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CHAPTER 1

THE ANCIENTS

Fire and Stone

When early forms of man first began to use tools,
they took nature as they found it. The thighbone of
a large animal made a handy club; so did the branch
torn from a tree. A rock was a convenient missile.

As millennia passed, men learned to shape rocks
to give them cutting edges, or a gripping end. They
learned to fit rocks into wooden handles, shaped for
the purpose. Nevertheless, rock remained rock and
wood remained wood.

However, there were times when the nature of
substances did change. Lightning might set fire to a
forest and the blackened or powdery ash was noth-
ing like the wood that had existed before. Again,
meat might decay and smell bad; fruit juice might
grow sour on standing, or become oddly stimulating
to drink.

It is such changes in the nature of substances (ac-
companied, as mankind eventually discovered, by
fundamental changes in structure) that form the
subject matter of the science we now call chemistry.
Fundamental alteration in the nature and structure
of a substance is a chemical change.

The opportunity to bring about chemical change
deliberately for his own benefit arrived when man
had mastered the art of starting and maintaining a
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fire. (This in historical terms was the “discovery
of fire.””) That art achieved, man became a practicing
chemist, for he had to devise methods for causing
wood, or other combustible material, to combine
with air at a rate fast enough to produce sensible
heat and light, as well as ashes, smoke, and vapors.
Thus, wood had to be dried, some of it had to be
powdered to tinder, temperatures had to be raised to
the ignition point by friction or otherwise, and so on.

The heat produced by fire could be used to bring
about further chemical changes. Food was cooked
and its color, texture, and taste thereby altered.
Clay could be baked into bricks and pottery. Even-
tually, ceramics, glazes, even forms of glass itself,
could be formed.

The first materials used by man were those uni-
versals he found all about: wood, bone, hide, rock.
Of these, rock is most durable and it is early man’s
stone implements that remain today as clearest re-
minders of that long-gone time. So we speak of the
Stone Age.

Mankind was still in the Stone Age when, about
8000 B.C., a revolutionary change in food produc-
tion was introduced in certain regions of what is
now known as the Middle East. Previously, man
had hunted food as any other animal might. Now
he learned to domesticate animals and care for
them as a reliable food supply. Even more impor-
tant, he learned to cultivate plants. With animal
husbandry and agriculture developed, a more stable
and ample food supply was available, and the popu-
lation increased. Agriculture required men to remain
in one place, moreover, so that permanent habita-
tions were built and cities developed, That evolution
marks, literally, the beginning of civilization, for the
word comes from the Latin term for “city.”

For the first couple of thousands of years of this
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earliest civilization, stone remained the characteristic
tool material, although new techniques for handling
it were devised. This New Stone Age, or Neolithic
Period, was characterized by the careful polishing
of stone. Pottery, too, reached an advanced stage
of development. Slowly, the advances of the Neolithic
period spread out from its Middle Eastern center.
By 4000 B.c., for instance, the characteristics of
the culture had appeared in western Europe. By
then, however, the time was ripe for additional
changes in the Middle East—in Egypt and in Sumeria
(the region now occupied by the modern nation of
Iraq).

Mankind began to learn to make use of compara-
tively rare materials. For the sake of the useful
properties of the new materials, men learned to un-
dergo all the inconveniences of tedious searching and
processing. We call these materials metals, a word
which in itself expresses this early change, for it is
derived, possibly, from a Greek word meaning “to
search for.”

Metals

The first metals must have been found existing in
the form of nuggets. They must have been pieces of
copper or gold, for these are among the few metals
occasionally found free in nature. The reddish color
of copper or the yellowish color of gold must have
caught the eye; and the metallic luster, which is so
much more startling and beautiful than the flat, non-
descript coloring of most stones, must then have
held it. Undoubtedly the first use of metals was as
orpaments, in whatever form the pieces had been
found, much as colored pebbles or pearly sea shells
might have so been used.

The advantage of metals over other pretty bits of



4 A SHORT HISTORY OF CHEMISTRY

matter lay in this, however: Copper and gold are
malleable; that is, they can be beaten flat without
breaking. (Stone, so treated, would powder to dust;
wood or bone would split and splinter.) This prop-
erty undoubtedly was discovered by accident, but
it could not have been long after the discovery when
man’s sense of artistry caused him to beat metal
nuggets into intricate shapes that would enhance
their beauty.

Workers in copper were bound to notice that this
metal could easily be beaten into a sharper edge
than could be produced on a tool of rock, and that
some copper edges would hold their sharpness under
conditions that would blunt a rock edge. Further-
more, a copper edge, once blunted, could be sharp-
ened again more easily than a stone edge could.
Only the rarity of copper prevented its widespread
use for tools as well as ornament.

Copper became less rare, however, when it was
discovered that it need not be found as copper. It
could be manufactured out of stone. How this dis-
covery was made, or where, or when, is not known
exactly and may never be known.

We might guess that the discovery could have
been made in a wood fire started in a bed of rocks
that included some bluish ones. In the ashes, after-
ward, globules of gleaming copper might have been
found. Perhaps this happened many times before
it eventually dawned on someone that if the proper
blue rocks were found, heating them in a wood fire
would produce copper every time. The final discov-
ery of this fact may have taken place about 4000
B.C. and it may have happened in the Sinai peninsula,
just east of Egypt, or in the mountainous area east
of Sumeria, in modern Iran. Perhaps it happened
independently in both places.

In any case, copper became common enough to
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be used for tools, at least in the advanced centers
of civilization. A frying pan of copper found in an
Egyptian tomb has been dated as 3200 B.c. By
3000 B.c. a particularly hard variety of copper was
discovered. It was produced (by accident at first, no
doubt) by the simultaneous heating of copper ores
and tin ores. (See Figure 1.) The copper-tin alloy
(the term used for a mixture of metals) is called
bronze, and by 2000 B.c. bronze was common
enough to be used for weapons and armor. Egyptian
bronze tools have been found in the tomb of the
Pharaoh Iteti, who reigned about 3000 B.C.

The most famous event of the Bronze Age was
the Trojan War, in which bronze-clad, bronze-
shielded warriors flung bronze-tipped spears at each
other. An army without metal weapons couldn’t pos-
sibly stand against the bronze warriors, and the
metalworker of that day had something of the pres-
tige of the nuclear physicist of today. The smith
was a mighty man indeed, and was even accorded a
place among the gods. Hephaestus, the lame god
of the forge, was the divine smith of Greek mythol-
ogy. And even today, it is no accident, that “Smith”
or its equivalent is the most common name among
the European peoples.

Lightning struck twice. The men of the Bronze
Age knew of a metal even harder than bronze. This
was iron. Unfortunately, it was too rare and precious
to use, wholesale, for armor. At least, it seemed rare,
for the only samples found in early times were bits
of shattered meteorites, which are not common. Nor
did there seem to be any way of obtaining iron out
of rock.

The trouble was that iron was more firmly bound
into its ore form than copper was. It required more
intense heat to smelt iron than to smelt copper. A
wood fire was insufficient for the purpose. The hot-
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copper ore

crucible

iron ore
charcoal

FIG. 1. Ancient smelters were designed to attain tem-
peratures appropriate for reduction of different ores.
In copper furnace (a) ore was melted in crucible over
wood fire. Reduction of iron ore (b) required greater
heat, obtained by lining furnace with charcoal and sup-
plying oxygen with bellows.

ter charcoal fire was required, and even then only
under conditions of good ventilation.

The secret of smelting iron was finally stumbled
upon in eastern Asia Minor, perhaps as early as
1500 B.c. The Hittites, a people who built a great
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empire in Asia Minor, were the first to use iron
routinely for tools. Letters dated about 1280 B.C.,
from a Hittite king to his viceroy in an iron-rich
mountain region, make definite references to iron
production.

Iron in pure form (wrought iron) is not very
hard. However, an iron implement or weapon may
pick up enough carbon from charcoal to form a
surface layer of the iron-carbon alloy we call steel.
This skin is harder than even the best bronze, and
holds a sharper edge longer. It was this discovery of
“steeling” in Hittite territory that was the crucial
turning point in iron metallurgy. An army clad in
bard iron and armed with hard iron was reasonably
sure to defeat another army clad in and armed with
bronze. Thus came the Iron Age.

The Dorians, a barbaric Greek tribe equipped
with some iron weapons, invaded the Greek penin-
sula from the north in about 1100 B.c. and gradually
overcame the more civilized but only bronze-armed
Mycenaean Greeks who were already on the scene.
Some Greeks penetrated to Canaan and brought iron
weapons with them. These were the Philistines, who
play so important a role in the early booksof the
Bible. Against them the Israelites were helpless until
they obtained iron weapons for themselves under
King Saul.

The first army to be equipped with good iron
weapons in quantity was the Assyrian. By 900 B.c.
superior armament helped them to build a mighty
empire for themselves.

Before the dawn of the great days of Greece,
then, the practical chemical arts had reached a good
state of advancement. This was particularly true in
Egypt, where there was great religious interest in
methods for the embalming and preserving of the
human body after death. Egyptians were expert not
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only in metallurgy but also in the production of
pigments from the mineral world and juices and in-
fusions from the plant world.!

According to one theory, the word khemeia de-
rives from the Egyptians’ name for their own land,
Kham. (This name is also used in the Bible which,
in the King James Version, becomes Ham.) Khemeia
therefore might be “the Egyptian art.”

A second theory, somewhat more favored at pres-
ent, is that khemeia is derived from the Greek
khumos, meaning the juice of a plant, so that
khemeia may be considered as “the art of extracting
juices.” Or the juice referred to may even have been
molten metal so that the word may mean “the art
of metallurgy.”

But whatever the source of khemeia, it is the an-
cestor of our word “chemistry.”

Greek “Elements”

By 600 B.c., the volatile and intelligent Greeks
were turning their attention to the nature of the uni-
verse and to the structure of the materials compos-
ing it. The Greek scholars or “philosophers” (lovers
of wisdom) were concerned not so much with tech-
nology and with practical developments, as with the
“why” of things. In short, they were the first we
know of to deal with what we would now call chemi-
cal theory.

Such theory begins with Thales (c. 640-546 B.C.).
There may have been Greeks before Thales, and
even men before the Greeks, who thought deeply
and well about the meaning behind changes in the

1The chemical arts were also developed in India and
China. However, it is from Egypt, that the line of intellectual

development in chemistry extends, and I will confine myself
to that line.
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nature of matter, but if so, their names and thoughts
are lost to us.

Thales was a Greek philosopher, living in Miletus
in Yonia, a region on the western Aegean coast of
what is now the nation of Turkey. Thales must have
asked himself the question: If one substance can be
changed into another, as a bluish rock can be
changed into red copper, what is the true nature of
the substance? Is it rock or is it copper? Or are
both something else entirely? Can any substance be
changed (in a number of steps, perhaps) into any
other substance, so that all substances are different
aspects of one basic material?

To Thales the answer to the last question seemed
yes, if only because thus a basic simplicity and or-
der could be introduced into the universe. What re-
mained, then, was to decide what that one basic ma-
terial, or element, might be.2

Thales decided the element was water. Of all sub-
stances water seemed present in greatest quantities.
Water surrounded the land; it permeated the atmos-
phere in vapor form; it trickled through the solid
earth; life was impossible without it. He visualized
the earth as a flat disk, topped by a semi-sphere of
sky, and floating on an infinite ocean of water.

Thales’ decision that there was an element of
which all substances were formed met with consid-
erable acceptance among later philosophers. His de-
cision that the element was water was, however,
disputed.

In the century after Thales, astronomical thinking
came little by little to the conclusion that the sky
was not a semi-sphere, but a complete one. The

2 “Element” is a Latin word of uncertain origin. The
Greeks did not use it, but it is so important to modern chem-

istry that there is no way of avoiding its use even with ref-
erence to Greek times.
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earth, also spherical, was suspended at the center of
the hollow sphere of the sky.

The Greeks did not accept the notion that a
vacuum (complete emptiness) could exist, so they
did not believe that the space between the suspended
earth and the distant sky could contain nothing.
Since the portion of the space between earth and
sky that men could experience directly contained
air, it seemed reasonable to suppose there was air
all the way.

It may have been reasoning of this sort that led
the Greek philosopher Anaximenes, also of Miletus,
to conclude, about 570 B.c., that air was the
element of the universe. He felt that toward the
center of the universe it was compressed, forming
the harder and denser varieties of substance such
as water and earth, (See Figure 2.)

On the other hand, the philosopher Heraclitus
(c.540—. 475 B.C.), from the neighboring town of
Ephesus, took a different tack. If it was change that
characterized the universe, then for the element one
ought to seek a substance for which change was
most characteristic. This substance, to him, seemed
to be fire, ever shifting, ever changing. It was the
fieriness in everything that made change so in-
evitable.?

In the time of Anaximenes, the Persians had con-
quered the Jonian coast. When an Ionian revolt
failed, Persian rule became harsh, and under sup-

31t is easy to smile at these early notions, but actually
these Greek guesses were quite profound. Suppose we sub-
stitute for “air,” “water,” “earth,” and “fire,” the very simi-
lar terms “gas,” “liquid,” “solid,” and “energy.” It is true
that gases will condense to liquids if cooled and to solids if
cooled still further. This is much like the situation Anaxi-
menes imagined. And Heraclitus’s views concerning fire are

quite similar to our modern views concerning energy as both
agent and consequence of chemical change.
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FIG. 2. Alchemist’s cosmology incorporated Aristotle’s
“four elements” with the terrestrial and celestial com-
parisons in which the same symbols were used for
metals and the planets. This chart is after Robert Fludd
(1574-1637), who turned his back on the scientific
spirit of his age and pursued the occult.

pression the scientific tradition faded—not, however,
before migrating Ionians had carried that tradition
westward. Pythagoras of Samos (c. 582—c. 497 B.C.),
native of an island off Ionmia, left Samos in 529
B.C. and traveled to southern Italy, where his teach-
ings left behind an influential body of thinking.
Eminent among those who adhered to the Py-
thagorean teachings was the Greek philosopher
Empedocles (c.490-c.430 B.c.), a native of Sicily.
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He, too, labored over the problem of the element
out of which the universe was formed. There seemed
no way of deciding among the proposals advanced
by the Ionians, so Empedocles hit upon a com-
promise.

Why must there be but a single element? Why not
four? There could be the fire of Heraclitus, the air
of Anaximenes, the water of Thales, and the earth,
which Empedocles himself added.

This doctrine of the four elements was accepted
by the greatest of the Greek philosophers, Aristotle
(384-322 B.c.). Aristotle did not consider the ele-
ments to be literally the substances named. That is,
he did not imagine that the water we could touch
and feel was actually the element “water”; it was
merely the closest actual substance to it.

Aristotle viewed the elements as combinations of
two pairs of opposed properties: hot and cold, dry
and moist. He did not believe that onme property
could combine with its opposite, so in his scheme
four possible combinations were left, each of which
represented a different element, Hot-and-dry was
fire, hot-and-moist was air, cold-and-dry was earth,
and cold-and-moist was water.

He took one further step. Each element had its
own innate set of properties. Thus it was the nature
of earth to fall and of fire to rise. The heavenly
bodies, however, had properties that seemed to dif-
fer from those of any substance on earth. Instead
of either rising or falling, the heavenly bodies seemed
to move in unchanging circles about the earth.

Aristotle therefore reasoned that the heavens had
to be composed of a fifth element, which he called
“ether” (from a word meaning “to glow,” since the
most characteristic property of the heavenly bodies
was that they were luminous). As the heavens
seemed unchanging, Aristotle considered the ether
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to be perfect, eternal, and incorruptible, quite dif-
ferent from the four imperfect elements of the earth
itself.

The notion of the four elements held sway over
the minds of men for two thousand years. Though
now dead, as far as science is concerned, it still
lives on in our common phrases. We speak of the
“raging of the elements,” for instance, when we wish
to say that wind (air) and waves (water) are driven
to fury by a storm. As for the “fifth element” (ether),
the phrase becomes quinta essentia in Latin, and we
still mark its Aristotelian perfection when we speak
of the “quintessence” of anything, meaning that
thing in its purest and most concentrated form.

Greek “Atoms”

Another major question arose among the Greek
philosophers, one involving the divisibility of matter.
The fragments of a stone, broken in two or even
reduced to powder, were still stone, and each frag-
ment could be further subdivided. Could such divi-
sion and subdivision of matter proceed endlessly?

The Ionian Leucippus (c. 450 B.c.) seems to
have been the first to question the perhaps natural
assumption that any piece of matter, however small,
could be divided into still smaller pieces. Leucippus
maintained that eventually a piece would be ob-
tained which was as small as it could be and was not
subject to further division.

His disciple Democritus (c.470-c.380 B.C.), of
the northern Aegean town of Abdera, continued this
line of thought. He named these ultimately small
particles atomos, meaning “indivisible,” and we in-
herit this word as atom. The doctrine that matter
is made up of ultimately small particles and is not
indefinitely divisible is known as atomism.
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It seemed to Democritus that the atoms of each
element were distinct in size and shape and that it
was this distinction that made each element different
in properties. The actual substances we could see
and handle were composed of mixtures of the atoms
of the different elements, and one substance could be
changed into another by altering the nature of the
mixture.

All this sounds remarkably modern to us, but
Democritus had no way of appealing to experiment
- for corroboration. (The Greek philosophers did not
experiment but came to their conclusions by arguing
from “first principles.”)

For most philosophers, and especially for Aris-
totle, the notion of a piece of matter that could not
be split into still smaller pieces seemed so paradoxi-
cal that they could not accept it. The atomistic view
therefore remained unpopular and, for two thousand
years after the time of Democritus, little heard of,

Atomism did not die out altogether, however.
The Greek philosopher Epicurus (c. 342-270 B.C.)
made atomism part of his way of thought, and
Epicureanism won many adherents in the next few
centuries. One of these adherents was the Roman
poet Titus Lucretius Carus (c.95-c.55 B.c.),
usually known simply as Lucretius. He expounded
the atomist viewpoint of Democritus and Epicurus
in a long poem entitled De Rerum Natura (“On
the Nature of Things”). It is considered by many
to be the finest didactic poem (one intended to
teach) ever written.

In any case, while the works of Democritus and
Epicurus perished so that only scraps and quotations
remain, Lucretius’s poem survived in full, and pre-
served the atomist view into modern times, when
new scientific methods entered the struggle and
brought it a final victory.



CHAPTER 2

ALCHEMY

Alexandria

In Aristotle’s time, Alexander the Great of
Macedon (a kingdom north of Greece) conquered
the vast Persian Empire. Alexander’s empire broke
up after his death in 323 B.c., but Greeks and
Macedonians remained in control of large areas of
the Middle East. For the next few centuries (the
“Hellenistic period”) there was a fruitful mingling
of cultures.

Ptolemy, one of Alexander’s generals, established
a kingdom in Egypt, with the city of Alexandria
(founded by Alexander) as his capital. In Alexan-
dria, Ptolemy and his son (Ptolemy II) established a
temple to the Muses (the “Museum”) which served
as what we would today call a research institution
and university. Attached to it, the greatest library of
ancient times was built up.

Egyptian mastery of applied chemistry met and
fused with Greek theory, but the fusion was not en-
tirely to the good. Chemical knowledge in Egypt was
intimately connected with the embalming of the dead
and with religious ritual. To the Egyptians the ibis-
headed god of wisdom, Thoth, was the source of all
chemical knowledge. The Greeks, generally im-
pressed by the superior knowledge of the Egyptians,
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identified Thoth with their own Hermes and accepted
much of the mysticism.

The old Ionian philosophers had divorced religion
and science. This new union in Egypt seriously in-
terfered with further advance in knowledge.

Because the art of khemeia seemed so closely re-
lated to religion, the common people rather feared
the practitioners as adepts of the secret arts and as
partakers of dangerous knowledge. (The astrologer
with his feared knowledge of the future, the chemist
with his awesome ability to change substances, even
the priest with his hidden secrets concerning the
propitiation of the gods and with the ability to call
down curses, served as models for folk-tales of
magicians, wizards, and sorcerers.)

