
2 Condensed States (COND)
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Topic Overview

The model used to describe the behavior of gases is called the kinetic theory. The
main difference between the gaseous model and that for condensed states (liquids
and solids) is that, in condensed states, there are short range forces between particles
which cause them to stay in contact—to be attracted to one another. In some
substances, hydrogen for example, these attractive forces are extremely weak and
thus the substance turns liquid and then solid only at very low temperatures. The
amount of empty space in the condensed states is small but not zero.

In liquids, particles are envisioned to be in close contact with one another, and with
nearest neighbors arranged around one another in fairly regular ways. For a particle
in the liquid to escape and become a gaseous particle, the addition of enough energy
to overcome the attractive forces between the particles is required.

Crystalline solids differ from liquids in their degree of bonding regularity. Solids are
thought to be extraordinarily regular in their arrangement such that, knowing the
positions of just a few particles allows the precise prediction of the positions of nearly
all others. We speak of a crystal lattice, an imaginary regular geometric array of
points such that each lattice point serves as a marker for the location of a solid particle.

In order for a solid to melt and become a liquid, energy must be added to overcome
the highly directional attractive forces which hold the solid particles in a regular
array. The energy for melting is nearly always lower than the energy for boiling.

This unit can follow gas laws and discussions of kinetic energy. It also can precede
or blend easily with thermochemistry. A discussion of the unit cell, coordination
numbers, and crystal structures can fit in appropriately. References to phase
changes are appropriate when studying LeChatelier’s principle.

1. Solids and liquids are the two condensed states of matter.

2. Solids have definite shapes and volumes. Liquids have definite volumes but
assume the shapes of their containers.

3. Density is an important characteristic property of liquids and solids.

4. As solids or liquids are warmed, the kinetic energy of their particles
increases, increasing particle motion. As solids melt or liquids boil, the
potential energy of the particles increases as the forces of attraction are
disrupted (and vice versa).

5. Liquids in a closed container can achieve a condition known as dynamic
equilibrium where the rate of vaporization equals the rate of condensation.

6. Solids in a closed container can achieve a condition known as dynamic
equilibrium where the rate of melting equals the rate of freezing.

7. The pressure exerted by the gaseous phase of a liquid (or solid) at dynamic
equilibrium is called the equilibrium vapor pressure. Vapor pressure values
are influenced by the bond strengths (or attractive forces) between the liquid
(or solid) particles.
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Topic Overview

8. The boiling point of a liquid is the temperature at which the vapor pressure
of the liquid equals the prevailing external (atmospheric) pressure. At the
melting point, the vapor pressures of the solid and liquid phases are equal.

9. The surface tension of a liquid is caused by unbalanced forces on the surface
particles and makes the surface appear to be elastic. Surface tension is
responsible for capillary rise.

10. The viscosity of a fluid is its resistance to flow.

11. Pure crystalline solids have well-defined melting (freezing) points which are
greatly influenced by the type and strength of bonding among particles in the
crystal.

1. Gases

2. Bonding

3. Atomic and ionic radii

4. Potential and kinetic energy

5. LeChatelier’s principle

6. Kinetic molecular theory

7. Chemical forces (bonds) vs. physical attractive forces

8. Coordination numbers

9. Archimedes’ Principle

1. Preparing a graph.

2. Dealing with three dimensional geometry.

3. Determining the slope of a line.

4. Reading balance, thermometer, and graduated cylinder.

After completing their study of condensed states, students should be able to:

1. list the two condensed states of matter and describe characteristics of each
condensed state.

2. graph mass and volume data for an unknown solid sample and determine the
density of the solid from the slope of the line.

3. describe the physical changes and energy changes which take place as
substances melt, boil, condense, and freeze.

4. offer an appropriate model and explanation for dynamic equilibrium in a
closed container where a solid/liquid or liquid/gas system exists.

5. define melting point and boiling point in terms of vapor pressure.

6. relate the vapor pressure of a solid or liquid substance to the attractions
between its particles.

RELATED
CONCEPTS

RELATED
SKILLS

PERFORMANCE
OBJECTIVES
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LABORATORY
ACTIVITY:
STUDENT
VERSION

Concept/Skills Development

Activity 1: Density, A Straight Line Function

Introduction
The density of a pure substance does not depend upon the amount of that substance
present. Like its temperature or melting point or color, density is an intensive
property of a liquid or solid. A ton of lead has the same density as a milligram of lead
(11.36 g/cm3). Common units for density are grams per cm3 for solids, grams per mL
for liquids, and grams per L for gases. In this activity we will work with solids.

Purpose
The formula for density will be developed from experimental data by graphical
interpretation. To calculate the densities of aluminum metal and iron metal by two
methods and compare the methods.

Safety
1. Wear protective goggles throughout the laboratory activity.
2. Use normal safety precautions with this experiment.

Procedure
Work in pairs to accomplish the following steps:

1. You will be given 6-8 different-sized metallic objects. Tie a thread to each
metallic object as indicated by your instructor. This will enable you to hang
the object from the balance. Determine the mass of the metallic object as it
hangs from the balance, and record the mass in the air to the nearest 0.01g.

2. To find the volume of each object, there are two possible procedures, the volume
displacement method and the Archimedes’ weight displacement method. If you
choose or are instructed to use the volume displacement method, go to Step 3.
If the Archimedes’ weight displacement method is selected then go to Step 4.

3. Add enough water to the graduated cylinder so that the largest metallic object
can be wholly submerged. For each metallic object take an initial water level
reading to the nearest 0.2 mL, and record. Carefully lower the metallic object
by its thread into the water in the graduated cylinder until it is completely
immersed. Read the water level in the graduated cylinder and record to the
nearest 0.2 mL. Be sure to take new initial and final readings with each metallic
object. Figure 1 is a sample data table to be completed.

Figure 1. Data table for volume displacement method.

Sample No. 1 2 3 4 5 6 7 8

Mass of object (in air)

Init. volume (of water)

Final volume (of water)

Initial-final volume

Volume of  metallic object
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Concept/Skills Development

4. The Archimedes’ weight displacement method is
easy to accomplish using a balance equipped with
a platform (Figure 2).  Add water to a 250-mL
beaker and then place the beaker on the platform.
Hang the object from the balance by the thread so
that it is completely submerged in water. Take
care not to let the metallic object touch the sides
of the beaker. Read the balance to the nearest 0.01
g and record the data in your data table (Figure 2).
Repeat this procedure for each metallic object.

STUDENT NOTE: Archimedes’ principle states
that a body partially or totally submerged in a
liquid is buoyed up by a force equal to the weight of
the displaced liquid. This accounts for the apparent
loss of mass. The density of water is 1.0 g/cm3. If an
object displaces 25-mL water, the apparent loss of
mass is 25 g. Consequently the difference between
mass in air and mass in water is equivalent to the
volume of water displaced and the unknown volume
of the object itself.

Figure 3. Data table for weight displacement method.

7. Make a graph of the mass of the object in air vs. the volume of the object.
Record mass along the labelled vertical axis and volume along the labelled
horizontal axis.  Plot all 6-8 data points on one graph. Give the graph a title;
follow accepted graphing procedures.

8. Thoroughly wash your hands before leaving the laboratory.

 Data Analysis and Concept Development
1. Is the origin (0,0) a valid point?  Explain. Draw one straight line or several

straight lines that best “fit” the data.

2. How many lines were plotted on your graph? Predict the number of metals
that were used in this experiment, and justify your prediction.

Figure 2. Archimedes’ weight displacement
apparatus.

a
Sample No. 1 2 3 4 5 6 7 8

Mass of object (in air)

Mass of object (in water)

Mass in air-Mass in water

Mass of water displaced

Volume of  water displaced

Volume of object displacing
water
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3. The formula for a straight line is y = mx + b. What is the value (number
reading) of b on your graph? If there is more than one line, do the values of
b differ? Since b =    , then y =  ? .

4. Using a point on the line, not an experimental point, substitute into the
amended equation, mass for y and volume for x, and then solve for m, the slope
of the line.

5. Identify a physical property equal to the solution for m in Question 4.

6. Draw a perpendicular line on your graph from the 1-mL mark on the x-axis
until it intersects the plotted lines. From the point of intersection, draw a line
that is perpendicular to the y-axis. What is the density represented by each
slope?

7. Use a reference table to determine the densities of the metal samples. Compare
these densities to those determined from reading your graph. Decide which
density determination is more accurate, and justify your choice.

8. Explain any discrepancies between density as determined from the table and
the graph.

9. A liquid sample that occupies 12.6 mL has a mass of 11.2 g. Find the density
of the sample.

10. An Aztec amulet claimed to be pure gold weighs 29.03 g in air and 27.43 g in
water. Is the amulet pure gold? The density of gold is 19.3 g/cm3.

11. In problem 10, if the masses were measured to the nearest tenth of one gram
and were 29.0 and 27.4, respectively, does this change the answer?

Implications and Applications
Density, the ratio of mass to volume, is an intensive property. It is often used as a
means of checking the identity of a liquid or solid, or checking the concentration of
a solution. Jewelry may be checked for its gold content by measuring the density of
the specimen. The concentration of antifreeze coolant in an automobile is checked by
measuring its density. In many quality control situations, properties are measured
and checked to see if the result is within a standard. In some quality control
situations, measuring the mass and volume of a sample of product and checking to
see if that data pair falls on or near a quality control line is a quality assurance
technique.

The amount of a person’s body fat may be measured by normal weighing and then
weighing while submerged under water. Charts are available that correlate body
density with percent body fat.
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LABORATORY
ACTIVITY:
TEACHER
NOTES

Activity 1: Density, A Straight Line Function

Major Chemical Concept
Density is an intensive property; that is, it does not depend upon the amount of substance
present. Unlike mass which is dependent upon the quantity of material in an object, the
density of a cubic centimeter of aluminum is the same as the density of a cubic meter
of aluminum. The density of any object can easily be calculated if only its mass and
volume are known. Density is defined as the ratio of the mass of a body to its volume.
It is also the slope of a mass versus volume plot. There are several ways to determine
these quantities of mass and volume. Students will become familiar with methods for
finding mass and volume, thus providing them with the necessary data to calculate density.

Level
Introductory, first-year high school chemistry.

Expected Student Background
See Related Concepts and Related Skills. Students should be proficient at reading
volume and mass measuring devices to the proper precision. Their mathematics
backgrounds must be sufficiently strong so that they understand the concept of slope
of a line and how slope is calculated. Skills related to preparing graphs are essential
in this activity (see A General Resource module).

Time
One class period (50 min)

Safety
Read the Safety Considerations in the Student Version. There are no special hazards
associated with this activity.

Materials (For 24 students working in pairs)

12 Graduated cylinders, 100-mL or 50-mL
12 Beakers, 250-mL
72-96 Metal cylinders (or appropriately sized bolts and screws)
12 Centigram balances with platforms, if available
12 Meters thread or nylon monofilament (fishing) line
Scissors

Advance Preparation
There are several ways to attach the thread to the metallic object in order to hang it from
the balance. A particularly useful method is to use monofilament fishing line instead
of thread. Cut approximately 15-cm fishing line and tie the ends together with an over-
hand knot. It works best if you hold both ends together to make a “double” overhand knot.

Figure 4. Making a double overhand knot.
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Using the loop that you have made, fasten the metallic object by laying the object on
the loop and draw one end of the loop through the other end. Draw the loop tightly
to the object.

Figure 5. Attaching the loop to the object.

An advantage to using monofilament fishing line is that it doesn’t absorb water when
submerged under the water’s surface. You can use the same loop to measure all the
objects whether in the air or in the water. Since the same line can be used for all
weighings, the monofilament line can be tared; this increases the accuracy of
measurement.

Some student groups could be assigned to do the activity by volume displacement and
others by the weight displacement method to compare results. The Archimedes’
weight displacement method should provide better accuracy in volume measurement.
Using both methods can lead to a discussion on experimental design and precision
of measurement. Using the weight displacement method also can lead to a discussion
of specific gravity. To illustrate specific gravity, construct a graph labelling the y-axis
as volume and labelling the x-axis as (mass in air-mass in water).

If Al and Fe metal cylinders are not available, then Al and Fe bolts and screws of
various sizes can be purchased in a hardware store. The volumes should range from
2-8 cm3. The metallic objects should be divided into two groups of 3-4 of each type of
metal.  Each metal type should have a full range in the volumes of the metallic
objects.

Pre-Laboratory Discussion
This laboratory activity provides an opportunity for students to develop a formula
from data collected in an experiment. High school mathematics classes often follow
a protocol. First a formula is given. Then a table is constructed using the results of
calculations from the formula. Finally, a graph is prepared from the table.

In science, the process is different. First, data are collected (often measurements)
and organized into a table. Next, the data are plotted and frequently a line is drawn
that “best fits” all the plotted points. Finally, the scientist tries to make sense of the
data or interpret the graph. In some instances, the scientist may derive an equation
from the graph. In this laboratory activity you will try to develop a mathematical
formula from collected data.

