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ABSTRACT

This is the first in a series of articles pre-
senting an introductory outline of chemical
thermodynamics and chemical kinetics, with
emphasis on those aspects of particular rele-
vance to pyrotechnics. A brief comment on the
molecular theory of matter is followed by a dis-
cussion of basic mechanics to introduce the con-
cepts of work and energy. The non-conservation
of mechanical energy leads to the idea of heat
as a form of energy, and to the Law of Conser-
vation of Energy. The concepts of temperature
and thermal equilibrium are then introduced.
An introduction to thermodynamic systems,
thermodynamic states and state functions is
presented. The first Law of Thermodynamics is
introduced as a statement of the Law of Con-
servation of Energy in terms of changes in in-
ternal energy, heat and work. The enthalpy is
shown to be a useful thermodynamic state func-
tion, the enthalpy change in a process corre-
sponds to the heat transferred between a system
and its surroundings at constant pressure. Cal-
culations of the heat transferred in chemical
reactions are demonstrated. A Table of stan-
dard enthalpies of formation of a range of pyro-
technically interesting materials is included for
use in such calculations.

Keywords: thermodynamics, thermochemistry,
energy, heat, flash powder

Introduction

Pyrotechnic devices use the energy released
by chemical reactions to produce a variety of
effects including heat, light, sound and motion.
The relationship between chemical change and
energy is of central importance to a scientific
approach to pyrotechnics. The branch of science
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that deals with this relationship is chemical
thermodynamics. Thermodynamics can predict
whether or not a chemical reaction is possible,
and how much energy would be released or ab-
sorbed by that reaction. It cannot, however,
predict how fast a reaction will be. That is the
concern of chemical kinetics. The energy in-
volved in chemical reactions and the speed of
those reactions are both of obvious interest to
the pyrotechnist. This series of articles will give
an introduction to chemical thermodynamics
and chemical kinetics, with an emphasis on
those aspects of relevance to pyrotechnics.

The following sections will often contain
mathematics. To a newcomer to science, it can
be rather intimidating to see lines of mathe-
matical symbols appearing in the middle of a
discussion about some aspect of the physical
world. It is by no means obvious how these
symbols can have anything to do with what
happens in the world outside. Some writers add
to the confusion by claiming that the behavior
of the real world is in some mysterious way
“governed” by mathematics. What really hap-
pens is this: Scientists take some aspect of the
real world and treat it as if it were one of the
abstract objects dealt with by mathematics. You
do this, perhaps without realizing it, all the time.
Suppose you were packing eggs, and you
packed twelve eggs to a box, and twelve boxes
per crate, and someone asked you how many
eggs you had packed. You would count the
crates and multiply 12 to get the number of
boxes and multiply that number by 12 to get the
number of eggs. You would treat the eggs, boxes
and crates as if they were numbers, obeying the
rules of arithmetic. This is a very simple exam-
ple of a mathematical model, whereby a real
situation is converted to a problem in mathe-
matics. The reason for making mathematical
models is that mathematics provides a very
powerful set of procedures for reasoning in a
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completely logical and consistent way. If the
model is well chosen, the mathematical argu-
ment can reveal all sorts of relationships be-
tween aspects of the real world. If the results of
the mathematical reasoning are consistent with
what is observed, it is evidence that the mathe-
matical model was indeed well chosen. Instead
of saying that the behavior of the physical
world is “governed” by mathematics, we should
say that aspects of it are described or modeled
by mathematics.

The mathematics in this article is set out in
more detail than is usual, in an effort to avoid
the frustration that arises when a reader cannot
follow a step that might be obvious to the
mathematically-minded.

Chemical Thermodynamics

Chemical thermodynamics can provide an
understanding of what drives chemical change.
It provides ways to calculate whether a particular
reaction is possible and what energy changes
would be associated with that reaction. Calcula-
tions, using tables of thermodynamic data, can
reveal the maximum possible amount of energy
that could be provided by a particular reaction,
such as that between potassium nitrate, charcoal
and sulfur in Black Powder. A calculated value
for the energy released in a pyrotechnic reaction
can then be used to estimate the maximum pos-
sible temperature that could be reached. Such
information can be useful when designing com-
positions for producing colored flames, for ex-
ample. Thermodynamic calculations can pro-
vide useful information about the composition
of chemical systems at equilibrium that would
be difficult, or impossible, to obtain by experi-
mental measurement. Such information is use-
ful in calculations for the design of efficient
rocket motors.

Thermodynamics originated from efforts to
understand the limitations of steam engines. Its
application to chemistry happened at about the
same time that the molecular theory of matter
was being developed. Thermodynamics makes
no assumptions whatsoever about the structure
of matter. It is much easier, however, to under-
stand the application of thermodynamics to
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chemistry if the behavior of molecules is brought
into the picture.

A Preamble about Matter

Since chemical thermodynamics is concerned
with matter and energy, it is appropriate first to
review some relevant ideas about matter. The
most obvious characteristic of matter is its
complexity. Stars, planets, plants, rocks, people,
cities — all are aggregates of matter in varying
degrees of complexity. The task of understanding
such complexity might seem impossible. Chem-
istry approaches the understanding of matter by
focusing attention on the forms with the least
complexity. Over the past few centuries, chem-
ists have subjected matter to various processes
of chemical analysis, reducing structures and
objects to materials, and then attempting to re-
duce each material to its simplest constituents.
This led to the recognition of a relatively small
number of chemical elements, materials that
could not be decomposed into simpler sub-
stances by chemical analysis. The next level of
complexity is the chemical compound. Chemi-
cal compounds are substances made up of
chemical elements, in constant proportions by
mass. Elements and compounds, because they
are of constant chemical composition, are called
pure substances. Compounds are formed from
their elements (either directly or indirectly by
way of intermediate compounds) by chemical
reactions. During some chemical reactions, en-
ergy is released. In others, it is absorbed from
the surroundings by the reacting materials.

The Molecular Structure of Matter

Probably the most important idea in physical
science is the notion that matter is made up of
very small particles, called molecules. Each
pure substance consists of molecules of the
same kind. Molecules can be broken down into
smaller particles, called atoms. The molecules
of each of the chemical elements are made up
of atoms having the same, unique set of chemi-
cal properties. They may vary in mass (atoms of
the same chemical type but having different
masses are called isotopes) but their chemical
properties are essentially identical. The mole-
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cules of elements may consist of single atoms
(helium, neon, argon and gaseous mercury are
examples), or of two or more atoms bound to-
gether. Examples include oxygen (O,, a pair of
oxygen atoms), white phosphorus (P4, a tetra-
hedron of phosphorus atoms) and sulfur (Sg, a
ring of eight sulfur atoms). The word “atom”
means “indivisible”, and at one time it was
thought that the atom represented the limit to
the breaking down of matter. These days, it is
known that atoms consist of an extremely small,
but massive, central nucleus surrounded by a
rather complex outer structure of electrons.
Chemical reactions occur when the outer elec-
trons of atoms rearrange themselves. These re-
arrangements can result in atoms of various
sorts becoming linked together by new elec-
tronic structures, forming molecules. Only the
outermost electrons are involved the rearrange-
ments that take place in chemical reactions. An
arrangement of electrons that links two atoms
together is referred to as a chemical bond.

The simplest type of electronic rearrange-
ment to imagine is the loss of a single electron
from an atom. The electron-deficient atom left
after this process is called a positive ion. Met-
als, such as sodium, iron and gold, are made up
of positive ions, stacked in regular patterns,
surrounded by a “sea” of loose electrons that
can move around freely, provided they do not
move too far from the ions. These mobile elec-
trons are responsible for the high electrical con-
ductivity of metals and for their characteristic
metallic luster. Other atoms, such as those of
non-metallic elements like oxygen and chlorine,
can gain electrons and form negative ions.
Compounds such as magnesium oxide (MgO)
and sodium chloride (NaCl) consist of positive
metal ions and negative non-metal ions stacked
in regular patterns. These compounds are ex-
amples of ionic compounds. In substances such
as elemental sulfur (Sg) and oxygen (O,), and
compounds such as water (H,O) and alcohol
(C,Hs0OH) and also in ions such as the ammo-
nium ion (NH4") and the nitrate ion (NO; ), the
atoms are linked by pairs of electrons shared
between the atoms. These shared pairs of elec-
trons are called covalent bonds.

