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INTRODUCTION 
 Minerals are inorganic chemical compounds with a wide range of physical and chemical 
properties.  Geologists frequently measure and observe properties such as hardness, specific 
gravity, color, etc.  Unfortunately, students usually view these properties simply as tools for 
identifying unknown mineral specimens.  One of the objectives of this exercise is to make 
students aware of the fact that minerals have many additional properties that can be measured, 
and that all of the physical and chemical properties of minerals have important applications 
beyond that of simple mineral identification. 
 

ROCKS AS CHEMICAL SYSTEMS 
 In order to understand fully many geological processes, the rocks and the minerals of which 
they are composed must be viewed as complex chemical systems.  As with any natural system, 
minerals and rocks tend toward the lowest possible energy configuration.  In order to assess 
whether or not certain minerals are stable, or if the various minerals in the rock are in 
equilibrium, one needs to know how much energy exists in the system, and how it is partitioned 
amongst the various phases.   
 The energy in a system that is available for driving chemical reactions is referred to as the 
Gibbs Free Energy (GFE).  For any chemical reaction, the reactants and the products are in 
equilibrium (i.e., they all are stable and exist in the system) if the GFE of the reactants is equal to 
that of the products.  For example: 
 
     reactants                                                 products                       .  
 CaCO3  +  SiO2      CaSiO3             +    CO2
 calcite   +   quartz      wollastonite  +    carbon dioxide 
 
 
at equilibrium: (Gcalcite + Gqtz) = (Gwoll + GCO2) 
   or: ΔG = (Greactants - Gproducts) = 0 
 
 If the free energy of the reactants and products are not equal, the reaction will proceed to the 
assemblage with the lowest total energy.   
 Being able to assess chemical equilibrium and phase stability is extremely important in 
many fields of geoscience.  In order to do this, a number of fundamental properties of the 
chemical system, and of the phases in the system, must be known.  Obviously, the temperature 
(T) and pressure (P) of the system are two of the most important variables.  In order to evaluate 
the GFE of a system, two additional variables must also be known  -- the enthalpy (H) or 



thermal energy content of the system, and the entropy (S) or degree of disorder of the system.  
The relationship between the free energy, enthalpy, and entropy of a chemical reaction is given 
by: 
 
  ΔG = ΔH - TΔS 
 
Today we will examine the enthalpy of chemical systems. 



HEAT AND THERMAL ENERGY 
 Energy exists in many forms - electrical, thermal, and mechanical. Energy can be 
transformed from one form to another but it cannot be created or destroyed; energy is always 
conserved. Heat is thermal energy that passes from a substance at high temperature to a 
substance at a lower temperature. 
 The enthalpy, or total thermal energy content, of a system (or phase) is largely a function of 
temperature; the higher the temperature of a substance, the more thermal energy it possesses.  In 
addition, the thermal energy of a substance is also a function of the amount of substance.  In 
other words, enthalpy is an extensive variable -- it depends upon the amount (or extent) of 
matter involved.   
 Enthalpy, however, is not simply a function of temperature and mass.  For example, if you 
were to take 100 g of water and 100 g of quartz and heat both to 50o C, they would not contain 
the same amount of thermal energy.  This is because different materials have different capacities 
for storing thermal energy.  This capacity for storing thermal energy is referred to as the heat 
capacity (Cp) of the substance.  The relationship between enthalpy (H), temperature (T), and 
heat capacity (Cp) is given by: 
 
   ΔH = Cp * ΔT 
 
or, in words: the total thermal energy content of a substance changes directly as a function of 
changes in the temperature of the system, times the heat capacity of the material (at constant 
pressure). 
 
 
Heat Capacities of Minerals 
 Minerals are crystalline solids.  On an atomic level, each atom in a crystal structure resides 
in an equilibrium position known as a lattice site.  At any temperature above absolute zero, 
atoms have kinetic energy; that is, they don’t just sit in a lattice site, they move about, 
“bouncing” off of adjacent atoms.  To a first approximation, individual atoms in a crystal lattice 
can be considered to be 3-D harmonic oscillators.  Imagine that the atoms of a solid vibrate, 
much as if they were bonded to one another with springs -- as is illustrated in the sketch of a 
simple cubic lattice cell below. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 