The property that will be studied has a constant value that corresponds to the slope
of the line on the graph. Since the slope does not change, this property is an intensive
property, one whose value does not depend upon the size of the sample.



Condensed States (COND) 9

Concept/Skills Development

Teacher-Student Interaction
A goal of this laboratory activity is to provide an opportunity for students to develop
a formula from data. The students collect and graph the data. The expected result
is a straight line with a zero intercept. Because the line should intersect the origin,
the general mathematical function (y = mx + b) is reduced to y = mx. By substituting
the axis labels, it becomes apparent that y = mx can be rewritten as:

Mass  =  Slope(m)  x  Volume

Mass/ volume  =  m  =  Slope

The amount of mass packed into the volume is shown mathematically by the slope
and corresponds to the physical property density. The formula is D = 

m
V .    Students

may encounter difficulty with the mathematical relationship and it might be
necessary for the teacher to provide a classroom discussion.

This laboratory activity can be readily transformed into a specific gravity exercise
using a weight displacement technique. Plot the mass in air versus the mass
difference for specific gravity.

The activity can make use of the volume displacement technique. Students can weigh
the dried metallic objects on the balance pan. (Caution students not to drop the
metallic object into a glass graduated cylinder since the graduated cylinder might
break.) If time is short, have students measure six objects instead of eight. If you
choose the weight displacement method, demonstrate how to tare the thread.

Many hardware items such as bolts and screws are not made of pure iron but are alloys
of iron. In order to achieve a straight line, select objects known to have the same
density—items manufactured from the same material. The physics teacher may have
iron cylinders of various sizes that you may use. In some schools the metals
(industrial arts) teacher may be able to assist you in making variously sized iron objects.

If possible, have a computer set up in the room so students can record their data and
perform the calculations. The data table provided in this exercise can be modified to
include density. In addition the computer can graph the data.

This activity also provides an opportunity to discuss extensive and intensive properties,
closest packing of ions or atoms in solids, and density and specific gravity problems.

Anticipated Student Results

Figure 6. Representative data table for volume displacement method.

Sample No. 1 2 3 4 5 6 7 8

Mass of object (in air) (g) 17.78 4.08 27.07 5.40 73.08 37.52 48.08 30.90

Init. volume (of water) (mL) 35.0 35.0 35.0 35.0 50.0 50.0 50.0 50.0

Final volume (of water) (mL) 41.8 36.6 45.0 37.9 59.5 55.0 56.0 54.0

Initial-final volume (mL) 6.8 1.6 10.0 1.9 9.5 5.0 6.0 4.0

Volume of metal object (mL) 6.8 1.6 10.0 1.9 9.5 5.0 6.0 4.0
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Answers to Data Analysis and Concept Development

1. Yes, zero volume would also have zero mass. (You can also argue for the
answer no, since the graph should include only measured data. Using the
intercept as a data point biases the measured data.)

2. There are two straight lines indicating two kinds of metals were used. Each
line has a slope that is dependent upon the mass/volume ratio. This same
ratio is a physical constant for a particular metal.

3. b = 0, therefore y = mx

4. m = 
y
x = 

mass
volume

5. Density

6. Answers will vary. The density of aluminum is 2.70 g/cm3 and the density of
iron is 7.86 g/cm3. Student answers from reading the graph will vary within
a range near the accepted values.

7. Density values determined from the data table should vary in a range more
closely to the accepted values than from using the slope to determine the
density values.

8. The density value read from the graph is probably less accurate inasmuch as
the line is a “best fit” line. Using all of the data points and a statistical procedure,
like the method of least squares, to calculate the slope would lead to a better
result from the slope as compared with the tabular data. Measuring volumes
from calibrated cylinders presents the largest errors. Steel is an alloy, and
measuring the density of steel gives a result different from that expected for iron.

9.  
11.2 g

12.6 mL = 0.889 g/mL

10. Mass in air – mass in water = mass of water displaced; 29.03 g – 27.43 g = 1.60 g
= mass of water displaced.

Since the density of water is 1.00 g/mL, the mass of water displaced is equal
to the volume of water displaced. This in turn is equivalent to the volume of

the object displacing water. Density = 
29.03 g 
1.60 cm3  = 18.1 

g
cm3 . The amulet is

not pure gold. See the October 1989 issue of ChemMatters (page 16) “Indiana’s
Error” for an interesting story dealing with the density of gold.

Sample No. 1 2 3 4 5 6 7 8

Mass of object (in air) (g) 17.78 4.08 27.07 5.40 73.08 37.52 48.08 30.90

Mass of object (in water) (g) 11.31 2.56 17.04 3.38 63.69 32.72 41.87 26.91

Change in mass (g) 6.47 1.52 10.03 2.02 9.39 4.80 6.21 3.99

Volume of water displaced (mL) 6.47 1.52 10.03 2.02 9.39 4.80 6.21 3.99

Volume of metal object (mL) 6.47 1.52 10.03 2.02 9.39 4.80 6.21 3.99

Figure 7. Representative data for Archimedes’ weight displacement method.
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11. When the masses are measured to this level of accuracy, the minimum
mass is 28.9 g in air and the maximum mass is 27.5 g in water. This density
is 21 g/cm3. So, unless the masses are measured with sufficient accuracy that
the difference will have more than two significant figures, answering the
question is impossible (see General Resource module for discussion of
uncertainty in measurement and significant figures).

Post-Laboratory Activities
1. Discuss the student results. Compare densities obtained by the volume

displacement method to densities obtained by the Archimedes’ weight
displacement method. Have students locate the accepted values for the
densities of these metals in The Handbook of Chemistry and Physics or in a
chemistry or physics text.

2. Reemphasize the significance of the slope of a mass versus volume curve in
determining the density of a substance. Ask the class to compare the degree
of slope of the aluminum line and the iron line to the calculated densities of
these metals.

3. For an extension activity, ask students to determine a way to find the density
of a material less dense than water (will float on water). Cork stoppers found
in your chemistry laboratory would be good candidates for this exercise.

Assessing Laboratory Learning
1. The figure below shows a graph of mass vs. volume for two immiscible liquids.

Predict from the graph what will happen if Liquid A and Liquid B are poured
together. [The liquids are immiscible and thus will not mix but will separate
with Liquid A settling below Liquid B in the container. The reason for this
occurrence is that Liquid A has a greater density than Liquid B. The density is
indicated by the slope of the line plotted on a mass vs. volume graph.]

Figure 8. Plot of mass vs. volume for two immiscible liquids.

Volume (cm3)

M
as

s 
(g

)

A

B
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2. Ask students to explain the principles of the conventional battery tester or
antifreeze tester. [Both battery testers and antifreeze checkers use large bulb
pipets (similar to kitchen meat basters) to withdraw a sample of fluid from the
battery or radiator. The stem of the pipet contains color-coded beads of known
density. By observing which beads float and which sink in the liquid
withdrawn, the gas station attendant can estimate the concentration of the
acid or antifreeze in the liquid. This rapid, semiquantitative procedure is
more than adequate for the purposes of deciding what course of action to take
in automobile maintenance.]
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Activity 2: Energy Needed to Melt Ice

Introduction
Ice at 0 °C is added to a measured volume of warm water. Some of the ice melts. Once
the mixture reaches 0 °C, the volume of liquid water is measured. The additional
volume comes from melted ice. Using the amount of ice melted together with the
temperature and volume of warm water, the heat of fusion of the ice is determined.

Purpose
Students will determine the energy needed to melt one gram of ice by measuring the
heat lost by a known quantity of warm water when ice is placed in the water and melted.

Safety
1. Wear protective goggles throughout the laboratory activity.
2. A burner will be used to warm the water to about 50 °C. Burns are possible.

Avoid contact with heated objects. Use hot pads to move warm objects. Always
place warm objects where someone else will not inadvertently touch them.

Procedure
Work in pairs to accomplish the following steps.

1. Warm water to about 50 °C. Add about 100 mL to a graduated cylinder.
Record the volume.

2. Pour the water into a Styrofoam cup. Measure and record the temperature
of the warm water to the nearest 0.2 °C.

3. Obtain several ice cubes; pat dry with a towel and immerse in the cup.
4. Cover with a lid that has a small hole near the edge. Allow to equilibrate at 0 °C

by shaking and adding ice until the system is at 0 °C and excess ice remains.
5. Pour liquid water into a beaker, holding back ice that reamins.
6. Measure the volume of the liquid by pouring water from the beaker into a

large graduated cylinder. Record the volume.
7. Repeat Steps 1 to 6 as instructed by your teacher.
8. The sample data table

should be transferred
into your laboratory
report.

9. Clean up your laboratory
station and place the
equipment in its proper
location.

10. Thoroughly wash your
hands before leaving the
laboratory.

Figure 9. Sample data table.

LABORATORY
ACTIVITY:
STUDENT
VERSION

Trial I Trial II

Volume of warm water used

Initial temperature of water

Equilibrium temperature of ice/water system

Volume of water, final

Mass of ice melted

Change in temperature of water

Energy released by water as it cools

Calories required to melt 1.0 g of ice

Kilojoules required to melt 1.0 mol of ice

Percentage error (experimental vs. accepted)
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Data Analysis and Concept Development
Given the sample data table:

1. Determine the mass of ice melted (the density of water is one gram per
milliliter).

2. Determine the change in temperature of water.

3. Calculate the energy released by the liquid water as it cooled.

4. Calculate the calories of energy required to melt one gram of ice? The specific
heat of water is 1.0 cal/g °C.

5. Using the results of this experiment, determine the number of kilojoules
required to melt one mole of ice.

6. Use chemical symbols in writing an equation for the fusion (melting) of ice, and
include the energy term (in kJ /mole of water) as calculated in Question 5.

7. Calculate the experimental (percentage) error by comparing the experimental
value which you have determined for the heat of fusion of ice to the accepted
value for the heat of fusion. [6.010 kJ/mol.]

Implications and Applications
There are innumerable situations in which we try to control the temperature of foods
and other materials using ice. Ice is very good for keeping materials cool in warm
surroundings because is requires so much heat to melt.

When traveling in frigid locales, automobile drivers are encouraged to include kits
with blankets, high energy foods that don’t perish (such as peanut butter), and also
to carry a metal cup and a candle. The cup and candle are intended to prepare
emergency water by melting snow. It is dangerous and perhaps impossible to use
body heat for this purpose when stranded in subfreezing weather.
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LABORATORY
ACTIVITY:
TEACHER
NOTES

Activity 2: Energy Needed to Melt Ice

Major Chemical Concept
Heat flows from warmer to cooler bodies. In a closed system, the heat energy lost by
the warmer body must equal the heat energy gained by the cooler body. The
Styrofoam cup reduces the heat flow between the water and the outside room to a
minimum. The volume inside the cup can be considered to be a closed system where
there is no inflow or outflow of heat or matter. Hence, the heat energy exchange can
be considered to be only between the warm water in the cup and the ice which the
students are adding to the cup.

By knowing the mass of warm water and the temperature change which it undergoes,
one can determine the heat lost by the warm water when the ice is added. This is the
same quantity of heat which is overcoming the attractions in the ice crystal and
causing the ice to melt. The mass of ice melted can be determined. Since the mass of
ice melted and the heat energy used to melt it are known, the molar heat of fusion
is just a quick calculation away.

Level
Introductory, first-year high school chemistry.

Expected Student Background
See Related Concepts and Related Skills. Students must understand the concept of
heat flow from warmer to cooler bodies. They must also be somewhat familiar with
the concept of a “closed system.” It would be very helpful for the mathematical work
in this laboratory if the students are proficient in direct proportion equations and the
analysis of units (labels) on measurements.

Time
Teacher preparation: 15 min

Student laboratory time: Approximately 30 min per trial.

Safety
Read the Safety Considerations in the Student Version. Caution students to be careful
with the heated objects. The burner, ring, and wire gauze are all possible sources of
burns. Caution students not to allow chunks of ice to drop on the floor; slipping on
ice chunks might lead to serious injury.

Materials (For 24 students working in pairs)

36 Beakers, 250-mL
12 Styrofoam cups,12-oz, with lid
12 Burners, support stands, rings, and wire gauze
12 Graduated cylinders,100-mL
12 Graduated cylinders, 250-mL
12 Thermometers, –10 °C to 110 °C
Ice cubes
Paper towels
Hot pad
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Advance Preparation
1. The ice cubes should be wet, that is, at melting temperature. They should not

be used immediately after being removed from the refrigerator. Allow them
to stand at room temperature a few minutes. It is instructive for many
students to use a thermometer to measure the temperature of ice that has
been freshly removed from a deep freeze. Many students do not believe that
the temperature of ice can go below 0 °C.