Journal of Pyrotechnics, Issue 9, Summer 1999

Molecular Structure of the
States of Matter

Most pure substances can occur in three
physical states: solid, liquid and gas. The three
physical states differ in the way in which the
molecules are arranged in space. Molecules in
every state of matter are in constant motion. In
a solid, molecules are close together and move
mainly by vibrating about their rest positions.
In a gas, molecules are relatively far apart and
move at random through the entire volume
available to be occupied by the gas. In a liquid
the molecules can move freely, but tend to re-
main close to each other.

A Digression into Mechanics

Already in this discussion several mechani-
cal concepts have been mentioned without defi-
nition or explanation. These concepts included
motion, mass and energy. While these ideas
might already be quite familiar, it is useful to
review them. This requires a brief look at the
classical Laws of Motion. It will be assumed
that the ideas of space, distance and time can be
taken for granted. The aim is to review the rules
that describe how objects move; that is, how
their position in space changes with time.

Displacement, Speed and Velocity

If you see an object at one place, and some
time later see it somewhere else, the object has
undergone a displacement. Displacement is
measured in units of length or distance, and in
scientific work the unit of length is the meter
(m). By timing the object as it moves from one
place to another, you can work out how far it
travels in a unit of time, such as one second.
That gives its average speed in meters per
second (ms™). If the speed is the same from
one instant to the next, and if the object is mov-
ing in a straight line, the object is travelling at
constant velocity. Velocity has the same units as
speed (meters per second), but speed is only
one aspect of velocity. The other aspect is di-
rection. Left to its self, an object will maintain
its velocity. It will keep moving with the same
speed, in the same direction, forever. This might
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seem an absurd statement, because everyday
observation shows that moving objects usually
stop moving unless something is done to keep
them in motion. The point is that the objects in
everyday life are not left to themselves, but are
always interacting with something else. Another
way of looking at it is that a change in the ve-
locity of an object requires an explanation, but
a constant velocity does not.

Acceleration, Force,
Newton’s First Law

If the velocity of an object changes, either in
speed or direction, the object has undergone
acceleration. The units of acceleration are me-
ters per second per second (ms?). In ordinary
conversation, the term “acceleration” means an
increase in speed. In physics, acceleration
means any change in velocity. This can be an
increase or decrease in the speed of an object,
or a change in its direction of motion. Accelera-
tion, being a change in velocity, requires an
explanation. By definition, acceleration is the
result of a force. In everyday language the word
“force” is associated with pushing, shoving,
compelling, making something happen. In
physics, force is that which causes acceleration.
All the discussion of motion so far can be
summarized in a simple statement: “An object
will remain at rest, or in uniform motion in a
straight line, unless acted on by a force”. This is
Galileo’s Law of Inertia, or Newton’s First
Law of Motion.

Mass,
Newton’s Second Law of Motion

It is obvious from everyday experience that a
push or shove that produces a certain change in
the motion of one object will not necessarily
have the same effect on a different object. By
definition, the ratio of the force on an object to
the resulting acceleration is the mass of the ob-
ject.

force + acceleration = mass or
force = mass x acceleration.

This relationship is Newton’s Second Law of
Motion.
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It is known from experiment that in the ab-
sence of air, objects near the surface of the
earth fall towards the ground at the same speed.
That means that they all experience the same
acceleration, known as the gravitational accel-
eration, g meters per second per second. The
force that acts on bodies near the earth’s surface
is therefore m x g, where m is the mass (units
not yet defined). The mass of an object can
most easily be described by comparing the
gravitational force acting on it to that acting on
some reference object. The comparison is readily
carried out using a balance.

For historical reasons, the reference object
for mass is a piece of platinum-iridium alloy
called the standard kilogram.

In scientific work, mass is measured in kilo-
grams (kg). Force is measured in terms of the
acceleration that it produces in an object of unit
mass. A force that produces an acceleration of
one meter per second per second when acting on
an object having a mass of 1 kilogram is called
a newton (N).

Mass and Weight

It is worth recalling that mass is a funda-
mental property of an object and does not vary
from place to place. In contrast, the weight of
an object is the force exerted by the gravita-
tional interaction between the object and the
earth (or the moon, if the object happens to be
on the moon). Because the gravitational accel-
eration near the earth’s surface is constant, it is
convenient to describe weight in units of mass,
when really we should use units of force. If the
day ever comes when people regularly travel
between the earth and the moon, the distinction
between mass and weight will be common
knowledge. Spring balances and electronic bal-
ances would need to be re-calibrated for use on
the moon. A beam balance, of course, would be
accurate in either location.
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Pressure

Having introduced the concept of force, it is
appropriate to mention pressure, which is sim-
ply the force applied per unit area of a surface.
Pressure is extremely important in discussing
the behavior of gases. It is measured in pascals
(Pa). A pressure of one pascal corresponds to a
force of one newton per square meter. Living as
we do at the bottom of a vast ocean of air, we
are subjected to a relatively constant pressure of
around 100 kilopascals. A pressure of 101.33
kilopascals is defined as one atmosphere, and
is often used as a unit of pressure in thermody-
namics. To avoid confusion, however, the pas-
cal will be used as the unit of pressure in this
discussion. It should be mentioned, too, that
pressure gauges, even though they might be
calibrated in pascals, often take their zero point
as 1 atmosphere. Such gauges actually read the
difference between the measured pressure and
one atmosphere, the so-called gauge pressure.
In thermodynamic calculations, pressure must
be measured from a true zero point of zero new-
tons per square meter.

Newton’s Third Law of Motion

Much of the discussion so far has really been
giving definitions. Now it is time to introduce
some results of experiments and observations.
One important result is that acceleration always
involves the interaction of at least two objects.
There is a general rule that summarizes the re-
sults of many experiments and observations. “If
two isolated objects interact in a manner that
results in their acceleration, the accelerations of
the two objects will be in opposite directions”.
The objects are described as “isolated” to indi-
cate that the only force acting on them is the
one involved in the interaction. If the two inter-
acting objects are identical, the accelerations
will not only be in opposite directions but of the
same magnitude. If the two interacting objects
are different, their accelerations will be in-
versely proportional to their masses. In other
words, when two objects interact, the force act-
ing on one object will be of the same magni-
tude, but in the opposite direction, as the force
acting on the other. This is Newton’s Third
Law of Motion. The traditional statement of
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that Law is “For every action, there is an equal
but opposite reaction”.

Work

When a force acts on an object and acceler-
ates it, the force is said to have done work. The
amount of work is obtained by multiplying the
force by the distance over which it acts. The
units of work are newton meters (Nm). A good
example of work is the lifting of a weight. To
raise a weight of mass m kilograms, you must
apply a force of (m x g) newtons to overcome
the gravitational force of mg newtons acting on
the object. If you lift the object 4 meters, you
will have exerted a force of mg newtons over a
distance of # meters. You will have done mgh
newton meters of work.

When you lift a weight,
work done
= force x distance

= mass x acceleration x distance

= m kilograms x g meters per second
per second x /& meters

= mgh newton meters.

Energy

Energy is one of the most important con-
cepts in physical science. Perhaps because of its
central role in scientific explanation, it is also
one of the most difficult concepts to define.
Fortunately, the ultimate nature of energy is
irrelevant for the purposes of this discussion. In
mechanics, energy can be defined as the capacity
to do work, and it is expressed in the same units
as work; the amount of energy required to do
one newton meter of work is the joule (J).
Conversely, the joule can be used as a unit of
work, exactly equivalent to the newton meter.

This definition of energy as the capacity to
do work is not entirely satisfactory, because in
thermodynamics situations arise where energy
is not available to do work. It could be argued
that to speak of a “capacity to do work™ that is
not available to do work is not particularly
meaningful. As will be seen, however, this idea
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of “unavailable energy” is of fundamental im-
portance in thermodynamics and is easy to un-
derstand from the molecular perspective.

For the moment, it is necessary only to re-
view energy in simple mechanical systems.

Potential Energy

Imagine a small heavy object, of mass m;
kilograms, at rest on the floor, attached to a
string threaded through a pulley fixed to the
ceiling. You will also need to imagine that the
pulley is absolutely perfect, offering no resis-
tance whatsoever to the motion of the string. If
you pull downwards on the other end of the
string, the string will eventually become tight
and will exert a force on the object. If you in-
crease the force until it exceeds the weight of
the object (m;g newtons, where g is the gravita-
tional acceleration), the object will be acceler-
ated and will rise toward the ceiling. If you
keep pulling the string until the object is a dis-
tance of 4 meters above the ground, you will
have exerted a force of m;g newtons over a dis-
tance of & meters and you will have done m;gh
newton meters (i.e., joules) of work in lifting
the object.

