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“…But A Hot Temper Leaps O’er A Cold Decree”

Introduction
	Thermochemistry is an aspect of chemistry that involves the transfers of heat energy during physical processes and chemical reactions. Thermal energy (Heat), is the kinetic energy of the molecules or atoms in a substance. The SI unit of measure for heat is the Joule, which is equal to kg∙m2∙s-2. The transfers of substantial amounts of thermal energy manifests in the form of temperature. Temperature is the average kinetic energy of all particles in a sample of matter. One should not however confuse temperature with heat, temperature is measured differently using the Celsius scale or the Kelvin scale. One should also take note that heat depends on the amount of substance being studied, making it an extensive property, and temperature does not depend on the amount of substance being studied, making it an intensive property. It is also important to note that substances have a specific heat capacity, which is also an intensive property. Specific heat capacity is the amount of heat required make the temperature of 1 gram of a substance equal 1 degree. By combining our knowledge of these variables we can derive the following equation. 

	“q” refers to heat, m refers to mass, c refers to specific heat capacity, and ∆T refers to the change in temperature. Temperature can be positive or negative in this equation depending on whether the temperature increased or decreased, therefore the heat (q) is also capable on being positive or negative depending on whether heat was released or absorbed. If the system releases heat, the reaction is called exothermic, and it has a negative q value because the system lost heat. If the system absorbs heat, the reaction is called endothermic, and the q value is positive because the system gained heat. 
	Enthalpy is a concept in thermochemistry that is similar to heat. Enthalpy, H, is the measure of the total energy in a thermodynamic system. One cannot determine the absolute enthalpy of a system, however the change in enthalpy can be determined. Changes in enthalpy are equal to changes in heat, therefore the following expression can be derived.

	The change in enthalpy can be determined in 3 ways, Heat of Formation, Hess’s Law, and Calorimetry. Heat of formation is calculated by taking experimentally determined standard enthalpies of formation of certain reactants and products which are added in order to calculate the overall enthalpy of a reaction. Hess’s Law involves breaking a complex reaction into smaller simpler reactions and calculating the enthalpies of those smaller reactions in order to determine the reaction of the original reaction. 
	Calorimetry is the method used in this lab. Calorimetry is the experimental method of determining the enthalpy of a reaction by allowing a reaction or process occur inside an isolated system (a system in which matter and energy cannot escape from) and we measure the change in temperature of the system. A calorimeter made of 2 stacked coffee cups and lids was used as the calorimeter for this experiment. It was assumed that the calorimeter would maintain pressure and temperature inside the system.
	There were three parts to this lab: an energy exchange between a metal and water, a neutralization between strong acids and NaOH, and the dissolution of a salt. In the first part, a heated metal was placed in a calorimeter filled with water. The thermal energy from the metal was transferred to the water until it had reached equilibrium. The amount of heat lost is equal to the amount of heat gained so we can use the following expression.

By combining this equation with the other equation for q mentioned earlier, we can derive the following expression to determine the heat capacity of a metal. 

Finally, by using an equation developed by Dulong and Petit, we can use the specific heat capacity of the metal in order to determine the Molar Mass (M).

	In part two lab, we allow the neutralization of NaOH by HCl or HNO3 occur and we measure the overall change in temperature of the solution is used to determine the change in heat. It is important to note that all 3 of these substances will completely dissociate in water. The resulting reaction is exothermic and the change in enthalpy can be determined as the heat produced as a result of the neutralization per mol of substance X as demonstrated in the following equation.

	The final part of the experiment involved dissolving an unknown salt inside the calorimeter. Whether the temperature of the water would increase or decrease depended on two things. The first is the amount of energy that was absorbed by the crystal lattice to break the ionic bonds in order to dissociate into individual gaseous ions. This is an endothermic process, meaning that it increases the enthalpy. The second is the amount of energy produced as the water hydrates the salt and dissolves the gaseous ions to produce aqueous ones. This is an exothermic process, meaning that it decreases the change in enthalpy. The overall sign of the change in enthalpy will depend on whether the lattice energy absorbed is greater or less than the hydration energy produced. This can be represented through the following equation. 

We calculated the enthalpy of solution using the following equation.