 
 At absolute zero, the atoms of a perfect solid can not vibrate, thus the heat capacity of the 
substance, and the total enthalpy are zero.  The atoms of a solid can vibrate collectively to 
progressively greater extents as the temperature is increased; thus, the heat capacity of a 
substance increases with increasing temperature.  For most substances, there is an upper limit to 
this capacity (see graph on following page), and this limit is commonly attained at temperatures 
well-below room temperature. 
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 In the experiment described below, you will measure the heat capacity of a variety of 
elemental metals and simple polyatomic mineral compounds.  You will then be asked to evaluate 
the precision and accuracy of your data, and to identify some of the factors that influence the 
heat capacities of crystalline solids. 
 
 
 
Units. 
 The units to be used in the following experiment are: 



 
 Mass:      gram (g) 
 Temperature:    Celsius (oC) or kelvin (K); where oC = K - 273.15 
 Thermal energy:   joule (J); (1 cal = 4.186 J) 
 Amount of substance:  mole (mol) 
 Volume:     cubic centimeter (cm3) 
 Density:     g / cm3

 Molecular weight:   g / mole 
 
 
 



HEAT CAPACITY OF CRYSTALLINE SOLIDS 
 
Part I.  Measuring Heat Capacity 
 By definition, the heat capacity * of a substance is the amount of heat needed to raise the 
temperature of one gram of the material by 1 oC.  Thus, the units for heat capacity are: 
 
    Cp = J / oC-g 
 
 Similarly, the molar heat capacity of a substance is the ratio of the heat supplied to a mole 
of substance to its consequent rise in temperature. 
 
    Cp = J / oC-mol 
 
 Relative heat capacities (specific heats*) can be determined by placing two materials, each 
initially at a different temperature, in contact with each other.  Because energy is always 
conserved, and because heat flows from warmer materials to colder materials, heat will flow 
between the two materials until the two are in thermal equilibrium.  At this point, the thermal 
energy lost by the initially warmer object must equal the thermal energy gained by the cooler 
object: 
 
  (joules lost)hot object =  (joules gained)cold object
 
 Because the change in thermal energy content of each substance is equal to the heat capacity 
of each object times the change in temperature and the mass of each substance, we get: 
 
  (Cp x mass x ΔT) hot object =  (Cp x mass x ΔT) cold object
 
 In the experiment that you will perform, you will heat various solids (of known mass) in a 
hot water bath (of known temperature) until the materials come into thermal equilibrium with the 
hot water.  You will then transfer each sample individually into a beaker containing a known 
mass of water at a known, lower temperature.  The highest temperature reached after you have 
transferred the material into the water is then taken as the temperature at which thermal 
equilibrium was achieved.  Because the heat capacity of water is known, the only unknown in 
the equation above is the heat capacity of your sample.  Rearranging the equation: 
 
  Cp sample     (mass x ΔT) water
  -----------    =    ----------------------  =  S.H. sample
  Cp water     (mass x ΔT) sample
 
 Note that the units in the above equation cancel out.  The number you end up with is 
referred to as the “specific heat” of the substance (analogous to the specific gravity  
measurements we make with the Jolly balance).  You can convert your specific heats into heat 
capacities by multiplying by the heat capacity of water:  
 



  Cp sample = S.H. sample x Cp water                  where: Cp water = 4.186 J / deg-g 
 
 
[* - The terminology can be confusing. While “thermal capacity”, “heat capacity”, and “specific 
heat” are often used interchangeably, for this exercise I will follow the CRC handbook 
definitions and use “thermal capacity” and “heat capacity” as synonyms (units of J/deg-g); 
“specific heat” will be used only to refer to the relative heat capacities of substances (unitless).] 
 
Procedure. 
 
1. Work in groups of three in lab.  Everyone must record the data and turn in a completed lab 

exercise and write-up. 
 
2. Make sure you have the necessary supplies: 
 crystalline solids (provided by instructor) 
 two Styrofoam cups 
 a large beaker of boiling water 
 two thermometers (one 0 to 110 oC thermometer, and one 0 to 50 oC thermometer) 
  
3. Weigh your mineral / metal samples.  Record the weights in the tables provided. 
 
4. Suspend the materials in the beaker of boiling water.  Record the temperature of the boiling 

water. 
 