2. Styrofoam ice chests are very efficient in keeping ice throughout the day.

Pre-Laboratory Discussion
Even though the melting of ice and freezing of water are common occurrences, the
concept of heat released during freezing seems counterintuitive. Citrus fruit growers
spray their orchards during freeze warnings to prevent damage to the fruit trees. The
environment is affected by the phase change involving water and ice. A melting snow
cover will prevent the temperature from rising as high as it would without snow and
the freezing of snow melt after sunset prevents the temperature from dropping as
rapidly as it would otherwise.

In this particular activity we will determine the heat needed to melt 1.0 g of ice. This
is the same amount of heat released to the surroundings during freezing.

Teacher-Student Interaction
During the session it is important to circulate and ask questions about freezing and
thawing phenomena.

Anticipated Student Results

Figure 10. Sample data table.

Trial I

Volume of warm water used 98.7 mL

Initial temperature of water 46.6 °C

Equilibrium temperature of ice/water system 0.0 °C

Volume of water, final 158.9 mL

Mass of ice melted 60.2 g

Change in temperature of water –46.6 °C

Energy released by water as it cools 4.60 x 103cal

Calories required to melt 1.0 g of ice 76.4 cal/g

Kilojoules required to melt 1.0 mol of ice 5.75 kJ/mol

Percentage error (experimental vs. accepted) 4.4%
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Answers to Data Analysis and Concept Development

Post-Laboratory Discussion

1. Compare student answers. Have students write their answers and percentage
error on the chalk board for later discussion or have the results placed into
a spreadsheet on the class computer.

2. Have a student look up the heat of vaporization of water. Lead a discussion
of what this heat of vaporization indicates about the attractive forces in
liquid water compared to the attractive forces in solid water. [Students will
find the heat of vaporization to be 40.68 kJ/mole for water. The ratio of the
heat of vaporization to the heat of fusion is about 6.75:1. The attractive forces
in the liquid state must be stronger than the attractive forces in the solid state
as much more energy is required to separate the liquid molecules into gas
molecules.]

1. 158.9 mL – 98.7 mL  =  60.2 mL

60.0 mL x 1.00 
g

mL   =  60.2 g

2. ∆T = final temperature - initial temperature =  Tf - Ti
=  0.0 °C - 46.60 °C
=  –46.6 °C

3. Energy lost  =  ∆T  x  98.7 g  x  1.00 
cal

g °C

   =  –46.6 °C  x  98.7 g  x  1.00 
cal

g °C  (specific heat of water)

   =  –4.60 x 103 cal

4. Energy    =   
4.60 x 103 cal
60.2 g of H2O   =  76.4 cal/g

  

5. 76.4 
cal
g     x  18.0 

g
mol    =  1.37  x  103 

cal
mol

1.37 x 103 
cal
mol   x  4.184 

J
cal   x  

1 kJ
103 J

   =  5.75 
kJ

mol

6. H2O(s)  +  5.75 kJ  →  H2O(l)  

7. % error =  
 |Experimental - Accepted value|

Accepted value    x  100%

=   
|5.75 kJ - 6.010 kJ/mol|

6.010 kJ/mol    x  100%

=   4.3%  
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Assessing Laboratory Learning
1. What would be the effect of replacing the Styrofoam cup with a cup made

of thin copper metal? [The system would no longer be a closed system of only
the warm water and the ice. The copper cup is an excellent conductor of heat
(unlike Styrofoam) and heat flow will continue into or out of the copper cup
into the warm water and ice, according to whether the temperature is above
or below the air temperature.]

2. Why is it important that there be ice in the system at the end of the
experiment, in other words, why is it important to have the system at 0 °C at
the end of the experiment. [If the temperature moves above 0 °C then the ice has
all melted and some of the heat energy from the hot water has been used to
actually warm the cold water which came from the ice. The arithmetic problem
of solving this system is somewhat more complicated than for the case used.]

CAUTION: Use appropriate safety guidelines in performing demonstrations.

Demonstration 1: Which Will Evaporate First?
Purpose

To observe the rate of evaporation of various volatile liquids and to discuss
the results in terms of intermolecular forces and vapor pressure.

Materials
Samples of the following volatile liquids:

Methanol
Ethanol
1-Propanol
2-Propanol
1-Butanol
Acetone
Water
Watch glass for each liquid
Cotton ball for each liquid
Pair of disposable gloves
Very clean chalkboard

Safety and Disposal
All of these liquids except water are flammable and their vapor-air mixtures
are explosive. Do not have any flames or sparks of any kind in the room
during this demonstration. The vapors of 1-butanol and 2-propanol are
irritating to the eyes and respiratory system. Do not over use. Any remaining
liquid in the watch glasses may be washed down the drain with a 20-fold
excess volume of water. The moistened cotton balls should be placed into a
container of water, squeezed out, and thrown into a waste can. The water in
the container can then be flushed down the drain.

Procedure
1. Write the names of the selected volatile liquids on the clean chalkboard.

Have the students help you to write under the names the formulas and
structures of the liquids.

DEMONSTRA-
TIONS
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Liquid
Boiling point (°C)

(at 760 mmHg)
Vapor pressure (mmHg)

(at 298 K)
Heat of vaporization

(kJ/mol)

Acetone 56.5 220 32.0
Methanol 64.7 123 39.2
Ethanol 78.4 56.0 40.5
Water 100 23.8 40.7
2-Propanol 82.5 42.9 42.3
1-Butanol 118 7.27 46.0
1-Propanol 97.8 19.8 47.3

Concept/Skills Development

2. Start with methanol and ethanol. Have the students predict which liquid
will evaporate first. Use plastic gloves. Place a cotton ball in the watch
glass containing these two liquids, squeeze off excess, and make a swipe
down the chalkboard with each liquid under its name. Measure the time
necessary for each to evaporate.

3. Check the students’ predictions and discuss their reasoning.

4. Repeat with 1-propanol and 2-propanol; with 1-butanol and acetone;
with methanol and water. Be prepared to repeat with pairs of liquids
from different sets to support or disprove suggested hypotheses.

Remarks
Volatility of liquids is dependent upon the strength of the intermolecular
forces.  Discussion of London dispersion forces, dipole-dipole interaction, and
hydrogen bonding should be utilized. The effect of structural isomerism on
the degree of polarity is nicely illustrated.

Figure 11. Boiling points, vapor pressures, and heats of vaporization for
selected liquids.

Reference
This demonstration is modified from Experiments and Demonstrations for
the 1986 ICE Workshop in Tucson.

Demonstration 2: Boiling Water the Fast Way
Description

Warm water is drawn into a large syringe, and the end is sealed. When the
plunger of the syringe is drawn out and the pressure drops, the warm water
quickly boils.

Materials
Plastic syringe, 30-mL or 50-mL
Cap for the syringe
Beaker of warm water

Hazards
If the water is too warm, a skin burn may result.
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Procedure
1. Place open end of syringe into the beaker of warm water. The water does

not have to be extremely warm; 50°C to 60°C suffices. In fact, the lower
the temperature at which the water can be made to boil, the more
impressed students will be.

2. Draw approximately 10-mL water into the syringe.
3. Place the plastic cap on the end of the syringe if one is available. If no cap

is available to seal the syringe, place the end of your index finger over the
end of the syringe or plug the end with modeling clay.

4. Pull on the plunger until it is nearly out of the syringe. Do not pull so hard
as to “pop” the plunger completely out of the syringe. The water should
begin to boil. If it does not, try warmer water.

5. Let the plunger slide back into the syringe. The boiling will stop. Repeat
this process as often as you like. You will need to use a fresh sample of
warm water once boiling cannot be sustained. It is possible to get the
plunger to stay out by drilling a hole in the stem of the plunger and
inserting a nail in the hole as the plunger is extended. This will help to
keep your fingers from getting tired.

Demonstration 3: Relieving the Tension
Purpose

To demonstrate surface effects.
Materials

1-L Beaker or shallow glass pie pan
1 g Flowers of sulfur (fine sulfur powder)
1 mL Dishwashing detergent in beaker
Tap water
Petri dish
25 mL Homogenized fresh whole milk (4% milk)
Food coloring
Thin-stem transfer pipet
Triple-beam balance
Support stand with ring
Wire circle with wire loop (60 cm heavy gauge aluminum wire; solder;

soldering iron; suitable soldering work surface)
Safety and Disposal

There are no unusual hazards in this experiment. No special precautions are
required in this experiment; follow routine laboratory precautions. The
materials used in this activity may be disposed of safely at the sink.

Procedure
1. Place 500 mL tap water in a 1-L beaker. Sprinkle some powdered sulfur

on the surface of the water. Dip your clean dry finger into the water, and
note the effect on the sulfur.

2. Dip your finger into some liquid dish detergent, and then dip it into the
beaker containing the sulfur. Note the effect on the sulfur.

3. Fill a Petri dish bottom half-full of whole milk. Drop some food coloring
onto the surface. Fill a transfer pipet with some liquid dishwashing
detergent. Place a few drops of the detergent on the inside wall of the
Petri dish above the level of the milk. Note any evidence for reaction.
After a long period of time, the apparent changes cease.
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4. A flat wire circle with a loop is
constructed for this part of the
experiment. Hang the loop from
the balance hook of a triple
beam balance. (If the balance
has no hook, construct one
using wire.)

Figure 12. Circle with loop.

5. Fill a Petri dish bottom half-full of distilled water.
Add a drop of food coloring to make the water more
visible. Support the Petri dish on the ring of a
support stand. Bend the wire loop so that the
plane of the flat wire circle is precisely parallel to
the plane of the surface of the liquid. Adjust the
level of the dish so that the ring is just below the
surface of the liquid in the dish.

6. Add weight by carefully sliding weights on the
balance toward greater values.

Figure 13. Apparatus set up.

Remarks
The sulfur must be in the form of a very fine powder. Sulfur floats on water.
The surface tension of the water is high, and the water is unable to wet the
sulfur. The density of the sulfur is greater than that of the water. A small
amount of detergent, just enough to go unnoticed on fingertips, will sufficiently
lower the surface tension of the water to allow it to wet the sulfur, which
immediately sinks.

A detergent (surfactant) changes the surface characteristics of a suspension.
While the phenomena involved are very complex, changes in surface tension
play a major role in the mixing effect seen on changes in food coloring puddled
on the surface of some milk once a detergent is added to the surface.

The surface tension in water is sufficient that nearly 1 cm of film can be
drawn from a water surface using a suitable device such as a flat wire ring
and a gentle steady source of pull such as that from a triple beam balance.

To manufacture a ring for the students, bend a smooth, flat circle of heavy
gauge aluminum wire into a circle of 8-10 cm diameter. Once the wire lies flat
and the loop closes with a slight spring-like pressure, solder the circle closed.
Fashion a loop of the same wire with a span equal to the diameter of the wire
circle. Solder this loop perpendicular to the circle.

Balance hook of 
triple beam balance

Aluminum wire

Petri dish

Support ring

Loop to flat circle

Balance pan

Hook

8-10 cm

Figure 14. Flat wire ring.
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Using the balance to lift the ring from the water’s surface is the most difficult
part of this experiment.

Reference
(See Experiment C33 of Doing Chemistry.)

Demonstration 4: Slow the Flow
Purpose

To illustrate the effect of viscosity upon rate of liquid flow.

Materials
4 Graduated cylinders,100-mL
SAE 10- and 40-weight motor oil (or alternate with low and high SAE numbers)
2 Beakers,1000-mL
Hot plate or burner
Ice

Safety and Disposal
Hot water may cause burns. Retrieve the motor oil to be stored and used again next
year. Wash out the cylinders with detergent and dispose of the waste in the sink.

Procedure
1. Add 100 mL SAE 40-weight oil to two of the graduated cylinders.
2. Place one of these cylinders into a beaker containing hot water and the

other into a beaker containing cold water. Allow them to stand for about
five minutes. Perform Step 3 while waiting.

3. Add 100 mL SAE 10-weight oil to the third graduated cylinder and 100 mL
SAE 40-weight oil to the fourth graduated cylinder.

4. Drop a plastic bead or glass bead into each cylinder one at a time. Record
the time it takes for the bead to sink to the bottom in each cylinder.

5. Remove the first two graduated cylinders from their respective water
baths. Predict the times needed for a bead to fall to the bottom of the
cylinder. Drop the beads and measure the duration of the fall to the bottom.

Remarks
Ask students the following:

1. On a cold winter day in Fargo, ND, which motor oil would you want to
use to start your car? [SAE 10 for easy low-temperature starting.]

2. During hot weather, which motor oil provides the most protection to your car?
[SAE 40 for better load capacity in bearings at normal running temperature.]

3. Distinguish between density and viscosity? [Density is a property of
matter representing mass per unit volume. Viscosity is the resistance of
a liquid to flow.]

Key Questions
1. Solids and liquids occupy roughly 1/1000th the volume of the corresponding

gases. Determine the ratio of the distance between solid or liquid particles to
the corresponding distance between gaseous particles? [The solid and liquids
are about 10 times closer together. Volume is length cubed. Particles moving
10 times closer in all of their linear dimensions actually move into 1/1000th as
much volume.]