Those who were the object of these fears did not
always resent them, but at times rather encouraged
them as increasing their own sense of power, and
perhaps their security as well. Who would care to
offend a magician, after all?

This public respect or fear encouraged workers
in khemeia to couch their writings in mysterious and
obscure symbolism. The very obscurity added to the
sense of secret knowledge and power.

As an example, there were seven heavenly bodies
considered “planets” (“wanderers”) because they
were continually changing their position with refer-
ence to the starry background. There were also
seven known metals: gold, silver, copper, iron, tin,
lead, and mercury. (See Figure 2.) It seemed tempt-
ing to match them. There came a time when gold
would be regularly referred to as “the Sun,” silver
as “the Moon,” copper as “Venus” and so on.
Chemical changes could then be referred to in
mythological fashion.

There are still reminders of this time. One rather
old-fashioned name for the chemical now called
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silver nitrate is “lunar caustic,” a clear indication
of the old connection of silver and the moon. The
metal mercury gets its modern name from the planet
Mercury. The true ancient name was hydrargyrum
(“liquid silver”), and the old English word was the
nearly identical “quicksilver.”

This more or less deliberate obscurity served two
unfortunate purposes. First, it retarded progress since
each worker in the field was kept in ignorance, or
at least in uncertainty, as to what others were do-
ing, so that no man could profit by another’s mistakes
or learn from another’s brilliance. Secondly, it made
it possible for any quack and faker to present him-
self, provided he spoke obscurely enough, as a
serious worker. The knave could not be distinguished
from the scholar.

The first important worker in Greek-Egyptian
khemeia that we knmow by name was Bolos of
Mendes (c. 200 B.c.), a town in the Nile delta. In
his writings, he used the name Democritus so that
he is referred to as “Bolos-Democritus” or some-
times as the “pseudo-Democritus.”

Bolos devoted himself to what became one of the
great problems of khemeia, the changing of one
metal into another and, particularly, the changing
of lead or iron into gold (transmutation).

The four-element theory would make it seem that
the various substances of the universe differed only
in the nature of the elemental mixture. This hypothe-
sis would be true whether one accepted the atomist
view or not, since the elements could mix as atoms
or as continuous substance. Indeed, there seemed
reason to think that even the elements themselves
were interchangeable. Water seemed to turn to air
when it evaporated, and the air turned back to wa-
ter when it rained. Wood, if heated, turned to fire
and vapors (a form of air) and so on.
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Why should any change, then, be considered im-
possible? Surely, it was only a matter of finding the
proper technique. A reddish rock could be converted
to gray iron through a technique that had not yet
been discovered in the time of Achilles, who had to
wear bronze armor. Why, then, should not gray iron
be further converted to yellow gold by means of
some technique that had not yet been discovered in
the time of Alexander the Great?

Many chemists throughout the centuries have hon-
estly striven to find the technique for producing
gold. Some, however, undoubtedly found it much
easier and far more profitable merely to pretend to
find the technique and to trade on the power and
reputation this gave them. This sort of fakery con-
tinued right on into modern times, but in this book .
we will not be concerned with this side of khemeia.

Bolos, in his writings, apparently gave the details
of techniques of making gold, but this may not ac-
tually have represented fakery. It is possible to alloy
copper with the metal zinc, for instance, to form
brass, which has the yellow color of gold. It is quite
likely that the preparation of a gold-colored metal
would be the equivalent, to some of the ancient
workers, of forming gold itself.

However, the art of khemeia went downhill during
Roman times, along with a general decay of Greek

- learning. After A.p. 100 virtually nothing new was
added, and there was a rising tendency to turn to
ever-more mystical interpretations of the earlier
writers.

About A.p. 300, for instance, an Egyptian-born
writer, Zosimus, wrote an encyclopedia of twenty-
eight books covering all the knowledge of khemeia
that had accumulated in the previous five or six cen-
turies, and there was very little of value in it. To be
sure, one can find an occasional passage with some-
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thing novel in it, like that seeming to refer to arsenic,
and Zosimus seems to have described methods for
forming lead acetate and to have known of the sweet
taste of that poisonous compound. (It is called
“sugar of lead” to this day.)

The final death blow came through fear. The Ro-
man emperor Diocletian actually feared that khemeia
might successfully produce cheap gold and destroy
the shaky economy of the declining Empire. In
Zosimus’s time, he ordered writings on khemeia to
be destroyed, which is one explanation of why little
remains to us.

Another reason is that, with the rising tide of
Christianity, “pagan learning” came into disfavor.
The Alexandrian Museum and Library were badly
damaged as a result of Christian riots after A.D.
400. The art of khemeia, with its close relationship
to the ancient Egyptian religion, was particularly sus-
pect and it virtually went underground.

In one respect, Greek learning left the Roman
world altogether. Christianity had been broken up
into sects, one of them called Nestorians, because
they followed the teachings of a Syrian monk,
Nestorius, who lived in the fifth century. The Nesto-
rians were persecuted by the orthodox Christians
of Constantinople, and a number of them fled east-
ward into Persia. There the Persian monarchs treated
them with great kindness (possibly in the hope of
using them against Rome).

The Nestorians brought Greek learning with them
to Persia, including many books on alchemy. The
peak of their power and influence came about
A.D. 550.
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The Arabs

In the seventh century, however, the Arabs came
on the scene. Hitherto, they had been isolated on
their desert peninsula, but now, stimulated by the
new religion of Islam, founded by Mohammed, they
burst outward in all directions. Their conquering
armies took over vast areas of western Asia and
northern Africa. In A.D. 641 they invaded Egypt,
and after quick victories occupied the land, and over
the next years they inflicted the same fate on all
Persia.

In Persia, particularly, the Arabs met with what
remained of the tradition of Greek science and were
fascinated. A highly practical encounter may have
encouraged this view, too. In A.n. 670, when they
besieged Constantinople (the largest and strongest
city in Christendom), they were driven off by “Greek
fire,” a chemical mixture that burned hotly with a
fire that could not be put out with water and that
destroyed the wooden ships of the Arabic fleet. Ac-
cording to tradition it was prepared by Callinicus,
a practitioner of khemeia who had fled his native
Egypt (or perhaps Syria) ahead of the Arabic
armies.

In Arabic, khemeia became al-kimiya, the prefix
al being their word for “the.” The word was even-
tually adopted by Europeans as (in English) al-
chemy, and those who worked in the field were
alchemists. The term alchemy is applied now to the
entire course of chemical history from about 300
B.C. to A.D. 1600, a period of nearly two thousand
years.

Between A.D. 300 and A.D. 1100 chemical history
in Europe is virtually a blank. After A.p. 650 the
preservation and extension of Greek-Egyptian al-
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chemy were entirely in the hands of the Arabs and
remained there for five centuries. Traces of this
period remain in the number of chemical terms that
are derived from Arabic: alembic, alkali, alcohol,
carboy, naphtha, zircon, and others.

The best of Arabic alchemy came at the start of
the period of their domination. Thus, the most ca-
pable and renowned of the Moslem alchemists was
Jabir ibn-Hayyan (c. 760-c. 815), who was known
to Europeans, centuries later, as “Geber.” He lived
at the time when the Arabic empire (under Haroun-
al-Raschid of Arabian Nights fame) was at the
height of its glory.

His writings were numerous and his style was
relatively straightforward. (Many of the books bear-
ing his name may have been written by later alche-
mists and attributed to him.) He described am-
monium chloride and showed how to prepare white
lead. He distilled vinegar to obtain strong acetic acid,
which had been the strongest acid known to the
ancients. He even prepared weak nitric acid which,
potentially at least, was much stronger.

Jabir’s greatest influence, however, lay in his
studies in connection with the transmutation of
metals. It seemed to him that mercury was the metal
par excellence, since its liquid nature made it ap-
pear to have the least admixture of earthiness. Then
sulfur seemed to possess the remarkable property
of combustibility (and, further, possessed the yellow
color of gold). It seemed to Jabir that the different
metals were made up of different mixtures of mer-
cury and sulfur, and it remained only to find some
material that would facilitate the mixture of mer-
cury and sulfur in the proper proportions to produce
gold.

Ancient tradition held that such a transmutation-
promoting substance was a dry powder. The Greeks
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called it xerion from their word for “dry.” The
Arabs changed this to al-iksir and to the Europeans
it eventually became elixir. As a further testament
to its supposed dry, earthy property, it was com-
monly called, in Europe, the philosopher’s stone.
(Remember that as late as 1800, a “philosopher”
was what we now call a “scientist.”)

The amazing elixir was bound to have other mar-
velous properties as well, and the notion arose that
it was a cure for all diseases, and might very well
confer immortality. Hence,- one spoke of the elixir
of life, and chemists who tired of the pursuit of gold
could pursue immortality instead—also in vain.

In fact, for centuries afterward, alchemy flowed
along two mainly parallel paths; a mineralogical one
in which gold was the prime goal, and a medical one
in which a panacea was.

Following Jabir, and with almost his skill and
later reputation, was the Persian alchemist Al-Razi
(c. 850—c. 925), known to Europeans later as “Rha-
zes.” He, too, carefully described his work, pre-
paring plaster of Paris, for instance, and describing
the manner in which it could be used to form casts
holding broken bones in place. He also studied and
described metallic antimony. To mercury (which
was volatile—that is, would form a vapor when
heated) and to sulfur (which was inflammable) he
added salt as a third principle in the composition
of solids generally, for salt was neither volatile nor
inflammable.

Al-Razi was more interested in medicine than
Jabir had been, and this drift toward the medical
aspects of alchemy continued with the Persian, Ibn-
Sina (979-1037), who is much better known as
Avicenna, the Latinized corruption of his name.
Avicenna was, indeed, the most important physician
between the time of the Roman Empire and that of
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the rise of modern science. He had learned enough
from the failures of centuries to doubt whether the
formation of gold from other metals was possible.
In this, though, he was, and remained, an exception
among alchemists.

Revival in Europe

Arabic science declined rapidly after Avicenna.
Times were unsettled in the Islamic world and grew
more unsettled still as a result of the invasions and
military victories of the comparatively barbaric Turks
and Mongols. The palm of scientific leadership left
the Arabs after three centuries, never to return. It
passed to western Europe.

The western Europeans had their first relatively
peaceful and intimate contact with the Islamic world
as a result of the Crusades. The First Crusade was
launched in 1096, and western Christians conquered
Jerusalem in 1099. For nearly two centuries after-
ward, a Christian realm existed on the Syrian coast,
like a small island in the Moslem sea. There was a
certain fusion of culture, and a drizzle of Christians
returning to western Europe brought with them a
certain appreciation of Arabic science. In that same
period, the Christians in Spain were gradually retak-
ing the territory that had been lost to Islam in the
early eighth century. In so doing, they, and Christian
Europe generally, gained a further notion of the bril-
liant Moorish civilization that had grown up in
Spain.

Europeans learned that the Arabs possessed books
of great learning which had been translated from the
Greek originals—the works of Aristotle, for instance
—as well as their own productions, such as the works
of Avicenna.

Despite a certain reluctance to handle the works
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of what seemed a deadly and inveterate enemy, the
movement grew to translate these works into Latin
to make them available to European scholars. The
French scholar Gerbert (c. 940-1003), who be-
came Pope Sylvester II in 999, was an early encour-
ager of this movement.

The English scholar Robert of Chester (. 1140-
50) was among the first to translate an Arabic work
of alchemy into Latin, completing the task in 1144.
Others followed, and the greatest of the translators
was the Italian scholar Gerard of Cremona (c.
1114-87). He spent much of his life in Toledo,
Spain, which had been taken by Christian forces in
1085. He translated ninety-two Arabic works, some
of them extremely long.

Beginning about 1200, then, it became possible
for European scholars to absorb the alchemical find-
ings of the past and to attempt to advance beyond
them, encountering, of course, as many or more
blind alleys as broad avenues of progress.

The first important European alchemist was Al-
bert of Bollstadt (c. 1200-80), better known as
Albertus Magnus (“Albert the Great”). He studied
the works of Aristotle intensively, and it was through
him that Aristotelian philosophy grew so important
to the scholarship of the later Middle Ages and of
early modern times.

Albertus Magnus, in the course of reporting his
alchemical experiments, described arsenic so clearly
that he sometimes receives credit for the discovery
of that substance although, in impure form at least,
it was probably known to earlier alchemists.

A contemporary of Albertus Magnus was the
English scholar and monk Roger Bacon (1214-92),
who is best known today for his clearly expressed
belief that in experimentation and in the application
of mathematical techniques to science would lic the
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best hope for progress. He was right, but the world
was not yet quite ready.

Bacon attempted to write a universal encyclopedia
of knowledge and in his writings produced the ear-
liest description of gunpowder. Bacon is sometimes
thought of as the discoverer of gunpowder, but he
wasn’t; the real discoverer is unknown.

In time gunpowder helped to destroy the medieval
order of society by giving armies a means to level
castle walls, and the man on foot a chance to shoot
down a horseman in armor. It was the earliest sym-
bol of the technological proficiency that was to lead
European armies to the conquest of the other con-
tinents during the five centuries from 1400 to 1900,
a conquest that is being reversed only in our own
lifetimes.

Alchemy in more mystic vein is to be found in
works attributed to the Spanish scholars Arnold
of Villanova (c.1235-c.1311) and Raymond Lully
(1235-1315), though it is doubtful that they really
were the authors. These writings lean heavily on
transmutation, and Lully was even supposed (by
tradition) to have manufactured gold for the wastrel
Edward II of England.

The most important of the medieval alchemists,
however, is not known by name, for he wrote un-
der that of Geber, the Arabic alchemist of six cen-
" turies before. Nothing is known of this “false
Geber” except that he was probably a Spaniard and
wrote about 1300. He was the first to describe sul-
furic acid, the most important single substance used
by the chemical industries of today (after water, air,
coal, and oil). He also described the formation of
strong nitric acid. These acids were obtained from
minerals, while the earlier known acids, such as the
acetic acid of vinegar, came from the world of life.

This discovery of the strong mineral acids was

Quiney Point JIr. High School
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the most important chemical advance after that of
the successful production of iron from its ore some
three thousand years before. Many chemical reac-
tions could be carried through, and many substances
dissolved, by Europeans with the aid of the strong
mineral acids, which the earlier Greeks and Arabs
could not have brought about with vinegar, the
strongest acid at their disposal.

The mineral acids were far more important to
the welfare of mankind, in fact, than gold would
have been even if that metal could have been pro-
duced by transmutation. Gold’s value would have
disappeared as soon as it was no longer rare,
whereas the mineral acids are the more valuable
the cheaper and more plentiful they become. Never-
theless, such is human nature that the mineral acids
made no great impression, while gold continued to
be sought for avidly,

But then, after a promising beginning, alchemy
began to degenerate for the third time, as it had done
first among the Greeks and then among the Arabs.
The hunt for gold became the almost exclusive
province of fakers, though great scholars even as
late as the seventeenth century (Boyle and Newton
are examples) could not resist trying their hand at it,

Once again, as under Diocletian a thousand years
before, the study of alchemy was forbidden, as much
in dread of the successful production of gold as in
indignation over fakery. Pope John XXII declared
such a ban in 1317, and honest alchemists, forced
to work underground, became more obscure than
ever, while chemical racketeering flourished as al-
ways.

The winds of change, however, were stirring more
and more violently in Europe. The remnant of the
Eastern Roman Empire (or “Byzantine Empire”),
with its capital at Constantinople, was clearly in its
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last days. In 1204 it had been sacked brutally by
western European Crusaders, and much of the record
of Greek learning which, till then, had remained
intact in that one city at least, was lost forever.

The Greeks recovered the city in 1261, but it
was only a shadow of itself thereafter. Over the
next two centuries Turkish armies of conquest drew
inexorably closer to the city, and finally, in 1453,
Constantinople fell and has remained Turkish ever
since. Both before and after the fall, Greek scholars
fled to western Europe, carrying with them such por-
tions of their libraries as they could salvage. Only
feeble remnants of Greek learning were made avail-
able to the West, but even they were immensely
stimulating.

This was also the age of the great explorations,
helped on by the discovery, in the thirteenth cen-
tury, of the magnetic compass. The coast of Africa
was explored and the continent was rounded in 1497.
With India reached by sea and the world of Islam
bypassed, Europe could trade directly with the Far
East. Even more startling were the voyages of
Christopher Columbus from 1492 to 1504 through
which, it was soon discovered (though Columbus
himself never admitted the fact), a new half of the
world had been revealed.

So much unknown to the great Greek philoso-
phers was being discovered by Europeans that the
feeling must arise that the Greeks were not all-
knowing supermen after all. The Europeans, having
proved superior in navigation, might well prove su-
perior in other respects as well. A certain psychologi-
cal block was removed, and it became easier to
question the findings of the ancients.

In this same “Age of Exploration” a German in-
ventor, Johann Gutenberg (c.1397-c.1468) had
devised the first practical printing press, making use
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of movable type that could be disassembled and put
together to print any desired book. For the first
time in history, it became possible.to produce books
cheaply and in quantity, without fear of errors in
copying (though, of course, there might be errors
in typesetting).

Unpopular views, thanks to printing, need not
necessarily die out for lack of anyone to undertake
the laborious effort of copying such a book. Thus,
one of the early books to appear in printed form was
Lucretius’s poem (see page 14), and it spread the
atomist view far and wide through Europe.

In the year 1543, two revolutionary books were
published which, before the days of printing, might
easily have been ignored by orthodox thinkers. Now,
however, they made their way everywhere and could
not be overlooked. One was a book by a Polish as-
tronomer, Nicholas Copernicus (1473-1543), which
held that the Earth was not the center of the uni-
verse as the great Greek astronomers had main-
tained, but that the Sun was. The other was a book
by a Flemish anatomist, Andreas Vesalius (1514—
64), which portrayed human anatomy with un-
precedented accuracy. It was based on Vesalius’s
own observations, and refuted many of the beliefs
that dated back to ancient Greek sources.

This simultaneous overthrowing of Greek astron-
omy and biology (though Greek views maintained
their hold in some quarters for a century and more
longer) marked the beginning of the “Scientific Rev-
olution.” This Revolution penetrated the alchemical
world only slowly, but it made itself somewhat felt
in both the mineralogical and medical aspects of the
science,
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The End of Alchemy

The new spirit appeared in the works of two
contemporaries, both physicians, a German, Georg
Bauer (1494-1555) and a Swiss, Theophrastus
Bombastus von Hohenheim (1493-1541).

Bauer is better known as Agricola which, in Latin,
means “farmer” (as Bauer does, in German). He
became interested in mineralogy through its pos-
sible connection with medicines. In fact, the connec-
tion between medicine and minerals, and the com-
bination of physician-mineralogist, was to be a
prominent feature in the development of chemistry
for the next two and a half centuries. Agricola’s book
De Re Metallica (“Of Metallurgy”) (see Figure 3)
was published in 1556, and in it he summarized all
the practical knowledge that could be gathered from
the miners of his day.

This book, clearly written and with excellent il-
lustrations of mining machinery, became popular at
once and indeed remains a worthy classic of science
even today.! The most important work on chemical
technology before 1700, De Re Metallica established
mineralogy as a science. (The most valuable book
on metallurgy and applied chemistry generally, prior
to Agricola, had been that of the monk Theophilus
—possibly a Greek—who lived about A.D. 1000).

As for Von Hohenheim, he is better known by
his self-chosen nickname of Paracelsus. This means
“better than Celsus,” Celsus having been a Roman
writer on medical matters whose works had ap-

171t is interesting that the only English translation of Agri-
cola’s work, published in 1912, was made by former Presi-
dent Herbert Hoover, a mining engineer by profession, and

his wife. With illustrations taken from the original, a hand-
some edition is available from Dover.
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FIG. 3. Title page of Agricola’s De Re Metallica.

peared recently in a printed edition. They were the
object of much and, to Paracelsus, mistaken idolatry.