5. Nest together two dry and clean Styrofoam cups.  Record the weight of the empty cups.  Fill 

with approximately 50 ml of room temperature water and re-weigh. 
 
6. When your solid sample has reached thermal equilibrium with the boiling water, quickly 

transfer the sample from the hot water bath to the room temperature water in the Styrofoam 
cups.  

 
7. Stir and note the maximum temperature reached by the system (water + sample). 
 
 
 
 
 
 
 
 
 
 
 
 
 
PART II. Heat Capacities of Elemental Metals 



 
 First the class will measure the heat capacities of six different elemental metals: Al, Si, Fe, 
Cu, Ag, and Pb.  Each group will measure the heat capacities of all six metals.  Follow the 
procedure above and record your data below. 
 
   
 Metal    Water   

 
 

weight 
(g) 

T 
initial 
(oC) 

T final 
(oC) 

ΔT 
(oC) 

weight 
(g) 

T 
initial 
(oC) 

T final 
(oC) 

ΔT 
(oC) 

Al         
Si         
Fe         
Cu         
Ag         
Pb         

 
 
  
 
 
PART II. Heat Capacities of Elemental Metals (cont.) 
 Calculate the gram and molar heat capacities of your samples using your data, and the data 
collected by your classmates.  Calculate and record the mean heat capacity values, along with the 
standard deviation of each value. 
 

 Al Si Fe Cu Ag Pb 
Cp  

(J/deg-g) 
      

Cp  
(J/deg-mol) 

      

Density 
(g/cm3) 

      

Mol. Weight 
(g/mol) 

      

 
 
Questions 
1. Is the heat capacity of elemental metals primarily a function of the mass of the individual 

atoms?  Construct a graph of the molar heat capacities vs. the molecular weights of the six 
metals.  Is there a positive correlation between molecular weights and molar heat capacities?   

 
 



2. Is the heat capacity of elemental metals primarily a function of the density of the metal? 
Construct a graph of the molar heat capacities vs. the densities of the six metals.  Is there a 
positive correlation between densities and molar heat capacities? 

 
 
3. Is the heat capacity of elemental metals primarily a function of the number of atoms (moles) 

per unit volume?  Construct a graph of the number of atoms per cubic centimeter 
(moles/cm3) vs. the volume heat capacity (J/deg-cm3) of the elemental metals.  Is there a 
positive correlation between # of atoms and heat capacities?  (Note: Calculate the volume 
heat capacities by multiplying the specific heat capacities of each metal by their densities; 
you should end up with units of J/deg-cm3). 

 
 
4. Using the volume heat capacities calculated above, note which of the six metals would be 

best for storing the most amount of thermal energy per unit volume? 
 
 
5. Most of the metals have molar heat capacities on the order of 25 J / deg-mol, regardless of 

density and/or molecular weights!  Thus, for most metals (and in fact, for most crystalline 
solids), the heat capacity of the substance is primarily a function of the total number (moles) 
of atoms present.  The accepted heat capacities of the six metals are (in J / deg-mol): Al - 
24.4;  

 Si - 20.0; Fe - 25.1; Cu - 24.4; Ag - 25.4; Pb - 26.4).  How do these values compare to the 
values measured in class?  If they differ, discuss possible reasons for the observed 
discrepancies.  What are some of the sources of error in our measurements? 

 
 
6. Diamond (C) has a molar heat capacity of 6.12 (J / deg-mol).  Our results for the metals 

above suggested that the heat capacity of a substance was primarily a function of the number 
of atoms (approx. 25 J / deg-mol).  Why then does diamond have such a significantly 
different molar heat capacity?  What might explain the unusually low heat capacity of 
diamond?  (Hint: In what way does diamond differ from the metals discussed above?) 



