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Abstract


The goal of this experiment was to use temperature data over time from combustion reactions to calculate the heat released and then produce an experimental value for the heat of formation of anthracene.  After running a calibration trial of benzoic acid in the bomb calorimeter, the heat capacity of the calorimeter was found to be 881 ± 6 E4 J/mol.  Using this value and data from the two anthracene trials, the experimental enthalpies of combustion for anthracene were –590 ± 6 E4 J/mol and –607 ± 6 E4 J/mol, and the enthalpy of formation was –95 ± 4 E4 J/mol.  The anthracene results for the heat of combustion were not as negative as the literature value (the reactions were not as exothermic as expected), suggesting that there was significant error—perhaps there was not complete combustion or the assumptions were not fully valid.  

Introduction


To find heats of combustion for certain reactions, it is feasible to use a bomb calorimeter.  Due to heavy insulation, a calorimeter is adiabatic.  Thus, the system is isolated from the environment.  This way, combusting a chemical sample in the calorimeter and using temperature measurements makes it possible to find the heat released.  A substance with a known heat of combustion such as benzoic acid may be used to determine the heat capacity of the calorimeter.  Once that value is known, the heats of combustion for other chemical samples are found by combusting them, too.


The determined heats of combustion may be used to find experimental values of the standard heats of formation of the different chemicals combusted.  The chemical equations for the combustion of the organic sample and the standard heats of formation of the combustion products (carbon dioxide gas and liquid water) may be combined and manipulated using Hess’s law so that the sum of the reactions is the formation equation for the chemical sample.  The heats of reaction are summed accordingly (literature values are used for the formation of the combustion products) and yield the value for the standard molar heat of formation for the sample.

Theory



Equation (1) helps calculate the temperature rise in the calorimeter, and it assumes the pressure is constant and that r1 and r2 are relatively small but cannot be ignored1:

(T = Tc – Ta – r1(tb – ta) – r2(tc – tb) 





(1) where (T  is the temperature rise, ta is the time of firing the bomb, tb is the time that the temperature reaches 60 percent of its overall rise, tc is the time at the beginning of the postperiod, Ta is the temperature at ta, Tc is the temperature at tc, r1 is the rate of temperature rise in the preperiod, and r2 is the rate of temperature rise in the postperiod.  However, for this particular experiment, the rate of temperature change for the preperiod is zero since only one measurement is obtained.  (It is assumed that temperature equilibrium has been reached and that the temperature is constant in the short time before firing).  Also, the rate of temperature change for the postperiod was so small that it was negligible—only 5.6 E-5 °C/s—so that equation (1) reduced to:

(T = Tc – Ta








(2).

Qcomb, the heat released in combustion, was calculated from equation (3):


Qcomb = (HcBA + (HcFW






(3)

in which the heats of combustion for the benzoic acid (BA) sample and the fuse wire (FW) are added.  Assuming that the calorimeter is adiabatic, the process is isolated from the universe, and thus

Qcomb + Qcal = Quniverse = 0






(4)

Where Qcal and Quniverse refer to the heat gained by the calorimeter and universe, respectively.  Arranging this equation yields equation (5):

Qcomb = -Qcal 








(5).


The heat absorbed by the calorimeter is equivalent to

Qcal = Ccal . (Tcal = Ccal . (T 






(6).

This assumes that the temperature rise of the calorimeter is the same as the temperature rise of the water, and that the temperature is in equilibrium throughout the calorimeter each time it is measured.  This is not completely valid and will contribute a small amount of error.  The same assumption is made in equation (7):

Qcomb = -Ccal . (Tcal = -Ccal . (T





(7).

This equation uses expressions that plug into equation (5).  The expression for the molar heat released in the combustion process is 

Molar Qcomb = Qcomb / ncomb 






(8).  Now, Qcomb refers to the heat released for the combustion of anthracene and is given by

Qcomb = -Ccal(T – (HcFWLFW






(9).  The moles combusted, ncomb, is found by

ncomb = (weight of sample)/(molecular weight of chemical)


(10).  This equation assumes the entire mass of the sample was combusted and that the sample was pure.  The assumptions probably introduced a significant amount of error.  The change in moles of gas in the calorimeter for each mol of sample undergoing combustion is given as

(ngas = (ngaseous products – (ngaseous reactants 




(11).  The assumption in this equation is that the water formed in combustion is a liquid instead of a gas.  This assumption is valid because about one ml of distilled water was added at the bottom of the calorimeter, enabling the creation of a liquid-gas equilibrium of water and a saturation of water vapor at that pressure.  When the combustion reaction took place, the water that formed would necessarily be in the liquid state since the final temperature is at room temperature, and water is liquid at that temperature.  Also, introducing pure oxygen to the bomb would increase the pressure in an isochoric chamber, thus ensuring that the water would be liquid.