Paracelsus, like Avicenna five centuries earlier
(see page 22), represented a shift in alchemical in-
terest from gold to medicine. The purpose of al-
chemy, Paracelsus maintained, was not to discover
techniques for transmutation but to prepare medi-
cines with which to treat disease. In earlier times
plant preparations had been most often used for the
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purpose, but Paracelsus believed heartily in the effi-
cacy of minerals as medicines.

Paracelsus was an alchemist of the old school
despite his de-emphasis of transmutation. He ac-
cepted the four elements of the Greeks and the three
principles (mercury, sulfur, and salt) of the Arabs.
He sought unceasingly for the philosopher’s stone
in its function as the elixir of life, and even insisted
he had found it. He also, in greater truth, discovered
the metal zinc, and is sometimes considered its dis-
coverer, although zinc, in the form of its ore and
in alloy form with copper (brass), was known even
in ancient times.

Paracelsus remained a figure of controversy for
half a century after his death. His followers increased
the content of mysticism in his views and reduced
it to a mumbo-jumbo in some respects. This cor-
ruption met with disfavor in an era when alchemy
was emerging more and more into an era of clarity
and rationality.

For instance, the German alchemist Andreas
Libau (c. 1540-1616), better known by the Latin-
ized name Libavius, published Alchemia in 1597.
This work was a summary of the medieval achieve-
ments of alchemy and might be considered the first
chemical textbook worthy of the name, for he wrote
clearly and without mysticism. In fact, he bitterly
attacked the obscure theories of what he called the
“Paracelsians,” though he agreed with Paracelsus
that the chief function of alchemy was to serve as
handmaiden to medicine.

Libavius was the first to describe the preparation
of hydrochloric acid, of tin tetrachloride, and of
ammonium sulfate. He described also the prepara-
tion of aqua regia (“royal water”), a mixture of
nitric acid and hydrochloric acid which receives its
name from the fact that it can dissolve gold. He
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even suggested that mineral substances could be
identified from the shape of the crystals produced
when a solution is evaporated.

Nevertheless, he was certain that transmutation
was possible and that the discovery of methods
for making gold was an important end of chemical
study.

A more specialized textbook was produced in
1604 by a German publisher named Johann Thélde
(concerning whom nothing is otherwise known). He
ascribed the book to a medieval monk named Basil
Valentine, but it seems almost certain that the name
was a pseudonym for himself. The book, entitled
The Triumphal Chariot of Antimony, dealt with the
medicinal uses of this metal and the compounds
derived from it.

Still later came a German chemist, Johann Rudolf
Glauber (1604-68), who discovered a method of
forming hydrochloric acid by the action of sulfuric
acid on ordinary salt. In the process he obtained a
residue, sodium sulfate, which we still call “Glauber’s
salt” even today.

Glauber fastened onto this substance, studying it
intensively, and noting its activity as a laxative. He
called it “sal mirabile” (“wonderful salt”), and
touted it as a cure-all, almost an elixir of life.
Glauber went into the business of manufacturing this
compound, as well as others which he considered of
medical value. He made a successful living out of it,
too. It was a less dramatic way of life than that of
pursuing the manufacture of gold, but it was more
useful and more profitable.

Even to those impervious to scientific rationale,
the economic facts of life spoke loudly. There was
too much that was useful and profitable in advanc-
ing knowledge of minerals and medicine to waste
time in the interminable foolish dance after gold.
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In the course of the seventeenth century, in fact,
alchemy dwindled steadily in importance and in the
eighteenth century became what we would today
call chemistry.



CHAPTER 3

TRANSITION

Measurement

Yet, despite its advance, chemical knowledge in
certain respects lagged behind other branches of
science.

In astronomy the importance of quantitative
measurements and of the application of mathemati-
cal techniques had been understood since ancient
times. One reason was that the astronomical prob-
lems tackled by the ancients were relatively simple,
and certain of them could be handled reasonably well
even with plane geometry.

The application of mathematics and of careful
measurement to physics was dramatized by the
Italian scientist Galileo Galilei (1564-1642), who,
in the 1590s, studied the behavior of falling bodies.
The results of his work led, nearly a century later,
to the important conclusions of the English scientist
Isaac Newton (1642-1727). In his book Principia
Mathematica, published in 1687, Newton introduced
his three laws of motion, which served for over
two centuries as the basis of the science of me-
chanics. In the same book Newton advanced his
theory of gravitation, which also served for more
than two centuries as an adequate explanation of
the workings of the universe and holds true today
within the limits of our personal observations and
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attainable velocities. In connection with this theory,
he made use of the calculus, a new and powerful
branch of mathematics which he himself had worked
out.

The Scientific Revolution reached its climax in
Newton. There was no question thereafter of defer-
ring to the Greeks or to any of the ancients. Western
Europe had far surpassed them and there was to be
no more looking back.

But an equivalent change from mere qualitative
description to careful quantitative measurement did
not take place in chemistry for a full century after
Newton’s climactic work. In fact, while Newton was
building the modern structure of astronomy and
physics with a beauty and solidity that amazed the
scientific world, he remained immersed in alchemy.
He sought ardently throughout Europe for recipes
whereby he might make gold by transmutation.

This persistence in the wrong approach was not
entirely the fault of chemists. If they were slow to
adopt the quantitative mathematical techniques of
Galileo and Newton, it was because the material
they dealt with was more difficult to represent in a
fashion simple enough to be amenable to mathemati-
cal treatment.

Nevertheless, chemists made progress, and faint
signs of a forthcoming chemical revolution were not
wanting, even in Galileo’s time. Such signs were
present, for instance, in the work of a Flemish
physician, Jan Baptista Van Helmont (1577-1644).
He grew a tree in a measured quantity of soil, added
water periodically, and carefully weighed the tree as
it grew. Since he hoped to discover the source of
the living tissue formed by the tree, he was applying
measurement to a problem in chemistry, and in
biology as well.

Until Van Helmont’s time the only air-like sub-
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stance known and studied was air itself, which
seemed sufficiently distinctive and unlike other sub-
stances to serve as one of the elements of the Greeks
(see page 11). To be sure, alchemists had frequently
obtained “airs” and “vapors” in their experiments,
but these were elusive substances that were hard to
study and observe, and easy to ignore.

The mystery of these vapors was implicit in the
very name given to liquids that vaporized easily.
They were termed “spirits,” a word originally mean-
ing “breath” or “air,” but carrying also an obvious
sense of the mysterious and even of the supernatu-
ral. We still speak of “spirits of alcohol” and “spirits
of turpentine.” Alcohol is so much the oldest and
best-known of the volatile liquids that “spirits” has
come to refer to alcoholic liquors in particular.

Van Helmont was the first chemist to consider
the vapors he produced and to study them. He
found that they resembled air in physical appear-
ance but not in all properties. In particular, he ob-
tained vapors from burning wood that resembled
air, but did not behave quite like air,

To Van Helmont these air-like substances, with-
out fixed volume or fixed shape, were something
akin to the Greek ‘“chaos”; the original material,
unshaped and unordered, out of which the Universe
(according to Greek myth) was created. Van Hel-
mont called the vapors by the name of “chaos,” but
spelled the word in accordance with its phonetic
sound in Flemish, which made it gas. This word is
still used today for all air-like substances.

The particular gas which Van Helmont obtained
from burning wood and which he studied with par-
ticular care, he called “gas sylvestre” (“gas from
wood”). It is what we call today carbon dioxide.

It was the study of gases, the simplest form of
matter, that first lent itself to the techniques of
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careful measurement; it served as a highway to the
world of modern chemistry.

Boyle’s Law

Toward the end of Van Helmont’s life, gases—air,
in particular, since it was the most common gas—
were attaining a new and dramatic importance. The
Italian physicist Evangelista Torricelli (1608-47)
was able to prove, in 1643, that air exerted pressure.
He showed that air could support a column of mer-
cury thirty inches high and, in so doing, he invented
the barometer.

Gases at once became less mysterious. They were
matter, possessing weight as did the more easily
studied liquids and solids. They differed from liquids
and solids chiefly in their much lower density.

The pressure exerted by the weight of the atmos-
phere was demonstrated in an astonishing manner
by the German physicist Otto von Guericke (1602—
86). He invented an air pump with which he could
pull the air out of containers, so that the air pressure
on the outside was no longer equalized by air pres-
sure on the inside.

In 1654 Guericke prepared two metal hemispheres
that fit together along a greased flange. When the
hemispheres were put together and the air within
was removed by the air pump, air pressure from
without held the hemispheres together. Teams of
horses attached to each of the hemispheres and
whipped into straining their utmost in opposite di-
rections, could not pull the hemispheres apart. When
air was allowed to re-enter the joined hemispheres,
however, they fell apart of themselves.

Demonstrations such as this roused great interest
in the properties of air. In particular, the curiosity
of an Irish chemist, Robert Boyle (1627-91), was
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roused. He devised an air pump of his own that was
even better than Guericke’s. Then having, so to
speak, pulled air apart in sucking it out of a con-
tainer, he went on to try the opposite procedure of
compressing it—that is, of pushing it together.

In his experiments Boyle found that the volume
of a sample of air varied with pressure according to
a simple inverse relationship. (See Figure 4.) He
discovered this by dropping mercury into a very
long, specially constructed tube and trapping a sam-
ple of air in the short, closed end which was fitted
with a stopcock. By adding more mercury to the
long open end he could increase the pressure on the
trapped air. If he added enough mercury to place
the trapped air under doubled pressure (a doubled
weight of mercury), the volume of the trapped air
was halved. If pressure was tripled the volume was
reduced to a third. On the other hand, if pressure
was eased off the volume expanded. This relation-
ship whereby volume decreased in proportion as
pressure increased was first published in 1622 is
still referred to as Boyle’s law.

This was the first attempt to apply exact measure-
ment to changes in a substance of particular inter-
est to chemists.!

Boyle did not specify that temperature must be
held constant if Boyle’s law is to be valid. Probably
he realized this and supposed it would be taken for
granted. The French physicist Edme Mariotte (1630—
1684), who discovered Boyle’s law independently,

1Tt must be pointed out, though, that the change studied
by Boyle was not a chemical one. Air, however it might be
compressed or expanded, remains air. Such change in vol-
ume is a physical change. He was therefore involved in
physical chemistry, the study of the physical changes of
chemicals. This was not to come into its own for two cen-

turies after the time of Boyle (see Chapter 9), but he laid
the groundwork.
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about 1680, did specify that temperature must be
held constant. For this reason, Boyle’s law is often
referred to as Mariotte’s law in continental Europe.

Boyle’s experiments offered a focus for the gath-
ering numbers of atomists. As I said earlier, Lucre-
tius’s poem, introduced in a printed edition (see page
28), had brought Greek views on atomism to the
attention of European scholars. A French philoso-
pher, Pierre Gassendi (1592-1655), was a con-
vinced atomist as a result, and his writings impressed
Boyle, who thereupon also became an atomist.

As long as one concentrated on liquids and solids
only, the evidence for atomism was no better in
Boyle’s time than in that of Democritus (see page
13). Liquids and solids cannot be compressed by
more than insignificant amounts. If they consist of
atoms, those atoms must be in contact and cannot
be pushed closer together. It is therefore hard to
argue that liquids and solids must be made up of
atoms, for if they were made up of continuous sub-
stance they would also be very difficult to compress.
Why bother with atoms, then?

Air, however, as had been observed even in an-
cient times, and as Boyle had now made dramati-
cally clear, can easily be compressed. How could
this be unless it consisted of tiny atoms separated
by empty space? Compressing air simply would
mean, from that point of view, the squeezing of
empty space out of the volume, pushing the atoms
closer together.

If this view of gases is accepted it becomes easier
to believe that liquids and solids are composed of
atoms, too. For instance, water evaporates. How can
that be unless it disappears tiny bit by tiny bit, and
what could be simpler, then, than to suppose that
it turns into vapor atom by atom? If water is heated
it boils and vapor is visibly formed. The water
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vapor has the physical properties of an air-like sub-
stance and therefore, it is natural to suppose, is
composed of atoms. But if water is composed of
atoms in its gaseous form, why not in its liquid form
as well, and in its solid form of ice? And if this is
true of water, why not of all matter?

Arguments of this sort were impressive, and for
the first time since atoms were first imagined two
thousand years before, atomism began to win nu-
merous converts. Newton, for instance, became an
atomist.

Nevertheless, atoms remained a misty concept.
Nothing could be said about them except that if
they were assumed to exist, it was easier to explain
the behavior of gases. Another century and a half
had to pass before atomism came into sharp focus.

The New View of Elements

Boyle’s carcer marks the passing of the terms
“alchemy” and “alchemist.” Boyle dropped the first
syllable of the term in writing a book, The Sceptical
Chymist, published in 1661. From that time on, the
science was chemistry and workers in the field were
chemists.

Boyle was “sceptical” because he was no longer
willing to accept, blindly, the ancient conclusions
that had been deduced from first principles. In par-
ticular, Boyle was dissatisfied with ancient attempts
to identify the elements of the universe by mere rea-
soning. Instead, he defined elements in a matter-of-
fact, practical way. An element, it had been con-
sidered ever since Thales’ time (see page 8), was
one of the primal simple substances out of which
the universe was composed. Well, then, a suspected
element must be tested in order to see if it were
really simple. If a substance could be broken into
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simpler substances it was not an element, but the
simpler substances might be—until such time as
chemists learned to break them down to still simpler
substances.

Furthermore, if two substances were each an ele-
ment, they might be intimately combined to form a
third substance called a compound. If so, then that
compound should lend itself to breakdown into the
two original elements.

The term “element,” in this view, had only a prac-
tical meaning. A substance such as quartz, for in-
stance, could be considered an element until such
time as experimental chemists discovered a way of
converting it into two or more still simpler sub-
stances. In fact, no substance could ever be an ele-
ment except in a provisional sense, according to this
view, since one could never be certain when advanc-
ing knowledge might make it possible to devise a
method for breaking down a supposed element into
still simpler substances.

It was not until the coming of the twentieth cen-
tury that the nature of elements could be defined in
a non-provisional sense (see page 218).

The mere fact that Boyle wanted an experimental
approach in defining elements (an approach that
was adopted eventually) does not mean that he
knew what the different elements were. It might
have turned out, after all, that the experimental ap-
proach would indeed have proved Greek elements
of fire, air, water, and earth to be elements.

Boyle was convinced, for instance, of the validity
of the alchemical viewpoint that the various metals
were not elements and that one metal could be con-
verted into another, In 1689, he urged the British
government to repeal the law against the alchemical
manufacture of gold (they, too, feared the upset
to the economy) because he felt that by forming

[
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gold out of base metal, chemists could help to prove
the atomic view of matter.

But Boyle was wrong there; the metals did prove
to be elements. In fact, nine substances which we
now recognize as elements had been known to the
ancients: the seven metals (gold, silver, copper, iron,
tin, lead, and mercury) and two non-metals (carbon
and sulfur). In addition, there were four substances
now recognized as elements that had become familiar
to the medieval alchemists: arsenic, antimony, bis-
muth, and zinc.

Boyle, himself, came within a hair of being the
discoverer of a new element. In 1680 he prepared
phosphorus from urine. Some five to ten years be-
fore that, however, the feat had been accomplished
by a German chemist, Hennig Brand (?-c. 1692).
Brand is sometimes called the “last of the alche-
mists,” and, indeed, his discovery came while he
was searching for the philosopher’s stone which he
thought he would find in (of all places) urine.
Brand was the first man to discover an element that
had not been known, in at least some form, before
the development of modern science.

Phlogiston

The seventeenth-century discoveries concerning
air pressure and the unusual feat that one could
perform by producing a vacuum and allowing air
pressure to work, had important results. It occurred
to several people that a vacuum might be formed
without the use of an air pump.

Suppose you boiled water and filled a chamber
with steam, then cooled the chamber with cold wa-
ter on the outside. The steam within the chamber
would condense into a few drops of water, and a
vacuum would exist in its place. If one of the walls



44 A SHORT HISTORY OF CHEMISTRY

of the chamber were movable, air pressure on the
other side would then drive that wall into the
chamber.

The movable wall could be pushed outward again
if more steam were formed and allowed to enter the
chamber, and then be pushed inward again if the
steam were once more condensed. If you imagine
the movable wall to be part of a piston, you can see
that the piston will move in and out and that this
in-and-out motion could be used to run a pump, for
instance.

By 1700, such a steam engine had actually been
produced by an English engineer, Thomas Savery
(c. 1650-1715). It was a dangerous device because
it used steam under high pressure at a time when
high-pressure steam could not be safely controlled.
However, another Englishman, Thomas Newcomen
(1663-1729), working in partnership with Savery,
devised a steam engine that would work on low-
pressure steam. (See Figure 5.) The device was im-
proved and made really practical, toward the end of
the eighteenth century, by the Scottish engineer
James Watt (1736-1819).

The result of these labors was that, for the first
time, mankind was no longer dependent upon its
own muscles or upon the muscles of animals. Nor
was man dependent upon the hit-or-miss force of the
wind, or upon the spottily located energy of running
water. Instead, he had a source of energy he could
call upon at any time and in any place merely by
boiling water over a wood or coal fire. This was the
chief factor marking the start of the “Industrial
Revolution.”

The increasing interest from 1650 onward in the
possibility of turning fire to new uses and, by way
of the steam engine, making it do the heavy work of
the world, brought to chemists a new awareness of
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fire. Why do some things burn and others not?
What is the nature of combustion?

By old Greek notions something which could burn
contained within itself the element of fire, and this
something was released under the proper conditions.
Alchemical notions were similar, except that a com-
bustible was thought of as containing the principle
of “sulfur” (though not necessarily actual sulfur).

In 1669, a German chemist, Johann Joachim
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Becher (1635-82), tried to rationalize this notion
further, by introducing a new name. He imagined
solids to be composed of three kinds of ‘“earth.”
One of these he called “terra pinguis” (“fatty
earth”), and felt this to be the principle of inflam-
mability.

A follower of Becher’s rather vague doctrines
was the German physician and chemist Georg Ernest
Stahl (1660-1734). He advanced a newer name still
for the principle of inflammability, calling it phlogis-
ton, from a Greek word meaning “to set on fire.”
He went on to devise a scheme, involving phlogiston,
that would explain combustion.

Combustible objects, Stahl held, were rich in
phlogiston, and the process of burning involved the
loss of phlogiston to the air. What was left behind
after combustion was without phlogiston and there-
fore could no longer burn. Thus, wood possessed
phlogiston, but ash did not.

Stahl maintained further that the rusting of metals
was analogous to the burning of wood, and he con-
sidered a metal to possess phlogiston while its rust
(or “calx”) did not. This was an important insight,
which made it possible to advance a reasonable ex-
planation of the conversion of rocky ores into metals
—the first great chemical discovery of civilized
man. The explanation consisted of this: A rocky ore,
poor in phlogiston, is heated with charcoal, which is
very rich in phlogiston. Phlogiston passes from the
charcoal into the ore, so that the phlogiston-rich
charcoal is turned into phlogiston-poor ash, while
the phlogiston-poor ore is turned into phlogiston-
rich metal.

Air itself was considered by Stahl to be only in-
directly useful to combustion, for it served only as a
carrier, holding the phlogiston as it left the wood
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or metal and passing it on to something else (if
something else were available).

Stahl’s phlogiston theory met with opposition at
first, notably from a Dutch physician, Hermann
Boerhaave (1668-1738), who argued that ordinary
combustion and rusting could not be different ver-
sions of the same phenomenon.

To be sure, there is the presence of flame in one
case and not in the other, but to Stahl the explana-
tion was that in the combustion of substances, such
as wood, phlogiston left so rapidly that its passage
heated its surroundings and became visible as flame.
In rusting the loss of phlogiston was slower and no
flame appeared.

Despite Boerhaave’s opposition, then, the phlogis-
ton theory gained popularity throughout the eight-
eenth century. By 1780 it was almost universally
accepted by chemists, since it seemed to explain so
much so neatly.

Yet a difficulty remained that neither Stahl nor
any of his followers could explain. Most combus-
tible objects, such as wood, paper, and fat, seemed
largely to disappear upon burning. The remaining
soot or ash was much lighter than the original sub-
stance. This is to be expected, perhaps, since phlogis-
ton had left that original substance.