Suppose now that you tie your end of the
string to another object, and release it. The
string will exert an upward force on the second
object equal to the weight m;g newtons of the
first object. The earth’s gravity will exert a
downward force m,g newtons on the second
object. If m, is less than m,, then the second
object will be subjected to a net upward force of
(m;g — myg) newtons. It will accelerate up-
wards. Meanwhile, the first object, experiencing
a net downward force of (m;g — m,g) newtons,
will accelerate towards the floor. It will fall a
distance of 4 meters before it crashes into the
floor. The second object, having been acceler-
ated to a certain upward velocity, will now ex-
perience only the downward force of gravity
myg. If it has reached a sufficiently high upward
velocity, it may hit the ceiling or reach the end
of the string, but ultimately it will come to rest
hanging 4 meters above the floor. The overall
effect has been to lift a weight of mass m;, kilo-
grams to a distance /4 meters above the floor.
The net work that has been done is m,gh new-
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ton meters (joules). Notice that the work done
in lifting the second object (m;gh newton me-
ters) is less than the work done in raising the
first object (m;gh newton meters) because m;
was less than m;.

Suppose now that the mass m, of the second
object is only a few milligrams less than that of
the first object. The second object will experi-
ence a very small upward force, and it will ac-
celerate upwards very slowly. At the same time
the first object will accelerate downwards very
slowly until it lands gently on the floor. The
second object, having reached only a very small
velocity, will very quickly come to rest at a
height # meters above the floor. The net work
that has been done is again m;gh newton me-
ters. Notice that the work done in lifting the
second object (m,gh newton meters) is again
less than the work done in raising the first ob-
ject (m;gh newton meters) because m, was less
than m;.

Carrying this line of argument to its limit, as
the mass of the second object approaches that
of the first, the net force acting on each object
will approach zero. When the second object is
only a tiny amount less massive than the first,
the second object will take an extremely long
time to rise to its ultimate height of h meters
above the floor and will overshoot its rest posi-
tion by only a minute distance. The work done
will be m,gh newton meters, which in this case
is very close to the work m;gh newton meters
that was done when the first object was lifted £
meters above the ground.

Ultimately, a weight of mass m kilograms
hanging 4 meters above the floor has the capac-
ity to do mgh newton meters of work in falling
to the floor. It therefore possesses a potential
energy of mgh joules. In this example, the ob-
ject possesses potential energy because of its
position in the gravitational field of the earth.
Potential energy is also possessed by objects
such as compressed springs, to which a force
has been applied over a distance to distort the
shape of the object.
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Equilibrium

When the masses of two objects hanging
from a string on either side of a pulley are ex-
actly equal, the upward and downward forces
acting on each object are exactly balanced. The
forces are said to be in equilibrium. Once a
system is in equilibrium, there are no net forces
available to do work. A system in equilibrium
can do no work. The available energy is zero.

When the masses of the two objects are un-
equal, the system will come to rest with one
weight on the floor and the other hanging in the
air. Again, the forces acting on each weight are
exactly balanced, the available energy is zero,
and the system can do no work. The system has
come to equilibrium, but the equilibrium is
clearly very different from that achieved when
the two weights were equal. In that case, a tiny
change in the mass of either weight would upset
the equilibrium. This leads to the idea of a re-
versible process. A process is reversible if its
direction can be reversed by an infinitesimally
small change.

Equilibrium and Reversibility

The thought experiment with the hanging
weights provides a useful mechanical example
of a reversible process.

Imagine that the two weights are of exactly
equal mass, and that they are hanging at equi-
librium on either side of a perfect pulley that
offers absolutely no resistance to motion. Now,
imagine that the mass of one object be in-
creased by a very small amount. Perhaps a very
tiny speck of dust falls on it. The forces on the
two weights are no longer equal. The heavier
weight will start to accelerate downward, with
an extremely small acceleration. Now suppose
that the speck of dust is blown off the weight
with a gentle puff of air that imparts no vertical
acceleration to either weight. The net forces
acting on each object will again be zero, and
acceleration will cease. According to Newton’s
First Law, each body will keep moving upward
or downward at the very tiny velocity that it
had acquired after its very small acceleration.
After an extremely long time, the system will
come to equilibrium with one object on the
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floor and the other object # meters above the
ground. At any instant, the addition of a tiny
mass to the rising object would cause it to ex-
perience a net downward force so the direction
of motion would reverse. Such a process, that
can be set into reverse by an infinitesimally
small change, is an example of a reversible
process.

Notice that when this reversible process even-
tually comes to equilibrium, the system will have
done the maximum possible amount of work.

In thermodynamics, a process carried out
reversibly will always perform the maximum
possible amount of work, but will take an infi-
nitely long time to do so. All natural processes
take place in a finite amount of time, and are
thus irreversible. None the less, the concept of a
reversible process is important in thermody-
namics because of the link between reversibility
and maximum work. This will be discussed fur-
ther in the section dealing with the Second Law
of Thermodynamics.

Kinetic Energy

Kinetic energy is the energy possessed by a
body because of its state of motion.

A thought experiment can show how a mov-
ing body can do work in being brought to rest.
Imagine a body of mass m; kilograms moving
with a uniform velocity of v meters per second
over the surface of an ideal, friction-free table.
At the edge of the table is a perfect pulley, over
which passes a string attached to a small object
of mass m; kilograms sitting on the floor. The
moving object is travelling away from the pul-
ley. At a certain point the string is suddenly
attached to the moving object. It pulls tight, and
lifts the second object off the ground. The string
exerts a force on the moving object, causing it
to accelerate in the opposite direction to its di-
rection of motion. Eventually the moving object
comes momentarily to a stop after having
moved through a distance of % meters. The
small object has been raised a height of /# me-
ters above the ground, so the moving object has
done m,gh newton meters of work.

In bringing the moving object to a halt, the
force m,g newtons has been applied over a dis-
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tance of & meters. This force was applied to an
object of mass m; kilograms and accelerated it
from an initial velocity of v meters per second
to a final velocity of 0 meters per second.

The distance % over which the force acted is
given by the average velocity v,, multiplied by
the time ¢

h=v,t

The average velocity v,, is half the sum of
the initial velocity (v) and the final velocity
(0 meters per second), so

h =% (+0)
=Yy vt

The final velocity (0 meters per second) is
given by the initial velocity (v) plus the accel-
eration —a multiplied by the time 7. Notice that
the acceleration is given a negative sign, be-
cause it is acting in the opposite direction to the
initial velocity v.

O=v-at,

SO ft=v—+a

and A='2vt
=hviv+a)
=%V +a
But

force = mass x acceleration
=ma
and work = force x distance
=mah
=ma (2V' + a)
1 2
= Y5 m;v" newton meters

The work done by a body of mass m; kg be-
ing to rest from an initial velocity of v meters
per second is % m v newton meters. A body of
mass m kg moving with a velocity v meters per
second has a kinetic energy of % mv’ joules.

Conservation of Energy

In the thought experiment just described, the
moving body on the table top was brought mo-
mentarily to rest, while the small body sus-
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pended from the pulley was raised a distance £
meters above the floor. The potential energy of
the suspended body became m,gh joules, while
the kinetic energy of the body on the table be-
came 0 joules. Obviously this situation can only
last for an instant. The stationary body, under
the influence of the force myg in the string, will
begin to accelerate in the opposite direction as
the suspended object falls towards the floor.
The falling object will end up on the floor, hav-
ing fallen through a distance /4 meters, and its
potential energy will again be zero. By revers-
ing the arguments in the previous section, it is
easy to show that the object on the table will
end up with a velocity of v meters per second,
in the opposite direction to that of its initial ve-
locity. Its kinetic energy is again % m” joules.
Energy has been converted from kinetic energy
to potential energy and back again.