For a process with constant volume such as combustion in an isochoric calorimeter, the equation for the change in internal energy (U is

(U = Q – W = Q – p(V 






(12) where Q is the heat absorbed, W is the work done on the system, p is the pressure, and V is the volume.  Since the volume is constant, equation (12) becomes

(U = Q








(13).  Also, the change in enthalpy (H is expressed as

(H = (U + ((pV) = Q + ((pV)  





(14)

in which ((pV) is the 
change in pV from the reactants to the products.  For condensed phases, the change is small2 and may be neglected, but the change in pV for gases is large and is

((pV) = (ngas . RT  







(15) assuming the gases are ideal.  (Some error was introduced by this assumption).  Thus, from equations (14) and (15),

(H = Q + (ngas . RT







(16).  The temperature was approximated as the mean temperature of the system before and after the reaction.  This approximation probably resulted in significant error.

The equations for the combustion of anthracene and the formation of anthracene, carbon dioxide, and water are in equations (17), (18), (18), and (20), respectively:

C14H10 (s) + 16.5 O2 (g) ( 14 CO2 (g) + 5 H2O (l)



(17)

14 C (graphite) + 5 H2 (g) ( C14H10 (s)




(18)

C (graphite) + O2 (g) ( CO2 (g)





(19)

H2 (g) + 0.5 O2 (g) ( H2O (l)






(20).

To produce equation (18), multiply equation (17) by –1, equation (19) by 14, and equation (20) by 5, and then add them together (the other terms cancel).

Experimental Procedure

Testing the Calorimeter
The ends of a straight fuse wire 10 cm long were inserted into the electrode holes and secured with their caps. The bomb lid was connected to the ground and fuse wire terminals.  The fuse wire glowed when heated.

Charging the Calorimeter


The length of a new piece of fuse wire 10 cm long was accurately recorded and attached as before, maximizing the amount of exposed wire.  The combustion capsule was dried after being cleaned with water and acetone.  The mass of a benzoic acid pellet 1 – 1.5 g was accurately recorded.  The pellet was placed in the combustion capsule and the capsule put on the bomb lid in the electrode loop.  The center of the fuse wire was bent to touch the pellet but not the combustion cup.  About 1 ml of distilled water was poured into the bottom of the bomb.  The bomb lid was placed on its base and then sealed with an O-ring, a steel compression ring, and a screw cap.


An oxygen hose was connected to the inlet valve and screwed on tightly.  The bomb was filled with 25 atm pressure, and then the oxygen was vented out slowly.  The bomb was refilled and revented two more times.

Firing the Calorimeter


2.0 liters of distilled water were poured into the calorimeter bucket.  The ignition leads to the lid were connected and the bomb was lowered into the bucket so that the water covered the bomb.  The lid was put on, and the stirrer turned free from the bomb.  The stirrer drive belt was placed between the motor shaft and stirrer wheel. The motor was plugged in and the belt tension was adjusted.  Then, the thermometer was clamped in place through the lid with the bulb slightly above the bottom of the bucket.  The magnifying temperature scale lens was put on.  The leads were connected to the ignition box.


The temperature of the water bath was recorded each minute until it equilibrated.  Standing away from the calorimeter, the ignition button was pressed for 5 seconds to fire.  The temperature was recorded every 30 s after firing until it started leveling off, and then every minute until it was constant for 3 minutes.


The stirrer was stopped and taken off the drive belt and calorimeter lid.  After unplugging the ignition leads, the bomb was removed and dried.  Pressure remaining in the bomb was released and then the lid was removed.  The added lengths of any remaining pieces of fuse wire were subtracted from the initial length.  The inside of the bomb was cleaned with distilled water.  The charging and firing of the bomb was repeated with anthracene two times.

Results


The heat released by combustion of benzoic acid, calculated from equation (3), was found to be –3418 ± 3 E1 J.  The heat capacity of the calorimeter had a value of 881 ± 6 E1 J/°C and was calculated using equation (7).    Table 1 shows the experimental results of the two anthracene trials.

TABLE 1.  Experimental Results of Anthracene

Value
Anthracene #1
Anthracene #2
Pertinent Equation

Qcomb
-406 ± 4 E2 J
-473 ± 4 E2 J
(9)

Molar Qcomb
-589 ± 6 E4 J/mol
-608 ± 6 E4 J/mol
(8)

(Hc
-590 ± 6 E4 J/mol
-607 ± 6 E4 J/mol
(16)

The standard heat of formation of anthracene using Hess’s Law and equations (17), (18), (19), and (20) was found to be –95 ± 4 E4 J/mol.