However, when metals rusted, they also lost
phlogiston, according to Stahl’s theory, yet the rust
was heavier than the original metal (a fact which
had been noted by alchemists as early as 1490).
Could phlogiston have negative weight, then, so that
a substance that lost it was heavier than before, as
some eighteenth-century chemists tried to maintain?
If so, why did wood lose weight in burning? Were
there two kinds of phlogiston, one with weight and
one with negative weight?

This unanswered problem was not as serious in
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the eighteenth century as it seems to us today. We
are used to measuring phenomena accurately, and
an unexplained change in weight would disturb us.
The eighteenth-century chemists, however, had not
yet accepted the importance of accurate measure-
ments, and they could shrug off the change in weight.
As long as the phlogiston theory could explain
changes in appearance and properties, changes in
weight, they felt, could be ignored.



CHAPTER 4

THE GASES

Carbon Dioxide and Nitrogen

The explanation of the puzzling changes in weight
during combustion was to be found, of course, in
the gases that appeared or disappeared while the
products were forming. Despite the slowly growing
knowledge of gases since the time of Van Helmont,
a century earlier (see page 35), there was still no
attempt in Stahl’s day to take them into account in
any way except to note their existence. In thinking
of weight changes in combustion, the investigators
had eyes only for solids and liquids. Ash was lighter
than wood, but what about the vapors given off by
the burning wood? Not considered. Rust was heavier
than metal, but had rust gained anything from the
air? Not considered.

Before this deficiency could be corrected, chemists
had to grow more familiar with gases. The terrors
of a substance that seemed so hard to hold, confine,
and study had to be overcome.

The English chemist Stephen Hales (1677-1761)
made a step in the right direction, in the early
eighteenth century, when he collected gases over
water. The vapors formed as a result of a chemical
reaction could be led, through a tube, into a jar of
water that had been upended in a basin of water.
The gas bubbled upward into the jar, displacing the
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water and forcing it out through the open bottom.
In the end, Hales had obtained a jar of the particular
gas or gases formed in the reaction.

He himself did not distinguish between the differ-
ent gases he had prepared and trapped, or study
their properties. The mere fact that he had devised a
simple technique for trapping them, however, was
of first-rate importance.

Another important step forward was taken by a
Scottish chemist, Joseph Black (1728-99). The
thesis that earned him a medical degree in 1754
dealt with a chemical problem (this was the era
when mineralogy and medicine were closely inter-
twined), and he published his findings in 1756.
What Black did was to heat, strongly, the mineral
limestone (calcium carbonate). This carbonate de-
composed, giving off a gas and leaving behind lime
(calcium oxide). The gas given off could be made
to recombine with calcium oxide to form calcium
carbonate again. The gas itself (carbon dioxide) was
identical with Van Helmont’s “gas sylvestre” (see
page 36), but Black called it “fixed air” because it
could be combined (“fixed”) in such a way as to
form part of a solid substance.

Black’s findings were important for a number of
reasons. First, he showed that carbon dioxide could
be formed by the heating of a mineral, as well as by
the burning of wood, so that an important connec-
tion was made between the animate and inanimate
realm.

Again, he showed that gaseous substances were
not merely given off by solids and liquids, but could
actually combine with them to produce chemical
changes. This discovery made gases that much less
mysterious and presented them, rather, as a variety
of matter possessing additional properties in com-
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mon (chemically at least) with the more familiar
solids and liquids.

Still further, Black showed that when calcium
oxide was allowed to stand in air, it turned slowly
to calcium carbonate. From this, he deduced (cor-
rectly) that there were small quantities of carbon
dioxide in the atmosphere. Here was the first clear
indication that air was not a simple substance and,
therefore, despite Greek notions, that it was not an
element by Boyle’s definition. It consisted of a mix-
ture of at least two distinct substances, ordinary air
and carbon dioxide.

In studying the effect of heat on calcium car-
bonate, Black measured the loss of weight involved.
He also measured the quantity of calcium carbonate
that would neutralize a given quantity of acid. This
was a giant step toward the application of quantita-
tive measurement to chemical changes, a method of
analysis that was soon to come to full maturity
with Lavoisier.

In studying the properties of carbon dioxide,
Black found that a candle would not burn in it. A
candle burning in a closed container of ordinary air
would go out eventually, and the air that was left
would then no longer support a flame. This behavior
certainly seemed reasonable, since the burning can-
dle had formed carbon dioxide. But when the carbon
dioxide in the trapped air was absorbed by chemi-
cals, some air remained unabsorbed. This air that
was left and that was not carbon dioxide would still
not support a flame.

Black turned this problem over to one of his
students, the Scottish chemist Daniel Rutherford
(1749-1819). Rutherford kept a mouse in a con-
fined quantity of air till it died. He then burned a
candle in what was left until the candle went out.
He then burned phosphorus in what was left after
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that, until the phosphorus would no longer burn.
Next, the air was passed through a solution that
had the ability to absorb carbon dioxide. The air
remaining now would not support combustion; a
mouse would not live in it and a candle would not
burn.

Rutherford reported this experiment in 1772.
Since Rutherford and Black were both convinced of
the validity of the phlogiston theory, they tried to
explain their result in terms of this theory. As mice
breathed and as candles and phosphorus burned,
phlogiston was given off and entered the air, along
with the carbon dioxide that was formed. When
the carbon dioxide was later absorbed, the air left
behind still contained much phlogiston. In fact, it
contained so much phlogiston as to be saturated
with it; it would accept no more. That was why ob-
jects no longer burned in it.

On this reasoning Rutherford called the gas he
had isolated “phlogisticated air.” Nowadays, we call
it nitrogen, and give Rutherford the credit for its dis-
covery.

Hydrogen and Oxygen

Two other English chemists, both upholders of
the phlogiston theory, further advanced the studies
of gases at this time.

One of these was Henry Cavendish (1731-1810).
He was a wealthy eccentric who did research in a
number of fields, but kept to himself and did not al-
ways publish the results of his work. Fortunately,
he did publish the results of his work with gases.

Cavendish was particularly interested in a gas that
was formed when acids reacted with certain metals.
This gas had been isolated before by Boyle and
Hales and perhaps others, but Cavendish, in 1766,
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was the first to investigate its properties systemati-
cally. He usually gets the credit, therefore, for its
discovery. Eventually the gas was named hydrogen.

Cavendish was the first to measure the weight of
particular volumes of different gases so that he
might determine the density of each gas. He found
hydrogen to be unusually light, with only one-four-
teenth the density of air. (It is still the least dense
gas known.) It had a second unusual property for,
unlike carbon dioxide and air itself, it was easily in-
flammable. Cavendish, considering its extreme light-
ness and inflammability, speculated on the possibility
that he had actually isolated phlogiston itself.

The second chemist was Joseph Priestley (1733-
1804). He was a Unitarian minister who was
deeply concerned with chemistry as a hobby. In the
late 1760s, he took over a pastorate in Leeds, Eng-
land, next door to which, as it happened, was a
brewery. Fermenting grain produces carbon dioxide,
which Priestley thus could obtain in quantity for ex-
periments.

In collecting carbon dioxide over water, he found
that some of it dissolved and lent the water a pleas-
antly tart taste. This is what we call “seltzer” or
“soda water” today. Since it requires only added
flavoring and sugar to produce “soda pop,” Priest-
ley may be viewed as the father of the modern soft-
drink industry.

Priestley went on to study other gases in the
early 1770s. At the time only three gases were
known as distinct individuals: air itself, the carbon
dioxide of Van Helmont and Black, and the hydro-
gen of Cavendish. Rutherford was about to add
nitrogen as a fourth. Priestley, however, proceeded
to isolate and study a number of additional gases.

His experience with carbon dioxide having showed
him that gases could be soluble in water, and so
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lost to his experiments, he tried collecting them in-
stead over mercury. By this method he was able to
collect and study such gases as nitrogen oxide,
ammonia, hydrogen chloride, and sulfur dioxide (to
give them their modern names), all of which are
too soluble in water to survive passage through it.

In 1774, the use of mercury in his work with gases
was the occasion of Priestley’s most important dis-
covery. Mercury, when heated in air, will form a
brick-red “calx” (which we now call mercuric ox-
ide). Priestley put some of this calx in a test tube
and heated it with a lens that concentrated sunlight
upon it. The calx broke down to mercury again, for
the metal appeared as.shining globules in the upper
portion of the test tube. In addition, the decompos-
ing calx gave off a gas with most unusual proper-
ties. Combustibles burned more brilliantly and rap-
idly in this gas than in air. A smoldering splint of
wood thrust into a container of the gas burst into
flame.

Priestley tried to explain this phenomenon in
terms of the phlogiston theory. Since objects burned
so easily in this gas, they must be capable of giving
off phlogiston with unusual ease. Why should this
be so, unless the gas was a sample of air from which
the usual content of phlogiston had been drained, so
that it accepted a new supply with special eager-
ness? Priestley therefore called his new gas “dephlo-
gisticated air.” (A few years later, however, it was
renamed oxygen, the name we use today.)

Priestley’s “dephlogisticated air” did, indeed, seem
to be the opposite of Rutherford’s “phlogisticated
air.” Mice died in the latter, but were particularly
active and frisky in the former. Priestley tried
breathing some “dephlogisticated air” and found
himself feeling “light and easy.”

But both Rutherford and Priestley had been an-
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ticipated by a Swedish chemist, Karl Wilhelm
Scheele (1742-86), one of a group of chemists who
brought Sweden to the forefront of science in the
eighteenth century.

One of these Swedes, George Brandt (1694
1768), had studied, about 1730, a bluish mineral
that resembled copper ore but which, to the ex-
asperation of the miners, yielded no copper when
put through the usual treatment. The miners thought
it was ore that had been bewitched by the earth-
spirits they called “kobolds.” Brandt was able to
show that the mineral contained no copper, but con-
tained, rather, a new metal (resembling iron in its
chemical properties) which he named cobalt after
the earth-spirits.

In 1751, Axel Fredric Cronstedt (1722-65) dis-
covered the very similar metal, nickel; Johann Gott-
lieb Gahn (1745-1818) isolated manganese in 1774,
and Peter Jacob Hjelm (1746-1813) isolated mo-
lybdenum in 1782.

The discovery of these new elements by Swedes
demonstrated the strides mineralogy was making in
that nation. Cronstedt, for instance, introduced the
blowpipe into the study of minerals. (See Figure
6.) This was a long, narrowing tube which, when
blown into at the wide end, produced a concentrated
jet of air at the narrow end. This jet, directed into a
flame, increased its heat.

When the heated flame impinged on minerals, in-
formation concerning the nature and composition of
the mineral could be gathered from the color of the
flame, the nature of the vapors formed, the oxides
or metallic substances left behind, and so on. The
blowpipe remained a key tool in chemical analysis
for a century.

Enough knowledge was gained about minerals
through new techniques such as that of the blow-
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FIG. 6. Blowpipe, introduced into the laboratory by the
Swedish chemist Cronstedt (1722-65), was a key tool
in analysis for more than a century and is used still.
Air jet from pipe increases and directs flame’s heat.

pipe, that Cronstedt felt justified in suggesting that
minerals be classified not only according to their
appearance but also according to their chemical
structure. A book detailing this new form of clas-
sification was published in 1758.

This work was carried further by another Swedish
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mineralogist, Torbern Olof Bergman (1735-84).
Bergman evolved a theory to explain why one sub-
stance reacted with a second but not with a third.
He supposed the existence of “affinities” (that is,
attractions) between substances in varying degree.
He prepared elaborate tables listing various affinities,
and these tables were very influential during his
lifetime and for a few decades afterward.

Scheele, who began life as an apothecary’s ap-
prentice, attracted the attention of Bergman, who
befriended and sponsored him. Scheele discovered a
variety of acids, including tartaric acid, citric acid,
benzoic acid, malic acid, oxalic acid, and gallic acid
in the plant kingdom; lactic acid and uric acid in
the animal; and molybdic acid and arsenious acid
in the mineral.

He prepared and investigated three highly poison-
ous gases: hydrogen fluoride, hydrogen sulfide, and
hydrogen cyanide. (His early death is supposed to
have been the result of slow poisoning by the
chemicals he worked with, which he would routinely
taste.)

Scheele was involved in the discovery of most of
the elements for which credit is given to his Swedish
friends. Most important of all, he prepared oxygen
and nitrogen in 1771 and 1772. He prepared oxygen
by heating a number of substances that held it
loosely, including the mercuric oxide used by
Priestley, a couple of years afterward.

Scheele described his experiments carefully but,
through the negligence of his publisher, the descrip-
tions did not appear in print until 1777. By that
time the work of Rutherford and Priestley had ap-
peared, and they gained the credit for the discoveries.
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The Triumph of Measurement

As the eighteenth century drew toward its close,
the numerous important discoveries made in connec-
tion with gases needed to be drawn together into
some over-all theory. The man to do that was on
the scene. He was the French chemist Antoine
Laurent Lavoisier (1743-94).

From the very beginning of his chemical re-
searches, Lavoisier recognized the importance of ac-
curate measurement. Thus, his first important work,
in 1764, lay in an investigation of the composition of
the mineral gypsum. This he heated to drive off the
water content, and then measured the quantity of
water so given off. He joined the company of those
who, like Black and Cavendish, were applying meas-
urement to chemical change. Lavoisier, however,
went about it more systematically, and used it as a
tool with which to break down the ancient theories
which were no longer useful and which merely en-
cumbered, if they did not stifle, chemical advance.

There were still some, for instance, who, even in
1770, clung to the old Greek notion of the elements
and held that transmutation was possible because
water could be turned to earth on long heating. This
supposition seemed reasonable (even to Lavoisier
at first) for water, heated for a period of many days
in a glass container, did develop a solid sediment.

Lavoisier decided to test this alleged transmuta-
tion by more than eyesight. For 101 days he boiled
water in a device that condensed the water vapor
and returned it to the flask so that no substance
was permanently lost in the course of the experi-
ment. And, of course, he did not forget to meas-
ure. He weighed both water and vessel before and
after the long period of boiling.
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The sediment did appear, but the water did not
change its weight during the boiling. Therefore, the
sediment could not have been formed out of the
water. However, the flask itself, once the sediment
had been scraped away, proved to have lost weight,
a loss just equal to the weight of the sediment. In
other words, the sediment was not water turning to
earth, it was material from the glass, slowly etched
away by the hot water and precipitated in solid
fragments. Here was a clear example where meas-
urement could lead to a demonstration of reasonable
fact, while the testimony of the eyes alone led to a
false conclusion. *

Lavoisier was interested in combustion, first, be-
cause it was the great chemical problem of the eight-
eenth century, and second, because one of his early
triumphs had been an essay in the 1760s on im-
proved methods for street-lighting. He began in
1772, when he clubbed together with other chemists
to buy a diamond which he then heated in a closed
vessel until it disappeared. Carbon dioxide was
formed, the first clear demonstration that diamond
was a form of carbon and therefore closely related
to, of all things, coal.

He went on to heat metals such as tin and lead in
closed containers, with a limited supply of air. Both
metals formed a layer of “calx” on the surface up
to a certain point and then rusted no further. The
phlogistonists would say that the air had now ab-
sorbed all the phlogiston from the metal that it could
hold. As was well known, however, the calx weighed
more than the metal itself, and yet when Lavoisier
weighed the entire vessel (metal, calx, air, and all)
after the heating, it weighed precisely the same as it
had before the heating.

It followed from this result that if the metal had
gained weight on being partially turned to a calx,
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then something else in the vessel must have lost an
equivalent amount of weight. That something else,
it seemed, would have to be air. If that were so, then
a partial vacuum must exist in the vessel. Sure
enough, when Lavoisier opened the vessel, air
rushed in. Once that had happened, the vessel and
its contents proved to have gained in weight.

Lavoisier had thus shown that the conversion of
a metal into a calx was not the result of a loss of
mysterious phlogiston, but was the gain of something
very material, a portion of the air.

Now it was possible for him to advance a new ex-
planation for the formation of metals from ores.
Ores were a combination of metal and gas. When an
ore was heated with charcoal, the charcoal took the
gas from the metal, forming carbon dioxide and
leaving the metal behind.

Thus, whereas Stahl said the process of smelting
involved the passage of phlogiston from charcoal
to ore, Lavoisier said it involved the passage of gas
from ore to charcoal. But were not these two ex-
planations the same thing, with one equal to the
other backwards? Was there any reason to prefer
Lavoisier’s explanation to Stahl’s? Yes, there was,
for by Lavoisier’s theory of gas-transfer, one could
explain the weight changes that resulted in com-
bustion.

A calx was heavier than the metal from which it
formed, by the weight of the added portion of the
air. Wood also burned through addition of air to its
substance, but it did not appear to gain weight, be-
cause the new substance formed (carbon dioxide)
was itself a gas and vanished into the atmosphere.
The ash left behind was lighter than the original
wood. If wood were burned in a closed vessel, the
gases formed in the process would remain in the
system, and then it could be shown that the ash,
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plus the vapors formed, plus what was left of the
air, would retain the original weight of wood plus
air.

In fact, it seemed to Lavoisier in the course of his
experiments that if all the substances taking part in
a chemical reaction and all the products formed
were taken into consideration, there would never be
a change in weight (or, to use the more precise term
of the physicists, a change in mass).

Lavoisier maintained, therefore, that mass was
never created or destroyed, but was merely shifted
from one substance to another. This concept is the
law of conservation of mass, which served as the
very cornerstone of nineteenth-century chemistry.!

Lavoisier’s achievements through the use of meas-
urement were so great, as you can see, that chemists
accepted the principle of measurement wholcheart-
edly from his time forward.

Combustion

Lavoisier was not yet entirely satisfied. Air com-
bined with metal to form a calx and with wood to
form gases, but not all the air combined in this fash-
ion. Only about a fifth of it did. Why was this?

Priestley, discoverer of “dephlogisticated air” (see
page 54), visited Paris in 1774 and described his
discoveries to Lavoisier. Lavoisier saw the signifi-
cance at once and in 1775 published his views.

Air is not a simple substance, he said, but is a
mixture of two gases in a 1 to 4 proportion. One-
fifth of the air was Priestley’s “dephlogisticated air”

1 With the opening of the twentieth century, this law was
shown to be incomplete, but the correction made necessary
by the increased sophistication of twentieth-century science

is an extremely small one and can be neglected in the ordi-
nary reactions occurring in the chemical laboratory.
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(though Lavoisier unfortunately neglected to give
Priestley due credit). It was this portion of the air,
and this portion only, that combined with burning or
rusting materials, that was transferred from ore to
charcoal, and that was essential to life.

It was Lavoisier who gave this gas its name, oxy-
gen. This was from Greek words meaning “acid pro-
ducer,” Lavoisier having the idea that oxygen was
a necessary component of all acids. In this, as it
turned out, he was mistaken (see page 90).

The remaining four-fifths of the air, which could
not support combustion or life (Rutherford’s “phlo-
gisticated air”), was a separate gas altogether. La-
voisier called it “azote” (from Greek words mean-
ing “no life”) but later the term nitrogen replaced
it. This word means “forming niter,” since niter, a
common mineral, was found to contain nitrogen as
part of its substance.

Lavoisier was convinced that life was supported
by some process that was akin to combustion,? for
we breathe in air rich in oxygen and low in carbon
dioxide, but breathe out air that is lower in oxygen
and considerably richer in carbon dioxide. He and
a co-worker, Pierre Simon de Laplace (1749-1827)
—who was later to become a famous astronomer—
attempted to measure the oxygen taken in and the
carbon dioxide given off by animals. The results
were puzzling, for some of the oxygen that was in-
haled did not appear in the carbon dioxide exhaled.

In 1783 Cavendish was still working with his in-
flammable gas (see page 52). He burned some of
it and studied the consequences. He found that the
vapors produced by the burning condensed to form
a liquid that, on investigation, proved to be nothing
more nor less than water.