GROUP AND
DISCUSSION
ACTIVITIES
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Concept/Skills Development

2. State the physical evidence that supports the idea that particles in both
solids and liquids are very close together. [Neither solids nor liquids are very
compressible, hence there is little space between their particles. Gases, on the
other hand, are relatively easily compressed.]

3. Criticize the statement “Water boils at 100 °C.” [Water only boils at its “normal”
boiling point if the sample is pure water under one atmosphere of pressure.
Atmospheric pressure variation and/or impurities in the water cause the
boiling point to differ from the norm.]

4. Describe similarities and differences among the warming curves of different
crystalline substances. [All warming curves of crystalline materials have portions
sloped upward to the right, indicating the speeding up of solid, liquid, or gaseous
particles (increasing kinetic energy). All have flat portions, indicating change of
phase of the particular substances (increasing potential energy). The slopes for
individual materials will vary, indicating differences in energy necessary to
speed up the particles (specific heat). The lengths of the flat portions will vary,
indicating differences in the amount of energy necessary to overcome attractive
forces within the substances. The flat portions will occur at different temperatures,
indicating that substances have different melting and boiling points.]

5. State the temperature effect observed during the addition of heat to a
substance at its melting point. [Until all solid melts, the temperature remains
the same. At the melting point, added heat is utilized to separate particles and
increase potential energy rather than to speed up the particles of the substance.]

6. Many scientists believe that earth’s inner core is solid while its outer core is
liquid. State conditions that might make this possible even though the inner
core is thought to be at a higher temperature than the outer core? [The inner
core is under tremendous pressure. The particles in the inner core are pressed so
tightly together that they are bonded into a solid crystal lattice even though the
kinetic energy is such that the material would be liquid at lower pressure.]

7. Suppose an insulated container held a solid/liquid mixture of a certain substance
at its melting point so that heat neither entered nor left the container. Predict
what would be observed. [Melting and freezing would continue at equal rates.
A dynamic equilibrium would be established. The heat needed to melt the
substance would be released as an equal amount of the substance would freeze.
The amount of solid and liquid would remain constant even though melting and
freezing would continue unabated. (Although the size of the solid “chunk” would
not change, its shape would change over time.)]

8. Explain the loss of solid and liquid lubricants in devices sent into outer space.
[Even though liquid and solid greases have extremely low vapor pressures, the
prevailing pressure in outer space is below this pressure, and thus the
lubricant will boil away violently.]

9. Compare the distance between solid and liquid particles. [The distances
between liquid particles and solid particles are nearly the same: both liquids
and solids are essentially incompressible, and there is little expansion as
substances go from the solid to liquid phase.]

10. Why are liquids, but not solids or gases, utilized in hydraulic systems such as
automobile brakes? [Solids aren’t fluid and cannot flow throughout the hydraulic
system. Gases are fluid and can flow throughout the hydraulic system, but since
gases are extremely compressible, they cannot transfer the pressure.]
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11. At the melting point of a substance, it consists of a mixture of solid and liquid
portions. State the molecular differences expected between the solid and liquid
portions. [The solid particles must be distinguished from liquid particles by
observing the differences in their motions. Since both the solid and liquid
particles are at the same temperature, they have the same average kinetic energy
but may be distinguished by differences in the amount of translational, rotational,
and lattice vibrational kinetic energy. The liquid particles possess potential
energy because they are farther apart when compared to particles in the solid phase.]

12. Motor oil has a low vapor pressure compared to water. Compare the
intermolecular forces in these materials. Predict which liquid has the higher
boiling point. [The fact that motor oil has a low vapor pressure indicates that
the attractive forces between the relatively large oil molecules are quite great.
Few of these molecules escape easily into the gaseous state, thus the low vapor
pressure. Since the vapor pressure is low for motor oil, one would have to heat
the oil to a high temperature to increase its vapor pressure to atmospheric
pressure. Oil boils at a higher temperature than water.]

13. It is possible to place warm water in a syringe and to cause the water to boil
by pulling out on the plunger of the syringe. Explain the physical changes
that make this possible. [As the plunger is drawn out, pressure in the syringe
drops low enough that it is below the vapor pressure of the warm water. The
water begins to boil.]

14. Which is more dense, milk or cream? Support your answer. [Milk is more
dense than cream; cream floats on milk. (Students frequently confuse cream’s
higher viscosity with density.)]

15. Nurseryworkers “mist” their bedding plants with water on cold spring nights
when frost is predicted. Describe the process that protects the plants. [As the
misting water cools and freezes, a great deal of heat is released into the
surrounding atmosphere. This heat keeps the ambient temperature higher than
it would be without the cooling/freezing water, thus protecting the tender plants.]

16. Describe the molecular changes that cause the potential energy of a substance
to increase when that substance is melted or boiled? [The increase in potential
energy at the melting or boiling point is caused by overcoming attractive forces
and moving particles farther apart. Gases have the potential for attracting one
another and moving closer together thus decreasing the amount of potential
energy between the particles as the substance liquifies. This decrease in potential
energy manifests itself as an increase in heat flow out of the system.]

17. Describe the molecular cause of the expansion characteristics of water near its
freezing point? [Hydrogen bonding in the polar water molecules produce an open
hexagonal crystal lattice causing water to expand during the phase change.

Counterintuitive Examples and Discrepant Events
Boiling Water with Ice

Materials
Flask, round bottom, 500-mL
Rubber stopper for flask, solid
Ring stand
Ring of appropriate size to hold inverted flask
2 or 3 Ice cubes
1 Oven mitt to fit hand
Safety goggles
Hot plate or burner
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Safety and disposal
A round bottom flask is less likely to break under the reduced pressure
produced in this demonstration. The boiling water and steam will cause
burns. Wear the oven mitt for protection. At the end of the demonstration,
gently pry the stopper off and pour the water down the sink. The stopper will
be somewhat difficult to remove as the pressure on the outside of the flask
is substantially greater than the pressure within the flask.

Procedure
Place 200 mL of water in the 500-mL round-bottom flask. Heat the water to
a vigorous boil in full view of the class. Using the oven mitt, remove the flask
and stopper it immediately. Let the water cool for (at most) a minute. Hold
the flask with the mitt. Invert the flask into the ring on the ring stand. Have
a student come up in front of the class. Have the student put on safety goggles
and then take an ice cube in each hand and rub them on the rounded bottom
of the flask. The water will soon (15 to 30 seconds) begin to boil vigorously.
The demonstration can be repeated for up to 10 minutes.

Background
Placing a stopper on the flask shortly after the boiling water is removed from
the heat source, most of the “air space” above the water is filled with water
vapor, not air. Ice placed on the top of this space causes water vapor at
(relatively) high temperature to condense. When removed from the vapor
state, the contribution of water vapor to the total pressure inside the flask
is lowered. When the total pressure inside the flask goes below the vapor
pressure of water (the warm water), that water begins to boil. So, even
though the water is considerably below the normal boiling temperature, it
does boil at the ambient pressure inside the flask.

Reference
Taken from Doing Chemistry, Experiment D24.

Floating and Sinking Ice

Students expect an ice cube to float on water. They know that ice is less dense than
water. In this demonstration, an ice cube will float in one container of water and sink
in another container of “water.”

Materials
2 Beakers, 250-mL
150 mL Ethanol or isopropyl alcohol
150 mL Water
2 Ice cubes

Safety and Disposal
Have no open flames; the alcohols are flammable. Flush ethanol or isopropyl
alcohol down the sink with ten volumes of water per volume of alcohol.

Procedure
1. Pour 150 mL water into one beaker and 150 mL ethanol into the other

beaker prior to class. Position the two beakers where all can see and place
an ice cube into each beaker. Ask the students to write an explanation
as to why the cube sinks in one beaker and floats in the other beaker.

2. Allow them to ask two or three questions about this system which can be
answered “Yes” or “No” and then give them time to write a new
explanation if they wish. Choose students to read their explanations.
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3. When a group consensus is reached that the reason for the sink/float
discrepancy is because of the differences in the densities of the two
liquids (water and alcohol), ask them what should happen when a piece
of steel is placed on the water. Since steel is more dense than water, the
steel should sink. Carefully place a straight pin on the surface of the
water in the beaker. It will float. Have them explain why this more dense
substance floats on water. This will provide a good lead-in to a discussion
of surface tension.

Density: “Not on the Level”

We all expect that fluids will “seek their own level.” This counterintuitive event will
leave students searching for a reason for why the two levels of “water” in a U-shaped
tube are not the same. The explanation is that two liquids with different densities
have been added to the two sides of the U-shaped tube.

Materials
2 U-shaped glass tubes (about 6-8 mm in diameter and 20 cm or more in height)
10 mL Saturated salt solution (add sodium chloride to 15 mL of water until

no more salt dissolves after stirring) or ethanol or isopropyl alcohol
10 mL Water
Food coloring

Safety and Disposal
No special precautions required for fresh and salt water. Eliminate spark
sources and open flames if ethanol is utilized. Liquids may be disposed of in
the sink. (Flush drain with plenty of water if alcohol is used.)

Procedure
1. Pour fresh water into one U-tube until it is about 2/3 full and note that the

water level is the same on both sides. Placing food coloring in the water prior
to the demonstration will help students view the liquid levels.

2. Pour salt water into a second
U-tube until it is about 1/3
full. Pour fresh water into
one side of the second U-tube
until it is about 2/3 full. Note
that the fresh water side is at
a higher level than the salt
water side.

3. Ethanol or isopropyl alcohol
may be substituted for the
salt water with opposite
results. Running the trial
again and coloring the fresh
water and salt water or
ethanol differently may help
the students to understand
what is happening in this
demonstration.

Figure 15. “Not on the level” demonstration.

Less
dense
liquid

More
dense
liquid
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Remarks
Have the students write a short explanation of what they believe is causing
the discrepancy in liquid levels in the second U-tube.

Reference
Taken from Doing Chemistry A02.

A Non-Newtonian Fluid: Cornstarch Putty

Cornstarch putty belongs to a class of materials which does not obey the usual laws
of viscosity. Also included in this class of materials (known as non-Newtonian fluids)
are the commercial products, Slime  and Silly Putty . Under low stress, such as
slow pulling or pouring, these materials flow and stretch much as normal fluids do.
But when hit with a hammer, Silly Putty , for example, loses any resemblance to
a fluid and actually shatters as if solid.

Cornstarch putty exhibits similar behavior. If poured from container to container,
cornstarch putty looks like pancake batter. If one quickly “slaps” the surface or
“grabs” a handful of this material, it becomes a rigid, solid-like material.

Materials
Plastic mixing bowl
500 mL Cornstarch
250 mL Water
Mixing spoon
Pie pan
Safety goggles
Laboratory apron
Paper towels

Safety and Disposal
No special precautions are required. Upon standing the putty will separate
but can be reconstituted by kneading with your hands. The cornstarch putty
may be disposed of in the laboratory sink with an adequate supply of water.

Procedure
1. Place the 500 mL cornstarch in the plastic mixing bowl.
2. Slowly add the 250 mL water while mixing the cornstarch with the

mixing spoon or while kneading by hand. (Check the consistency prior to
the demonstration of slapping the mixture in 4 below.)

3. In the presence of students, pour the cornstarch putty from the mixing
bowl into the pie pan. It will pour like a normal fluid.

4. Place a laboratory apron and safety goggles on a willing class volunteer.
Ask the volunteer to quickly slap the surface of the putty in the pie pan.
(The volunteer and the class will expect to have a cornstarch shower.
Instead the surface won’t even be penetrated by the slap.)

5. Instruct the student to reach into the pie pan and to “grab” a quick handful
of the putty. (It will come out as a “solid” mass which will almost immediately
liquefy and drip off of the student’s fingers like pancake batter.)

6. Supply the student volunteer paper towels to wipe off the cornstarch
putty so that it doesn’t drip all over the laboratory table.

Reference
Walker, J. (1978). The amateur scientist; serious fun with polyox, silly putty,

slime, and other non-Newtonian fluids. Scientific American, 239(5), 142-149.
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“Melting” Dry Ice

Dry Ice, solid carbon dioxide, is useful because it is very cold and because, under room
pressure, it evaporates directly from the solid to the gaseous state leaving no messy
liquid residue. (Evaporation from the solid to the gaseous state is called sublimation.
Dry Ice sublimes.)

Purpose

To observe the melting of dry ice from solid to liquid at high pressure.

Materials

Safety goggles
Gloves
Beral pipet, 4 mL with wide stem (3-5 mm bore) (use only a polyethylene pipet)
0.5 lb Dry ice
Scoopula with handle
Towel, hammer, Styrofoam box
Scissors
Pliers (with flat surface)

Safety and Disposal

Handle the dry ice with care to avoid contact. Wear gloves. The teacher
should powder the dry ice. Wrap a 0.5-1.0 lb piece of dry ice in a towel or
canvas cloth. Smash the wrapped ice against a hard surface such as a
concrete floor. Place the powdered ice in a Styrofoam or other insulated
container. Dispose of excess dry ice by allowing the solid to sublime in a well-
ventilated area.