Data Tables


Part 1: Enthalpy of a Metal
	Measurements
	Trial 1
	Trial 2

	Identity of Metal
	Zinc
	Zinc

	Mass of Metal (g)
	10.20 g
	10.35 g

	Mass of empty calorimeter (g)
	7.49 g
	7.49 g

	Volume of Water (mL)
	20.00 mL
	20.00 mL

	Mass of Calorimeter and Water (g)
		27.06 g
	27.60 g

	Temperature of Boiling water (°C)
	101.6 °C
	102.0 °C



Temperature of water before mixing
	Time (s) 
	Trial 1 Temp (°C) 6:55pm
	Trial 2 Temp (°C) 7:12 pm

	0 s
	24.9 °C
	26.4 °C

	30 s
	24.8 °C
	26.1 °C

	60 s
	24.8 °C
	26.1 °C

	90 s
	24.8 °C
	26.1 °C

	120 s
	24.8 °C
	26.0 °C

	150 s
	24.9 °C
	26.0 °C

	180 s
	24.9 °C
	26.0 °C



Temperature of water after mixing
	Time (s)
	Trial 1 Temp (°C) 7:01 pm
	Trial 2 Temp (°C) 7:20 pm

	0 s
	28.7 °C
	32.2 °C

	20 s
	28.2 °C
	29.1 °C

	40 s
	28.3 °C
	29.1 °C

	60 s
	28.2 °C
	29.1 °C

	80 s
	28.2 °C
	29.0 °C

	100 s
	28.1 °C
	29.1 °C

	120 s
	28.0 °C
	29.2 °C

	140 s
	28.1 °C
	29.1 °C

	160 s
	28.0 °C
	29.0 °C

	180 s
	28.1 °C
	29.0 °C

	200 s
	28.1°C
	29.1 °C

	220 s
	28.0 °C
	29.1 °C

	240 s
	28.1 °C
	29.0 °C














Part 2: Enthalpy of Neutralization (HNO3)
	Measurements
	Trial 1
	Trial 2

	Volume of HNO3 (mL)
	50.00 mL
	50.00 mL

	Concentration of HNO3 (M)
	1.1 M
	1.1 M

	Volume of NaOH Solution (mL)
	51.00 mL
	50.00 mL

	Concentration of NaOH Solution (M)
	1.0 M
	1.0 M

	Mass of calorimeter and Mixture (g)
	110.8 g
	110.32 g



Temp of NaOH Solution Before Mixing
	Time (s)
	Trial 1 Temp (°C) 7:31 pm
	Trial 2 Temp (°C) 7:50 pm

	0 s
	26.7 °C
	26.4 °C

	30 s
	27.8 °C
	27.3 °C

	60 s
	27.7 °C
	27.2 °C

	90 s
	27.7 °C
	27.2 °C

	120 s
	26.6 °C
	27.1 °C

	150 s
	26.6 °C
	27.1 °C

	180 s
	26.6 °C
	27.1 °C



Temp of NaOH Solution After Acid is Added
	Time (s)
	Trial 1 Temp (°C) 7:38 pm
	Trial 2 Temp (°C) 7:56 pm

	0 s
	24.8 °C
	26.5 °C

	20 s
	32.8 °C
	32.2 °C

	40 s
	32.8 °C
	32.2 °C

	60 s
	32.8 °C
	32.2 °C

	80 s
	32.8 °C
	32.2 °C

	100 s
	32.7 °C
	32.2 °C

	120 s
	32.7 °C
	32.1 °C

	140 s
	32.7 °C
	32.2 °C

	160 s
	32.7 °C
	32.2 °C

	180 s
	32.7 °C
	32.2 °C

	200 s
	32.6 °C
	32.1 °C

	220 s
	32.7 °C
	32.1 °C

	240 s
	32.6 °C
	32.1 °C












Part 2: Enthalpy of Neutralization (HCl)
	Measurements
	Trial 1
	Trial 2

	Volume of HCl (mL)
	50.00 mL
	50.00 mL

	Concentration of HCl (M)
	1.1 M
	1.1 M

	Volume of NaOH Solution (mL)
	51.00 mL
	50.00 mL

	Concentration of NaOH Solution (M)
	1.0 M
	1.0 M

	Mass of calorimeter and Mixture (g)
	111.41 g
	111.38 g



Temp of NaOH Solution Before Mixing
	Time (s)
	Trial 1 Temp (°C) 8:45 pm
	Trial 2 Temp (°C) 9:00 pm

