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Enthalpy and Specific Heat 

Introduction 

Every substance has the ability to absorb heat. If enough heat is absorbed, the temperature of that sub-

stance will rise. The amount of heat required to raise the temperature varies by the type and amount of a 

substance because of the different chemical and physical properties that exist. Specific heat capacity is 

the amount of heat per unit mass required to raise the temperature of a substance by one degree Kelvin. 

The SI unit used to measure specific heat capacity is  joules per kilogram kelvin (J/kg K), although you may 

also see it expressed as calories per gram degrees Celsius as well (cal/g °C). The relationship between heat 

and temperature change can be described by the equation: 

Q = C x ∆T 

-or- 

 Q = m x C x (∆T) (when using a calorimeter) 

Where: 

• Q = the heat being transferred to (or from) a substance. 

• C (or Cp) = the heat capacity. 

• m = the mass. 

• ∆T = the temperature change. 

 

Every substance has a different specific heat capacity. For example, the 

specific heat of water is one calorie/gram °C, or, 4.186 joule/gram °C. 

This value is higher than most other common substances. As a result, 

water plays a very important role in temperature regulation and is the 

reason water is used as a medium in calorimetry.  

    Concepts to ExploreConcepts to ExploreConcepts to ExploreConcepts to Explore    

• Specific Heat Capacity 

• Calorimetry 

• Calorimeters 

• Enthalpy  

• Enthalpy change 

• Molar Heat of Fusion of Ice 

Figure 1: Many chemical reac-

tions create changes in color. In 

fact, the Briggs-Rauscher reac-

tion creates an oscillating color. 

The color cycles through clear, 

amber, and blue 9 - 10 times. 
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Calorimetry 

Calorimetry is a way to measure the heat that is generated or consumed by a substance during a chemical 

reaction or physical change. If heat is absorbed, it is an endothermic process. If heat is generated, it is an ex-

othermic process. Most reactions involve some amount of heat transfer. Therefore, calorimetry has industrial 

applications in the pharmaceutical, physiology, and other biological fields. 

 

Modern calorimetry typically uses a calorimeter. Student labs often use a Styrofoam™ calorimeter due to its 

ability to minimize the heat exchange with the outside environment and reliable insulation. This device is also 

used to contain the reaction and provide an environment with either constant pressure or constant volume. 

The heat capacity (C) of a calorimeter (the amount of heat required to raise the temperature of a calorimeter 

by one Kelvin) should also be determined prior to the experiment. This can be done by transferring heat into a 

calorimeter and measuring how much the internal temperature increases. The formula for determining this 

value is: 

C = The Amount Energy Input (Joules)/The Resulting Temperature Increase (K) 

 

Enthalpy 

Enthalpy, abbreviated as H, is the heat content of a 

chemical system. It is difficult to measure the total en-

thalpy. Therefore, the enthalpy change (∆H) is more 

commonly calculated. Enthalpy change is the amount 

of heat generated or consumed when a chemical re-

action occurs at constant pressure. The change in en-

thalpy for a system is calculated by: 

 ∆H = H(products) - H(reactants) 

 

Note that ∆H is also equal to Q (the energy added to 

or released from a system as heat). 

The change in enthalpy, ∆H, is specified per mole of 

substance in the balanced chemical equation for the 

reaction. The units are typically given as kJ mol-1 (kJ/

mol) or sometimes as kcal mol-1 (kcal/mol).  Energy 

changes are measured under standard temperature 

pressure laboratory conditions, defined as 25 
°C and 

1atm. 

Enthalpy change is positive if a reaction is endother-

Substance 
Specific Heat Capacity   

at 25
 
°C in J/g °C 

H2O(l) 4.184 

Ice at 0 °C 2.010 

Steam at 100 °C 2.010 

Sodium 1.23 

Air 1.020 

Magnesium 1.020 

Aluminum 0.900 

Iron 0.444 

Brass 0.380 

Sand 0.290 

Silver 0.240 

Tin 0.21 

Lead 0.160 

Mercury 0.14 

Gold 0.129 

Table 1: Specific Heat Capacity Table 
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mic (energy consuming), and negative if a reaction is exothermic (energy generating). 

