Performed two determinations (using cup #1 and then cup #2) for the reaction of MgO with HCl. In these reactions found  that there is no significant temperature decrease. You should still determine the linear fit line (linear least squares fit or linear regression line) using the maximum temperature and the time points after the maximum. In these trials (Trial 3 and 4) the slope will probably be close to zero.

3. Calculation of the Heat of Reaction

3.1 Converted the number of grams of magnesium and magnesium oxide used in this experiment to moles and enter these values into the table provided.

3.2 From each graph, determined the final temperature by solving the linear fit equation for temperature at the time the reaction was started.


3.3 Recorded the following data for each reaction:

T0, Tf, mass of Mg or MgO and the moles of Mg or MgO. Assumed  that the heat properties 
and density of the HCl solution in the calorimeter are the same as pure water. 
3.4 Calculate the heat given off by the reaction using the s of water to be 4.184 J/g-ºC, the density of water as 1.00 g/mL, and the heat capacity of the calorimeter as 10.0 J/ºC.
Qwater = ms∆T = (mass of water used) x 4.184 J/g-ºC x (Tf – T0)
Qcalorimeter = ms∆T = 10.0 J/ºC x (Tf – T0).

Determined  these values and enter them into the table provided.
Qtotal = 0 = qrxn + qwater + qcalorimeter
Qrxn = -qwater + -qcalorimeter

3.5 Calculated the value for qrxn and enter it into the table provided. The enthalpy change for the reaction is the heat given off divided by the number of moles of limiting reagent. Divided the qrxn by the moles of material used and enter this value as the ∆Hrxn in the table.

3.6 Got two values for the enthalpy of reaction as described in Trial 1 (manual graph and from the linear curve fit).Determined  the percent error.
3.7 Using the average calculated values for the enthalpy of reaction for each of the reactions (used the value for Trial 1 with the smaller % error as described in 3.6) studied and the accepted value for the 
reaction between H2 and O2 to form water given below, determine the enthalpy of reaction for the formation of one mole of MgO from Mg and oxygen (Hess’s Law). Determined this same value from heat of formation data and record this value as the theoretical value. 
 Calculated the %error between your experimental value and the theoretical value from the equation below. Using units for all your calculations.
                                      H2 + ½ O2 → H2O; ∆H = -286 kJ





                          




  Results: 

	Room Temperature
	21.6℃
	
	
	

	Reactant
	Mg
	Mg
	MgO
	MgO

	Trial Number
	1
	2
	3
	4

	Mass of reactant
	0.2470

	0.2498

	0.5368

	0.5036


	Moles of reactant
	0.0103
	0.0104
	0.0134
	0.0126

	Initial Temperature (T0)
	21.7
	21.3
	28.3
	26.6

	Linear Curve fit slope (m)
	-0.0043
	-0.0047
	-0.0042
	0.0036

	Linear Curve fit intercept (b)
	33.60
	34.06
	32.07
	30.47

	Final Temperature (Tf)
	31.5
	34.0
	33.0
	33.0

	∆T = Tf - To
	9.8
	12.7
	4.7
	6.4

	qwater
	4100.32
	5313.68
	1966.48
	2677.76

	qcalorimeter
	98
	127
	47
	64

	qrxn
	-4198.32
	-5440.68
	-2013.48
	-2741.76

	∆Hrxn
	-98
	-127
	-47
	-64



                                               


   Discussion
In this experiment, the heat of formation for magnesium oxide (MgO) was  determined by the following balanced reaction (Eqn. 1). Mg(s) + ½ O2(g) MgO(s) DHf° Eqn. 1 
 The equation is balanced to form only one mole of MgO(s) which requires the use of the fractional coefficient for O2. All physical states for each element or compound must be specified since enthalpy depends on the physical state of the substance. 
Experimentally it would be difficult to measure the heat of formation for MgO directly, especially in a Styrofoam calorimeter, due to the chemicals involved. Fortunately, we can employ a law formulated by Germain Hess to evaluate the heat of formation for MgO indirectly by using a series of reactions that are easier to measure or whose enthalpies of reactions are available in standardized tables. Hess’s Law states that if a series of reactions can be added together to make a certain overall reaction, then their enthalpies can also be added together in the same manner to find the enthalpy for the reaction of interest.
 For this experiment, the reactions used are shown in Eqn. Mg(s) + 2 HCl(aq) MgCl2(aq) + H2(g) DH2° Eqn. 2 MgCl2(aq) + H2O(l)  MgO(s) + 2 HCl(aq) DH3°° Eqn. 3 ½ O2(g) + H2(g) H2O(l) DH4° Eqn. Summing these reactions and cancelling any compound that appears on both the reactants and products side results. . Thus, summing their enthalpies also gives the equation for finding the heat of formation for MgO by Eqn. DHf° of MgO = DH2° + DH3° + DH4°. The heat gained or lost by any substance is dependent on its mass, heat capacity, and change in temperature.
For this experiment, first the coffee-cup calorimeter must be calibrated to find its heat capacity. This will be done by mixing known quantities of hot and cold water together and measuring the temperature change of each. When combined, the hot water will lose heat while the cold water gains heat to equilibrate to one single final temperature for both. However, some of the heat lost by the hot water will also be absorbed by the coffee-cup to warm it up as well. Since the cold water is held in the coffee-cup, it will be assumed that the temperature change for the cold water and the coffee-cup are the same.
                                 











[bookmark: _GoBack] Conclusion
The purpose of this experiment was to verify Hess’s law associated with three reactions. Our experiment confirmed it by combining the enthalpy changes of two reactions to equal of that another single reaction. Styrofoam cup was used as a calorimeter to measure the change in temperature, which is a necessary variable for further calculations. We discovered that sum of enthalpy changes for reactions one and three equaled the enthalpy change in reaction two. This experiment was possible because if one of the reactions is the same as the combination of other two, the heat of the reaction of the single reaction should be equal to the heat of other two reactions combined. In other words, the change in enthalpy is the same weather the reaction took places in one steps or series of steps. This known fact is called the Hess’s law which can be proven by the concept of additively of heats of reaction.