Procedure

1. Use scissors to cut the stem of a wide-bore tip 4-mL transfer pipet
(Beral  pipet) to a length of 3 cm.

2. Wear eye protection. Protect hands with gloves or towel, or use scoop
with handle. Repeatedly squeeze the pipet bulb, place it into powdered
dry ice, release quickly to draw in powder, and tilt to trap powder until
about 1-2 cm3 of dry ice power are in bulb.

3. Wear eye protection. Use pliers to squeeze the pipet tip shut. Observe.

4. Once the solid melts, release the seal of the pliers on the bulb. Observe.

5. Wear eye protection. Use pliers to squeeze the pipet tip shut. Observe
until the pipet ruptures.

Remarks

Use only a polyethylene pipet. As the dry ice sublimes, it builds up pressure.
When the triple point pressure is reached inside the bulb, the solid melts to
form liquid carbon dioxide. Releasing the grip of the pliers drops the pressure
and cooling due to expansion of the gas is sufficient to refreeze much of the
remaining carbon dioxide. Holding the bulb sealed usually leads to an
increase of gas pressure that exceeds the strength of the pipet and causes it
to rupture. This is usually a gentle process as the polymer in the bulb
stretches and distorts rather than shatters. Note: If you find that the pipet
ruptures before the triple point is reached, try TygonTM tubing, clamping a
6-in. piece at both ends.



Condensed States (COND) 29

Concept/Skills Development

The observed changes can be interpreted in terms of a phase diagram for
carbon dioxide. When solid dry ice is exposed to the atmosphere, the solid
sublimes and the pressure never exceeds one atmosphere. When the bulb tip
is clamped, the pressure can rise. Adding heat to the clamped system causes
the temperature of the solid dry ice to rise. When the temperature reaches
about –56 °C, the pressure is just over 5 atmospheres and the triple point is
reached. Under these conditions, the liquid phase of carbon dioxide is stable.
Releasing the pressure permits cooling by expansion. The solid reforms, the
pressure goes to 1 atmosphere, and the temperature drops back to –78 °C.
Keeping the bulb sealed permits the pressure to rise until the bulb breaks.
Room temperature is around the critical temperature of carbon dioxide, 31 °C.
A tank of carbon dioxide at room temperature is filled with gas or a mixture
of gas and liquid.

Figure 16. Schematic phase diagram for CO2.

Reference
Adapted from Becker, R. (1991). Wet dry ice. Journal of Chemical Education,

68, 782-783.

Metaphors and Analogies
The three phases of matter can be likened to people attending a football or basketball
game. When the fans are all seated before the game or standing for the national
anthem, they are arranged like the particles in the solid phase of matter. At half-time
when the fans get up and mill around in “clumps” to go to the refreshment stand or
the bathrooms, they are behaving like liquid particles. When the game is completed,
the fans leave the sports arena, get in their cars, and head randomly in all directions.
They are scattered over a very large area compared to the area which they occupied
at the game. In this case, they are behaving like gas particles. Note: If you find that
the pipet ruptures before the triple point is reached, try TygonTM tubing, clamping
a 6-in. piece at both ends.
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Pictures in the Mind

1. Draw a picture of the solid and liquid particles in a container of a substance
at its melting point. [The important differences are in the rigidly arranged
structures of the crystalline solids and the more loosely arranged liquid
particles. At a given temperature, there is no difference in the average kinetic
energy of the solid or liquid phase. The major difference at the melting point
is that liquid particles possess mainly translational kinetic energy while a
major portion of the kinetic energy of the solid particles is vibrational in
nature.]

2. Draw pictures of solid particles, liquid particles, and gaseous particles for a
particular substance. [The student answers should show that they understand
the differences among the three phases of matter in bonding, order, and
amount of empty space.]

3. Draw a graph of temperature vs. heat input (a warming curve) for water
under normal atmospheric pressure. Take the water from solid ice at –20°C
to gaseous steam at 120 °C. [The student graphs should indicate they
understand that there are three “slanted” portions to the graph (kinetic energy
changes) and two “flat” portions to the graph (potential energy changes). If
they are more sophisticated in their understanding of this concept, they may
also indicate differences in heat capacities of ice, water, and water vapor by
controlling the slope of the “slanted” portions. The differing heats of fusion
and vaporization could be indicated by showing the “flat” portions of the curve
at the phase changes to be different lengths.]

Figure 17. Warming curve for water.
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Language of Chemistry
Glossary

Archimedes’ principle  weight of an object submerged (completely or partially)
in a fluid is lowered by the weight of the volume of fluid it displaces.

atmospheric pressure  pressure exerted by the atmosphere. Though a function
of weather conditions, standard pressure is defined as the pressure that will
sustain a 760-mm column of mercury metal in a barometer. The SI equivalent
of one atmosphere is 101.3 kilopascals.

attractive forces  pulls between objects causing them to resist separation from
one another; usually used when discussing chemical bonds and attractions
between atoms, ions, and/or molecules.

boiling  vigorous change from liquid to gaseous state characterized by formation
of bubbles of vapor beneath the surface of the liquid.

boiling point  temperature at which boiling occurs.

calorie  unit of energy. One calorie is 4.18400 joules; this is about the amount
of heat required to raise the temperature of 1 g of water at 15 °C by 1 °C.

capillary rise  rise of a column of fluid in a tube, usually a cylindrical tube of
small dimensions, due to the surface tension of the fluid.

closed system  system in which there is no flow of energy or matter into or out
from the systems, such as a covered, sealed, insulated Thermos  bottle.

condensation  process of going from gas state to a condensed state, usually the
liquid state.

contraction  shrinkage of the dimensions of a solid or liquid due to temperature
change, usually cooling.

cooling curve  curve plotting temperature as a function of either energy
removed or time.

critical temperature  temperature above which only the gaseous state of a
substance may exist regardless of the amount of pressure applied.

crystal lattice  imaginary three dimensional array of points used to describe the
positions of atoms in a crystal.

density  ratio of the mass of a system to its volume; an intensive property.

dynamic equilibrium  situation characterized by changes in particular particles
but with no net change in the total number of particles in a given state. Example
might be a bank in which the total number of 20 dollar bills remains the same
between open and close, and remains nearly constant throughout the banking
day, but has bills with different serial numbers at the end of the day as
compared with the beginning as the result of bank transactions.

expansion  increase of the dimensions of a solid or liquid due to temperature
change, usually by heating.

extensive properties  properties that depend upon the amount of material
measured, such as mass, volume, heat, area, and moles.

freezing  change from the liquid to the solid state.

heat capacity  the ability of a system to hold heat energy.

heat of fusion  the amount of energy required to bring about the melting of a
solid at its normal melting (freezing) temperature.

TIPS
FOR THE
TEACHER
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heat of vaporization  the amount of energy required to bring about the boiling
of a liquid at its normal boiling (condensation) temperature.

hydrogen bonding  attractive force resulting from a hydrogen atom bridging
between two small, electronegative atoms (such as F, O, or N atoms).

ice  solid water.

intensive property  a property that does not depend upon the amount of
sample present, such as density, concentration, pressure, or specific heat.

intermolecular forces  forces between molecules holding the molecules together in
an aggregate; responsible for formation of condensed states in molecular substances.

kilojoule  1000 joules; one joule is the kinetic energy of a 1 kilogram object
moving at a speed of 1 meter per second.

kinetic energy  energy of motion.

latent heat  heat of fusion or heat of vaporization; heat released (or taken in)
during a change of state.

LeChatelier’s principle  when a stress is placed upon a system at equilibrium,
the system shifts its equilibrium position so as to relieve the stress.

mass  a fundamental property of matter that makes it subject to gravitational force.
It is measured as a body’s tendency to resist changes in its state of motion.

melting  change from the solid to the liquid state.

melting point  temperature at which melting occurs.

non-Newtonian fluid  a fluid whose viscous behavior is not typical of common
liquids but whose viscosity increases with increase in rate of flow.

phase change  change from one phase to another. When applied to substances
not undergoing chemical changes, this refers to melting, freezing, boiling,
condensing, or subliming.

phase diagram  plot of pressure versus temperature for a substance indicating
the states of matter present at each point by labelling regions as solid, liquid,
or vapor. Several solids and sometimes more than one liquid are possible.

physical change  change that does not involve changing chemical bonds such
as change of state for a substance.

physical property  property relating to physical changes or state (such as
melting point or density).

potential energy  energy of position. Latent heats are examples of potential
energy, as are changes in energy due to changes in chemical bonding.

pure substance  one element or compound.

slope  the ratio of the increase in the y-increment for a given x-increment in a
straight line graph.

specific gravity  the ratio of the mass of a given volume of material to the mass
of the same volume of water.

specific heat  the amount of heat required to raise the temperature of one gram
of a material by one Celsius degree.

sublimation  change from the solid to the gaseous state.

surface tension  molecules on the surface of a liquid experience different forces
than those in the interior that are surrounded by other molecules. The
surface acts as if it experiences a tension or force as a result.
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temperature change  difference between final and initial temperature.

triple point  temperature and pressure at which solid, liquid, and gaseous
states of a substance coexist and remain at equilibrium with one another. A
unique point on a phase diagram.

vaporization  process of going from liquid (and sometimes solid) to gaseous state.

vapor pressure  pressure exerted by vapor molecules in equilibrium with
corresponding liquid or solid.

viscosity  resistance of a liquid to flow.

volatile liquid  liquid that readily evaporates. Indicates weak intermolecular forces.

volume  the amount of space occupied by a system. The amount of room it takes up.

warming curve  curve plotting temperature as a function of either energy
added or time.

Vapor Pressure

Lubricating greases have very low vapor pressures due mainly to the high molecular
masses of their molecules. Consider how long one would expect to wait to see a container
of lubricating grease completely “vaporize” while resting open in the family garage.

But in outer space, the atmospheric pressure is so low that the vapor pressure of normal
lubricating grease is higher than this low atmospheric pressure. Thus, normal lubricants
rapidly boil away and the ensuing friction causes machinery to fail. Needless to say,
special lubricants have been developed for use in our space program.

Clothing can be dried on the clothesline even in the winter when the ambient temp-
erature is below freezing because water has vapor pressure even when solid (4.6 mm Hg
at 0°C). At temperatures below freezing, the moisture in the clothing sublimes away.

The fact that water has substantial vapor pressure in the solid state explains why one
must wrap steaks in a “zip lock” bag or other tight wrap to preserve the water content.
Failure to protect the steak may lead to freezer burn or a dry “beef jerky” steak.

Under prevailing atmospheric pressure, dry ice (solid CO2) sublimes to the gaseous
state. The triple point pressure of carbon dioxide is above atmospheric pressure.
Under normal conditions, liquid carbon dioxide will never be seen.

Fruit juice concentrates which can be purchased frozen at grocery stores are
concentrated by boiling the major portion of the water out of the “fresh squeezed”
juice. If the boiling were done at normal atmospheric pressures, the high temperature
would destroy molecules which provide the fresh flavor. Vats of juice are placed
under a partial vacuum and boiling takes place at a lower temperature. The
molecules are not denatured but are preserved to provide taste at the breakfast table.

Everyone has heard of freeze dried coffee. Interestingly, this same technique can be
applied in taxidermy. The animal specimen to be preserved is first carefully frozen.
Then the specimen is placed in a vacuum chamber and the atmospheric pressure is
lowered until the ice in the tissue sublimes away. Shrinkage and distortion of the
specimen, which occur under normal drying techniques, are reduced to a minimum.

The white granulated sugar purchased at your local grocery store is produced by
heating sugar syrup solution under a vacuum until it becomes supersaturated and
deposits crystals around “seed” crystals. Heating under a vacuum reduces the
operating temperature and minimizes discoloration (caramelization) due to
decomposition of the sugary syrup.
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Boiling Point

Liquids will not boil until their vapor pressures have increased to the prevailing
atmospheric pressure. Pressure cookers take advantage of this fact. The closed pressure
cooker causes the pressure to increase substantially within the vessel. Vapor pressure is
directly related to the temperature of the liquid. This pressurized water in the pressure
cooker must be raised to a higher temperature before it begins to boil, hence the food is
being subjected to a higher temperature and will cook faster than in an open container.

Every camper who loves the mountains and prefers a “three minute” egg in the
morning has faced the problem of cooking under reduced atmospheric pressure.
Since the atmospheric pressure is lower at higher altitudes, water will boil under a
lower pressure at the mountainside campsite. An egg boiled for three minutes under
these conditions will be “runnier” than the camper is accustomed to at home.

Cake bakers in the mountains also realize that an extra quantity of water must be
placed in the cake mix to make proper batter. Since the water boils at a lower
temperature under these lower atmospheric pressure conditions, more water boils
away during the baking process. If the normal recipe is followed, the cake will not
have the desired moisture level.