In this experiment, the specific heat of an unknown metal, the enthalpy of a reaction and the enthalpy of the 

fusion of water will be determined. 

 

Heat of Fusion 

Similar to specific heat capacity, the amount of heat required to convert a substance from a solid to a liquid 

varies by the type and amount of a substance. However, the amount of heat required to do so for a known 

type and amount of substance is a constant, calculated value known as the heat of fusion. Heat of fusion is 

often expressed as the amount of heat per gram or per mole of a certain substance. When it is referred to 

per mole, it is termed the molar heat of fusion. An example of a simplified molar heat of fusion of ice equa-

tion can be expressed as: 

 

H2O (Solid/ice) + Molar Heat of Fusion � H2O (Liquid) 

To calculate molar heat of fusion, use the following equation: 

Q = ∆Hfus m  

Where: 

• Q = The amount of heat involved 

• ∆Hfus = The molar heat of fusion 

• m = The number of moles of a substance. 

 

Imagine that a pre-weighed amount of metal is heated to a known temperature 

and is then quickly transferred into a calorimeter that contains a measured 

amount of water at a known temperature. Energy in the form of heat flows 

from the metal to the water, and the two eventually equilibrate at some tem-

perature between the initial temperatures of the water and metal. Assuming 

that no heat is lost from the calorimeter to the surroundings, and that a negligi-

ble amount of energy is absorbed by the calorimeter walls, the amount of en-

ergy that flows from the metal as it cools is equal to the amount of energy ab-

sorbed by the water. In other words, the energy that the metal loses is equal to 

the energy that the water gains.  

 

As discussed, when heat energy flows into a substance, the temperature of that substance will increase. 

The quantity of heat energy (Q) required to cause a temperature change in any substance is equal to the 

Figure 2:  An unknown type 

of metal will be provided for 

you to perform your first cal-

orimetry experiment. 
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specific heat capacity (Csp) of that particular substance times the mass (m) of the substance times tempera-

ture change (∆T), as given in this equation: 

Q = Csp x m x (∆T) 

 

Since the metal loses energy (Tfinal is less than Tinitial; therefore ∆T is negative) Qmetal is negative. The water 

in the calorimeter gains energy (Tfinal is greater than Tinitial; therefore ∆T is positive) and Q water is positive. 

The following equation can be written since the total energy is always conserved:  

Qmetal + Qwater = 0 

Rearranging this equation gives (note the negative sign):  

Qmetal  = -Qwater  

 

Experiment 1 requires you to measure the mass of water in the calorimeter, the mass of the unknown metal, 

and their initial and final temperatures. Using the equation:  

Q = Csp x m x (∆T) 

the heat energy gained by the water and lost by the metal can be written as:  

Qwater = Csp water x m water x ∆Twater  

Qmetal = Csp metal x m metal x ∆Tmetal  

(Note that ∆Tmetal < 0 and ∆Twater  > 0, since ∆T = 

(Tfinal - Tinitial ) 

 

Qwater  can be calculated from the experimental data. 

The mwater and ∆Twater  measurements will be taken, 

and we know that the the specific heat capacity of 

water is a constant, Csp water = 4.184 J/g °C. The heat 

energy lost by the metal is equal (but opposite) to the 

heat energy gained by the water. To determine the 

specific heat capacity of your unknown metal (Csp met-

al), substitute Qmetal  with – Qwater. This equation can 

be written as: 

-Qwater = Csp water  x  mwater x ∆Twater  

Three of the four variables are known: Qwater  is calcu-

lated from experimental data; mmetal and ∆Tmetal are 

Figure 3:  Heated metal will lose heat when put in a 

calorimeter. The lost heat is primarily absorbed 

(gained) by the water, while a small amount may al-

so be absorbed by the calorimeter. Thus, Qcopper is 

negative, but Qcal and Qwater are positive. 
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measured in the experiment. The equation above can then be solved for Csp metal by rearranging the equation 

to give Csp metal  as a function of the known variables (Qwater, mmetal , and ∆Tmetal):  

Csp metal = − Qwater  

                         mmetal × ∆Tmetal 

Experiment 1:  Determination of Specific Heat of a Metal 

After completing the Procedure and Post-Lab equations, compare the specific heat of the unknown metal to 

a table containing values of specific heats for several metals in order to determine the identity of your metal. 