	0 s
	30.9 °C
	24.5 °C

	30 s
	26.5 °C
	26.5 °C

	60 s
	26.4 °C
	26.5 °C

	90 s
	26.4 °C
	26.5 °C

	120 s
	26.3 °C
	26.4 °C

	150 s
	26.3 °C
	26.4 °C

	180 s
	26.3 °C
	26.4 °C



Temp of NaOH Solution After Acid is Added
	Time (s)
	Trial 1 Temp (°C) 8:53 pm
	Trial 2 Temp (°C) 9:05 pm

	0 s
	30.8 °C
	23.0 °C

	20 s
	31,8 °C
	31.7 °C

	40 s
	31.8 °C
	31.5 °C

	60 s
	31.7 °C
	31.5 °C

	80 s
	31.7 °C
	31.5 °C

	100 s
	31.6 °C
	31.4 °C

	120 s
	31.6 °C
	31.4 °C

	140 s
	31.5 °C
	31.3 °C

	160 s
	31.4 °C
	31.3 °C

	180 s
	31.4 °C
	31.3 °C

	200 s
	31.3 °C
	31.2 °C

	220 s
	31.3 °C
	31.2 °C

	240 s
	31.3 °C
	32.2 °C













Part 3: Enthalpy of Solution
	Measurement
	Trial 1
	Trial 2

	Salt Identification Letter
	B
	B

	Mass of Salt (g)
	1.51 g
	1.51 g

	Mass of empty calorimeter (g)
	8.32 g
	9.97 g

	Volume of Water (mL)
	20.0 mL
	20.0 mL

	Mass of Calorimeter and Solution (g)
	28.54 g
	29.70 g



Temp of Water Before Mixing
	Time (s)
	Trial 1 Temp (°C) 8:09
	Trial 2 Temp (°C) 8:23

	0 s
	24.1 °C
	23.7 °C

	30 s
	24.0 °C
	23.6 °C

	60 s
	24.0 °C
	23.6 °C

	90 s
	24.0 °C
	23.7 °C

	120 s
	24.1 °C
	23.7 °C

	150 s
	24.1 °C
	23.8 °C

	180 s
	24.1 °C
	23.8 °C



Temp of Water After Mixing
	Time (s)
	Trial 1 Temp (°C) 8:12
	Trial 2 Temp (°C) 8:27

	0 s
	22.5 °C
	23.4 °C

	20 s
	20.7 °C
	19.6 °C

	40 s
	18.7 °C
	19.0 °C

	60 s
	19.0 °C
	18.6 °C

	80 s
	19.0 °C
	18.6 °C

	100 s
	19.0 °C
	18.6 °C

	120 s
	19.2 °C
	18.8 °C

	140 s
	19.3 °C
	18.9 °C

	160 s
	19.3 °C
	19.0 °C

	180 s
	19.5 s
	19.1 °C

	200 s
	19.6 s
	19.2 °C

	220 s
	19.8 s
	19.3 °C

	240 s
	19.9 s
	19.4 °C

	260 s
	20.0
	19.5 °C

	280 s
	20.1
	19.6 °C

	300 s
	20.2
	19.8°C












Observations
Part 1
Small flat silvery strips of zinc were used in the first part of the experiment. When the water was boiling the thermometer did not consistently read 100 degrees Celsius. The temperature of the water in calorimeter remained very constant before the time of mixing, only fluctuating by 0.1 degrees. The temperature of the water in the calorimeter increased rapidly after mixing which indicated that the zinc is a good conductor. The temperature immediately reached its maximum and dropped rapidly for the first 20 seconds. After the first 20 seconds the temperature decreased very slowly as energy was being lost to the surroundings.
Part 2
The two acids (HNO3, HCl) and the base (NaOH) were clear, mostly odorless solutions. For the majority of trials (we were slow for the first trial using HCl), the temperature increased to the maximum temperature rapidly in the first 20 seconds and then slowly decreased as the system slowly lost heat to the surroundings. The HCl reaction produced higher temperatures than the HNO3 did.
Part 3
The unknown salt was white, crystalline, and odourless. After mixing, the temperature of the solution dropped to its lowest temperature just after 40 seconds in the first trial, and just after 60 seconds for the second trial. As the solution slowly returned to room temperature, the solution would increase by 0.1 degree in temperature every 20-40 seconds.