In some mechanical devices, conversion
from potential to kinetic energy and back again
can (at least in theory) proceed indefinitely. An
example is the pendulum. At the top of its
swing, the pendulum is momentarily at rest, so
its kinetic energy is zero and its potential en-
ergy is at a maximum. At the bottom of its
swing, the pendulum is moving at its maximum
velocity, its kinetic energy is at a maximum and
its potential energy is at a minimum. As the
pendulum swings to the top at the other side,
the kinetic energy decreases to zero and the po-
tential energy rises back to the maximum value.
In principle, if there were no losses of energy,
this process could repeat indefinitely. Such a
system is called a conservative system, be-
cause the total mechanical energy is conserved.
A real pendulum does not keep swinging in-
definitely but eventually comes to a halt. This
indicates that the transformation of potential
energy to kinetic energy and back again is not
100% efficient. What happens to the lost en-
ergy? Part of it goes to stir up the air through
which the pendulum moves, and some is used
in moving the parts of the suspension device
past each other (fibers in a string, for example,
move against each other as the pendulum
swings). Ultimately, this energy is converted to
heat. The air and the rope are a little bit warmer
at the end of the process than they were at the
beginning.
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In the last century the British scientist James
P. Joule carried out careful experiments that
showed that mechanical work could be con-
verted entirely into heat. Before then, heat and
work were measured in different units. Now, (at
least in scientific work), the same units are used
for both.

The conversion of mechanical work into heat
is important in pyrotechnics. Devices such as
the friction match, the party popper, the pull-
wire igniter and the percussion cap all rely on
the conversion of mechanical work into heat
that subsequently ignites a pyrotechnic compo-
sition. Unintended initiation of pyrotechnic
mixtures during manufacturing and processing
can result from the mechanical work associated
with friction, shock or impact being transformed
into heat. The heat produced in such processes
is highly localized and can be very effective in
initiating certain sensitive mixtures.

Itis a fundamental postulate of thermodynam-
ics that when heat is taken into account, the to-
tal amount of energy in the universe is constant.
This is the Law of Conservation of Energy.

Heat as a Form of Energy

As outlined in the preceding sections, en-
ergy is transferred between mechanical systems
as work. The Law of Conservation of Energy is
based on the recognition that energy can also be
transferred as heat. There are several other
processes that can transfer energy. Electric cur-
rents and various types of radiation are two ex-
amples. In this discussion of chemical thermo-
dynamics, however, it will be sufficient to con-
sider only heat and work.

Classical chemical thermodynamics made no
reference to the molecular structure of matter. It
is, however, very useful to interpret thermody-
namic properties by relating them to the behav-
ior of molecules. Heat can be thought of as the
energy associated with the random motion of
molecules. This makes the connection between
mechanical work and heat much easier to un-
derstand. In Joule’s experiments, water stirred
by mechanically driven paddles became hotter.
From a molecular perspective one can imagine
the uniform motion of the molecules in the
paddles moving nearby water molecules, ini-
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tially in a rather uniform way. The motion of
the water molecules would quickly become
randomized as one molecule collided with an-
other, so ultimately the effect of the stirring
paddles would be to increase the random mo-
tion of the molecules—in other words, to heat
the water. Each molecule has a certain mass m,
and at any instant of time has a certain velocity
v. At that instant the molecule has a kinetic en-
ergy % mv’. The average kinetic energy of the
molecules is directly related to the temperature
of the material.

As well as energy being transferred between
molecules by direct mechanical impact, it can
also be transferred by electromagnetic radia-
tion. A proper discussion of this would take up
considerable space. It is sufficient to note that
this radiation is familiar to us as light and radi-
ant heat (or infra-red radiation), the only fun-
damental difference between these being the
energy with which the radiation is associated.
The energy of electromagnetic radiation can be
thought of as being packaged into little particles
called photons. The energy of a photon is re-
lated to the wave properties of the radiation
through Planck’s relationship:

E=hv=hc+A,

where v is the frequency in cycles per second
(units: inverse seconds, s, often called Hertz,
Hz), ¢ the velocity of light (2.9979 x 10* meter
per second in vacuum) and A the wavelength in
meters. The constant of proportionality h is
Planck’s Constant (6.6262 x 10°* joule sec-
onds). Radiation emitted by a molecule travels
through space and can be absorbed by another,
resulting in a transfer of energy from one mole-
cule to another without any direct contact be-
tween them.
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Temperature

The idea of temperature is familiar from
everyday life, as an indicator of ‘hotness’ or
‘coldness’. Historically, people have chosen
some property of matter that varies with ‘hot-
ness’ or ‘coldness’ and used it as the basis of a
system for measuring temperature. Such a prop-
erty is the volume of a fixed mass of gas or lig-
uid. A fixed mass of gas or liquid, arranged in
such a way that changes in volume can be read-
ily measured, can be used as a temperature
measuring instrument or thermometer. The
thermometer is calibrated by placing it in envi-
ronments where the temperature is reproduci-
ble. One such environment is a mixture of pure
water and ice. The temperature of this mixture
has been assigned the value of 0 degrees Cel-
sius (°C). The temperature of pure water boiling
at atmospheric pressure has been assigned the
value of 100 degrees Celsius. The liquid or gas
in the thermometer has a certain volume in the
melting ice, and another, larger volume in the
boiling water. This range of volumes is divided
into 100 equal parts, and a change of one of
these units of volume is defined to correspond
to a change in temperature of 1 degree Celsius.
It is found experimentally for gases that
one degree Celsius corresponds to a change of
1/273 of the volume at 0 degrees Celsius. This
suggests that if the temperature were reduced to
—273 degrees Celsius, the volume of the gas
would shrink to zero. While this is only a
“thought experiment”, because all real gases
turn into liquids before the temperature reaches
—273 degrees Celsius, it suggests the very im-
portant idea of an absolute zero of temperature
at —273 degrees Celsius. More accurate esti-
mates give the value as —273.15 degrees Cel-
sius. The temperature scale used in scientific
work, the kelvin (or absolute) scale, uses the
same degrees as the Celsius scale but starts at
absolute zero. The kelvin temperature is ob-
tained by adding 273.15 to the Celsius tempera-
ture. The unit of temperature on the absolute
scale is the kelvin (K).
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The Zeroth Law of Thermodynamics

Temperature could be defined as the prop-
erty that is measured by thermometers. This is
expressed in a formal way as follows:

Two bodies that are in thermal equilibrium
with a third body are in thermal equilibrium
with each other. They share a common property
called “temperature”.

This statement is the Zeroth Law of Thermo-
dynamics.

The ‘third body’ referred to in the Zeroth
Law is the thermometer. Being in thermal equi-
librium means that the transfer of heat from the
body to the thermometer is exactly balanced by
the transfer of heat from the thermometer to the
body. This situation is easily recognized, be-
cause the reading of the thermometer is then
constant.

Molecular Interpretation of
Temperature

As will be shown later, temperature is a
measure of the average Kinetic energy associ-
ated with random motion of the molecules.

Heat Capacity

It is found experimentally that different
amounts of energy are required to change the
temperature of the same mass of different sub-
stances by the same amount. The heat capacity
of a substance is the quantity of energy required
to raise the temperature of a specified amount
of the substance by 1 kelvin. In thermodynam-
ics, particularly when dealing with gases, it is
necessary to distinguish between C, the heat
capacity at constant volume, and C,, the heat
capacity at constant pressure.

Amount of a Substance

In chemical thermodynamics the amount of
a substance is specified in moles (mol). One
mole of any substance is the molecular weight
of that substance expressed in grams. The mo-
lecular weight is simply the sum of the atomic

Journal of Pyrotechnics, Issue 9, Summer 1999



weights of all the atoms in one molecule of the
substance. The atomic weight is the ratio of the
mass of that atom to the mass of an atom of the
most common type of carbon atom, which has
been assigned a mass of exactly 12 atomic
mass units or daltons. One mole of a substance
contains 6.022 x 10 molecules. This enormous
number
602,200,000,000,000,000,000,000

molecules per mole is called Avogadro’s Num-
ber.

Thermodynamic Systems

Like all sciences, thermodynamics attempts
to gain some understanding of the incredibly
complex world by focusing attention on small,
simple aspects of it. In any thermodynamics
experiment, whether done in the laboratory or
in the imagination, the objects that are being
studied are very carefully defined and are called
the system. Everything else in the world is
called the surroundings. The system may in-
teract with the surroundings, or it may be kept
separate from the surroundings so that there is
no interchange of matter or energy between it
and the surroundings. The system is then said to
be isolated. A system that cannot exchange
matter with its surroundings, but may exchange
energy, is called a closed system. A system that
can exchange both matter and energy with its
surroundings is called an open system. The
combination of system and surroundings is
called the universe.