Latent Heat

When one gram of water freezes, 334 joules of heat are released with no change in
temperature. This heat is not apparent because it is released with no temperature
change; it is called latent heat. Latent means hidden. Latent heat of fusion is actually
potential energy released as the liquid water molecules bond together to form solid ice.

Fruit and vegetable growers use this reservoir of latent heat to protect their crops
when freezing weather threatens. As water sprayed on the crops cools and freezes,
the latent heat released in the cooling and freezing process is released to the
atmosphere around the crops. This supply of heat keeps the ambient temperature
higher than it would have been if water were not sprayed on the crops.

For every gram of water which is evaporated from the surface of the earth by solar
heating and converted into water drops in a rain cloud, a minimum of nearly 2500
joules of kinetic and potential energy are released into the atmosphere. This
tremendous amount of energy produces such damaging phenomena as high winds,
lightning, hail, tornadoes, and hurricanes.

Heat Capacity

Water has an extremely high heat capacity (highest of any substance). Much energy
is required to speed up water molecules and in turn, these molecules release much
energy as they slow down and cool. This is why a hot water bottle is such a comfort
on a cold winter’s night.

Because of the high heat capacity of water (warms slowly—cools slowly) areas near
oceans or seas have moderate climates—no really hot summers or frigid winters. A case
in point is the southern coast of Ireland which is bathed by the Gulf Stream. This high
heat capacity water carries heat all the way from tropical areas to Ireland. Southern
Ireland, although it is at a latitude above that of the U.S/Canadian border, has year-
round temperatures high enough to support subtropical growth including palm trees.

The exaggerated temperatures experienced in desert areas of the earth are due in
great part to the lack of moisture (water) in the soil. With little water in the sand,
rather than being stored in the soil, heat from the sun radiates rapidly back into the
atmosphere to heat it. At nightfall, the soil has stored little heat to radiate to the
atmosphere to moderate nighttime temperatures.
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The heat capacity of aluminum is approximately 1/5 that of water (aluminum warms
faster and cools faster than water). Consider that although the aluminum pan
containing a TV dinner may be cool enough to the touch to be carried to your easy
chair, the first bite of the enclosed food items has a tendency to burn your tongue.
Blame it on the high water content. There is a lot of heat released as these hot water
molecules cool in your mouth.

Expansion/Contraction

In general, materials expand when heated because of the increased kinetic energy
of their particles at higher temperatures. Higher kinetic energy results in higher
velocities (Ek = 1/2mv2, where Ek = kinetic energy, m = mass and v = velocity). When
the particles strike one another at higher velocities they bounce further apart. This
fact accounts for the expansion exhibited by most materials when heated. Likewise,
the decrease in kinetic energy and correspondingly lower velocities account for the
contraction of most materials as they cool.

Temperature measuring devices (mercury, alcohol, gas, and bimetallic strip
thermometers) rely upon the regular expansion and contraction of materials during
heating and cooling.

Aircraft once were hot riveted because hot metal is more malleable. As hot rivets cool,
they contract and fit loosely in the holes in the metal frame. This fact was not a problem
until aircraft became supersonic. During the buffeting of passage through the sound
barrier, the loose fitting hot rivets led to vibrations and cracking of the airframe. Several
aircraft and pilots were lost as a result of this “slack” problem. Supersonic aircraft are
now assembled through a cold riveting process. As these cold rivets warm to normal
flight temperatures, they actually expand to fit tightly into the holes in the metal frame.

Liquids when heated expand at faster rates than do solids. If one fills an automobile
gasoline tank (solid) to the brim with gasoline (liquid) on a cool summer evening, and
doesn’t drive the auto until the hot part of the next day, gasoline will be flowing out
of the filler tube and onto the driveway. The liquid, gasoline, and the solid, gas tank,
have both expanded, but the liquid has expanded more. Thus an amount of liquid
flows out of the warmed tank.

The fact that materials (including glass) expand and contract due to temperature
changes is the reason that volumetric flasks are accurate only at one designated
temperature.

Pyrex glass can withstand rapid temperature changes better than normal (crown)
glass because it expands and contracts at about 1/3 the rate of normal glass. If one
pours cold liquid into a hot crown glass container, the inner surface cools and
contracts rapidly relative to the still hot outer surface. The stress is normally too
much for the forces within the glass to withstand, and it cracks. With Pyrex glass,
given the same temperature differential between the inner and outer surfaces, the
contraction rate is only 1/3 as great. This lower stress is within the limits which the
bonding structure can tolerate, and the Pyrex container resists this cold liquid shock.

Hydrogen Bonding in Water

The hydrogen bonding structure in water produces a very open hexagonal crystal
lattice which requires that water molecules move farther apart in order to solidify
into ice. Thus, water goes against the normal trend and expands as it freezes. As a
result of this unusual behavior, ice is less dense than water and floats on water. If
not for this uncommon property, ice would form on the bottom of lakes and oceans
in the higher latitudes of the earth. Freezing would occur from bottom to top and
aquatic life would find it impossible to survive.
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Another material which exhibits this unusual expansion when freezing is type
metal. If type metal contracted as it became solid, it would pull away from the type
mold, and “chunks” of the letters’ surfaces would be missing. The resulting print
would be fuzzy and difficult to read. Type metal expands upon freezing to fill every
nook and cranny in the type mold.

Normally, substances contract when they enter the solid state. Placing enough
pressure on such substances in the liquid state will cause them to become solid.
Water, which expands upon freezing, exhibits reverse characteristics. Solid water
(ice) when pressurized will return to the liquid state. This is why those icy footprints
appear on your sidewalks if pedestrians get to them on a winter morning before you
can scoop the snow. This phenomenon leads to the glacial “flow” that is characteristic
of large bodies of ice.

The open structure of the crystal lattice of ice is both a blessing and a curse. The
expansion of ice is an indispensable aid in the weathering process. Freezing water
expands in small fissures in rocky surfaces and these cracks grow larger. After a
fashion rocks are reduced to the soil necessary to sustain life. That’s small comfort
to the home owner who must pay several thousands of dollars to replace sidewalks
and driveways which have been converted to rubble by this same weathering process.

Pattern Recognition
1. All “slanted” lines on warming or cooling curves indicate changes in kinetic

energy (changes in average velocity of the particles). The slopes of these lines
indicate the magnitude of the specific heat (the greater the slope, the lower
the specific heat).

2. All horizontal lines on warming or cooling curves indicate changes in
potential energy (significant changes in attractive forces). The length of
these lines reflects the strength of the attractive forces; long horizontal
portions suggest strong attractive forces.

3. All portions of a warming curve indicate an increase in energy for the
substance being heated. As time goes on during the warming process, energy
is being stored in the substance.

4. All portions of a cooling curve indicate a decrease in energy for the substance
being cooled; energy is released by the substance as it cools.

5. Substances with low vapor pressures have strong attractive forces in the
liquid phase. These substances will have high boiling points and will also
evaporate slowly.

6. Substances with high vapor pressures have weak attractive forces in the liquid
phase. These substances will have low boiling points and will evaporate rapidly.

Common Student Misconceptions
1. “At the melting point of a crystalline substance, the particles that

have turned liquid are moving faster than the particles that are still
in the solid phase.”

In fact, the difference between the solid and liquid particles at the melting
point is a difference in the forms of kinetic energy (translation, rotation,
vibration). The liquid particles also have added potential energy due to the
fact that they have been moved a distance apart.
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2. “The phase in which substances exist at normal temperatures is the
phase in which they always exist.”

For example, students find it difficult to picture iron in the gaseous state or
mercury in the solid state. They usually think of water only as a liquid, and
need to be jogged to think of ice or water vapor. At liquid nitrogen temperatures,
it is possible to drive a rubber nail into a wooden board with a mercury hammer.

3. “Materials which are more viscous are necessarily more dense.”

For example, ask students which is more dense, milk or cream. They will
frequently conclude that cream is more dense because it is “thicker.” Yet,
cream floats on milk and thus is less dense. They may also draw the same
faulty conclusion when comparing oil and water or vinegar and oil. We can
think of viscosity as a rate process where increasing energy (temperature)
allows molecules to move past their neighbors more rapidly. Viscosity is
partially determined by intermolecular forces of attraction, and thus parallels
energies of vaporization.

4. “The freezing point and boiling point of substances are fixed points
and never vary. (Water always boils at 100 °C.)”

The freezing and boiling points are dependent upon many things, especially
the prevailing pressure and the purity of the substance.

5. “Substances are always cold when they ‘freeze.’”

Students never seem to think of iron “freezing” at a very high temperature,
but that is exactly what any material does as it passes from the liquid to solid
phase, no matter what the temperature is when this process takes place.

6. “Ice never gets colder than 0 °C.”

This is a very common idea held by students. To deal with this misconception,
place water in a test-tube. Place a thermometer in the water. Place the whole
system in a beaker with an ice/salt/water mixture. Have the students watch
the temperature. This would also work nicely as a computer/temperature
probe demonstration

Decision Making
Place one or two ice cubes in a beaker of water. Carefully pour water into the beaker
until the water is “heaped up” due to the surface tension of the water. Ask the
students whether or not the water will overflow and run onto the table top when the
ice cubes melt. As the ice cubes melt, lead a discussion of “What?” the students think
will happen and “Why?” The answer will become self-evident as the cubes melt.

Assessment
1. List the two condensed states of matter and describe each state.

The two condensed states of matter are the solid state and the liquid state. Solids
and liquids, unlike gases, are not compressible since the particles in solids and
liquids are drawn closely together by quite strong, short range attractive forces.

The solid state is that phase of matter with the lowest total energy. Solid
particles are arranged in a regular pattern called a crystal lattice, which
allows the precise prediction of the position of nearly all other particles in the
solid by knowing the positions of only a few particles. Because of the strong
attractive forces in solids, solids have both definite shapes and definite volumes.
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When enough energy is added to the solid state, the very strong attractive forces
are overcome and the crystal lattice is disrupted, causing the material to melt. The
liquid state is the result of this process. In the liquid state, the particles possess
more potential energy and more rotational and translational kinetic energy. The
particles in a liquid are thought to be in close contact with one another, with
nearest neighbors arranged around one another in fairly regular ways. The
particles can be envisioned as moving around in “clumps.” The arrangement is
certainly not as regular as in a solid and the attractive forces in a liquid are not
as strong. This accounts for the fact that liquids do not have a definite shape.

2. Four samples of the same material were measured. Use the following
data (Figure 18) to determine the density of a material.

Figure 18. Sample data for density determination.

According to Archimedes’ principle, a body immersed in a fluid loses an amount
of weight equal to the weight of the fluid displaced. Water has a density of
1.00 g/cm3. Thus, every gram of reduction in the weight due to this Archimedes’
buoyancy effect represents a volume of 1.00cm3 for the immersed object. Below
is an extended data chart revealing the densities of the four test objects.

Figure 19. Density of objects.

NOTE: The density of the samples was calculated by dividing the mass
of the object in air by the volume of the sample as determined by water
displacement. For example, since D = m/V, the density of the first sample
would be D = 17.78 g/ 6.47 cm3 or 2.75 g/cm3. The average density of these four
test samples is 2.70 g/cm3. These data represent trials conducted on aluminum
metal. A valuable addition to this test question would be to ask the students to
determine the average density, and to predict what the unknown metal is by
using a table of densities from a textbook or suitable handbook.

Sample No. 1 2 3 4

Mass of object
(in air) (g)

17.78 4.08 27.07 5.40

Mass of object
(in water) (g)

11.31 2.56 17.04 3.38

Sample No. 1 2 3 4

Mass of object
(in air) (g)

17.78 4.08 27.07 5.40

Mass of object
(in water) (g)

11.31 2.56 17.04 3.38

Difference in
mass (g)

6.47 1.52 10.03 2.02

Volume of  
sample (cm3)

6.47 1.52 10.03 2.02

Density of

sample (g/cm3)

2.75 2.68 2.70 2.67
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3. Describe the physical and energy changes that take place as water
vapor condenses and then freezes.

The particles in water vapor (the gaseous state) are in random motion. As heat
energy is removed from the water vapor molecules, their velocities decrease and
they collide less violently. At a certain point, the energies in the collisions are
reduced enough that the attractive forces exerted on one another by the vapor
molecules cause those molecules begin to “clump” together. This is the condensation
point. During the condensation process, the vapor molecules move closer together
and a great deal of potential energy is released. This potential energy is known
a latent heat of vaporization. During the condensation process, the kinetic energy
of the system is not reduced, thus the temperature remains constant. The flat
portion of the characteristic cooling curve for water is formed during this process.

Once all of the water vapor has condensed into liquid water, the molecules
continue to lose heat energy as the clumps of molecules slow down, thus
decreasing the amount of translational and rotational kinetic energy. Since
the average kinetic energy is decreased during this process, the temperature
will fall. The “slanted” portion of the characteristic cooling curve for water is
formed during this process.