DISCUSSION 
In this lab, the principles of thermochemistry and the process of calorimetry were used to experimentally determine three different enthalpy values. In the first part of the experiment, zinc heated to 100°C was placed in the calorimeter with water, and a change in temperature of the water was observed in order to determine the amount of heat transferred, thus enabling the calculation of the specific heat capacity of the zinc (approximately be 0.32 J/g°C) with an error 2.06%. Using this calculated value as well the Dulong-Petit approximation, the molar mass of zinc was experimentally determined to be 77 g/mol with an error of 0.6270%. There are definitely some significant errors in this part of the lab that will be shortly discussed. In part two of the lab, the strong base NaOH was neutralized by the strong acids HCl and HNO 3. An enthalpy of neutralization of –50 kJ/mol was obtained for HCl, with an error of 12%, and an enthalpy of neutralization of -47 kJ/mol was obtained for HNO 3, with an error of only 18%. These are very reasonable results for this part of the lab. For the final part of the lab, Salt B, identified by its molar mass as KNO3, was dissolved in water in a calorimeter in order to determine the enthalpy of dissolution at 42 kJ/mol) with an error of 20.0%. Again, these are very reasonable results due to the following reasons.
The sources of error in this lab can be quite surprising considering the number of accurate results obtained over the course of the lab. One of the largest sources of error came from the basic assumption made about Coffee Cup Calorimetry, which is that the coffee cup can isolate the reaction from its surroundings, restricting all transfer of matter and energy. Although Styrofoam is a very could insulator and the coffee cup calorimeter was double-cupped and lidded in order to provide as much insulation as possible, there was still heat entering or leaving the calorimeter through the Styrofoam as well as through the small hole on the top of the calorimeter for the thermometer. This is verified in real life situations when we hold coffee in Styrofoam cups and feel the heat of the coffee through the cup. In the case of part 1 of the lab, had the cup isolated the system completely, a greater value for ΔT for the water would have been measured, and thus we would have been able to calculate a larger transfer of heat and a larger heat capacity for zinc, thus reducing the percent error of our results. For part two of the lab, ΔHN for both HCl and HNO3 would have been larger had the ΔTsolution initially measured been larger, reducing the percent error. Likewise, in part three of the lab, had the ΔTsolution been larger due to less heat being transferred through the calorimeter, the final result would have been a smaller value for ΔHs, again, reducing the percent error. Another very important source of error was the fact that heat was often lost during the time of mixing. This is a significant source of error, especially for part 1 of the lab, and this would explain why the error for part 1 was much larger than for either of the other parts of the lab. In the seconds it would take to remove the 100°C hot zinc from the boiling water, open the calorimeter, place the zinc inside the calorimeter, close the calorimeter, and swirl the mixture, a very large amount of heat could have been lost to the atmosphere. Thus, the temperature of the metal when it entered the calorimeter may have then been significantly lower than 100°C. Had a lower initial temperature been used for the zinc in the calculations, the specific heat capacity and molar mass of zinc would have been higher, thus reducing the percent error. This source of error is insignificant for the other two parts of the lab as the acids we add in parts 2a and 2b and the salt we add in part 3 are not much higher than room temperature, so they would not be inclined to lose very much heat to the atmosphere in such a short amount of time.
Despite these errors, this lab demonstrated that accurate results for the enthalpies of reactions can be determined by very simple and cost-efficient means. The fact that Styrofoam can insulate the reactions well enough to produce percent errors of less than 2% for multiple trials of the experiment is clear indication that it is still a very good insulator and can be used commercially for companies to save money while still providing products such as plates and cups which can contain hot substances while protecting against burns. The principles of thermochemistry learned can be applied to a large range of fields, including meteorology. Knowing that water has such a high heat capacity helps us understand weather patterns of cities located near and far from large bodies of water and why water has a moderating effect on the climate. The ability to monitor changes of temperature in relatively isolated systems allows us to calculate changes in enthalpy for many fossil fuels and common combustibles, which is important for fuel companies when determining the amount of energy output they’re receiving and the efficiency of their plants.
Conclusion
The specific heat capacity of zinc was experimentally determined to be 0.380 J/g°C for both trials, producing a percent error of 2.06% when compared to the literature value of 0.388J/ g°C. The molar mass of zinc was experimentally determined to be 65.80 g/mol for both trials, with a percent error of 0.6270%. The enthalpy of neutralization of NaOH by HCl averaged -50 kJ/mol, with a percent error of 12% when compared to the literature value of –57.9 kJ/mol. The enthalpy of neutralization of NaOH by HNO 3 averaged -47 kJ/mol, with a percent error of 18% when compared to the literature value of -57.6 kJ/mol. The enthalpy of dissolution of Salt B (identified as KNO3) averaged 28 kJ/mol, with a percent error of 20% when compared to the literature value of 34.89 kJ/mol. 
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