21In this, he proved to be right.
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¥iG. 7. Lavoisier’s experiments were illustrated in Ele-
ments of Chemistry with drawings by Madame Lavoi-
sier. (From Great Books edition)

This was a crucially important experiment. In the
first place, it was another hard blow at the Greek
theory of the elements, for it showed that water was
not a simple substance but was the sole product of
the combination of two gases.

Lavoisier, hearing of the experiment, named Cav-
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endish’s gas, hydrogen (“water-producer”) and
pointed out that hydrogen burned by combining with
oxygen and that therefore water was a hydrogen-
oxygen combination. It also seemed to him that the
substance of food and of living tissue contained both
carbon and hydrogen in combination, so that when
air was inhaled the oxygen was consumed, not only
by forming carbon dioxide out of carbon, but also
water out of hydrogen. This explanation disclosed
the fate of that part of the oxygen he had not been
able to account for in his early experiments on res-
piration.?

Lavoisier’s new theories involved a complete ra-
tionalization of chemistry. All mysterious “princi-
ples” were done away with. Henceforward, only
materials that could be weighed or otherwise meas-
ured were of interest to the chemist.

Having established this foundation, Lavoisier
went on to raise the superstructure. During the
1780s, in collaboration with three other French
chemists, Louis Bernard Guyton de Morveau
(1737-1816), Claude Louis Berthollet (1748-
1822), and Antoine Frangois de Fourcroy (1755~
1809), he worked out a logical system of chemical
nomenclature. This was published in 1787.

3In his theories Lavoisier had been anticipated by a Rus-
sian chemist, Mikhail Vasilievich Lomonosov (1711-65)
who, in 1756, nearly twenty years before Lavoisier’s work
on combustion, had rejected the phlogiston theory and had
suggested that objects combined with a portion of the air on
burning. Unfortunately, he published in Russian, and the
chemists of western Europe, including Lavoisier, were un-
aware of his work. Lomonosov also had startlingly modern
views on atoms and on heat, which were fifty to a hundred
years ahead of his time. He was a most remarkable man
who suffered under the misfortune of having been born in

eastern Europe at a time when scientific advance was con-
centrated in western Europe.
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No longer was chemistry to be a farrago of names
as in alchemical days (see page 17), each writer
using his own system and puzzling everyone else.
There was to be a recognized system that all were
to use; a system based on logical principles, so that
one could tell from the name of a compound the
elements that made it up. For instance, calcium ox-
ide was made up of calcium and oxygen; sodium
chloride of sodium and chlorine; hydrogen sulfide
of hydrogen and sulfur; and so on.

A careful system of prefixes and suffixes was set
up so that one could tell something about the pro-
portions in which the different elements were pres-
ent. Thus, carbon dioxide contained more oxygen
than did carbon monoxide. Again, potassium chlo-
rate contained more oxygen than potassium chlo-
rite, while potassium perchlorate contained still
more oxygen, while potassium chloride contained no
oxygen at all.

In 1789, Lavoisier published a book (Elemen-
tary Treatise on Chemistry) which served to supply
the world with a unified picture of chemical knowl-
edge on the basis of his new theories and nomencla-
ture. It was the first modern chemical textbook.

Among other things, the book included a list of
all the elements known up to that time (or, rather,
all the substances which Lavoisier judged to be ele-
ments on the basis of Boyle’s criterion—that they
could not be broken down to simpler substances).
(See Figure 8.) It is a credit to Lavoisier’s judgment
that in the thirty-three items he listed, only two were
completely wrong. These were “light” and “caloric”
(heat), which, as was to become plain in the dec-
ades after Lavoisier, were not material substances at
all, but forms of energy.



Table of Simple Substances Belonging to All the
Kingdoms of Nature, Which May Be Considered as the
Elements of Bodies

New NAMES OLp NAMES
Light Light
Heat
Princi
Caloric rinciple or element of heat

Fire. Igneous fluid
Matter of fire and of heat

Dephlogisticated air
Oxygen {Empyreal air
Vital air, or base of vital air
Phlogisticated air or gas
Azoty
ot Mephitis, or its base
Hydrogen Inflammable air or gas, or

the base of inflammable air

Oxidable and Acidifiable Simple Substances Not Metallic
NEw NaAMES OLp NAMES

Sulfur
Phosphorus The same names
Charcoal

Muriatic radical

Fluoric radical Still unknown
Boracic radical

FIG. 8. List of elements compiled by Lavoisier appeared
in his Elements of Chemistry. (Translation taken from
the Great Books Foundation’s edition.)



Table of Simple Substances, Continued
Oxidable and Acidifiable Simple Metallic Bodies

New NAMES OLp NAMES
Antimony Antimony
Arsenic Arsenic
Bismuth Bismuth
Cobalt Cobalt
Copper Copper
Gold Gold
Iron 5 Iron
Lead ., |Lead
Manganese § Manganese
Mercury 2 |Mercury
Molybdenum = Molybdenum
Nickel Nickel
Platinum Platinum
Silver Silver
Tin Tin
Tungsten Tungsten
Zinc Zinc

Salifiable Simple Earthy Substances

New NAMES OLD NAMES

Lime Chalk, calcareous earth
Quicklime

Magnesia Magflesia, base of‘ Epsom s.alt
Calcined or caustic magnesia

Barytes Barytes, or heavy earth

Argill Clay, earth of alum

Silex Siliceous or vitrifiable earth

FIG. 8 (continued)



68 A SHORT HISTORY OF CHEMISTRY

Of the remaining thirty-one items, some were in-
deed elements according to present views. These in-
cluded the substances, such as gold and copper, that
had been known to the ancients, as well as others,
such as oxygen and molybdenum, that had been dis-
covered only in the years just prior to the publica-
tion of Lavoisier’s book. Eight of the substances
listed (lime and magnesia, for example) are no
longer accepted as elements because, since Lavoi-
sier’s time, they have been broken down into simpler
substances. In every case, however, one of those sim-
ple substances proved to be a new element.

There was some opposition to the new views of
Lavoisier (views that have been retained to the pres-
ent time), notably from some dichard phlogiston-
ists, Priestley among them. Others, however, ac-
cepted the new chemistry enthusiastically. Bergman,
in Sweden, was one of these. In Germany, the chem-
ist Martin Heinrich Klaproth (1743-1817) was an
early convert. His acceptance of Lavoisier’s views
was important for, since Stahl had been a Ger-
man, there was a tendency among Germans to cling
to phlogiston as a patriotic gesture. (Klaproth made
his name later as a discoverer of elements. He dis-
covered uranium and zirconium, in 1789.)

In the same year that Lavoisier’s textbook was
published, the French Revolution broke out, de-
generating quickly into the wild excesses of the Ter-
ror. Lavoisier, unfortunately, was connected with a
tax-collecting organization that the revolutionists
considered a vicious tool of the hated monarchy.
They executed, by guillotine, all its officers whom
they could seize. One of them was Lavoisier.

In 1794, then, this man, one of the greatest chem-
ists who ever lived, was needlessly and uselessly
killed in the prime of life. “It required only a mo-
ment to sever that head, and perhaps a century will
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not be sufficient to produce another like it,” said Jo-
seph Lagrange, the great mathematician. Lavoisier
is universally remembered today as “the father of
modern chemistry.”



CHAPTER 5

ATOMS

Proust’s Law

Lavoisier’s successes stimulated chemists to search
out and explore other areas in which accurate meas-
urements might illuminate the study of chemical re-
actions. The acids comprised one such area.

Acids form a natural group sharing a number of
properties. They tend to be chemically active, react-
ing with metals such as zinc, tin, or iron, dissolving
them and producing hydrogen. They taste sour (if
dilute enough or weak enough to be tasted with im-
punity), cause certain dyes to change colors in cer-
tain ways, and so on.

Opposed to the acids is another group of sub-
stances called bases. (Strong bases are termed alka-
lis.) These are also chemically active, taste bitter,
change dye colors in a fashion opposite to that in-
duced by acids, and so on. In particular, solutions
of acids will neutralize solutions of bases. In other
words, if acids and bases are mixed in proper pro-
portions, then the mixture will show the property of
neither acids nor bases. The mixture will be, instead,

- a solution of a salt, which, in general, is a much
milder chemical than either an acid or a base. Thus,
a solution of the strong and caustic acid, hydro-
chloric acid, if mixed with the proper amount of the
strong and caustic alkali, sodium hydroxide, will be-
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come a solution of sodium chloride, ordinary table
salt.

The German chemist Jeremias Benjamin Richter
(1762-1807) turned his attention to these neutrali-
zation reactions, and measured the exact amounts of
different acids that were required to neutralize a
given quantity of a particular base, and vice versa.
By careful measurements he found that fixed and
definite amounts were required. There wasn’t the
leeway that a cook might count on in the kitchen,
where a bit more or less of some ingredient is not
terribly important. Instead, there was such a thing
as an equivalent weight: a fixed weight of one chem-
ical reacted with a fixed weight of another chemical.
Richter published his work in 1792.

Two French chemists were then engaged in stren-
uous battle over whether this sort of definiteness
existed not only in acid-base neutralization but
throughout chemistry. To put it fundamentally, if
a particular compound were made up of two ele-
ments (or three or four), were those two elements
(or three or four) always present in this compound
in the same, fixed proportions? Or would these pro-
portions vary, depending on the exact method of
preparing the compound? Berthollet, one of those
who collaborated with Lavoisier in establishing mod-
ern chemical terminology (see page 64), thought
the latter. According to Berthollet’s view, if a com-
pound consisted of elements x and y, then it would
contain a more than average quantity of x, if it were
prepared while using x in large excess.

Opposed to Berthollet’s view was the opinion of
Joseph Louis Proust (1754-1826), who did his
work in Spain, safe (for a time) from the upheavals
of the French Revolution. Using painstakingly care-
ful analysis, Proust showed, in 1799, that copper
carbonate, for instance, contained definite propor-
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tions by weight of copper, carbon, and oxygen, no
matter how it was prepared in the laboratory or how
it was isolated from natural sources. The prepara-
tion was always 5.3 parts of copper to 4 of oxygen
to 1 of carbon.

Proust went on to show that a similar situation
was true for a number of other compounds, and
formulated the generalization that all compounds
contained elements in certain definite proportions
and in no other combinations, regardless of the con-
ditions under which they were produced. This is
called the law of definite proportion or, sometimes,
Proust’s law. (Proust also showed that Berthollet, in
presenting evidence that certain compounds varied
in composition according to the method of prepara-
tion, was misled through inaccurate analyses and
through the use of products he had insufficiently
purified.)

During the first few years of the nineteenth cen-
tury, it became quite clear that Proust was right.
Other chemists verified the law of definite propor-
tions, and it became a cornerstone of chemistry.!

From the moment Proust’s law was announced,
serious thoughts concerning it were forced into the
chemical view.

After all, why should the law of definite propor-
tions hold true? Why should a certain compound be
made up always of 4 parts x and 1 part y, let us say,
and never of 4.1 parts x or 3.9 parts x to 1 part y.
If matter were continuous, this would be hard to
understand. Why could not elements be mixed in
slightly varying proportions?

But what if matter was atomistic in nature? Sup-

1Tt is true that some substances can vary, within limits,
in their elemental constitution. These are special cases. The
simple compounds which engaged the attention of the chem-
ists of 1800 held firmly to the law of definite proportions.
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pose a compound was formed when one atom of x
joined with one atom of y and not otherwise. (Such
a combination of atoms eventually came to be called
a molecule, from a Latin word meaning “a small
mass.”) Suppose, next, that each atom of x hap-
pened to weigh four times as much as each atom of
y. The compound would then have to consist of ex-
actly 4 parts of x to 1 part of y.

In order to vary those proportions, an atom of y
would have to be united with slightly more or slightly
less than one atom of x. Since an atom, ever since
the time of Democritus, had been viewed as being
an indivisible portion of matter, it was unreasona-
ble to expect that a small piece might be chipped
off an atom, or that a sliver of a second atom might
be added to it.

In other words, if matter consisted of atoms, then
the law of definite proportions followed as a natural
consequence. Furthermore, from the fact that the
law of definite proportions was an observed fact,
one could deduce that atoms were indeed indivisible
objects.

Daltorn’s Theory

An English chemist, John Dalton (1766-1844),
went through this chain of reasoning. In this, he was
greatly aided by a discovery he made. Two elements,
he found, might, after all, combine in more than one
set of proportions, but in so doing they exhibited a
wide variation of combining proportions and a dif-
ferent compound was formed for each variation.
(See Figure 9.)

As a simple example, consider the elements car-
bon and oxygen. Measurement shows that 3 parts of
carbon (by weight) will combine with 8 parts of
oxygen to form carbon dioxide. However, 3 parts
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FIG. 9. Dalton’s symbols for some of the elements and
compounds. Among them, hydrogen (1); carbon (3);
oxygen (4); copper (15); silver (17); gold (19); wa-
ter (21). He went wrong on water, giving it as HO in-
stead of H,O, but his formulas for carbon monoxide
(25) and carbon dioxide (28) were correct.
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of carbon and 4 parts of oxygen make up carbon
monoxide. In such a case, the differing quantities of
oxygen that combine with a fixed amount of carbon
are found to be related in the form of small whole
numbers. The 8 parts present in carbon dioxide is
exactly twice that of the 4 parts present in carbon
monoxide.

This is the law of multiple proportions. Dalton,
after observing its existence in a number of reac-
tions, advanced it in 1803.

The law of multiple proportions fits in neatly with
atomistic notions. Suppose, for instance, that atoms
of oxygen are uniformly 1-1/3 times as heavy as
atoms of carbon. If carbon monoxide is formed
through the combination of one atom of carbon
with one atom of oxygen, the compound must con-
sist of 3 parts by weight of carbon to 4 parts of
oxygen.

Then, if carbon dioxide is formed of one atom of
carbon and two atoms of oxygen, the proportion
must naturally consist of 3 parts of carbon to 8 of
OXygen.

The relationship in simple multiples would reflect
the existence of compounds varying in makeup by
whole atoms. Surely, if matter did indeed consist of
tiny, indivisible atoms, these would be just the varia-
tions in makeup you would expect to find, and the
law of multiple proportions makes sense.

When Dalton put forward his new version of the
atomic theory based on the laws of definite propor-
tion and of multiple proportion, in 1803, he ac-
knowledged the debt to Democritus by keeping the
term “atom” for the small particles that made up
matter.

In 1808, he published 4 New System of Chemical
Philosophy, in which his atomic theory was dis-
cussed in- &Iater detail. In that year, too, his law
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of multiple proportions was verified by the investi-
gations of another English chemist, William Hyde
Wollaston (1766-1828). Wollaston lent his influ-
ential weight to the atomic theory in consequence,
and Dalton’s view in due course won general ac-
ceptance.

The atomic theory, by the way, was a death blow
(if any were needed) to belief in the possibility of
transmutation on alchemical terms. All evidence
seemed to point to the possibility that the different
metals each consisted of a separate type of atom.
Since atoms were taken generally to be indivisible
and unchangeable (see, however, Prout’s hypothe-
sis, page 84), one could not expect to change a
lead atom to a gold atom in any circumstances.
Lead, therefore, could not be transmuted to gold.2

Dalton’s atoms were, of course, far too small to be
seen even under a microscope; direct observation
was out of the question. Indirect measurements,
however, could yield information as to their relative
weights.

For instance, 1 part (by weight) of hydrogen com-
bined with 8 parts of oxygen to form water. If one
assumed that a molecule of water consisted of one
atom of hydrogen and one atom of oxygen, then it
would follow that the oxygen atom was eight times
as heavy as the hydrogen atom. If it was decided to
set the weight of the hydrogen atom arbitrarily equal
to 1, then the weight of the oxygen atom on that
scale would be 8.

Again, if 1 part of hydrogen combines with 5
parts of nitrogen in forming ammonia, and it is as-
sumed that the ammonia molecule is made up of one

2 A century after Dalton’s time this view had to be modi-
fied. One atom could, after all, be changed to another (see
page 243). The methods used to achieve this, however, were
such as no alchemist ever imagined or, could have performed.
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atom of hydrogen and one of nitrogen, it would fol-
low that the nitrogen atom would have a weight of 5.

Reasoning after this fashion, Dalton set up the
first table of atomic weights. This table, although
perhaps his most important single contribution,
proved to be quite wrong in many entries. The chief
flaw lay in Dalton’s insistence that in general mole-
cules were formed by the pairing of a single atom of
one element with a single atom of another. He varied
from this position only when absolutely necessary.

Evidence piled up, however, that indicated such a
one-to-one combination was not necessarily the rule
at all. The disagreement showed up in connection
with water, in particular, even before Dalton had ad-
vanced his atomic theory.

Here, for the first time, the force of electricity in-
vades the world of chemistry.

Knowledge of electricity dates back to the ancient
Greeks, who found that when amber is rubbed, it
gains the power to attract light objects.

Centuries later, the English physicist William Gil-
bert (1540-1603) was able to show that it was not
amber alone that acted so, but that a number of
other substances as well gained an attracting power
when rubbed. About 1600, he suggested that sub-
stances of this sort be called “electrics,” from the
Greek word for amber.

As a result, a substance that gains such a power,
through rubbing or otherwise, is said to carry an
electric charge, or to contain electricity.

The French chemist Charles Francois de Cisternay
du Fay (1698-1739) discovered, in 1733, that there
were two kinds of electric charge: one that could be
put on glass (“vitreous electricity”’) and one that
could be put on amber (“resinous electricity”). A
substance carrying one kind of charge attracted an-
other substance carrying the other, but two sub-
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stances bearing the same kind of charge repelled
each other.

Benjamin Franklin (1706-90), who was the first
great American scientist as well as a great states-
man and diplomat, suggested, in the 1740s, that
there was a single electrical fluid. When a substance
contained a greater than normal quantity of electric
fluid, it possessed one kind of electric charge; when
it contained a less than normal quantity, it possessed
the other kind.

Franklin guessed it was the glass that contained
the greater than normal quantity of electric fluid, so
he said it carried a positive charge. The resin, he
said, carried a negative charge. Franklin’s terms
have been used ever since, although the usage leads
to a concept of current flow opposite to what now
is known to be the fact.

The Italian physicist Alessandro Volta (1745-
1827) introduced something new. He found, in
1800, that two metals (separated by solutions capa-
ble of conducting an electric charge) could be so
arranged that new charge was created as fast as the
old charge was carried off along a conducting wire.
He had invented the first electric battery and pro-
duced an electric current.

Such an electric current is maintained by the
chemical reaction involving the two metals and the
solution between. Volta’s work gave the first clear
indication that chemical reactions had something to
do with electricity, a suggestion that was not to be
developed completely for another century. If a
chemical reaction could produce an electric current,
it did not seem to be too farfetched to suppose that
an electric current could reverse matters and pro-
duce a chemical reaction.

Indeed, within six weeks of Volta’s first descrip-
tion of his work, two English chemists, William
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Nicholson (1753-1815) and Anthony Carlisle
(1768-1840), demonstrated the reverse action.
They ran an electric current through water and
found that bubbles of gas began to appear at the
electricity-conducting strips of metal which they had
inserted in the water. The gas appearing at one strip
was hydrogen and that appearing at the other was
oxygen.

In effect, Nicholson and Carlisle had decomposed
water into hydrogen and oxygen, such decomposi-
tion by an electric current being called electrolysis.
They had achieved the reverse of Cavendish’s ex-
periment (see page 62), in which hydrogen and
oxygen had been combined to form water.

When the hydrogen and oxygen were trapped in
separate vessels as they bubbled off, it turned out
that just twice as large a volume of hydrogen was
formed as of oxygen. The hydrogen was the lighter
in weight, to be sure, but the larger volume indi-
cated that there might be more atoms of hydrogen
than of oxygen in the water molecule.

Since there was just twice as large a volume of
hydrogen produced as of oxygen, there was at least
a certain reasonableness in supposing that each
molecule of water contained two atoms of hydro-
gen and one of oxygen, rather than one of each, as
Dalton proposed.