Thermodynamic States and
State Functions

Having decided what the system of interest
is, the next step is to describe it as completely,
yet as concisely, as possible. The aim is that
anyone given the description should be able to
reproduce the system in all its relevant aspects.
Thermodynamics does not concern itself with
the molecular structure of matter, so the posi-
tion and energy of all the individual molecules
in the system is not relevant. That is just as
well. On the molecular level, the world is in a
state of constant change. If the position and en-
ergy of all the molecules in the system (the mi-
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croscopic state of the system) could ever be
described, the description would be correct only
for an instant. It could be reproduced only by
pure chance, and then only for an instant.

Thermodynamics deals only with those as-
pects of a system that can be measured by large-
scale devices such as thermometers, measuring
rods and pressure gauges. Such properties are
called macroscopic properties, and it is those
properties that are used to describe thermody-
namic systems. A complete description of the
macroscopic properties of a system is called the
thermodynamic state of the system. The ther-
modynamic state can be described by a rela-
tively small number of properties, called state
functions. State functions are chosen so that
their values depend only on the thermodynamic
state of the system, and not on the path that was
taken to reach that state. There are two sorts of
state functions: intensive functions, such as
temperature and pressure, do not depend on the
amount of matter in the system. Extensive
functions, such as mass and volume, depend on
the amount of matter (number of moles) pre-
sent. It is obvious that mass must be an exten-
sive function. One can, however, imagine a sys-
tem of fixed volume, into which any quantity of
gas might be compressed. In such a system vol-
ume would not be an extensive function, but a
constant. For volume to be an extensive func-
tion, the volume of the system must be variable.
Such systems are often modeled as a cylinder
closed with a perfectly sealed, massless piston
that offers no resistance to motion.

State functions are always indicated by capi-
tal letters, but not all quantities indicated by
capital letters are state functions. A quantity
indicated by a lower-case letter will not be a
state function, and its value may depend on the
path that was taken by the system to arrive at its
present state.

The algebraic relationship between the state
functions is called the equation of state of the
system. An example is the equation of state for a
perfect (or ideal) gas. A perfect gas is simply
one in which the physical volume of the mole-
cules is negligible in comparison to the volume
of the gas, and in which forces between the
molecules are negligible. The system to which
the equation of state for a perfect gas applies is
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a fixed amount of perfect gas in a container of
variable volume, such as a cylinder sealed with
a perfect, frictionless, massless piston. The con-
tainer is equipped with a thermometer and a
pressure gauge. The volume can be calculated
from the position of the piston. The equation of
state is

PV=nRT

P is the pressure in pascals, V' is the volume in
cubic meters, n 1s the number of moles of the
gas, R is the universal gas constant (8.3143
joules per mole per kelvin) and 7T is the tem-
perature in kelvins.

Each side of this equation can be expressed
in units of energy:

The left-hand side is the energy associated
with the mechanical properties of the system:

PV =newtons per meter” x meter®
= newton meters = joules

The right hand side is the energy associated
with the thermal properties:

nRT = number of moles x joules per mole
per kelvin x kelvins
= joules

The equation of state is simply the Law of
Conservation of Energy applied to a perfect gas.

The equation indicates that for a fixed
amount (n moles) of gas, there are only two
properties that need to be specified. For exam-
ple, if the pressure and the temperature are
specified, the volume of the gas is fixed. This is
a consequence of the Law of Conservation of
Energy, as expressed in the equation of state.

The equation of state can be re-arranged to
indicate how the volume varies with the other
parameters.

V' =nRT + P indicates that the volume (V) of
a fixed amount (n moles) of gas at a constant
temperature 7 is inversely proportional to the
pressure P. This relationship was established
experimentally in the 17" century and is known
as Boyle’s Law. V' = nRT + P also shows that
the volume of a fixed amount (n moles) of gas
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at a fixed pressure P is proportional to the abso-
lute temperature 7. This relationship, also first
established experimentally, is known as
Charles’ Law. Finally, /= nRT + P shows that
a fixed volume of any perfect gas under the
same conditions of temperature and pressure
contains the same number of moles, and hence
the same number of molecules. This was first
proposed by Avogadro, and is called
Avogadro’s hypothesis.

A great deal of information about the behav-
ior of gases is thus summarized in the simple
equation PV =nRT.

Changes in State Functions

If a system undergoes a change from one
thermodynamic state to another, the new state
will, by definition, be described by a new set of
values of the state functions. The values of the
state function after the change will depend only
on the properties of the new state. They will not
be influenced in any way by any properties that
the system might have had while it was in the
process of undergoing the change. Many ther-
modynamic calculations deal with changes in
state functions. Such changes are always calcu-
lated by subtracting the value of the initial state
function from that of the final one. For exam-
ple, for a temperature change from a starting
temperature 77 to a final temperature 7, the
change of temperature AT is given by

AT:Tz—Tl.

The symbol A that indicates “change of” is
the capital form of the Greek letter delta. The
symbol “AT” is read “delta tee”.

State Functions and Equilibrium

A system is in equilibrium when the values
of the state functions are constant in all parts of
the system. In other words, for a system at equi-
librium

AX=0

where X is any state function. This is one defi-
nition of thermodynamic equilibrium.
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Internal Energy and the
First Law of Thermodynamics

So far, three state functions have been intro-
duced. These are the temperature, 7, the volume,
V, and the pressure, P. All of these can be
measured easily. There are other state functions
that are not measured directly. Such a state
function is the internal emergy of a system,
denoted by the symbol U. This is the sum total
of the energy, in whatever form, stored in a sys-
tem. The total energy will obviously vary ac-
cording to the amount of substance in the sys-
tem, so internal energy is an extensive function.
The absolute value of the internal energy of a
system is not of concern to thermodynamics,
but changes in internal energy are of central
importance. Suppose a system undergoes a
change in internal energy from an initial (un-
known) value of U, joules to a final value (un-
known) value of U, joules. Then the change in
internal energy, AU, is

AU = Uz—Ul

This might not seem very useful, since U,
and U, are both unknown. The equation is noth-
ing more than another statement of the law of
conservation of energy. The change in internal
energy, AU, represents the net energy that has
come into the system from the surroundings or
that the system has lost to the surroundings. For
the purposes of this discussion, only two ways
of a system exchanging energy with the sur-
roundings are relevant. Energy can be trans-
ferred mechanically, as work, denoted by w.
For example, if a gas expands against an exter-
nal pressure, the gas does work. Energy can
also be transferred as heat, denoted by ¢g. The
change in internal energy can now be written:

AU=¢qg—w.

This states that the change in internal en-
ergy, AU, of a system is given by the heat, g,
absorbed by the system minus the work, w,
done by the system on its surroundings.

This statement, which is again a statement of
the Law of Conservation of Energy, is the First
Law of Thermodynamics.

Heat or work going info the system from the
surroundings increases the internal energy of
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the system, and heat or work leaving the system
decreases the internal energy.

The Enthalpy

The four state functions introduced so far are
the intensive functions temperature, 7, and pres-
sure, P, and the extensive functions volume, V,
and internal energy U.

It is convenient to define another state func-
tion, called the enthalpy, H. This is given by

H=U+PV

Notice that A has units of energy. Since U,
P and V are all state functions, H is necessarily
one as well. Notice, too, that U and J are exten-
sive functions, and consequently H is also an
extensive function. Since the purpose of state
functions is to give the most concise description
of a system, it might seem counterproductive to
introduce another function that combines three
others. Why use five when four would be
enough?

The reason will emerge from the following
discussion. The change in enthalpy when a sys-
tem with an original enthalpy H; changes to a
final enthalpy H, is given by

AH =H, - H,
=U,+ PV, — (U + P 1)
=U,— U, + P,V,— PV,
= AU+ A(PV)
=q-wtAPY)

Chemical reactions are often carried out in
systems open to the atmosphere, that is, under
conditions of constant pressure. Then,

A(PV)= PAV, and
AH=q—-w+ PAV

At constant pressure the work w done by the
system on the surroundings is simply the pres-
sure P multiplied by the change in volume, AV

w=PAV.
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Therefore, at constant pressure,

AH =q—-w+ PAV
=g — PAV+ PAV
=q

The change in enthalpy is thus a measure of
the heat transferred between the system and the
surroundings at conditions of constant pres-
sure. This is what makes the enthalpy such a
useful function in chemical thermodynamics. If
the enthalpy change is positive, the system will
absorb heat from the surroundings. An example
is ammonium nitrate dissolving in water. Such
a process is endothermic (heat taken in). If the
enthalpy change is negative, the system will
release heat into the surroundings. Such a proc-
ess is exothermic (heat given out). An example
is sodium hydroxide dissolving in water.