PART III. Heat Capacities of Minerals 
 
 Most minerals are polyatomic crystalline solids.  In detail, the heat capacities of polyatomic 
solids are a function of many complex factors (e.g. quantum state, mass, nature of bonding, etc.).  
Fortunately, to a first approximation, the heat capacities of polyatomic solids are essentially just 
the sums of the heat capacities of the constituent atoms.  An empirical list of the atomic 
contributions to the heat capacities of polyatomic solids was first compiled by Kopp in 1865.  A 
list of the “Kopp parameters” is given below (from Winn (1995) and Berry et al. (1980)): 
 
 
  Atom  Cv (J / deg-mol)* 
  H    10.5 
  Be    12.5 
  B    10.5 
  C      8.4 
  N    12.5 
  O    16.7 
  F    20.9 
  Al    14.5 
  Si    15.9 
  P    22.7 
  S    22.7 
All heavier elements:  25.9 
 
 
(*Note: These are values for the heat capacity at constant volume.  All previous values were for 
constant pressure.  Fortunately, for most crystalline solids, Cv ~ Cp.  For the rest of this exercise, 
you may use the values above to estimate heat capacities of solids at constant pressure.) 
 
 
 
 Let’s run through an example of how the Kopp parameters can be used.  For quartz, the heat 
capacity calculated using the Kopp parameters is: 
 
 Cp silicon  +  (2 x Cp oxygen)   =   Cp qtz    
    15.9        +        33.4                =  48.9 J / deg-mol 
 
 
 
The accepted value for quartz is 44.5 J / deg-mol.  This is a fairly typical result; usually within 
10% of the accepted value.   
 



PART III. Heat Capacities of Minerals (cont.) 
 
 First we will measure the heat capacities of six different minerals: three oxides and three 
sulfides.  Each group will select one of the minerals, and will make five separate measurements 
of the heat capacity of their sample.  Follow the procedure you used for the metals and record 
your data below. 
 
 
Mineral:        Formula:      
 
Molecular weight:     Density:     
 
   
 Mineral    Water   

 
Trial 

weight 
(g) 

T 
initial 
(oC) 

T final 
(oC) 

ΔT 
(oC) 

weight 
(g) 

T 
initial 
(oC) 

T final 
(oC) 

ΔT 
(oC) 

#1         
#2         
#3         
#4         
#5         

 
 
 
 
Calculate the specific heat (S.H.) and the gram and molar heat capacities of your sample using 
the data above.  Record your results below. 
 
 
Mineral:       
 

 
Trial #: 

 
S.H. 

Cp  
(J / deg-g) 

Cp  
(J / deg-mol) 

1    
2    
3    
4    
5    

Mean    
s.d.    



 
 



PART III. Heat Capacities of Minerals (cont.) 
 
 Estimate the molar heat capacities of the six minerals using the Kopp parameters.  Record 
these values in the table below.  In addition, record the mean heat capacity values for each 
sample as determined by the class. 
 
                 Cp (J / deg-mol) 
 Accepted values Kopp values Measured values 
galena 49.5   
sphalerite 46.1   
pyrite 62.2   
quartz 44.5   
corundum 79.1   
magnetite 143.5   
 
 
 
Questions 
1. Compare the measured molar heat capacity values for these minerals with the predicted 

values (using the Kopp parameters) and the accepted values.  Do the measured values 
correlate with the predicted / actual values?  If not, discuss possible reasons for the 
discrepancies. 

 
 
2. Attached is a plot of the volume heat capacity (J / deg-cm3) vs. the # of atoms per cm3 for a 

variety of elements. ( Note that the slope of the “best fit” line corresponds to the average 
Kopp parameter for heavy elements ~ 25 J / deg-mol).  On the basis of this plot, what solid 
material can store the most thermal energy per cubic centimeter?   

  
 
3. Attached is a graph of heat capacity  vs. the density of a variety of elements and minerals.  

On the basis of this plot, what solid material can store the most thermal energy per gram? 
 
 
4. Considering that (in general) metals can store more thermal energy per cubic centimeter 

and/or per gram than most other solids, why aren’t they commonly used as “heat sinks” in 
passive solar applications?  Try to come up with at least three good reasons!  (Hint: Think 
about how time might be an important factor!) 

 
 
5. If you were to take a 1 m3 rock composed of quartz, and a second 1 m3 rock composed 

entirely of magnetite, how much thermal energy would you need to add to each to increase 
their temperature by 100  oC?  Show your work.   
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NOTES TO THE INSTRUCTOR 
 
Objectives of the Exercise 
 Please do not let the title of this exercise scare you away.  Introducing students to 
thermodynamics is not the primary objective.  Getting students to “do” science - to observe, 
record, and interpret experimental data - is the primary goal.  Heat capacity just happens to be a 
good vehicle for this purpose. 
 