Even if this were so, it remained true that 1 part
of hydrogen (by weight) was combined with & parts
of oxygen. It followed, then, that one oxygen atom
was eight times as heavy as two hydrogen atoms
taken together, and, therefore, sixteen times as heavy
as a single hydrogen atom. If the weight of hydro-
gen_ is set at 1, then, the atomic weight of oxygen
must be 16, not 8.
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Avogadro’s Hypothesis

The findings of Nicholson and Carlisle were
strengthened by the work of a French chemist, Jo-
seph Louis Gay-Lussac (1778-1850), who reversed
matters. He discovered that 2 volumes of hydrogen
combined with 1 volume of oxygen to form water.
He went on to find, in fact, that when gases com-
bined to form compounds, they always did so in
small whole number ratios. Gay-Lussac announced
this law of combining volumes in 1808.

From the whole number ratios in the formation
of water from hydrogen and oxygen, it again seemed
reasonable to suppose that the water molecule was
composed of two atoms of hydrogen and one of oxy-
gen. It could also be argued from similar lines of
evidence that the ammonia molecule did not con-
sist of a combination of one nitrogen atom and one
hydrogen atom, but of one nitrogen atom and three
hydrogen atoms. From that evidence one could con-
clude that the atomic weight of nitrogen was not
nearly 5, but was 14.

Consider hydrogen and chlorine next. These are
gases which combine to form a third gas, hydrogen
chloride. One volume of hydrogen combines with one
volume of chlorine, and it seems reasonable to sup-
pose that the hydrogen chloride molecule is made
up of one hydrogen atom combined with one chlorine
atom.

Suppose, now, that the hydrogen gas consists of
single hydrogen atoms, spaced widely apart, and the
chlorine gas consists of single chlorine atoms, spaced
equally widely apart. These atoms pair up to form
hydrogen chloride molecules, also spaced equally
widely apart.
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We begin, let us say, with 100 atoms of hydro-
gen and 100 atoms of chlorine, giving us 200 widely
spaced particles all told. The atoms pair up to form
100 molecules of hydrogen chloride. The 200 widely
spaced particles (atoms) become only 100 widely
spaced particles (molecules). If the spacing is equal
throughout, we should find that 1 volume of hydro-
gen plus 1 volume of chlorine (2 volumes alto-
gether) should yield only 1 volume of hydrogen
chloride. This, however, is not so.

By actual measurement, 1 volume of hydrogen
combines with 1 volume of chlorine to form 2 vol-
umes of hydrogen chloride. Since 2 volumes to start
with remain 2 volumes to end with, there must be
the same number of widely spaced particles before
and after.

But suppose the hydrogen gas exists not as sepa-
rate atoms but as hydrogen molecules, each made
up of 2 atoms, and that chlorine consists of chlorine
molecules, each made up of 2 atoms. In that case,
the 100 atoms of hydrogen exist as 50 widely spaced
particles (molecules), and the 100 atoms of chlorine
also exist as 50 widely spaced particles. In the two
gases, together, there are 100 widely spaced parti-
cles altogether, half of them hydrogen-hydrogen and
the other half chlorine-chlorine.

If the two gases combine, they rearrange them-
selves to form hydrogen-chlorine, the atomic com-
bination making up the hydrogen chloride molecule.
Since there are 100 atoms of hydrogen altogether
and 100 atoms of chlorine, there are 100 molecules
of hydrogen chloride (each containing one of each
kind of atom).

Now we find that 50 molecules of hydrogen plus
50 molecules of chlorine combine to form 100 mole-
cules of hydrogen chloride. This matches the actually
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observed 1 volume of hydrogen plus 1 volume of
chlorine yielding 2 volumes of hydrogen chloride.

All this takes for granted the fact that the parti-
cles of different gases, whether composed of single
atoms or of combinations of atoms, are indeed
equally spaced apart, as I have been saying. If so,
then equal numbers of particles of a gas (at a given
temperature) would take up equal volumes no mat-
ter what the gas is.

The first to point out the necessity of this assump-
tion that, in gases, equal numbers of particles take
up equal volumes, was the Italian chemist Amedeo
Avogadro (1776-1856). The assumption, advanced
in 1811, is therefore known as Avogadro’s hypothe-
Sis.

If the hypothesis is kept firmly in mind, it is pos-
sible to distinguish clearly between hydrogen atoms
and hydrogen molecules (a pair of atoms) and be-
tween the atoms and molecules of other gases, too.
For half a century after Avogadro’s time, however,
his hypothesis lay neglected, and the distinction be-
tween atoms and molecules of the important gase-
ous elements was not clearly defined in the minds
of most chemists. Considerable uncertainty as to the
value of the atomic weights of some of the most im-
portant elements persisted.

Fortunately, there were other keys to correctness
in atomic weights. In 1818, for instance, a French
chemist, Pierre Louis Dulong (1785-1838), and a
French physicist, Alexis Thérése Petit (1791-1820),
working in collaboration, found one of them. They
discovered that the specific heat of elements (the
temperature rise that follows upon the absorption
of a fixed quantity of heat) seemed to vary inversely
with the atomic weight. That is, if element x had
twice the atomic weight of element y, the tempera-
ture of element x would rise by only half as many
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degrees as that of element y, after both had absorbed
the same quantity of heat. This is the law of atomic
heat.

An clement with an unknown atomic weight need
then only have its specific heat measured, and at
once one obtains an at least rough idea as to what
its atomic weight is. This method worked only for
solid elements, and not for every one of them, but
it was better than nothing.

Again, a German chemist, Eilhardt Mitscherlich
(1794-1863), had discovered, by 1819, that com-
pounds known to have similar compositions tend to
crystallize together, as though molecules of one in-
termingled with the similarly shaped molecules of
the other.

It followed from this law of isomorphism (‘‘same
shape”) that if two compounds crystallized together
and if the structure of only one of them was known,
the structure of the second could be assumed to be
similar. This property of isomorphic crystals enabled
experimenters to correct mistakes that might arise
from a consideration of combining weights alone,
and served as a guide to the correct atomic weights.

Weights and Symbols

The turning point came with the Swedish chemist
Jons Jakob Berzelius. He, next to Dalton himself,
was chiefly responsible for the establishment of the
atomic theory. About 1807, Berzelius threw himself
into the determination of the exact elementary con-
stitution of various compounds. By running many
hundreds of analyses, he advanced so many exam-
ples of the law of definite proportions that the world
of chemistry could no longer doubt its validity and
had to accept, more or less willingly, the atomic the-
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ory which had grown directly out of the law of defi-
nite proportions.

Berzelius then set about determining atomic
weights with more sophistication than Dalton had
been able to do. In this project, Berzelius made use
of the findings of Dulong and Petit and of Mitscher-
lich, as well as of Gay-Lussac’s law of combining
volumes. (He did not, however, use Avogadro’s hy-
pothesis.) Berzelius’s first table of atomic weights,
published in 1828, compares favorably, for all but
two or three elements, with the accepted values of
today.

An important difference between Berzelius’s ta-
ble and Dalton’s was that Berzelius’s values were
not, generally, whole numbers.

Dalton’s values, based on setting the atomic
weight of hydrogen equal to 1, were all given as in-
tegers. This had led the English chemist William
Prout (1785-1850) to suggest, in 1815, that all the
elements were, after all, but composed of hydrogen.
(His suggestion at first was made anonymously.)
The various atoms had different weights because
they were made up of different numbers of hydrogen
atoms in conglomeration. This came to be called
Prout’s hypothesis.

Berzelius’s table seemed to destroy this attractive
suggestion (attractive, because it reduced the grow-
ing number of elements to one fundamental sub-
stance, after the fashion of the ancient Greeks, and
thereby seemed to increase the order and symmetry
of the universe). Thus, on a hydrogen-equals-1 ba-
sis, the atomic weight of oxygen is roughly 15.9, and
oxygen can scarcely be viewed as being made up of
fifteen hydrogen atoms plus nine-tenths of a hydro-
gen atom.

For the next century, better and better tables of
atomic weights were published, and Berzelius’s find-
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ing that the atomic weights of the various elements
were not integral multiples of the atomic weight of
hydrogen became clearer and clearer.

In the 1860s, for instance, the Belgian chemist
Jean Servais Stas (1813-91) determined atomic
weights more accurately than Berzelius had done.
Then, at the beginning of the twentieth century,
the American chemist Theodore William Richards
(1868-1928), taking fantastic precautions, pro-
duced atomic weight values that may represent the
ultimate accuracy possible to purely chemical meth-
ods.

If Berzelius’s work had left any questions, that of
Stas and Richards did not. The non-integral values
of the atomic weights simply had to be accepted, and
Prout’s hypothesis seemed deader with each stroke.
Yet even as Richards was producing his remarkably
precise results, the whole problem was thrown open
once again. The whole meaning of atomic weight
had to be re-evaluated, and Prout’s hypothesis rose
from its ashes, as we shall see later.

The fact that atomic weights of the different ele-
ments were not simply related also brought up the
question of the proper standard against which to
measure the weight. Setting the atomic weight of hy-
drogen equal to 1 certainly seemed natural, and both
Dalton and Berzelius tried it. Still this standard gave
oxygen the uneven and inconvenient atomic weight
of 15.9. It was oxygen, after all, that was usually
. used in determining the proportions in which par-
ticular elements combined, since oxygen combined
easily with so many different elements.

To give oxygen a convenient integral atomic
weight with minimum interference to the hydrogen
= 1 standard, its weight was shifted from 15.9 to
16.0000. On this oxygen = 16 standard, the atomic
weight of hydrogen was equal, roughly, to 1.008.
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The oxygen = 16 standard was retained till the mid-
twentieth century, when a more logical one, making
very slight changes in atomic weight, was accepted
(see page 238).

Once the atomic theory was accepted, one could
picture substances as composed of molecules con-
taining a fixed number of atoms of various elements.
It seemed very natural to try to picture such mole-
cules by drawing the correct number of little circles,
each type of atom represented by a specific type of
circle.

Dalton tried this symbolism. He let a simple cir-
cle represent an oxygen atom; one with a central
dot a hydrogen atom; one with a vertical line a ni-
trogen atom; one that was solidly black, a carbon
atom, and so on. Because it becomes difficult to
think up sufficiently distinct circles for each element,
Dalton let some be indicated by an appropriate let-
ter. Thus sulfur was a circle containing an “S,”
phosphorus one that contained a “P,” and so on.

Berzelius saw that the circles were superfluous and
that the initials alone would do. He suggested, there-
fore, that each element possess a symbol standing
both for the element generally and for a single atom
of that element, and that this symbol consist pri-
marily of the initial of the Latin name of the ele-
ment. (Fortunately for English-speaking people, the
Latin name is almost always very like the English
name.) Where two or more elements possess the
same initial, a second letter from the body of the
name might be added. These came to be the chemi-
cal symbols of the elements, and are today inter-
nationally agreed upon and accepted.

Thus, the chemical symbols of carbon, hydrogen,
oxygen, nitrogen, phosphorus, and sulfur are C, H,
O, N, P, and S, respectively. The chemical symbols
of calcium and chlorine (with carbon pre-empting
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the simple capital) are Ca and Cl, respectively. Only
where the Latin names differ from the English are
the symbols less than obvious. Thus, the chemical
symbols for gold, silver, and lead are Au (“aurum”),
Ag (“argentum”), and Pb (“plumbum”), respec-
tively.

It is easy to use these symbols to indicate the num-
ber of atoms in a molecule. If the hydrogen mole-
cule is made up of two atoms of hydrogen, it is Ho.
If the water molecule contains two atoms of hydro-
gen and one of oxygen, it is H;O. (The symbol with-
out a number represents a single atom, you see.)
Again, carbon dioxide is CO, and sulfuric acid is
H,SO,, while hydrogen chloride is HCl. The chemi-
cal formulas of these simple compounds are self-
explanatory.

Chemical formulas can be combined to form a
chemical equation and describe a reaction. If one
wishes to express the fact that carbon combines with
oxygen to form carbon dioxide, one can write:
C+ 02 e d C02

Such equations must account for all the atoms if
Lavoisier’s law of conservation of mass is to be
obeyed. In the equation just cited, for instance, you
begin with an atom of C (carbon) and two atoms of
O (the oxygen molecule), and you end with an atom
of C and two atoms of O (the carbon dioxide mole-
cule).

Suppose, though, you wished to say that hydro-
gen combined with chlorine to form hydrogen chlo-
ride. If this were written simply Hz+ Clo— HCI, it
could be pointed out that there were two atoms of
hydrogen and two atoms of chlorine, to begin with,
but only one of each at the conclusion. To write
a balanced chemical equation, one must say:
H, + Cly— 2HCI. In the same way, to describe the
combination of hydrogen and oxygen to form wa-
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ter, we can write a balanced equation:

Electrolysis

Meanwhile, the electric current, which had been
used to such good effect by Nicholson and Carlisle,
produced even more startling effects in the isolation
of certain new elements.

Since Boyle’s definition of “element” a century
and a half before (see page 41), substances quali-
fying as elements by that definition were discovered
in astonishing numbers. More frustratingly, some
substances were known which were not elements,
yet contained undiscovered elements that chemists
could not manage to study in isolation.

Thus, elements are frequently found in combina-
tion with oxygen (as oxides). To free the element
it was necessary to remove the oxygen. If a second
element with a stronger affinity for oxygen were to
be introduced, perhaps the oxygen would leave the
first element and become attached to the second.
The method was found to work. Often carbon did
the trick. Thus iron ore, which is essentially iron ox~
ide, could be heated with coke (a relatively pure
form of carbon). The carbon would combine with
the oxygen to form carbon monoxide and carbon
dioxide, and metallic iron would be left behind.

But now consider lime instead. From its proper-
ties lime, too, seems to be an oxide. However, no
known element forms lime on combination with oxy-
gen, and one must conclude that lime is a compound
of an unknown element with oxygen. To isolate that
unknown element, one might try to heat lime with
coke; but if so, nothing happens. The unknown ele-
ment holds oxygen so strongly that carbon atoms are
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powerless to snatch the oxygen atoms away. Nor
could any other chemical strip lime of its oxygen.

It occurred to an English chemist, Humphry Davy
(1778-1829), that what could not be pulled apart
by chemicals might be forced apart by the strange
power of the electric current, which could pry apart
the water molecule with ease when chemicals were
helpless.

Davy proceeded to construct an electric battery
with over 250 metallic plates, the strongest ever built
up to that time. He ran intense currents from this
battery through solutions of the compounds sus-
pected of containing unknown elements, but did so
without result. He obtained only hydrogen and oxy-
gen from the water.

Apparently, he had to eliminate water. However,
when he used the solid substances themselves, he
could not make a current pass through them. It oc-
curred to him, finally, to melt the compounds and
pass the current through the melt. He would then, so
to speak, be using a waterless, conducting liquid.

This scheme worked. On October 6, 1807, Davy
passed a current through molten potash (potassium
carbonate) and liberated little globules of a metal
he at once labeled potassium. (It was so active it
pulled oxygen away from water, liberating hydrogen
with enough energy to cause it to burst into flame.)
A week later, Davy isolated sodium from soda (so-
dium carbonate), an element only slightly less active
than potassium.

In 1808, by using a somewhat modified method
suggested by Berzelius, Davy isolated several metals
from their oxides: magnesium from magnesia, stron-
tium from strontia, barium from baryta, and calcium
from lime. (“Calcium” is from the Latin word for
lime.)

Among other things, Davy also showed that a cer-
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tain greenish gas, which Scheele (see page 57) had
discovered a generation earlier and thought to be an
oxide, was actually an element. Davy suggested the
name chilorine, from the Greek word for “green.”
Davy also showed that hydrochloric acid, although a
strong acid, contained no oxygen atom in its mole-
cules, thus disproving Lavoisier’s suggestion that ox-
ygen was a necessary component of acids (see page
62).

Davy’s work on electrolysis was extended by his as-
sistant and protégé, Michael Faraday (1791-1867),
who grew to be an even greater scientist than his
teacher. Faraday, in working with electrochemistry,
introduced a number of terms that are still used to-
day. (See Figure 10.) It was he, for instance, who
first termed the splitting of molecules by an electric
current, electrolysis. At the suggestion of the English
classical scholar William Whewell (1794-1866
Faraday named a compound or solution which could
carry an electric current, an electrolyte. The metal
rods or strips inserted into a melt or solution, he
called electrodes; the electrode carrying a positive
charge being an anode, the one carrying a negative
charge being a cathode.

The electric current was carried through the
melt or solution by entities Faraday called ions
(from a Greek word meaning “wanderer”). Those
ions that traveled to the anode he called anions; those
that traveled to the cathode were cations.

In 1832, he was able to announce the existence
of certain quantitative relationships in electrochem-
istry. His first law of electrolysis stated: The mass
of substance liberated at an electrode during elec-
trolysis is proportional to the quantity of electricity
driven through the solution. His second law of
electrolysis stated: The weight of metal liberated by
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Electrodes

i

FIG. 10. Electrolytic action was explained by Faraday
along the line suggested in this schematic drawing.
Labels display the nomenclature he invented.

a given quantity of electricity is proportional to the
equivalent weight of the metal.

Thus, if 2.7 times as much silver as potassium
will combine with a given quantity of oxygen, then
2.7 times as much silver as potassivm will be lib-
erated from its compounds by a given quantity
electricity.

Faraday’s laws of electrolysis seemed to indicate,
in the view of some chemists, that electricity could
be subdivided into fixed, minimum units, as matter
itself could. In other words, there were “atoms of
electricity.”

Suppose that when electricity passed through a
solution, atoms of matter were dragged to either the
cathode or the anode by “atoms of electricity.”
Suppose that, often, one “atom of electricity” sufficed
to handle one atom of matter, but that sometimes
two or even three “atoms of electricity” were re-
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quired. In that case Faraday’s laws of electrolysis
could easily be explained.

It was not until the very end of the nineteenth
century that this view was established and the
“atoms of electricity” were located. Faraday, him-
self, however, was never enthusiastic about “atoms
of electricity” or, indeed, about atomism in general.



CHAPTER 6

ORGANIC CHEMISTRY

The Breakdown of Vitalism

Ever since the discovery of fire, mankind was
bound inevitably to divide substances into two
classes: those that burned and those that did not.
The principal fuels in early times were wood and
fat or oil. Wood was a product of the plant world,
while fat and oil were products of both the animal
and plant world. For the most part, materials of the
mineral world, such as water, sand, and the various
rocks, did not burn. They tended, rather, to put out
fire.

It was not hard to see, then, that the two classes
of substances, combustible and non-combustible,
might be considered, just as conveniently, as those
which arose only from living things, and those
which did not. (Of course, exceptions are to be
found to this rule. Coal and sulfur, which seem prod-
ucts of the non-living body of the earth, are com-
bustible.)

The accumulating knowledge of the eighteenth
century showed chemists that the mere fact of com-
bustibility was not all that divided the products of
life from those of non-life. The substances character-
istic of the non-living environment could withstand
harsh treatment, whereas the substances originating
from living or once-living matter could not. Water
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might be boiled and recondensed to water; iron or
salt could be melted and re-frozen into the un-
changed original. Olive oil or sugar, however, if
heated (even under conditions that prevented burn-
ing), proceeded to fume, smoke, and char. What
was left was not olive oil or sugar, nor could olive
oil or sugar be formed out of it once more.

The differences seemed fundamental, and, in 1807,
Berzelius suggested that substances like olive oil or
sugar, the characteristic products of organisms, be
called organic. Substances like water or salt, char-
acteristic of the non-living environment, were in-
organic.

A point that did not fail to impress chemists was
that organic substances were easily converted, by
heating or other harsh treatment, into inorganic sub-
stances. The reverse change, from inorganic to or-
ganic, was, however, unknown, at least as the nine-
teenth century opened.

Many chemists, at that time, considered life a
special phenomenon that did not necessarily obey
the laws of the universe, ag they applied to inanimate
objects. A belief in this special position of life is
called vitalism, and it had been strongly preached,
a century earlier, by Stahl, the inventor of phlogis-
ton (see page 46). In the light of vitalism, it
seemed reasonable to suppose that some special in-
fluence (a “vital force”), operating only within liv-
ing tissue, was required to convert inorganic mate-
rials into organic ones. Chemists, working with
ordinary substances and techniques and without be-
ing able to manipulate a vital force in their test tubes,
could not bring about this conversion.