Procedure 

1. Heat 200 mL of tap water to boiling using a 600 mL glass beaker, a pot, and a stovetop. Once it has 

boiled for three minutes, reduce the heat from a boil to a simmer. (See Figure 4). 

Figure 4: Sample set-up for Step 1. 

Pot with Water 

Beaker 

Heat Source 

Materials 

30 g. Unknown Metal 

100 mL Graduated cylinder 

 600 mL Glass beaker 

2 Styrofoam™ cups 

Styrofoam™ cup lid 

Thermometer 

Test tube clamp 

Stopwatch 

*Stove-top 

*Pot  

*Water 

*Computer 

*Access to graphing software 

*Paper towels 

 

*You must provide 
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2. Use a graduated cylinder to measure and pour 40 mL of tap water into one of the Styrofoam™ cups.  

Note: The density of water is one g/mL. Therefore, 40 mL of water contains 40 g. of water. 

3. Place Styrofoam™ cup containing 40 mL of water into the remaining, empty Styrofoam™ cup and place 

them (upright) in the 600 mL beaker on the stove-top. The beaker is used to provide a vertical support for 

the Styrofoam™ cups.  

4. Quickly cover the cup containing the 40 mL of water with the Styrofoam™ cup lid. 

5. Insert the thermometer into the hole in the lid. This apparatus is your calorimeter. 

CAUTION: Hold or secure the calorimeter AND the thermometer to prevent breakage. 

6. Hold or secure the thermometer in place so that it is in the liquid but not touching the bottom of the cup.  

After 30 seconds, record the temperature of the water (this is the initial temperature) in Table 2. 

7. Pick up the unknown metal strips with the test tube clamp and hold the clamp and metal in the boiling wa-

ter for five minutes to ensure that the clamp and metal reach the same temperature as the water. The 

clamp may need to be held with a paper towel as it will get hot as well.  

8. When five minutes have passed, record the temperature of the water in your calorimeter in Table 2. This 

is to make sure the initial temperature has not changed. If it did, record this new temperature. 

9. Using the test tube clamp, quickly transfer the hot metal into the calorimeter. Remember to quickly re-

place the lid with the thermometer in it. Be careful to ensure that the thermometer is not touching the met-

al, only the water. 

10. Gently swirl the contents of the cup and record the temperature every minute for five minutes.  Use this 

data to determine the temperature at the time of mixing using a trend line in a graphing software program. 

11. Repeat Steps 2 - 7 two more times. Calculate the average heat capacity of the unknown metal. Begin by 

calculating Q for water then use that information to calculate heat capacity for the metal using the equa-

tions in the Introduction: 

Qwater = Csp water x mwater  x ∆Twater  

      Csp metal = − Qwater  

             mmetal × ∆Tmetal 
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Post-Lab Questions 

1. Why is ∆Tmetal < 0?  

2. Why is ∆Twater  > 0 ?  

3. A metal sample weighing 43.5 g. and at a temperature of 100.0 °C was placed in 39.9 g. of water in a 

calorimeter at 25.1 °C. At equilibrium the temperature of the water and metal was 33.5 °C.  

a. What was ∆T for the water? (∆T = Tfinal - Tinitial)  

b. What was ∆T for the metal?  

c. Using the specific heat of water (4.184 J/g °C), calculate how much heat flowed into the water?  

d. Calculate the specific heat of the metal. 