 Other objectives of this exercise are: 
  - to prepare students for upper level courses by introducing them to important 
     concepts (thermodynamics) and skills (particularly data analysis and  
   presentation); 
  - to make connections between mineralogy and other disciplines, as well as real- 
   life applications; and finally 
  - for students to work collaboratively 
 
 
Design of the Exercise 
 This experiment was designed in an attempt to move away from largely “descriptive” 
mineralogy laboratory exercises towards more “hands-on” and “investigative” exercises.  
Ideally, this exercise would develop spontaneously out of class discussions  - as it did originally.  
While this is hard to re-create, it is important that the students feel at least some investment in 
the exercise before it is introduced.  This past year I gave my students the following assignment 
prior to the lab: 
 
Answer the following questions.  Come to class prepared to:  

a) turn in your answers (typed) 
b) discuss your answers 
c) defend your answers 

 
1. If you were to take two balls (spheres), one made of copper and the other made of quartz, 

each 4 cm in diameter and at a temperature of 100oC, and you dropped each ball into a 
bucket of ice, would the same amount of ice melt in each bucket?  (Are you adding the same 
amount of thermal energy to each bucket?) 

 



2. Make a hypothesis as to what factor(s) is(are) controlling the amount of thermal energy that 
is added to each bucket. 

 
3. Briefly describe an experiment you could perform that might enable you to test, or at least 

refine, your hypothesis.   
 
 



Materials 
 Part of the beauty of this exercise is its simplicity.  Very little equipment is required.  For a 
class of 15 students working in groups of three, the following supplies are adequate: 
 
(5) hot plates (minimum of two) 
(5) 2L beakers (minimum of two) 
(5) 0-110oC thermometers (minimum of two) 
(5) 0-50oC thermometers 
(5) pairs of beaker tongs 
(2) digital pan balances (0.1 or 0.01g precision) 
(20) 12oz Styrofoam cups 
(6) samples each of the following metals (or metals of your choice) 
    (25-150 g each; ideally 50-100g each) 
 Al , Cu, Fe   - pieces of half-inch diameter solid rods purchased from local hardware store 
 Pb and Ni  - physical plant scraps; metal supplier 
 Ag    - 1 oz silver bars or coins purchased from any coin shop or metal supplier 
 
(6) samples each of the following minerals (or minerals of your choice) 
    (25-100 g each; ideally 40-80g each) 
 quartz, magnetite, corundum 
 pyrite, galena, sphalerite 
 
 
Methods 
 The overall procedure is described in the exercise.  Some helpful hints: 
 
1. Do not just drop your samples into the beaker of boiling water.  The samples must be 

suspended because the bottom of the beaker may be hotter than the surrounding water.  I 
have used a number of different methods for suspending the samples: strings, test tube 
clamps, and mesh bags.  Experiment! 

 
2. Because the heat capacity of water is high relative to that of the metals and minerals, the best 

results will be obtained if you: 
a) minimize the mass of water relative to that of the solid (use only enough water in the 

Styrofoam cup to ensure that the solid will be completely immersed) 
b) avoid “splashing” and loss of water during transfer, and 
c) record the initial and final temperature of the water as precisely as possible (good digital 

thermometers with precision and readability of 0.1oC are ideal) 
 
 

NOTES AND ANSWERS TO QUESTIONS 
 
Part II. Heat Capacity of Elemental Metals 
 
Questions 1-3. Is the heat capacity of elemental metals primarily a function of mass, density, or 
moles of atoms? 



  
 Ideally the students will come up with these questions in response to the pre-lab assignment 
described above.  The objective is to have the students analyze and interpret the data that they 
collected.  Unfortunately, for many students this is the first time that they have been asked to 
perform such a task.  Many of them are completely lost and don’t know where to begin.  Plan on 
spending a fair amount of time just teaching the students how to make simple bivariate scatter 
plots.  While time consuming, and at times frustrating for both the student and the instructor, this 
experience clearly illustrates the inadequacies of the student’s quantitative and analytical skills.  
They simply need more practice - and more exercises similar to this one. 
 The three plots that I ask the students to create are attached at the end of the exercise (using 
“accepted” values for all parameters).  Once the students have created the graphs, they will still 
struggle trying to interpret them.  With a little assistance, most students will eventually recognize 
that heat capacity is most strongly correlated with the number of atoms present. 
 I will often hand out copies of graphs of the accepted values after students have struggled 
trying to interpret their own data - particularly if some of their values are way off. 
 