It was for this reason, men argued, that inorganic
substances might be found anywhere; in the realm of
life and in that of non-life as well, as water might be
found in both the ocean-and the blood. Organic sub-
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stances, requiring the vital force, would be found
only in connection with life.

This view was first disrupted in 1828 by the
work of Friedrich Wohler (1800-82), a German
chemist, who had been a pupil of Berzelius. Wohler
was particularly interested in cyanides and related
compounds, and was engaged in heating a compound
called ammonium cyanate. (This was widely re-
garded, at the time, as an inorganic substance, hav-
ing no connection with living matter in any way.)
In the course of the heating, Wohler discovered he
was forming crystals that resembled those of urea, a
waste product eliminated in considerable quantity in
the urine of many animals, including man. Closer
study showed the crystals were undoubtedly urea,
which was, of course, clearly an organic compound.

Wohler repeated the experiment a number of
times and found that he could convert an inorganic
substance (ammonium cyanate) to an organic sub-
stance (urea) at will. He communicated this discov-
ery to Berzelius, and that hard-headed man (who
rarely condescended to be budged out of his opin-
ions) was forced to agree that the line he had drawn
between the inorganic and the organic was not as
tight as he had thought.

The importance of Wohler’s feat should not be
overestimated. In itself, it was not very significant.
There were grounds for arguing that ammonium
cyanate was not truly inorganic and, even if it were,
the changeover from ammonium cyanate to urea (as
was eventually made clear) was merely the result
of an alteration of the positions of the atoms within
the molecule. The molecule of urea was not, in any
real sense, built up of a completely different sub-
stance.

Yet neither should Wohler’s feat be dismissed. If
it was, in truth, a minor item in itself, it nevertheless
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served to break down the hold of vitalism over the
minds of men.! It served to encourage chemists to
attempt the synthesis of organic substances where
otherwise they might have turned their efforts in
other directions.

In 1845, for instance, Adolph Wilhelm Hermann
Kolbe (1818-84), a pupil of Wohler’s, succeeded
in synthesizing acetic acid, an indubitably organic
substance. Furthermore, he synthesized it by a
method which showed that a clear line of chemical
change could be drawn from the constituent ele-
ments, carbon, hydrogen, and oxygen, to the final
product, acetic acid. This synthesis from the ele-
ments or total synthesis is all that can be asked of
the chemist. If Wohler’s synthesis of urea did not
settle the matter of the vital force, Kolbe’s synthesis
of acetic acid did.

Carrying matters further was the French chemist
Pierre Eugéne Marcelin Berthelot (1827-1907).
During the 1850s, he went about the synthesis of
organic compounds systematically, turning them out
in scores. These included such well-known and im-
portant substances as methyl alcohol, ethyl alcohol,
methane, benzene, and acetylene. With Berthelot,
crossing the line from inorganic to organic ceased
to be a thrilling intrusion upon the “forbidden,” and
became purely routine,

The Building Blocks of Life

But the organic compounds formed by Wohler,
Kolbe, and Berthelot were all relatively simple.

1 Actually, this was only an initial defeat for vitalism,
which maintained its hold in other areas of chemistry. De-
spite a slow weakening of its position throughout the nine-
teenth century, vitalism is not entirely dead even now. For a
fuller description of the various stages in the fall of vitalism,
see my book, 4 Short History of Biology (Doubleday, 1964).
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More characteristic of life were the far more com-
plex substances such as starch, fats, and proteins.
These were less easy to manipulate; their exact ele-
mentary makeup was less easy to determine; and on
the whole they presented the budding realm of or-
ganic chemistry with a truly formidable problem.

All that could be said about them at first was
that these complex substances could be broken down
to relatively simple “building blocks” by heating
them with dilute acid or dilute base. A Russian
chemist, Gottlieb Sigismund Kirchhoff (1764-1833),
was the pioneer in this respect. In 1812, he suc-
ceeded in converting starch (by heating it with acid)
to a single sugar which was eventually named
glucose.

In 1820, the French chemist Henri Braconnot
treated the protein gelatin in the same fashion, and
obtained the simple compound glycine. This was
a nitrogen-containing organic acid belonging to a
group of substances eventually named (by Berzelius)
amino acids. Glycine itself proved merely the fore-
runner of some twenty different amino acids, all
which were isolated from naturally occurring proteins
over the next century.

Both starch and protein possess giant molecules
that are made up (it eventually was learned) of long
strings of glucose units and of amino acid units, re-
spectively. The chemists of the nineteenth century
could do little in the way of putting such long strings
together in the laboratory. The case was otherwise
with fats.

The French chemist Michel Eugéne Chevreul
(1786-1889) spent the first part of an incredibly
long professional life in an investigation of fats. In
1809, he treated soap (manufactured by heating fat
with alkali) with acid, and isolated what are now
called fatty acids. Later, he showed that when fats
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are converted to soap, glycerol is removed from the
fat.

Glycerol possesses a comparatively simple mole-
cule upon which there are three logical points of
attachment for additional atom groups. By the
1840s, therefore, it seemed quite logical to suppose
that while starch and proteins might be made up
of very many simple units, the case was otherwise
with fats. Fats might be made up of just four units,
one glycerol plus three fatty acids.

Berthelot stepped in here. In 1854, he heated
glycerol with stearic acid, one of the more common
fatty acids obtained from fats. He found that he
did produce a molecule made up of a glycerol unit
united to three stearic acid units. This was tristearin,
and proved to be identical with tristearin obtained
from natural fats. This was the most complicated
natural product to be synthesized up to that time.

Berthelot went on to take an even more dra-
matic step. In place of stearic acid, he took acids
that were similar but which were not obtained from
natural fats themselves. These acids he heated with
glycerol and obtained substances very much like
ordinary fats, but not quite like any of the fats known
to occur in nature.

This synthesis showed that the chemist could do
more than merely duplicate the products of living
tissue.? He could go beyond and prepare compounds
that were like organic compounds in all their prop-
erties, but that were not like any organic com-
pound actually produced by living tissue. The second
half of the nineteenth century was to carry this

2The chemist has not actually duplicated the more com-
plex products of living tissue even today. However, it is gen-
erally accepted that the duplication of even the most complex
molecule is possible in principle; it is only time and effort

that need be applied—in some cases, to be sure, a prohibitive
amount of time and effort.
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aspect of organic chemistry to dramatic heights in-
deed (see Chapter 10).

It is no wonder that by the mid-nineteenth cen-
tury the division of compounds into organic and
inorganic on the basis of the activity of living tissue
had become obsolete. Organic compounds existed
that had never been manufactured by an organism.
Nevertheless, the division was still useful, for there
remained important distinctions between the two
classes. The distinctions were so important that the
chemical techniques of the organic chemist seemed
completely different from those of the inorganic
chemist.

More and more it came to seem that the difference
lay in chemical structure, for there two completely
different kinds of molecules seemed to be involved.
Most of the inorganic substances dealt with by
the nineteenth-century chemist possessed small mole-
cules made up of two to eight atoms. There were
very few inorganic molecules of consequence with
as many as a dozen atoms.

Even the simpler organic substances had mole-
cules made up of a dozen atoms or more; often
several dozen. As for substances such as starch and
protein, they possessed, literally, giant molecules
which could count their atoms by the thousands and
even hundreds of thousands.

It is no wonder, then, that the complex organic
molecule could easily and irreversibly be broken
down even by mild disrupting influences such as
gentle heat, while the simple inorganic molecules
held firm under even harsh conditions.

Then, too, it became increasingly worthy of note
that all organic substances, without exception, con-
tained one or more atoms of carbon in their mole-
cules. Almost all contained hydrogen atoms as well.
Since carbon and hydrogen are themselves inflam-
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mable, it is not unexpected that compounds of
which they form so important a part are also in-
flammable.

The German chemist Friedrich August Kekulé
von Stradonitz (1829-86), usually referred to sim-
ply as Kekulé, took the logical step. In a textbook
published in 1861, he defined organic chemistry as
merely the chemistry of carbon compounds. Inor-
ganic chemistry was then the chemistry of com-
pounds that did not contain carbon. This definition
has been generally accepted. It remains true, how-
ever, that a few carbon compounds, among them
carbon dioxide and calcium carbonate, resemble the
typical inorganic compound more than they do the
typical organic compound. Such carbon compounds
are usually treated at length in books on inorganic
chemistry.

Isomers and Radicals

The simple inorganic compounds involved in the
great chemical advances of the eighteenth century
had easily been interpreted in atomic terms. It
seemed quite sufficient to indicate the different types
of atoms present in each molecule and the number of
each. One could write the oxygen molecule as Op,
hydrogen chloride as HCI, ammonia as NHjs, sodium
sulfate as Na,SO,, and so on.

Such formulas, giving nothing more than the
number of each type of atom present in the mole-
cule, are called empirical formulas. (The word “em-
pirical” means “determined by experiment.”) It was
natural to feel, in the first decades of the nineteenth
century, that each different compound had a distinct
empirical formula of its own and that no two
compounds could have the same empirical formula.

Organic substances, with their large molecules,
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were troublesome from the start. The empirical for-
mula of morphine (quite a simple organic com-
pound as compared with proteins, for instance) is
now known to be Ci;H;pNOjs. It would have been
most difficult, using early nineteenth-century tech-
niques, perhaps even impossible, to decide whether
that or, say, C16H20NOs, were correct. The empirical
formula of acetic acid, much simpler (it is C-HO5)
than that of morphine, aroused considerable contro-
versy in the first half of the nineteenth century.
Nevertheless, if chemists were to learn anything
about the molecular structure of organic substances,
they had to start with empirical formulas.

In the 1780s, Lavoisier had tried to determine
the relative proportions of carbon and hydrogen in
organic compounds by burning them and weighing
the carbon dioxide and water produced. His results
had not been very accurate. In the first years of the
nineteenth century, Gay-Lussac (discoverer of the
law of combining volumes, see page 80) and his
colleague, the French chemist Louis Jacques Thé-
nard (1777-1857), introduced an improvement.
They mixed the organic substance with an oxidizing
agent, such as potassium chlorate. On heating, this
combination yielded oxygen, and the oxygen, inti-
mately mixed with the organic substance, brought
about its more rapid and complete combustion. By
collecting the carbon dioxide and water formed on
combustion, Gay-Lussac and Thénard could deter-
mine the relative proportion of carbon and hydrogen
in the original compound. With Dalton’s theory now
advanced, this proportion could be expressed in
atomic terms.

Many organic compounds were made up only of
carbon, hydrogen, and oxygen. With carbon and
hydrogen determined and oxygen assumed to account
for whatever was left over, an empirical formula
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could often be worked out. By 1811, Gay-Lussac
had worked out the empirical formulas for some of
the simple sugars, for instance.

This procedure was improved further by a Ger-
man chemist, Justus von Liebig (1803-73) who,
by 1831, could obtain fairly reliable empirical for-
mulas as a result.? Soon afterward, in 1833, the
French chemist Jean Baptiste André Dumas (1800-
84) devised a modification of the method, one
which allowed the chemist to collect nitrogen also
among the products of combustion. In this way
one could determine the proportions of nitrogen in
an organic substance.

These pioneers in organic analysis, in the course
of their researches, produced results that shattered
the belief in the importance of the empirical formula.
It came about this way:

In 1824, Liebig studied a group of compounds,
the fulminates, while Wohler (who was to become
a fast friend of Liebig, and who was soon to synthe-
size urea, see page 95) was studying another group
of compounds, the cyanates. Both sent reports con-
cerning their work to a journal edited by Gay-
Lussac.

Gay-Lussac noted that the empirical formulas
given for these compounds were identical, and yet
the properties described were quite different. (As
an example, both silver cyanate and silver fulminate
consist of molecules containing one atom each of
silver, carbon, nitrogen, and oxygen.)

8 Liebig was one of the great chemistry teachers of all
time. He taught at the University of Giessen, where he es-
tablished the first real laboratory course in chemistry. Nu-
merous chemists studied with him and learned laboratory
procedures from him. Liebig was one of the influences mak-
ing chemistry, in which France had been pre-eminent in the

eighteenth century, almost a German monopoly in the nine-
teenth century.
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Gay-Lussac reported this observation to Berze-
lius, then the most noted chemist in the world, but
Berzelius was reluctant to believe the discovery.
By 1830, however, Berzelius himself had discovered
that two organic compounds, racemic acid and
tartaric acid, although possessing different proper-
ties, seemed to have the same empirical formula
(now known to be C;HgOq).

Since elements were present in these different com-
pounds in the same proportions, Berzelius suggested
that such compounds be termed isomers (from
Greek words meaning “equal proportions™), and the
suggestion was adopted. In succeeding decades,
more and more cases of isomerism were discovered.

It seemed clear that if two molecules were made
up of the same number of the same kinds of atoms
and yet were different in properties, the difference
must lie in the manner in which the atoms were
arranged within the molecule. In the case of the
simple molecules of the better-known inorganic com-
pounds, it might be that only one arrangement of
the atoms within the molecule was possible. For
that reason, no isomers would arise and the empirical
formula would be sufficient. Thus, HO would be
water and nothing else.

In the more complicated organic molecules, how-
ever, there would be room for different arrange-
ments and, therefore, for isomers. In the case of the
cyanates and fulminates, the different arrangements
are easy to discover, for each molecule contains but
a few atoms. Silver cyanate can be written AgOCN,
while silver fulminate is AgNCO.

Here only four atoms are involved. With still
more atoms, the number of possible arrangements
becomes so great that it is difficult indeed to decide
just which arrangements fit which compounds. Even
the case of racemic acid and tartaric acid, with six-
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teen atoms to the molecule, was too difficult to
handle in the first half of the nineteenth century.
The situation would grow simply impossible (so it
might have seemed) if still larger molecules were
considered.

The problem of molecular structure might have
had to be abandoned as hopeless almost as soon as
the very existence of the problem had been recog-
nized, had not a possibility of simplification ap-
peared.

In 1810 and thereafter, Gay-Lussac and Thénard
were working with hydrogen cyanide (HCN), which
they showed to be an acid, although it didn’t con-
tain oxygen. (This, like Davy’s nearly simultaneous
discovery of the same fact concerning hydrochloric
acid—see page 90—disproved Lavoisier’s belief that
oxygen was the characteristic element of acids.)
Gay-Lussac and Thénard found that the CN com-
bination (the cyanide group) could be shifted from
compound to compound, without its breaking apart
into individual carbon and nitrogen atoms. The CN
combination, in fact, acted much as a single atom of
chlorine or bromine might act, so that sodium
cyanide (NaCN) had some properties in common
with sodium chloride (NaCl) and sodium bromide
(NaBr) .4

Such a group of two (or more) atoms that re-
main in combination while being shifted from one
molecule to another was termed a radical, from the
Latin word for “root.” The reason for the name was
that molecules, it was believed, might be built up
of a limited number of small atom combinations.

4 “Some properties” does not, most emphatically, mean all
properties. Sodium chloride is essential to life, sodium bro-

mide has mild toxic effects, and sodium cyanide is a virulent,
fast-acting poison.
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The radicals would then be the “roots” out of
which the molecule would, so to speak, grow.

Of course, the CN group was a very simple one,
but a considerably more complex case was demon-
strated by Wohler and Liebig, working together.
They discovered that the benzoyl group could be
switched from one molecule to another without be-
ing disrupted. The empirical formula of the benzoyl
group is now known to be C;H;O.

In short, it began to appear that to solve the
structural mystery of large molecules, one must first
solve the structures of a certain number of different
radicals. The molecules could then be constructed,
without much difficulty (it was hoped), out of the
radicals. Things were looking up!



CHAPTER 7

MOLECULAR STRUCTURE

The Theory of Types

Berzelius seized upon the notion that radicals
could be the units of which organic molecules were
built. He believed that organic molecules were built
of radicals as inorganic molecules were built of in-
dividual atoms. Radicals, he came to think, were
almost as indivisible and untouchable as the indi-
vidual atoms themselves.

Berzelius maintained that the force holding atoms
together in an inorganic molecule or in an organic
radical was electrical in nature (which eventually
turned out to be right, as a matter of fact). Every
molecule, then, had to contain a positive portion
and a negative portion, since only between oppositely
charged elements was there attraction.

For simple inorganic substances, like sodium
chloride, this notion of positive and negative was
eventually shown to fit the facts well (see page 206).
To make it fit organic substances, Berzelius had to
insist that radicals consisted of carbon and hydrogen
only, with carbon negative and hydrogen positive.
He held, therefore, that the benzoyl radical (C;H;0)
did not and could not contain oxygen, which dis-
torted the work done with that radical. Berzelius
was also certain that it was impossible to substitute
a negative element for a positive element without
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drastically changing the properties of a compound.

He was quickly shown to be wrong in that last
contention. Dumas (see page 102) was an enthu-
siastic supporter of Berzelius, but one of Dumas’s
pupils, Auguste Laurent (1807-53) managed, in
1836, to substitute chlorine atoms for several of
the hydrogen atoms in the molecule of ethyl alcohol.
This experiment delivered the fatal blow to Berze-
lius’s views, for chlorine was considered negative and
hydrogen positive, yet one could be substituted for
the other without making a drastic change in the
properties of a compound.

Furthermore, in this chlorinated compound, car-
bon must be attached directly to chlorine, and if
both consisted of negative atoms, how could that
be? Negative electric charges repelled each other.
(For that matter, how could two chlorine atoms
hold together to form a chlorine molecule? Such
matters were not settled for another century, as we
shall see on page 222.)

Berzelius, grown testy and extremely conservative
in his old age, refused to change his notions. Upon
hearing of Laurent’s report, he attacked the new
findings ferociously. Dumas had himself, in 1839,
substituted chlorine for three of the hydrogen atoms
in acetic acid. Nevertheless, in the face of Berzelius’s
displeasure, Dumas rather cravenly backed down
and disowned Laurent.

Laurent held firm, however, and continued to ac-
cumulate evidence to the effect that radicals were not
as indestructible and untouchable as Berzelius in-
sisted, and that one must not overemphasize the
matter of positive and negative. Berzelius’s anger
barred Laurent from the more famous laboratories,
and while Berzelius lived, his version of the radical
theory remained in being by the sheer force of his
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personality. With Berzelius’s death in 1848, how-
ever, his theory died and Laurent’s gained popu-
larity.

Laurent abandoned all emphasis on electrical
forces. He believed that an organic molecule had a
nucleus (which might be a single atom) to which
different radicals might be attached. Organic mole-
cules might then be grouped into families or types
(hence, the theory of types). All the members of
one type would have an identical nucleus to which
any of a series of similar radicals could be attached;
and within the radicals there would be considerable
room for variation.

A particular molecular type might even extend
into the realm of the inorganic.

For instance, the water molecule (H,0O) may be
viewed as consisting of a central oxygen atom (the
nucleus) to which two hydrogen atoms are attached.
If, in place of one hydrogen atom, any of a series
of radicals is substituted, a type of compound is
built up that includes among its members water
as well as various organic molecules.

If one substituted for the hydrogen atom a
methyl group (CH;) or an ethyl group (C.H;), one
would have CH3;OH (methyl alcohol), and C.H;OH
(ethyl alcohol), respectively. A vast number of
other alcohols could be built up in the same way.
And, indeed, alcohols not only have many similarities
among themselves, but, as a class, also show cer-
tain resemblances to water. The simpler alcohols,
such as methyl alcohol and ethyl alcohol, will mix
with water in all proportions. Sodium metal will
react with alcohols as it will with water, though
more slowly, and so on.

Between 1850 and 1852, the English chemist Al-
exander William Williamson (1824-1904) showed
that the family of organic compounds called ethers



MOLECULAR STRUCTURE 109

could also be built up about the “water type.” In
their case both the hydrogens of water were sub-
stituted by organic radicals. The common ether,
then beginning to be used as an anesthetic, has both
hydrogens replaced by ethyl groups, so that it is
C.H;0C-Hs.