Thermochemistry

To find the heat emitted or absorbed in a
chemical reaction at constant pressure, all that
is required is the enthalpy change associated
with that reaction. Enthalpy changes are very
easily calculated from tables of the standard
enthalpy of formation, AH;°, of various sub-
stances (see Table 1 at end of article). The su-
perscript (°) indicates that the change in state
function is calculated for reactants and products
at some standard set of conditions, usually
298.15 K (25 °C) and 1 atmosphere pressure.

Recall that enthalpy is an extensive prop-
erty, that is, it is proportional to the amount of
substance present. Recall, too, that only changes
in enthalpy are relevant. For convenience, the
standard enthalpy of formation of the most sta-
ble form of any chemical element at 298.15 K
and one atmosphere pressure (101.33 kilopas-
cals) is given the value of 0 joules per mole.
The standard enthalpy of formation of any
compound that can be formed by direct reaction
of the elements is then very easily obtained, at
least in principle. Experimental details may
well be quite difficult. All that is required is to
measure the heat emitted or absorbed when a
known amount of the compound is formed from
the elements at 1 atmosphere pressure and
298.15 K. Since enthalpy is a state function, the
intermediate values of temperature and pressure
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during the reaction are irrelevant. As long as the
reactants and products end up at 1 atmosphere
and 298.15 K, the heat emitted or absorbed will
correspond to the change in enthalpy.

Hess’s Law of Heat Summation

The fact that the enthalpy change in a
chemical reaction does not depend on the path
was first stated by Germain H. Hess in 1840,
and is often referred to as Hess’s Law. Its use-
fulness can be illustrated by the classic example
of how it can be used to calculate a quantity
that would be impossible to measure experi-
mentally: the standard enthalpy of formation of
carbon monoxide.

C+%0,->CO AH’= x kJ/mol

The standard enthalpy of formation of
carbon dioxide is easily calculated from the
molar heat of combustion, the heat released
when one mole of carbon is burned in an excess
of oxygen:

C+0,—>CO, ?=-393.5 kJ/mol

The same approach is not possible for car-
bon monoxide, because it is impossible to burn
carbon in oxygen to produce only carbon mon-
oxide.

Carbon monoxide can, however, be burned
in excess oxygen to produce carbon dioxide:

CO+ %0, —> CO, AH°=-283.0 kJ/mol

The combustion of carbon to carbon dioxide
can now be imagined to take place in two steps:

Step 1:

C+%0,—->CO AH°=x kJ/mol
Step 2:

CO+°%20,— CO, AH°=-283.0 kJ/mol
By addition:

C+0,—>CO, A H°= (x —283.0) kJ/mol

For this reaction AH°=-393.5 kJ/mol, so
(x —283.0) kJ/mol =-393.5 kJ/mol
x =-393.5 kJ/mol + 283.0 kJ/mol
=-110.5 kJ/mol
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Thus, for the reaction to form carbon monoxide

C+%0,->CO A H°=-110.5 kJ/mol.

Application to Pyrotechnics

As an example, consider the thermochemis-
try involved in a flash powder consisting of a
mixture of powdered aluminium and potassium
perchlorate.

Potassium perchlorate decomposes on heat-
ing to form potassium chloride and oxygen:

KClO4s - KCl+2 O,

This reaction can be imagined to take part in
two stages:

KC104 —> K+ Clz +2 Oz
K+ % Cl, —» KCI

Of course the reaction certainly does not
take place by these two steps. The enthalpy of
the reaction must, however, equal the sum of the
enthalpy changes of these two reactions. The
enthalpy changes of these reactions can be ob-
tained from tables of thermochemical data, such
as Table 1.

The first reaction is the decomposition of 1
mole of potassium perchlorate into its elements.
The enthalpy change is, therefore, minus the
standard enthalpy of formation of potassium
perchlorate, —(—430 kJ/mol) = 430 kJ/mol.

The second reaction is the formation of
1 mole of potassium chloride from its elements,
and the enthalpy change is the standard en-
thalpy of formation of potassium chloride,
—437 kJ/mol.

The total enthalpy change for the decompo-
sition of 1 mole of potassium perchlorate is the
sum of these two enthalpy changes:

KClO;, > K+ % Cl, +2 O,
A H°=430 kJ/mol

A H°=-437 kJ/mol
A H°= -7 kJ/mol

K+ % Cl, - KCl
KClO; - KCI1 +2 O,

The decomposition of 1mole of potassium per-
chlorate releases 7 kJ of heat.
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Now consider the combustion of aluminium
in oxygen to form 1 mole of aluminium oxide:

2A1+3/2 02 —> A1203
A H°=-1676 kJ/mol.

The enthalpy change for this reaction is, of
course, the standard enthalpy of formation of
aluminium oxide.

The reaction of aluminium with potassium
perchlorate in flash powder is

3 KClO4 + 8 Al - 3 KC1 + 4 AL,Os

This can be imagined as taking place in two
steps:

Step 1: decomposition of 3 moles of potassium
perchlorate:

3 x (KCIO; - KC1+2 0, A H°=-7kJ/mol)
1.e.,

3 KClO4 - 3 KCI+ 6 O, AH°=-21K]
and

Step 2: Combustion of aluminium in oxygen to
form 4 moles of aluminium oxide:

4 x (2 Al +3/2 0, - AlO;
A H°=-1676 kJ/mol)

1.e.,

8 Al+6 O, > 4 ALOs AH°=-6704kJ

The total enthalpy change for the reaction is
the sum of the enthalpy changes for the two
steps:

3 KCIO; —» 3 KCl1+ 6 O, A H°=-21Kk]
8 Al+6 0O, > 4 ALL,O, A H°=-6704 k]

3 KClO4 + 8 Al - 3 KC1 + 4 AL,Os
AH°=—-6725k]

The reaction of 3 moles of potassium per-
chlorate with 8 moles of aluminium releases
6725 kilojoules of heat.

It is useful to convert the units of measure of
the amounts of the chemicals from moles to
grams, because pyrotechnic mixtures are not
usually specified in moles.

One mole of aluminium weighs 26.98 grams,
and one mole of potassium perchlorate weighs
138.55 grams. These values are obtained from
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the formula weights of these materials, listed in
Table 1.

Three moles of potassium perchlorate weigh
3 x 138.55 grams = 415.65 grams.

Eight moles of aluminium weigh
8 x 26.98 grams = 215.84 grams.

Three moles of potassium perchlorate plus eight
moles of aluminium weigh

(415.65 +215.84) grams = 631.49 grams.

This quantity of mixture releases 6725 kilo-
joules, so the heat released per gram is:

6725 kJ + 631.49 g = 10.64 kl/g

The percentage composition of this mixture is:

Potassium perchlorate:
415.65 grams + 631.49 grams x 100% =
65.8%
Aluminium:
215.84 grams + 631.49 grams x 100% =
34.2%

Lancaster'! quotes two mixtures for Euro-
pean style flash composition. One of these
(66% potassium perchlorate and 34% alumin-
ium) is almost identical to the mixture just dis-
cussed.

Such a mixture, in which the ratio of the
components is exactly as required for the bal-
anced chemical reaction, is called a stoichio-
metric mixture.

Lancaster!”! also lists some flash mixtures
that contain sulfur. One of the mixtures he
quotes is 67% potassium perchlorate, 17% alu-
minium and 16% sulfur. It is instructive to cal-
culate the heat output of this composition.