4. What is the average specific heat capacity of the unknown metal in this experiment? 

5. What is the unknown metal? Use Table 1 for reference. 

 

 

 

Average Specific Heat Capacity: 

Trial 1: Time 
(minutes) 

Trial 1: Tem-
perature (°C) 

Initial  

1 minute  

2 minutes  

3 minutes  

4 minutes  

5 minutes  

Trial 2: Time 
(minutes) 

Initial 

1 minute 

2 minutes 

3 minutes 

4 minutes 

5 minutes 

Trial 3: Tem-
perature (°C) 

 

 

 

 

 

 

Trial 3: Time 
(minutes) 

Initial 

1 minute 

2 minutes 

3 minutes 

4 minutes 

5 minutes 

Trial 2: Tem-
perature (°C) 

 

 

 

 

 

 

Table 2: Specific Heat Data 
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Experiment 2:  Measuring Enthalpy of an Endothermic Reaction 

Procedure 
 
Part 1: Cold Pack 
1. Begin to build your “simple calorimeter” by stacking the two Styrofoam™ cups. 

2. Use scissors to open the cold pack and place 1 spoonful of the ammonium nitrate (NH4NO3) crystals 

(found in the cold pack) into the stacked Styrofoam™ cups.  

4. Measure 10 mL of distilled water into a 10 mL graduated cylinder. 

5. Pour the water into the calorimeter containing the ammonium nitrate. Place the calorimeter in a 600 mL 

glass beaker for support. 

6. Place the lid on the calorimeter and insert the thermometer and stir stick into the lid. 

 CAUTION: Hold or secure the calorimeter AND the thermometer to prevent breakage. 

7. Immediately record the temperature in Table 3. 

8. Quickly begin stirring the contents (with the stir stick, not the thermometer)  in the calorimeter. 

9. Continue stirring and record the temperature at 30 second intervals in Table 3. You will need to stir the 

reaction the entire time you are recording data. 

10. Collect data for approximately 5 minutes, or until the temperature reaches its minimum and begins to 

rise.  

11. Record the minimum temperature in Table 3. 

Materials 

Calorimeter (2 Styrofoam™ cups, 600 mL Glass 

beaker, Styrofoam™ cup lid, and thermometer) 

Cold pack containing ammonium nitrate, NH4NO3 

10 mL Graduated cylinder 

Stir stick 

Stopwatch 

Plastic spoon 

*10 mL Distilled water 

*Scissors 

*You must provide 
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Post-Lab Questions 

1.  What is the minimum temperature in the experiment (°C)? 

2. Is this process endothermic or exothermic?  Explain. 

3. Calculate the overall temperature change for the cold pack (Tmax – Tmin). 

4. Write the balanced reaction between ammonium nitrate and water. 

5. How would this experiment be different if a hot pack (as opposed to a cold pack) was used? 

 

  

 

Minimum Temperature: 

Time (seconds) Temperature (°C) Time (seconds) Temperature (°C) 

Initial   240  

30  270  

60  300  

90  330  

120  360  

150  390  

180  420  

210  450  

Table 3: Cold Pack Data 
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Experiment 3:  Measuring the Enthalpy of Fusion of Water 

As mentioned earlier, the amount of energy required to convert a solid to a liquid at constant pressure and 

temperature is called the heat of fusion of the substance. The molar heat of fusion is the amount of energy 

required to completely change one mole of a solid, at its melting 

point, into a liquid.  In this experiment, the molar heat of fusion of 

ice will be determined. The change of state can be described as: 

 

1 mol H2O (s) + molar heat of fusion � 1 mol H2O (l) 

The ice will be melted by placing it in a known volume of hot wa-

ter contained ina calorimeter. No stirring will occur until all the ice 

has melted. The heat lost by the water will be absorbed by the 

melting ice. The volume of the ice that melts can be determined 

by measuring the volume of the water in the cup before the ice is 

added and after the ice has melted.  If the mass of the ice melted 

and the heat absorbed by the ice are known, the heat required to 

melt one mole of ice can be calculated. 