Discussion and Conclusions


The literature values3 for the molar enthalpy of combustion and the molar enthalpy of formation of anthracene were –706.75 ± 0.01 E4 J/mol and –12.92 ± 0.01 E4 J/mol.  The experimental enthalpies of combustion of anthracene, -590 ± 6 E4 J/mol and -607 ± 6 E4 J/mol, were thus less exothermic (negative) than expected, while the experimental heat of formation, –95 ± 4 E4 J/mol, was more exothermic than expected, in reference to the known values.  It is possible that the experimental conditions were too unideal for the assumptions mentioned in the theoretical development to be completely valid.  For instance, perhaps the temperature was not uniform throughout the calorimeter at each instant, the calorimeter was not perfectly adiabatic, not all of the sample reacted, or the gases were not ideal.  It is also possible the sample was not pure or that the ml of water evaporated.  (In fact, the first anthracene run produced visible remnants of uncombusted carbon).  These factors, which are causes of systematic error, would affect the outcome of the experiment in nearly the same manner for each trial.  However, there are also random errors resulting from fluctuations in experimental conditions and from imperfections in experimental technique, such as making pellet samples which are not pure, or not being sufficiently accurate in measuring quantities and recording data.  Also, since there were so many calculations tied to each other, an error in calculating the heat capacity of the calorimeter would have serious effects on the anthracene results.


The amount of error accounted for in the error analysis did not cover the deviation in results from actual values.  Since there were so few trials, there was not a good test for precision.  However, the two anthracene runs came out very similar.  To improve the accuracy of the experiment, it would be especially useful to conduct many trials.  It would also help to discard the first pellet produced from the pellet press, to further insulate the calorimeter, and to conduct the experiment at a slightly lower temperature.  Perhaps using the Van der Waals equation would help lessen the effects of nonideality for the reaction gases, although oxygen and carbon dioxide are such small molecules that the error in assuming they occupy no volume and have no intermolecular interactions is probably relatively small.  On the other hand, using a larger sample in an attempt to increase accuracy would be inadvisable since there might not be enough pure oxygen gas to cause complete combustion and adding more oxygen would create a danger of excessive pressure.
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Appendix

TABLE A-1.  Sample Weights and Fuse Wire Lengths

Substance
Benzoic Acid
Anthracene #1
Anthracene #2

Weight (g)
1.290 ± 0.001
1.228 ± 0.001
1.388 ± 0.001

L1 (mm)
100.0 ± 0.5
101.0 ± 0.5
101.5 ± 0.5

L2 (mm)
13.0 ± 0.5
7.5 ± 0.5
12.5 ± 0.5

TABLE A-2.  Temperature Measurements With Time

Substance
Benzoic Acid
Anthracene #1
Anthracene #2






Error ± 3 s
Error ± 0.02 °C
Error ± 0.02 °C
Error ± 0.02 °C

Time (s)
Temp (°C)
Temp (°C)
Temp(°C)

0
23.10
23.80
23.74

30
23.70
24.02
23.94

60
25.30
25.50
27.06

90
26.04
26.78
27.96

120
26.46
27.56
28.48

150
26.64
27.94
28.74

180
26.78
28.04
28.88

210
26.86
28.24
29.00

240
26.92
28.32
29.08

270
26.94
28.38
29.08

300
26.96
28.40
29.10

330
26.98
28.42
29.12

360
26.99
28.42
29.12

390
26.99
28.42
29.12

420
26.99
28.42
29.12

450
26.99
28.42
29.12

480
26.99
28.42
29.12

510
26.99
28.42
29.12

Error Analysis

The temperature measurements each have an uncertainty of ± 0.02 °C.

The time measurements have an estimated uncertainty of ± 3 s (as experimental error).

The length measurements have absolute uncertainties of ± 0.5 mm.

Thus, ta = 0 ± 3 s, tc = 330 ± 3 s, tb = 62 ± 3 s, Ta = 23.10 ± 0.02 °C, Tc = 26.99 ± 0.02°C, Tb = 25.43 ± 0.02 °C.

(T = Tc - Ta
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       = 0.02828427 °C

(T = 3.89 ± 0.03 °C

L = L1 – L2
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     = 0.70710678 mm for all L values.

Thus, L = 8.70 ± 0.07 cm for the benzoic acid run, L = 9.35 ± 0.07 cm for the first anthracene run, and L  = 8.90 ± 0.07 cm for the second anthracene run.

Qcomb = 
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= [(1.290 g . 1 J/g)2 + (-26434 J/g . 0.001 g)2 + (8.70 cm . 0.1 J/cm)2 + (-9.6 J/cm . 0.070710678 cm)2]0.5
= 26.48845326 J

Qcomb = -3418 ± 3 E1 J

Ccal = 
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