First, the percentage by weight is converted
to moles per 100 grams, by dividing the percent-
age of each component by its formula weight:

Potassium perchlorate:

67.00 + 138.55 = 0.4836 moles per 100 grams

Aluminium:
17.00 + 26.98 = 0.6301 moles per 100 grams
Sulfur:

16.00 + 32.06 = 0.4991 moles per 100 grams.
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From the previous discussion, every 8 moles
of aluminium require 3 moles of potassium per-
chlorate. To find the amount of potassium per-
chlorate needed to burn the aluminium, divide
the number of moles of aluminium by 8 and
multiply by 3:

Amount of potassium perchlorate required
to burn the aluminium:

0.6301 = 8 x 3=0.2363 moles.
Amount left to burn the sulfur:

0.4836 — 0.2363 = 0.2473 moles.
From the reaction

KClO; - KCl1 +2 O,,

each mole of potassium perchlorate releases 2
moles of oxygen. The 0.2473 moles of potassium
perchlorate left after burning the aluminium
therefore release 2 x 0.2473 = 0.4946 moles of
oxygen. This is available to burn the 0.499 moles
of sulfur. The ratio of oxygen to sulfur is
0.4946 + 0.4991 = 0.991, very close to 1. The
chemical equation for the burning of sulfur in
oxygen is

S +02 e d SOZ,

with a ratio of 1 mole of oxygen 1 mole of sul-
fur. This composition is therefore very close
indeed to having exactly enough potassium per-
chlorate to burn the aluminium and sulfur to
their oxides. It is another example of a stoichio-
metric mixture.

The heat released when aluminium burns
with a stoichiometric quantity of potassium
perchlorate has already been shown to be
10.69 kJ/g. It now remains to calculate the heat
released when sulfur burns with a stoichiomet-
ric quantity of potassium perchlorate. The reac-
tion for the decomposition of potassium per-
chlorate has already been discussed:

KClOs - KC1+2 O, A H?= -7 kJ/mol
The burning of sulfur to sulfur dioxide
S+ 02 e d SOZ

is the formation of one mole of sulfur dioxide
from its elements, so the enthalpy change is the
standard enthalpy of formation of sulfur diox-
1de, which from Table 1 is —297 kJ/mol.
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The total reaction can be thought of as pro-
ceeding as follows:

Step 1: Decomposition of half a mole of potas-
sium perchlorate to release a mole of oxygen:

Y x (KC104 — KC1+2 O, A H’=-7 kJ/mol)
1e.,
15 KClO4 —» 2 KC1 + O, AH’°=-35Kk]

Step 2: Combustion of one mole of sulfur in
one mole of oxygen to form one mole of sulfur
dioxide:

S+ 0, » SO, A H°=-297KkJ

The total enthalpy change for the reaction is the
sum of the enthalpy changes for the two steps:

72 KC104 = 2 KC1 + O, AH°=-35Kk]
S+ 0, —> SO, AH°=-297k]
% KClO4 + S — %2 KCl + SO,

A H°=-300KkJ

The next step is to convert the units from
moles to grams. Half a mole of potassium per-
chlorate weighs

%2 x 138.55 grams = 69.275 grams.

One mole of sulfur weighs 32.06 grams. Half a
mole of potassium perchlorate plus a mole of
sulfur weighs

(69.275 + 32.06) grams = 101.34 grams.

This quantity of mixture releases 300.5 kilo-
joules, so the heat released per gram is:

300.5+101.34=2.965 kl/g.

One hundred grams of the original mixture
can be thought of as being made up of two
stoichiometric mixtures:

Mixture A: A mixture of 17.00 grams
(0.6301 moles) of aluminium with the
stoichiometric amount of potassium perchlorate
(0.2363 moles or 32.74 grams). Total amount of
mixture A:

17.00 + 32.74 = 49.74 grams + 100 grams.

Mixture B: A mixture of 16.00 grams (0.499
moles) of sulfur with the stoichiometric amount
of potassium perchlorate (0.2495 moles or
34.57 grams). Total amount of mixture B:
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16.00 +34.57 = 50.57 grams =+ 100 grams.

Total (Mixture A + Mixture B) = (49.74 +
50.57) grams = 100.31 grams per 100 grams.
The mixture is clearly very close to a 50:50 mix
of mixtures A and B. The heat output per gram
is therefore:

15 x heat output per gram Mixture A +
15 x heat output per gram Mixture B =
Y5 x (10.69 kJ/g) + Y2 x (2.965 kl/g) =
(5.345 + 1.483) kl/g = 6.828 kl/g

The heat output per gram of the flash mix
containing sulfur is 6.828 kJ/g, while that of the
mix containing no sulfur is 10.69 kJ/g.

This shows that the heat output is only one
aspect of a pyrotechnic mixture. Another very
important factor is the speed or rate of the reac-
tion. While adding sulfur to the flash mix re-
duces the heat output, it might (and the evi-
dence is that it does) increase the rate of the
reaction. A discussion of how this might be so
is outside the scope of this article, as it relates
to chemical kinetics, not thermodynamics.

Another relevant difference between the two
mixtures is that the one with no sulfur generates
products that are solids at room temperature.
The conversion of these to liquids and/or gases
at the temperature of the reaction absorbs large
amounts of heat. The only way in which the
reaction can do mechanical work is by the heat
of the reaction causing the expansion of a gas.
This gas can include vaporized products (if
there is sufficient heat to vaporize them) and
the surrounding air that gets raised to high tem-
peratures by the heat released in the reaction.

Suppose 1 gram of each mixture is ignited in
a closed container of fixed volume V. An esti-
mate of the maximum pressure reached in the
container can be obtained from the equation PV
= nRT. This gives the pressure as

P=nRT+V

For a fixed volume (V) this equation predicts
that the pressure will be proportional to the
temperature (7) and to the number of moles of

gas (n).

For the mixture of aluminium and potassium
perchlorate, the chemical equation

3 KCIO4 + 8 Al - 3 KC1 + 4 ALOs
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shows that 3 moles of potassium perchlorate
react with 8 moles of aluminium to produce
3 moles of potassium chloride plus 4 moles of
aluminium oxide. Potassium chloride boils at
1437 K at atmospheric pressure, while alumin-
ium oxide does not boil until 2950 K.*! The
procedure for calculating the maximum tem-
perature in a reaction will be explained in a
later section. For the moment, it can be assumed
that the temperature of the reaction is sufficient
to vaporize the potassium chloride but not the
aluminium oxide. From the equation, 3 moles
of potassium perchlorate react with 8 moles of
aluminium to produce 3 moles of potassium
chloride vapor. As shown previously, 3 moles of
potassium perchlorate and 8 moles of alumin-
ium correspond to 631.49 grams of mixture. The
amount of potassium chloride vapor produced
by 1 gram of mixture is therefore 3 + 631.49
moles per gram = 4.75 x 10~ moles per gram.

Now, for the reaction of sulfur and potas-
sium perchlorate

% KClO4 + S — %2 KCl + SO,

it has been shown previously that 2 mole po-
tassium perchlorate and 1 mole of sulfur corre-
sponds to 101.34 grams of mixture. The amount
of potassium chloride produced is therefore

15+ 101.34 moles per gram = 4.93 x 10~ moles
per gram. The amount of sulfur dioxide pro-
duced is 1 = 101.34 = 9.86 x 10 moles per
gram.

As shown previously, the aluminium/sul-
fur/potassium perchlorate flash mixture was
close to 1 part by weight of the alumin-
ium/potassium perchlorate mixture and 1 part
by weight of the sulfur/potassium perchlorate
mixture.

The aluminium/potassium perchlorate mix-
ture produces 4.75 x 10~ moles of potassium
chloride per gram. Half a gram of this mixture
will contribute 2.445 x 10~ moles of potassium
chloride to the reaction products.

The sulfur/potassium perchlorate mixture
produces 4.93 x 10~ moles of potassium chlo-
ride per gram. Half a gram of this mixture will
contribute 2.465 x 10~ moles of potassium
chloride to the reaction products. The total
amount of potassium chloride produced per
gram of mixture is therefore (2.445 + 2.465)
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x 10~ moles = 4.91 x 10~ moles. This is very
similar to the amount of potassium chloride
(4.75 x 10~ moles) produced by 1 gram of the
aluminium/potassium perchlorate mix. How-
ever, the sulfur/potassium perchlorate mix also
generates 9.86 x 10~ moles of sulfur dioxide
per gram of mixture. Half a gram of mixture
will therefore contribute 4.93 x 10~ moles of
sulfur dioxide to the reaction products. The to-
tal number of moles of gas at the temperature of
reaction is thus 4.91 x 10~ moles (KCI) plus
4.93 x 10~ moles (SO,) = 9.84 x 10~ moles of
gas per gram of mixture. This is close to twice
the number of moles of gaseous products
formed by the aluminium/potassium perchlorate
mixture. So, while the mixture that contains sul-
fur produces less heat per gram, it produces
much more gas per gram. An estimation of the
total pressure produced by the same mass of
each mixture in a fixed volume requires an es-
timation of the maximum temperature. This
calculation will be done in a subsequent article
in this series.