When the “clumps” of water molecules slow sufficiently, the attractive forces
cause the water molecules to be arranged in a regular crystalline lattice. The
average kinetic energy will not decrease. The latent heat of fusion released at
this point comes from a decrease in potential energy representing the change
of the water molecules from the liquid state to the regular arrangement in the
ice crystal lattice. The second flat portion of the characteristic cooling curve
for water is formed during this energy release.

Once the water is a solid, it has very little potential energy remaining. It is in
a very regular crystal structure. The major portion of its remaining energy is
in the form of kinetic energy which the water would lose as it is cooled toward
absolute zero. The final slanted portion of the characteristic cooling curve for
water would be formed during this energy release.

4. 5-mL water at 25 °C are injected into an evacuated, sealed, insulated
1-L container. Describe the changes that are expected. Provide
suitable explanations for these changes.

A portion of the water evaporates until the pressure of water vapor inside the
container reaches the equilibrium vapor pressure. Once this pressure is
reached, a dynamic equilibrium is maintained. Some water molecules
evaporate while others condense; the total amount in the vapor state remains
constant, and the total amount in the liquid state remains constant.

5. Provide a semiquantitative prediction of the boiling temperature of
water at a pressure of 1.05 atmospheres. Explain your prediction.

At 1.05 atmospheres, the boiling temperature of water will be higher than
100 °C. As the external pressure is increased, the temperature at which boiling
takes place (vigorous evaporation throughout the body of the liquid) is increased.

6. Predict whether water or methanol has a higher vapor pressure at
25 °C. Provide an explanation for your prediction. Check your
prediction using a handbook. If your prediction was incorrect, try
to see if you can provide an alternative explanation for the effect.
Explain what might have been incorrect with your first explanation.
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Methanol has a lower normal boiling point than water and is expected to have
a higher vapor pressure at room temperature. From a phenomenological
perspective, methanol is closer to boiling at room temperature than is water, so
its vapor pressure is higher. The underlying explanation is usually given in
terms of the more extensive hydrogen bonding available to water as compared
to methanol, thus making evaporation (overcoming attractive forces) from
methanol an inherently easier process than evaporation from water.

1. Lavoisier and the Ice Calorimeter. Antoine Lavoisier and French
mathematician LaPlace designed an apparatus called an ice calorimeter to
measure heat released in various combustion reactions including animal
respiration processes. Animals were placed in the calorimeter and the
amount of ice melted was compared to the amount melted as charcoal was
burned in a similar calorimeter. Oxygen intake and carbon dioxide (fixed air)
production were also recorded and compared to the ratios of these two gases
involved when the charcoal burned. Lavoisier and LaPlace concluded that
the combustion of food in the animal’s body supplied the heat to maintain its
body temperature much as burning charcoal released heat through its
oxidation.

2. Joseph Black and Latent Heat. In the 18th century it was commonly
believed that when ice or snow reached its melting point, only a small
addition of heat was necessary to convert the solid into liquid water. Joseph
Black, a Scottish chemist, conducted a series of experiments which indicated
that once ice began to melt, the temperature of the ice/water mixture
remained constant so long as any ice remained. He calculated that the
amount of heat necessary to melt ice was about 80% of the heat necessary to
raise that same water from the freezing point to the boiling point—by all
measures not a small amount of heat. Black coined the term “latent heat”
(hidden heat) to refer to this heat which entered the ice/water mixture
without raising the temperature.

Black went on to show that absorption of a substantially larger amount of
heat occurred in a similar fashion as water was converted to water vapor.
These findings were subsequently applied by fellow countryman James
Watt as he improved Thomas Newcomen’s steam engine by designing a
separate chamber in which to condense the waste steam from the steam
engine.

1. Rhode Island is a condensed state!

2. What is H2O4? [What is H2O for?]

[Answer: What ever grabs you. For bathing...for watering plants...for fish to
live in...etc.]

3. What is the solid state?

[New Hampshire, the Granite State!]

4. A thought: Does SnO = H2O(s)?

CHEM 13 NEWS, December 1984, p. 824

HISTORY: ON
THE HUMAN

SIDE

HUMOR: ON
THE FUN SIDE
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5. Word Search (see Appendix for master copy)

L A T E N T H E A T B Z W Z W N B
W N N U R Z Y P X E O M T E S M H
I E I H Y U R F I G I K T L X E W
A G O N S F S O U E L P R I A Q D
E O P V K G T S U G I C J T A D E
M R G I C Q E Y E N N F C A M Y T
F D N V L N X C N R G A J L O C F
I Y I T N O I S N A P X E O E B L
F H T S O Y O L X A O R S V Q S S
F T L B R O S Q C G I N O C I U N
B T E D K J H I T T N Y P P D J O
E W M N O I T C A R T N O C A U W
S O N M P Y S B R E E V D A A V P

Words about the concepts in this module can be obtained from the clues
given. Find these words in the block of letters:
1. This quantity is exerted by a gas that is in equilibrium with its liquid

state at a given temperature (2 words).
2. Temperature at which a liquid’s vapor pressure equals the atmospheric

pressure (2 words).
3. Energy that is released but not apparent since it goes toward changing

phase (2 words).
4. The quantity of energy that a given object can absorb per degree Celsius

change in temperature (2 words).
5. What generally occurs when solid materials are heated due to increased

kinetic energy of the particles.
6. Volume change that normally takes place when materials are cooled due

to lower kinetic energies of the particles.
7. Type of bond that gives water its unusually high boiling point.
8. Adjective describing liquid that has a high vapor pressure and readily

evaporates at room temperature.
9. The temperature at which a solid changes to its liquid form (2 words).

10. Common name for CO2(s) (2 words).

Answers: 1. VAPOR PRESSURE 2. BOILING POINT 3. LATENT HEAT
4. HEAT CAPACITY 5. EXPANSION 6. CONTRACTION 7. HYDROGEN
8. VOLATILE 9. MELTING POINT 10. DRY ICE

6. See cartoons at end of module.

1. Crystals and Their Structures, CHEM Study film/video available from Ward’s
Natural Science Establishment, Inc., 5100 West Henrietta Road, P.O. Box
92912, Rochester, NY 14692-9012; (800) 2660.

2. TheWorld of Chemistry videotapes secondary school version is available
from WINGS for Learning/SUNBURST, 101 Castleton Street, Pleasantville,
NY 10570; (914) 747-3310; (800) 321-7511; (914) 747-4109 (FAX). “Module 3:
States of Matter” and Module 1: Water” are appropriate for this module.

MEDIA
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3. Software published by JCE: Software, a publication of the Journal of Chemical
Education, Department of Chemistry, University of Wisconsin-Madison,
1101 University Avenue. Madison, Wl 53706-1396: (608) 262-5153 (voice) or
(608) 262-0381 (FAX).

a. Bravais, by Philip Pavlik. Vol. III B, No. 1, for IBM PS/2 PC-compatible
computers.

b. Animated Demonstrations, by Philip Pavlik. Vol. V B, No. 2, for Windows/
IBM PC.

c. Crystal Lattice, by David Trapp. Vol. IV A, No. 1, for the Apple IIGS
computer.

4. Software published by Project SERAPHIM, Department of Chemistry,
University of Wisconsin-Madison, 1101 University Avenue. Madison, Wl
53706-1396: (608) 263-2837 (voice) or (608) 262-0381 (FAX).

For the IBM PS/2 PC-compatible  computer: PC 2803

5. Videodisc published by JCE: Software, a publication of the Journal of Chemical
Education, Department of Chemistry, University of Wisconsin-Madison,
1101 University Avenue. Madison, Wl 53706-1396: (608) 262-5153 (voice) or
(608) 262-0381 (FAX).

“Liquid Nitrogen and Racquet Balls,” “Changes of State in Bromine,” and
“Water and Ice,” three chapters on The World of Chemistry: Selected
Demonstrations and Animations: Disc I (double sided, 60 min.). Special Issue
3.

6. Written materials and devices distributed by ICE–Institute for Chemical
Education, Department of Chemistry, University of Wisconsin-Madison,
1101 University Avenue. Madison, Wl 53706-1396: (608) 262-3033 (voice) or
(608) 262-0381 (FAX).

a. The Solid State Model Kit

b. The Optical Transform Kit
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This particular module would fit well with units concerning gas laws, crystal
structures, and thermochemistry. The concept of density often is included within
introductory units. The laboratory work lends itself to data collecting and interpreting
with a computer.

Physicists are very interested in latent heat of fusion, specific heat, density, and
Archimedes’ principle. Technology has a vested interest in the solid state and as such
represents a specialized field of study to physicists. Water is a topic in itself that is
of special interest to biologists.

New and improved building materials may lead to future industrial changes. Better
understanding of condensed states has provided liquid crystals and may be the key
to improvements on superconductivity.

(See Language of Chemistry for additional examples of applications in the
contemporary world.)

Community Resources

1. Field trips. Local Weather Service, water treatment plant, steel mill or
foundry, food processing plant (note Societal Issue #1), museums (gem and
mineral collections).

2. Knowledgeable Individuals. Meteorologists, metallurgists, mineralogists,
materials engineers, hydrologists, jewelers and gem hobbyists, X-ray
crystallographers, civil engineers, mechanical engineers.

Societal (STS Issues)

1. According to University of California Cooperative Extension Service statistics, it
takes 4533 gallons of water to produce the food a typical American eats in a day.
The water use total includes all water necessary from growth of the food product
to processing to cooking and placing the finished product on your dinner plate.

Listed are a selection of food products indicating the number of gallons of
water needed to produce one pound of each item for the table.

Food Gallons of H20 Food Gallons of H20

Apples 49 Grapes 70
Almonds 188 Onions 16
Beef 5214 Oranges 65
Cantaloupe 51 Pork 630
Celery 22 Potatoes 24
Chicken 815 Rice 203
Corn 122 White Bread 122
Dry Beans 326

WITHIN
CHEMISTRY

BETWEEN
CHEMISTRY
AND OTHER
DISCIPLINES

TO THE
CONTEMPORARY
WORLD

Links/Connections
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According to the Examiner article, “The consumer could cut the water use
considerably if he got rid of the beef, about four bites of which use enough
water to fill the average hot tub, and substituted, say a soy burger.”

Discuss with your class the Examiner’s statement in light of the increasing
pressures upon water resources in this country.

Reference: San Francisco Examiner. (1990, June 24). p. B-1.

2. Polystyrene plastic in the form of Styrofoam cups and containers, is less
than 1% of the solid waste stream in the United States. In many locations in
the country, there is a rush to replace Styrofoam packaging with paper
because of the concern that plastics aren’t biodegradable.

Most landfill garbage, including paper, undergoes little biodegradation. A
landfill which is environmentally sound does not allow the air and light
necessary for biodegradation. The only paper which properly biodegrades is
that “littered” along roadsides where air and sunlight are abundantly
available. Since neither the paper nor plastic degrade in a typical landfill,
and since paper is 40 times more abundant in landfills, maybe Styrofoam

plastic is not as big a culprit as most people believe. A better solution to the
waste problem (paper or plastic) may be recycling. Discuss the pros and cons
of this statement with your chemistry students.

This might be a good place to do some extra library research before coming
to a decision about this problem. Divide the class up into pro/con Styrofoam

groups, study it at the library, and have a lively class discussion.
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Extensions

An excellent Piagetian laboratory exercise, Some Like It Hot!, is provided as an
extension to the heat of fusion laboratory. It is highly recommended as a way to
broaden students’ concepts of heat and heat flow.

In addition, you may wish to have interested students look into the ten topics listed
below for a broader perspective on the condensed states of matter.

1. Anhydrous substances

2. Desiccants

3. Hygroscopic, deliquescent, and efflorescent substances

4. Diamond and graphite structures (allotropes)

5. Liquid crystals

6. Semiconductors

7. Hydrogen bonding in water and related properties of water

8. Surface tension and capillarity

9. Phase diagrams

10. Liquefaction of gases
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Extension Activity: Some Like It Hot!

Introduction
When samples of water at different temperatures are mixed, the final temperature
of the mixture will have a value that lies between that of the hotter sample and the
colder sample. According to the laws of thermodynamics, heat flows from warmer
into cooler bodies. The warm water cools down and the cool water warms up. The
process continues until a uniform temperature is reached at which time the
temperature change ceases.

Purpose
Your task is to find the quantitative relationship that relates the final temperature
of the mixture to the initial temperatures of the cold and hot samples, respectively.

Safety
1. Wear protective goggles and apron throughout this laboratory activity.

2. As always when working with hot water, be careful not to come in contact
with the hot water or the hot containers in which it is held. Move all hot
objects with beaker tongs or a hot pad.

Procedure
1. Use the following procedure to mix measured volumes of hot and cold water.

As a guide, be sure that the final volume of the mixture is between 100 mL
and 150 mL.