Procedure 
1. Use a graduated cylinder to measure and pour approximately 100 mL of tap water to a 250 mL beaker.  

2. Use a microwave or hot water bath to heat the water to 60 °C (use your thermometer to determine the 

temperature). 

3. While your water is heating, fill the calorimeter (two stacked Styrofoam™ cups) halfway with ice cubes. 

Place the calorimeter in a 600 mL beaker for support. 

Materials 

Calorimeter (2 Styrofoam™ cups, 600 mL Glass 

beaker, Styrofoam™ cup lid, and thermometer) 

Stir rod 

100 mL Graduated cylinder 

250 mL Beaker  

Plastic fork 

*Ice  

*Water 

*Microwave or hot water bath 

 

*You must provide 

Figure 5:  The term “enthalpy of fusion” 

refers to the change in enthalpy that oc-

curs from heating one mole of a sub-

stance to change its state from a solid to 

a liquid. This phase change occurs at the 

“melting point”. 
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4. When the temperature of the water in Step 1 has reached 60 °C, preheat the 100 mL graduated cylinder. 

To do this: 

a. Measure 20 mL portion of hot water in a 100 mL graduated cylinder. 

b. Rinse this water in the cylinder by swirling the water inside several times. Try to coat as much of 

the walls of the cylinder with the hot water as possible.  

c. Discard the rinse down the drain. 

d. Repeat with a second 20 mL portion of hot water. 

Hint: It may help to heat the water to a temperature greater than 60 °C and wait for the temperature to 

drop down to 60 °C exactly; rather than trying to heat the water to 60 °C. 

5. After pre-heating the cylinder, measure and pour 30 mL of the hot water into the graduated cylinder. Rec-

ord the volume of this water to the nearest mL in Table 4. 

6. Quickly measure and record the temperature of the water to the nearest 0.1 °C in Table 4. 

7. Drain any excess water that may have accumulated from the ice cubes in the Styrofoam™ cup.  

8. Pour the hot water from the graduated cylinder into the calorimeter. Use the stir rod to stir the ice water 

until the water temperature falls to 2 
°C.  

• If the temperature does not drop to 2 
°C within 2 minutes, add an additional piece of ice.  If all of 

the ice melts, add one more piece of ice so that ice is present in the cup for Step 9.  

9. Place the lid on the Styrofoam™ cup and place the thermometer in the lid.  

10. Continue to swirl the Styrofoam™ cup for approximately two minutes, or until the temperature reading on 

the thermometer stabilizes. Record the lowest temperature of the mixture of ice and water in Table 4.  

11. Use the plastic fork to quickly remove any unmelted ice from the cup.  

12. Carefully pour the cold water from the cup into the graduated cylinder and record the final volume to the 

nearest mL. 

Volume of Hot Water __________ mL 

Initial Temperature of Hot Water __________  °C 

Final Temperature of Water and Melted Ice  __________  °C 

Final Volume of Water and Melted Ice __________  mL 

Table 4: Enthalpy Data 
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Post-Lab Questions 

1. Calculate the change in the temperature of the hot water. 

2. Calculate the heat lost by the hot water. Heat must be expressed in kilojoules (kJ). It can be calculated 

by using the following equation: 

Q= (4.18 J/g °C) x (1 kJ/1000 J) x mass of water (g)  x ∆T 

3. Calculate the volume of ice melted. 

4. Calculate the mass of ice melted. Remember that the density of water is 1 g/mL. 

5. Calculate the molar heat of fusion of ice, i.e., the number of kilojoules of heat per mole ice.  

6. Calculate the percent error in your determination of the value for the molar heat of fusion of ice. The for-

mula for Percent Error = |Experimental - Actual|/ (Actual) x 100 = % Error 

7. In order to do the calculations, you assumed that all the heat lost by the hot water was absorbed by the 

ice, causing it to melt. Was this assumption correct? Explain. 

8. Write an equation for the melting ice. Include the energy term in kJ on the proper side of the equation. 
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