It is worth emphasizing that the enthalpy of a
reaction depends only on the reactants and prod-
ucts, and not on the path taken to go from one to
the other. Consequently the possible formation
of aluminium sulfide by reaction of the sulfur
and aluminium can contribute nothing to the en-
thalpy of the reaction. While the reaction of alu-
minium and sulfur is indeed highly exothermic:

2A1+3S —> ALS; A H°=-724 kJ/mol

the heat released in this reaction would be ex-
actly balanced by the heat absorbed when the
aluminium sulfide was (conceptually, if not in
reality) broken down into its elements before
they were oxidized to form aluminium oxide
and sulfur dioxide.
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Effect of Temperature on the
Enthalpy

Tables of standard enthalpies of formation
usually list values at 298.15 K (25 °C).**
Barin’s tables'! list enthalpies of formation at
intervals of 100 K, so it is easy to calculate en-
thalpy changes at any desired temperature in the
range listed.

It is useful to understand how enthalpy
changes for reactions at other temperatures can
be calculated from the standard enthalpies of
formation of the reactants and products at
298.15 K.

Suppose you wanted to calculate the en-
thalpy change for some reaction at 500 K:

Reactants at 500 K — Products at 500 K

From tables, you have the enthalpy change for
the reaction at 298.15 K.

Step 1. Imagine the reactants at 500 K are
brought to 298.15 K, and calculate the enthalpy
change for this process. For the simplest cases,
this will be the heat capacity at constant pres-
sure of the reactants multiplied by the tempera-
ture change. This is complicated by the fact that
the heat capacity varies with temperature; for-
mulae are available for some materials that give
the heat capacity as a function of temperature. If
one or more of the reactants undergoes a phase
change (melts, for example) over the temperature
range of interest, the enthalpy change for that
process must also be included.

Step 2. Imagine that the reaction takes place at
298.15 K, forming products at that temperature.
You can calculate the enthalpy change from ta-
bles.
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Step 3. Imagine that the products at 298.15 K
are heated to 500 K. The enthalpy change for
this process is at least the heat capacities at con-
stant pressure of the products multiplied by the
temperature change. Again, it is necessary to
account for the variation of heat capacity of
each substance with temperature. The enthalpy
changes associated with any melting or vapori-
zation of the products must also be included.

The enthalpy change for the reaction at
500 K is simply the sum of the enthalpy changes
for steps 1, 2 and 3.

For reactions with large enthalpy changes,
the contributions of steps 1 and 3 can be small
compared with that of step 2. In such cases, and
for relatively small temperature changes, the
enthalpy change of the reaction will vary to
only a small extent with temperature.

Table 1. Some Formula Weights and
Enthalpies of Formation for Some
Substances Relevant to Pyrotechnics.

Chemical Chemical Formula| AHs
Name Formula [a] Weight [b]

Aluminium Al 26.98 0

carbide Al,Cs 143.96| -209

oxide Al,O3 101.96| —1676

sulfide AlLS; 150.16 | -724
Ammonium

chloride NH,CI 5349| -315

nitrate NH;NO, 80.04( -366

perchlorate NH4CIO, 117.49 —296

Antimony Sb 121.75 0

oxide Sb,03 291.50( -720

sulfide ShoS; 339.69| -—142

Arsenic As 74.92 0

oxide As,03 197.84| -657

sulfide As,S; 246.04 | —-167

Barium Ba 137.34 0

carbonate BaCOg; 197.35| -1216

chlorate Ba(ClO3), 304.24 | 772

chloride BaCl, 208.25( -859

nitrate Ba(NO;), 261.35( -992

oxide BaO 153.34| -554

peroxide BaO, 169.34| 634

sulfate BaSO, 233.40( 1473

sulfide BaS 169.40| —460
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Chemical Chemical Formula| AHs Chemical Chemical Formula| AHs
Name Formula [a] Weight [b] Name Formula [a] Weight [b]
Boron B 10.81 0 Silicon Si 28.09 0
oxide B,0; 69.62| —-1272 dioxide| SiO, (quartz) 60.08| —911
Calcium Ca 40.08 0 Sodium Na 22.99 0
carbonate CaCOg 100.09| -1207 bicarbonate NaHCO, 85.00| -951
oxide CaO 56.08| -635 carbonate Na,COj; 105.99 | —1131
sulfate CaS0O, 136.14| 1434 chlorate NaClOs 106.44 | -366
Carbon C (graphite) 12.01 0 chloride NaCl 58.44 | —411
monoxide CO(g) 28.01[ —111 nitrate NaNO; 84.99| -468
- dioxide Cc?z((g)) ‘7‘3-81 —393 oxalate Na,C,0, 134.00| —1318
orine 29 : oxide Na,O 61.98| 418
atomic chlorine Cl(g) 35.45 121 perchlorate NaCZIO4 12240| —383
Copper Cu 63.54 9 Strontium Sr 87.62 0
(1) chloride Cucl 98,99 ..=196 carbonate SrCOg 147.63 | —1220
(1) (CI;";’;:SE g:fg 12;‘:32 j;? chioride SrCl, 158.53| -829
(1) oxide s B nitrate Sr(NO;3), 211.63| -978
carbonate, basic| CuCO;-Cu(OH),-H,0[ 221.10[ —1051 OX;)I(?(:: 32304 1;223 _12;;
Hydrogen Hx(g) 2.02 0 .
i HCI(q) 36.46 oo Sulfur - S (rhombic) 32.06 0
sulfide H,S(q) 3408| 21 dioxide S04(9) 64,08 297
(water) H,0() 18021 286 _ trioxide SO3.(g) 80.06| —396
Iron Fe 55.85 0 Titanium Ti 47.88 0
(I11) oxide Fe,0s 15069 | 824 dioxide Tio, 79.88] -39
(IL11l) oxide FeyO, 23154 —1118|| [[£nC Zn 65.39 0
Lead Pb 207.20 0 oxide ZnO 81.39| -350
(IV) oxide PbO, 239.20| -274 sulfide ZnS 97.46] 192
(IL,IV) oxide PbsO, 68560] -719 [a] Unless otherwise indicated, these are crystalline
Magnesium Mg 24.31 0 solids. Gases are indicated as (g) and liquids as
carbonate MgCO; 84.31| —-1096 .
chl:)))::gz '\:Agg((:)lz igii _23? [b] Values are for 298.15 K, with units of kJ/mol.
Manganese Mn 54.94 0 Data are from References 2, 3, and 4. If data were
dioxide MnO, 86.94| —520 inconsistent in the references, the most recent value
Nitrogen No(9) 28.01 0 is. quoted. Data were rounded to the number of sig-
(nitrous oxide) N,O(q) 4401 82 nificant figures presented in the Table.
(ammonia) NHs(g) 17.03 —46
Oxygen 04(9) 32.00 0
atomic oxygen 0(9) 16.00 249
Phosphorus P(red amorph.) 30.97 -17
(V) oxide P4O1o 283.89| —-3010
Potassium K 39.10 0
chlorate KCIO; 12255 -398
chloride KCI 7455 437
dichromate KoCr,O7 29419 -2062
nitrate KNO; 101.10 —495
oxide K,0O 94.20 -361
perchlorate KCIO, 138.55| —430
permanganate KMnO, 158.04| -837
sulfide KoS 110.26 =377
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For further reading, there are many books that
deal with this subject. The simplest treatments
are to be found in the general chemistry texts,
followed by the physical chemistry texts and
then the specialized texts on chemical thermo-
dynamics. There are also many texts on engi-
neering thermodynamics that contain little of
direct relevance to chemical thermodynamics.
Of the books listed, that by E. B. Smith and the
two books by B. H. Mahan are particularly rec-
ommended. The work by P. W. Atkins is a com-
prehensive physical chemistry textbook with an
excellent treatment of chemical thermodynam-
ics. The first volume of 1. Barin’s superb 2-vol-
ume collection of thermochemical data contains
a concise overview of chemical thermodynam-
ics and some useful worked examples.
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