2. Place a measured volume of cold water, as determined by using a graduated
cylinder, into one Styrofoam cup.

3. Place a measured volume of hot water into the other Styrofoam cup.

4. Measure the temperatures of the cold water, and the hot water, to the
nearest 0.2 °C.

5. Pour the contents of one cup into the other cup, and measure the temperature
of the mixture.

6. Record the data into a table similar to the one below.

7. Repeat the experiment two more times using different volumes of hot and
cold water.

8. Use the data to help you formulate a rule that will allow you to predict the
temperature of the final mixture. If you have a rule, share this with your
instructor, who will ask you to predict the temperature of a mixture you have
not investigated.

LABORATORY
ACTIVITY:
STUDENT
VERSION

Trial Volume Temp Volume Temp Volume Temp
(Cold) (Cold) (Hot) (Hot) (Mix) (Mix)

1

2

3
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9. Whether or not you have established a valid rule, the second task of this
experiment is to use the data from one of your three trials to construct
graphs. From the selected trial, make three graphs using the temperature
of the sample versus the volume of the sample for the cold, hot, and hot and
cold mixture, respectively. To make the graphs, plot a single point (e.g., Volume
Cold, Temperature Cold) on the graph paper. Construct a rectangular area
by drawing the respective lines going to the x and y axis. Be sure to use the
same increments on the axis scale for each graph.

Figure 20. Sample for 20 mL of 40 °C water mixed with 40 mL of 10 °C water.

10. Using the axis readings determine the area of each rectangle. Find a
relationship between the sum of the area associated with the hot and cold
water and the area associated with the mixture.

11. Answer Questions 1 to 3 from the Data Analysis and Concept Development
section based upon your data and observations so far.

12. The third task is to put your rule to a laboratory test. First prepare a
thermometer by partially covering it with black paint or paper or opaque rubber
tubing. Carefully slide the tubing over the top portion of the thermometer,
leaving the lower portion of the thermometer exposed up to the 40 °C range.
(This will prevent the student from measuring directly the temperature of the
water in the coffee urn.) There will be a source of hot water in the laboratory in
a coffee urn or insulated cooler. You are to determine the temperature of this
hot water in the container by indirect means. Take some time to plan the
procedure of this aspect of the experiment. Plan to do at least three trials.

13. Finally, check with your instructor and compare the actual temperature with
your prediction. Discuss how the experimental design could be improved to
increase accuracy. You may test your new design by repeating the experiment.

14. Answer Questions 4 to 7 in the Data Analysis and Concept Development section.

15. Thoroughly wash your hands before leaving the laboratory.

Data Analysis and Concept Development
1. State the relationship for the three graphs.

2. Write the relationship as an algebraic formula.

3. Suppose you were given 205 mL of 30.0°C water that is mixed with 101 mL
of 75.0 °C water, what is the final temperature of the mixture?

Volume

Te
m

pe
ra

tu
re

Volume
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4. Assuming that the temperature of water in the coffee urn or insulated cooler
didn’t change, find the per cent error.

5. How good was your precision and accuracy in your originally designed
experiment?

6. How could or did you design the procedure to improve accuracy?

7. Suppose you mixed 105 mL of 15.0 °C water with 70.0 mL of unknown
temperature, and the final temperature of the mixture reached 43.0 °C.
What was the initial temperature of the hotter water?

Reference
This activity was originally developed at SUNY Cortland; this version was
enhanced by John Ricketts of DePauw University.

Implications and Applications
Mixing liquids of different temperature and predicting the final temperature is an
everyday phenomenon. We do it when we add milk to our coffee. Whenever there is
a power plant and also in many factories, waste heat is removed through cooling
water that is dumped into the environment, often into a passing stream or river. This
leads to a temperature increase, often one leading to serious ecological consequences.

Heat is exchanged between two large bodies of different temperature that are
brought into contact. In countries where malnutrition abounds, breast milk is often
the only source of energy for a baby. However, the mother also provides heat while
nursing (and at other times) that reduces the baby’s total energy needs.
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Extension Activity: Some Like It Hot!

Major Chemical Concept
When samples of water at different temperatures are mixed, the final temperature
of the mixture will have a value that lies between that of the hotter sample and the
colder sample. According to the laws of thermodynamics, heat flows from warmer
into cooler bodies. The warm water cools down and the cool water warms up. The
process continues until a uniform temperature is reached at which time the
temperature change ceases. It is quite a simple task using algebra and graphical
analysis to find the quantitative relationship that relates the final temperature of
the mixture to the initial temperatures of the cold and hot samples, respectively.

Level
Mainstream, first-year high school chemistry. Introductory level for all students.

Expected Student Background
See Related Concepts and Related Skills. Graphing skills and ability to transfer
graphical information into an appropriate algebra expression are essential.

Time
Teacher preparation: 15 min
Student laboratory time: Approximately 50 min

Safety
Read the Safety Considerations in the Student Version. Normal safety precautions
when using hot water should be observed. There are no chemical hazards.

Materials (For 24 students working in pairs)

24 Styrofoam cups
24 Graduated cylinders, 100-mL
12 Thermometers calibrated in °C
12 Sections of rubber tubing to use with thermometer
24-36 Sheets of graph paper
12 Pencils
12 Rulers
Insulated coolers or coffee urn (2 or 3 for the class)

Advanced Preparation
Decide upon the type of hot water containers to be used and secure them before the
laboratory time. Also, the teacher should remind the students to bring a calculator
to the laboratory session.

Pre-Laboratory Discussion
By the nature of the exercise which uses Piagetian strategies, very little advanced
discussion should be necessary. Just encourage the students to get to work on the
activity and discover the existing relationships between the hot and cold water.

Teacher-Student Interaction
The teacher should circulate throughout the laboratory and assist the students in
drawing and interpreting the graph of the hot, cold and mixture of water.

LABORATORY
ACTIVITY:
TEACHER
NOTES
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Anticipated Student Results
Some students will be unable to derive a relationship to find the final temperature
of a mixture of hot and cold water from the data alone. In such instances, have these
students make the graphs and find the areas before deriving a relationship or an
algebraic formula. Some students may be able to derive a relationship from the data.
In such cases have them make the graphs to confirm the formulas before you give
them a set of data to check their algebraic formula.

Below is a sample of a set of data to check the algebraic formula.

Actual temperatures of water kept in the insulated cooler or coffee urn can be quite
different from student predictions based upon their laboratory experiment. This
discrepancy is due to experimental design problems. Students often measure the hot
water into a graduated cylinder directly and then pour it into the cup of cold water
prior to taking the temperature. Consequently there may be considerable heat loss
depending on delay of student work. This presents the instructor with an opportunity
to discuss design of experiments. Several options are available depending on the
instructor’s inclination. One viable option is to have students brainstorm a new
experimental procedure and repeat the laboratory on a subsequent day.

One procedure to produce better accuracy is to measure the volume of cold water with
a graduated cylinder and add it to a Styrofoam cup. Determine the temperature of the
cold water and record it. Add hot water directly to the Styrofoam cup and measure the
temperature of the mixture after brief mixing. Be sure not to add too much hot water
because the thermometer is covered beyond the 40 °C mark. Next, determine the final
volume of the mixture using a graduated cylinder. Subtract the colder water volume
from the mixture to find the hot water volume. Now substitute the variables into the
algebraic equation and solve for temperature of the hotter water.

Answers to Data Analysis and Concept Development
1. The sum of the rectangular areas of the hotter and colder samples equals

(approximately) the rectangular area of the hot and cold mixture.

2. (Vc  x  Tc)  +  (Vh  x  Th)  =  (Vc  +  Vh)  x  Tf

3. (205 mL)(30.0 °C )  +  (105 mL)(75.0 °C )  =  (310 mL)(X)     X  =  45.2 °C

4.

5. Precision is usually good. The accuracy varies upon experimental design.

6. Answers will vary.

7. (105 mL)(15.0 °C ) + (70.0 mL)(X) = (175 mL)(43.0 °C )X  = 85.0 °C

% error  =   
|predicted temp - actual temp|

actual temp    x  100%

sample data: % error   =   
|68.0 °C - 80.0 °C|

 80.0 °C    x  100%  =  15 %

Trial  Volume Temp Volume Temp Volume Temp
(Cold) (Cold) (Hot) (Hot) (Mix) (Mix)

1 30.0 mL 10.5 °C   49.0 mL   45.5 °C 79.0 mL 32.5 °C

2 40.0 mL 11.3 °C 40.0 mL 52.4 °C 80.0 mL 31.2 °C

3 50.0 mL 9.6 °C 50.0 mL 70.0 ° C 100.0 mL 39.6 °C
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Post-Laboratory Activities
Compare student answers. Have the students brainstorm within their groups to determine
how they can come closer to the temperature of the hot water that was determined by direct
measurement. Have a contest to see which group can modify their experimental procedures
to come the closest to the temperature in the coffee urn as taken by direct measurement.

Assessing Laboratory Learning
1. Challenge students to design an experiment to determine the temperature

of the hot water by melting a known quantity of ice. Encourage them to do
it as a home project and share their plan with their parents/guardians.

2. Assume an industry dumps hot (120 °F) water into a river. Your are part of
a team to assess the impact on thermal pollution. Identify some of the
parameters you are interested in measuring for the study?

3. Ducks are able to keep warm blood flowing from their feet back to their
bodies. Vessels that carry blood from the body lie next to vessels that carry
blood from the internal organs. Explain how this arrangement warms the
blood to the body in the duck.

History Extension Supporting “Some Like It Hot”

Rumford and the Theory of Heat

Our knowledge of how solids and liquids behave is closely tied to our understanding
of the kinetic theory of matter. Kinetic theory concepts depend heavily upon the
nature of heat and heat flow. Until the early to middle nineteenth century, heat was
believed to be an invisible fluid known as caloric. Caloric was thought to be squeezed
out of little pockets in matter by the pressure of machines doing work on the surface
of the matter. The influence of the caloric theory of heat can be seen yet today as heat
is still said to “flow,” and until very recently the accepted unit of heat was the calorie.

Much of the experimental evidence which led the the overthrow of the caloric theory
was collected by Count Rumford. Count Rumford, an American expatriate, was in
charge of boring cannons for the Bavarian army. Rumford found that so much heat
was released during the boring of cannons that a constant flow of water over the
barrel of the cannon was necessary to keep the cannon from becoming too hot and
warping as the boring drill was doing its job.

To Rumford’s surprise the cannon barrels heated up more when the drills were dull
and very little actual material was being removed by the boring process. He
determined this by measuring the amount of water necessary to keep the cannon
cooled when boring with dull versus recently sharpened drills.

In an ingenious leap of reasoning, Rumford concluded that heat could not possibly be a
fluid trapped in pockets in the cannon barrel. He reasoned that if caloric were a fluid
trapped in the material, more of this invisible fluid would be released during rapid
drilling. The sharpened drill would be swiftly cutting into new “pockets,” freeing the caloric.

The fact that a dull drill produced more heat was inconsistent with the caloric theory.
Rumford concluded that the dull drill could not be cutting into enough pockets of caloric
to release the tremendous amounts of heat measured.  He correctly reasoned that heat
was a form of energy released by the friction as the surfaces were rubbed together. His
theory was not fully accepted until James Prescott Joule measured the mechanical
equivalent of heat in a series of experiments conducted nearly 50 years later.
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• Transparencies
1. Warming Curve

2. Typical Phase diagram

3. Word Search

• Humor
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Warming Curve
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Word Search

L A T E N T H E A T B Z W Z W N B
W N N U R Z Y P X E O M T E S M H
I E I H Y U R F I G I K T L X E W
A G O N S F S O U E L P R I A Q D
E O P V K G T S U G I C J T A D E
M R G I C Q E Y E N N F C A M Y T
F D N V L N X C N R G A J L O C F
I Y I T N O I S N A P X E O E B L
F H T S O Y O L X A O R S V Q S S
F T L B R O S Q C G I N O C I U N
B T E D K J H I T T N Y P P D J O
E W M N O I T C A R T N O C A U W
S O N M P Y S B R E E V D A A V P

Words about the concepts in this module can be obtained from the clues given.
Find these words in the block of letters:

1. This quantity is exerted by a gas that is in equilibrium with its liquid state
at a given temperature. (2 words)

2. Temperature at which a liquid’s vapor pressure equals the atmospheric
pressure. (2 words)

3. Energy that is released but not apparent since it goes toward changing
phase. (2 words)

4. The quantity of energy that a given object can absorb per degree Celsius
change in temperature. (2 words)

5. What generally occurs when solid materials are heated due to increased
kinetic energy of the particles.

6. Volume change that normally takes place when materials are cooled due to
lower kinetic energies of the particles.

7. Type of bond that gives water its unusually high boiling point.

8. Adjective describing liquid that has a high vapor pressure and readily
evaporates at room temperature.

9. The temperature at which a solid changes to its liquid form. (2 words)

10. Common name for CO2(s). (2 words)
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CHEM 13 NEWS, May 1980, p. 1