Question 4.  Which metal can store the greatest amount of thermal energy per cubic centimeter? 
 By examining the graph constructed for question #3, students will see that nickel has the 
greatest heat capacity per unit volume. 
 
Question 5. Compare and contrast accepted and measured values.  What are some of the sources 
of error in our measurements? 
 This is a beautiful, open-ended question.  Once again, the students struggle because they’ve 
rarely been asked this type of question. 
 Points that I want the students to recognize are: 
 

a) the measured values are consistently lower than the accepted values (usually by about 
15%).  Initially the students are confused by this type of systematic error, and want to 
blame it on “bad equipment” - either the thermometers or the analytical balances.  With 
any luck, they will eventually realize that the loss of thermal energy to the Styrofoam 
cups and thermometers, as well as the loss of thermal energy during transfer of the 
sample from the boiling water to the calorimeter is the primary cause of the 
systematically low values. 
 

b) sources of error - many! 
 - accuracy and precision of thermometers and balances 
 - loss of thermal energy to surroundings (calorimeter not a “closed system”) 
 - human error 
  splashing / loss of water 
  haste - not letting system reach thermal equilibrium 
  mistakes made while recording data or during mathematical calculations 
 - etc. 
 
Question 6. Why does diamond have a significantly lower heat capacity than the elemental 
metals? 



 Once again this is an open-ended question that I really don’t expect the students to get right 
- I simply want them to think a little bit, and to try to suggest a possible explanation. The two 
most common responses are: 

a) difference in bond character (metallic vs. covalent); and 
b) carbon is a much lighter (and smaller) atom than any of the metals we considered. 

 
 I consider both of these to be good responses to the question.  The correct answer is (b)- 
because smaller nuclei have fewer quantum states available to them, and hence a reduced ability 
to store thermal energy. (In fact, answer (a) is also partly correct because at temperatures 
approaching absolute zero, electron configuration and bond character also make significant 
contributions to the heat capacities of solids). 
 



Part III. Heat Capacities of Minerals 
 
Question 1. Compare the measured molar heat capacity values for the six minerals with the 
predicted values (using the Kopp parameters) and the accepted values. 
 Answers should be similar to question 5, above.  The measured values are systematically 
low; the Kopp values approximate, but rarely duplicate the accepted values. 
 
Question 2. What solid material can store the most thermal energy per cubic centimeter? 
 Of the elements plotted, nickel can store the most thermal energy per cubic centimeter. 
 
Question 3. What solid material can store the most thermal energy per gram? 
 Of the elements and compounds plotted, aluminum can store the most thermal energy per 
gram 
 
Question 4. Why aren’t metals commonly used as “heat sinks” in passive solar applications? 
 The students quickly arrive at the following answers: 

a) cost 
b) weight (density) 
c) difficult to work 

 
 They need a little prodding to arrive at the following answer: 

d) high thermal conductivity (metals heat up and cool down too quickly; they do not act as 
good heat sinks or buffers). 

 
Question 5. If you were to take a 1 m3 rock composed of quartz, and a second 1 m3 rock 
composed entirely of magnetite, how much thermal energy would you need to add to each to 
increase their temperature by 100 oC? 
  Quartz  ~ 195 X 106 joules 
  Magnetite ~ 320 X 106 joules 
   
 I usually use this question as a lead in to discuss the origin, distribution and movement of 
thermal energy within the Earth.  I find it beneficial to introduce students to the concepts of 
conduction, convection, and radiation prior to their enrollment in Petrology. 
 
 

FINAL COMMENTS 
 
 I am sure there are many corrections that need to be made to this exercise.  Please feel free 
to contact me and inform me of my mistakes and errors.  I would also greatly appreciate any 
advice and suggestions for improvement. 
 I hope a few of you will have the courage to try this exercise in your Mineralogy, Petrology, 
or Geochemistry courses.  I recognize that we are all pressed for time during the semester, and 
that it may seem frivolous to dedicate a lab period entirely to “Heat Capacity”.  However, I 
believe that it is an important concept that can be made relevant to the content of any of these 
courses and, more importantly, it allows students to do  science. 