Earlier, in 1848, the French chemist Charles
Adolphe Wurtz (1817-84) had studied a group of
compounds related to ammonia and called, there-
fore, amines. He showed they belonged to a type
with a nitrogen nucleus. In ammonia a nitrogen
atom was bound to three hydrogens. In amines or-
ganic radicals replaced one or more of these hy-
drogens.

The theory of types gained in popularity because
it could be used to organize the rapidly proliferating
numbers of organic compounds being studied. The
Russo-German chemist Friedrich Konrad Beilstein
(1838-1906) published a vast compendium of or-
ganic compounds in 1880, and utilized Laurent’s
theory of type to organize those compounds into a
rational order.

Nevertheless, the theory, as it emerged from
Laurent’s work, remained incomplete.. It still made
use of radicals as units, and the question of molec-
ular structure was evaded rather than answered.
For a proper answer, one had to face up to the ques-
tion: What is the actual atomic arrangement within
the radicals themselves?

Valence

The theory of types impressed some chemists with
the point that the oxygen atom consistently com-
bined with two other atoms or radicals. It might
combine with two hydrogen atoms to form water,
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with one hydrogen atom and an organic radical to
form an alcohol, or with two organic radicals to form
an ether. But always the oxygen atom attached itself
to two entities.

In similar fashion, the nitrogen atom would al-
ways combine with three atoms or radicals. Men
like Kolbe (see page 96) took to writing formulas
for organic compounds in which such a constancy
in the number of attachments to oxygen or nitrogen
was taken for granted.

The point was made general by an English chem-
ist, Edward Frankland (1825-99). He was the first
to become interested in organo-metallic compounds,
those in which organic groupings were attached to
atoms of metals such as zinc.! Here it was quite
clear that each metallic atom would attach to itself
only so many organic groupings, and that this num-
ber was different for different metals. Zinc atoms,
for instance, would combine with two organic group-
ings, neither more nor less.

In 1852, Frankland advanced what later came
to be known as the theory of valence (from a Latin
word for “power”), which is the statement that each
atom has a fixed combining power. For instance, a
hydrogen atom, under ordinary conditions, will com-
bine with only one other atom. This is also true of
sodium, chlorine, silver, bromine, and potassium.
All have a valence of 1.

Oxygen atoms may combine with as many as two
different atoms, as will calcium, sulfur, magnesium,
and barium. All these elements have a valence of

1In the true organo-metallic compound, the atom of the
metal is firmly attached to a carbon atom. Compounds such
as zinc acetate (a type of substance known prior to Frank-
land’s time) are salts of organic acids. In such salts the atom
of the metal is attached to an oxygen atom, and these are not
considered true organo-metallic compounds.
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2. Nitrogen, phosphorus, aluminum, and gold have
a valence of 3. Iron could have a valence of either
2 or 3, and so on. The matter of valence turned
out, in the long run, to be nothing like as simple as
it seemed at first. Nevertheless, even the simple form
of the theory proved to be of inestimable worth.

For one thing, the concept of valence helped to
clarify the difference between atomic weight (see
page 77) and equivalent weight (see page 91) of an
element. Even as late as the mid-nineteenth century,
many chemists confused the two.

It can be determined that 1 part of hydrogen will
combine with 35.5 parts of chlorine, since 1 atom
of hydrogen will combine with 1 atom of chlorine
to form hydrogen chloride, and the chlorine atom
is 35.5 times as heavy as the hydrogen atom. That
is, chlorine has an atomic weight of 35.5. But 1 part
of hydrogen will not combine with all elements in
proportion to their atomic weights. For instance,
oxygen has an atomic weight of 16, but each oxygen
atom combines with two hydrogen atoms, since
oxygen has a valence of 2. Therefore, 16 parts of
oxygen combine with 2 parts of hydrogen. The
equivalent weight of oxygen is the quantity of oxygen
that combines with 1 part of hydrogen, and that is
16/2 or 8.

In the same way, the nitrogen atom, with an
atomic weight of 14 and a valence of 3, combines
with 3 hydrogen atoms. The equivalent weight of
nitrogen is therefore 14/3 or about 4.7.

In general, the equivalent weight of an atom is
equal to its atomic weight divided by its valence.

Again, Faraday’s second law of electrolysis (see
page 90) states that the weight of different metals
liberated by a given quantity of electric current is
proportional to the equivalent weights of those
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metals. This means that a given amount of electric
current will liberate only half as much by weight of
a 2-valent metal as it would of a 1-valent metal of
about equal atomic weight.

This situation can be explained by supposing that
one “atom of electricity” (see page 91) is required
to transport a single 1-valent atom, while two are
required for a single 2-valent atom. This connection
of valence and “atoms of electricity” was not fully
appreciated, however, for another half-century (see
page 222).

Structural Formulas

The notion of valence was applied with particular
force to the structure of organic molecules by
Kekulé (mentioned earlier on page 100). He began
with the suggestion that carbon had a valence of 4
and proceeded, in 1858, to work out the structure
of the simpler organic molecules and radicals on
that basis. The concept could be visualized after a
Scottish chemist, Archibald Scott Couper (1831-
92), suggested that these combining forces between
atoms (bonds, as they are usually called) be pictured
in the form of small dashes. In this way, organic
molecules could be built up like so many “Tinker-
toy” structures.

Indeed, this representation made it possible to
visualize quite clearly why organic molecules were
so much larger and more complex, on the whole,
than inorganic molecules. According to the Kekulé
concept, carbon atoms could attach themselves to
each other by means of one or more of their four
valence bonds to form long chains, either straight
or branched. No other kind of atom seemed to have
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that ability in nearly as marked a fashion as carbon
did.

Thus, the three simplest hydrocarbons (molecules
made up of carbon and hydrogen atoms only),
which are methane (CH,), ethane (C.Hg), and pro-
pane (CsHyg), could be pictured with every carbon
atom possessing four bonds and every hydrogen
atom possessing one, as follows:

H H H H H H
| I |
H-C—H H—-C—-C—H H—-C—C—C—H
I [ [
H H H H H H
methane ethane propane

This series could be continued by stringing to-
gether carbon atoms for almost as long as one
would care to. By adding oxygen with two bonds and
nitrogen with three, one could represent the mole-
cule of ethyl alcohol (C.H¢O), and methylamine
(CH;N) as follows:

H H H
P |
H—-C—C—0—H H—C—N—H
[ .
H H H H
ethyl alcohol methylamine

Such structural formulas could be made more
flexible if the existence of two bonds (a double
bond) or three (a triple bond) between adjacent
atoms were permitted. Thus, ethylene (C.H,), acet-
ylene (C,H,), methyl cyanide (C,HsN), acetone
(C3H¢O), and acetic acid (C2H.O2) could be rep-
resented as follows:
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H—C=C—H H—C=C—H H
[ ] I
H H H—C—C=N
|
H
ethylene acetylene methyl cyanide
H O H H O
| [
H—C—C—C—H H—-C—C—O0—H
[ I I
H H H
acetone acetic acid

Structural formulas showed such obvious useful-
ness that a number of organic chemists accepted
them at once. They completely outmoded all at-
tempts to depict organic molecules as structures
built up of radicals. Nothing less than an atom-by-
atom picture would do now.

In particular, a Russian chemist, Alexander Mi-
khailovich Butlerov (1828-86), supported the new
system. During the 1860s, he pointed out how
the use of structural formulas could explain the ex-
istence of isomers (see page 103). For instance, to
use a very simple case, ethyl alcohol and dimethyl
ether, although possessing widely different proper-
ties, have the same empirical formula: CoHg¢O. The
structural formulas of the two compounds are:

H H H H
[ I l
H—C—C—0—H H—-C—O0—C—H
[ | |
H H H H
ethyl alcohol dimethyl ether

It is no wonder that the change in arrangement
of atoms leads to two sets of widely different prop-
erties. In the case of ethyl alcohol, one of the six
hydrogen atoms is attached to an oxygen atom,
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while in dimethyl ether all six are attached to car-
bon atoms. The oxygen atom holds the hydrogen
atom more weakly than the carbon atom does, so
that sodium metal added to ethyl alcohol replaces
just one-sixth of the hydrogen contént. If sodium is
added to dimethyl ether, it displaces no hydrogen
at all. Thus, chemical reactions serve as guides to
structural formulas, and the formulas in turn serve
as guides to understanding reactions.

Butlerov dealt specifically with a type of isom-
erism called taufomerism, in which certain sub-
stances always appeared as mixtures of two com-
pounds. If one of these compounds were isolated in
pure form, it would promptly change over, in part,
to the other. Butlerov showed that tautomerism con-
sisted of a spontaneous shift of a hydrogen atom
from a connection with an oxygen atom to a con-
nection with a nearby carbon atom (and back
again).

A major problem in the first few years of the
structural formula involved benzene, a simple hydro-
carbon with the empirical formula C¢Hg. No struc-
tural formula seemed to satisfy the valence require-
ments and at the same time to account for the great
stability of the compound. That is, the structural
formulas that were first suggested resembled those
of other compounds which were very unstable.

Again it was Kekulé to the rescue. One day in
1865 (according to Kekulé himself), while in a
semi-doze on a bus, it seemed to him that he saw
atoms whirling in a dance. Suddenly, the tail-end
of one chain attached itself to the head-end and
formed a spinning ring. Until then structural for-
mulas had been built up only of chains of carbon
atoms, but now Kekulé fastened on the notion of
rings of carbon atoms as well. He suggested the
following structural formula for benzene:
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c C
7N/ N\
c
I
H

benzene

H H

This explanation was accepted, and the concept
of the structural formula was placed on a firmer
basis than ever.?

Optical Isomers

Despite the usefulness of the structural formulas
of Kekulé, they did not entirely account for one
particularly subtle type of isomerism. This involved
light, which we must therefore briefly consider.

In 1801, Thomas Young (1773-1829), an ex-
traordinary Englishman who was the first to under-
stand the physiology of the eye, had conducted ex-
periments which demonstrated that light behaved as
though it consisted of tiny waves. Then, about 1814,
Augustin Jean Fresnel, a French physicist (1788~
1827), showed that the light waves belonged to the
particular class known as fransverse waves. These
waves oscillate at right angles to the direction in
which the wave as a whole is traveling. This situa-

2 Nevertheless, the presence of three double bonds in ben-
zene created a problem, for compounds with double bonds
usually underwent certain types of reactions which benzene
did not ordinarily undergo. It was nearly three-quarters of a
century before the puzzle of the double bonds that didn’t act
like double bonds was explained (see page 184).
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tion is best visualized in comnection with water
waves, which are transverse in nature. Individual
bits of water move up and down, but the wave itself
moves outward.

Light waves are not confined to a surface and so
need not merely move up and down. They can move
right and left, or northeast and southwest, or north-
west and southeast. In fact, there is an infinite num-
ber of directions in which a light wave can oscillate
at right angles to its direction of travel. In a beam of
ordinary light some waves are oscillating in one di-
rection, some in another, some in still another. There
is no one direction that is preferred.

If such a beam of light is sent through certain
crystals, however, the orderly arrangement of atoms
within the crystals forces the light beam to oscillate
in some particular plane—a plane that will allow the
light to slip past and between the rows of atoms.

Light oscillating in one plane only is called
polarized light. This name was given it in 1808 by
a French physicist, Etienne Louis Malus (1775-
1812). At that time, the wave theory had not yet
been accepted, and Malus had a notion that light
consisted of particles with north and south poles,
and that in polarized light, all the poles were lined
in the same direction. This theory quickly vanished,
but the expression remained and is still used.

The properties and behavior of polarized light
seemed to lie exclusively in the province of the
physicist until 1815. In that year a French physicist,
Jean Baptiste Biot (1774-1862), showed that if
polarized light passed through certain crystals, the
plane in which the waves undulated was rotated.
Sometimes it was rotated in clockwise fashion (dex-
trorotation), sometimes in counterclockwise fashion
(levorotation) .

Among the crystals displaying this property of
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optical activity were those of organic compounds.
Furthermore, some of these organic compounds,
such as the various sugars, showed optical activity
even when not in crystalline form, but in solution
instead.

As it eventually turned out, there were substances
that differed only in their optical properties. Other-
wise identical, one substance would rotate the plane
of polarized light clockwise, the other would rotate
it counterclockwise. Sometimes still a third would
not rotate the plane at all. The isomers racemic acid
and tartaric acid, which Berzelius had discovered
(see page 103), differed in optical properties.

Such optical isomers were not readily explained
by Kekulé’s structural formulas.

The first glimmer of understanding of optical ac-
tivity appeared in 1848, when the French chemist
Louis Pasteur (1822-95) began work with crystals
of sodium ammonium tartrate.

Pasteur noted that the crystals were asymmetric;
that is, one side of a crystal had a small facet not
present on the other. In some crystals the facet was
present on the right side, in others on the left. Using
a magnifying glass, he painstakingly separated the
crystals with tweezers and dissolved each group sepa-
rately. The properties of the solutions seemed identi-
cal but for the optical activity. One solution was dex-
trorotatory, the other levorotatory.

It seemed, then, that optical activity was the re-
sult of asymmetry. It seemed also that whether the
plane of polarized light was twisted in one direction
or another depended on whether otherwise identical
crystals had a “right-handed” asymmetry or a “left-
handed” one.

This theory was satisfactory when applied to crys-
tals, but what about optical activity that persisted in
solution? In solution substances existed not as crys-
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tals but as individual molecules floating about ran-
domly. If optical activity had to imply asymmetry,
then the asymmetry had to exist in the molecular
structure itself.

The Kekulé structural formulas did not show the
necessary asymmetry, but this lack did not necessar-
ily disprove the connection between asymmetry and
optical activity. After all, the Kekulé structural for-
mulas were written two-dimensionally on the flat
surface of a blackboard or a piece of paper. Surely,
it was not to be expected that in reality organic mole-
cules were two-dimensional.

It seemed certain that the atoms in a molecule
must be distributed three-dimensionally. If they
were, their arrangement then might well show the
necessary asymmetry to account for optical activity.
However, how was one to go about applying the nec-
essary three-dimensionality to the molecule?

Atoms had never been seen and their very exist-
ence might simply be a convenient fiction used to
explain chemical reactions. Was it safe to take their
existence so literally that one should distribute them
in three dimensions?

A young man was needed to take the next step,
one who had not yet gained the wise caution that
comes with years.

Molecules in Three Dimensions

Such a person was the young Dutch chemist Ja-
cobus Hendricus Van’t Hoff (1852-1911). In 1874
he had not yet completed work for his Ph.D., but he
daringly suggested that the four bonds of the carbon
atom were distributed in three-dimensional space to-
ward the four apices of a tetrahedron.

To see this, imagine that three of the bonds of the
carbon atom are arranged so as to resemble the legs
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of a squat tripod, while the fourth bond sticks di-
rectly upward. Each bond is then equidistant from
the remaining three, and the angle between one
bond and any of its neighbors is about 109°. (See
Figure 11.)

FIG. 11. Tetrahedral bonding of carbon atoms permits
two configurations of atoms in compounds, one being
the mirror image of the other. This model shows the
mirror-image arrangements of the lactic acid molecule,
CH3CHOH-CO.H.

The four bonds of the carbon atom are thus ar-
ranged symmetrically about the atom, and asym-
metry is introduced only when each of the four bonds
is attached to a different kind of atom or group of
atoms. Then the four attachments can be arranged
in exactly two different fashions, one being the mir-
ror image of the other. This pattern provides exactly
the type of asymmetry Pasteur had found in his crys-
tals. '

Almost simultaneously, the French chemist Jo-
seph Achille Le Bel (1847-1930) published a simi-
lar suggestion. The tetrahedral carbon atom is some-
times referred to as the Van’t Hoff-Le Bel theory.

The tetrahedral atom explained so much so neatly
that it was quickly accepted. Aiding in this was a
book published in 1887 by the German chemist
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Johannes Adolf Wislicenus (1835-1902), which
placed the authority of an older and particularly
well-respected scientist behind the theory.

Most important of all, there was no blinking the
facts. Compounds possessing asymmetric carbon at-
oms (those connected to four different types of
groupings) possessed optical activity, while those
that did not possess such atoms did not. Further-
more, the number of optical isomers was always
equal to the number predicted by the Van’t Hoff-Le
Bel theory.

In the final decades of the nineteenth century the
three-dimensional view of bonding was extended be-~
yond the carbon atom.

The German chemist Viktor Meyer (1848-97)
showed that the bonds of nitrogen atoms, if viewed
three-dimensionally, could also explain certain types
of optical isomerism. The English chemist William
Jackson Pope (1870-1939) showed this was appli-
cable to other atoms, such as those of sulfur, sele-
nium, and tin; the German-Swiss Alfred Werner
(1866-1919) added cobalt, chromium, rhodium,
and other metals.

(Beginning in 1891, Werner developed a coordi-
nation theory of molecular structure, the idea for
which, according to him, came to him in his sleep,
waking him at 2 A.M. with a start. Essentially, this
theory held that the structural relationships between
atoms did not need to be restricted to ordinary va-
lence bonds. Instead, particularly in certain compar-
atively complex inorganic molecules, atom groups
could be distributed about some central atom in ac-
cordance with certain geometric principles that did
not seem to take ordinary valence into account. It
was nearly half a century before notions of valence
became subtle enough to include both the simple
compounds fitting the notions of Frankland and



122 A SHORT HISTORY OF CHEMISTRY

Kekulé, and the coordination compounds of Werner
as well.)

The idea of three-dimensional structure led
quickly to further developments, Viktor Meyer had
shown that while atom groupings ordinarily could
rotate freely about a single bond attaching them to
the rest of the molecule, the bulk of nearby groups
of atoms sometimes prevented this rotation. This sit-
uation, called steric hindrance, can be likened to a
door that ordinarily moves freely on its hinges but
may be blocked by some obstruction behind it. Pope
went on to show that through steric hindrance it was
possible for a molecule to be asymmetric as a whole.
It would then show optical activity even though none
of the constituent atoms were asymmetric in them-
selves.

The German chemist Johann Friedrich Wilhelm
Adolf von Baeyer (1835-1917) used the three-
dimensional view, in 1885, to picture carbon atoms
arranged in planar rings. If the four bonds of the
carbon atoms are pointed toward the four corners
of a tetrahedron, the angle between any two of them
is about 109.5°. Baeyer argued that in any organic
compound there was a tendency to allow the car-
bon atoms to be so connected that the bonds re-
mained at their natural angles. If the angle is forced
to change, the atom is placed under a strain.

If three carbon atoms were bound in a ring, they
would form an equilateral triangle, with the angle
between each pair of bonds equal to 60°. This sep-
aration is considerably different from the natural
109.5° angle, and for that reason 3-carbon rings are
hard to form and, once formed, are easy to break
up.

A 4-carbon ring would form a square, with the
angles 90°; a 5-carbon ring would form a pentagon
with angles 108°; a 6-carbon ring would form a hexa-
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gon with angles 120°.It would seem then that a
S5-carbon ring involves virtually no strain on the
bonds of the carbon atom, and a 6-carbon ring in-
volves only a small amount of strain. Baeyer’s strain
theory seemed to account, therefore, for the prepon-
derance of such rings in nature over rings of more
than six or less than five atoms.?

Most dramatic of all, perhaps, was the work, in
the 1880s, of the German chemist Emil Fischer
(1852-1919) on the chemistry of the simple sugars.
A number of well-known sugars share the identical
empirical formula of Cg¢H;20¢. They also have
many properties in common, but differ in others, no-
tably in the extent of their optical activity.

Fischer showed that each such sugar had four
asymmetric carbon atoms, and that on the basis of
the Van’t Hoff-Le Bel theory, there should therefore
be sixteen optical isomers. These isomers should be
arranged in eight pairs; in each pair one isomer
should rotate the plane of polarized light clockwise
to exactly the extent the other isomer rotates it
counterclockwise.

Fischer proceeded to work out the exact arrange-
ment of the atoms in each of the sixteen isomers.
The fact that exactly sixteen isomers of the 6-car-
bon sugars have been found, divided into eight pairs,
is strong evidence for the worth of the Van’t Hoff-Le
Bel theory. This same accuracy in prediction holds
in the case of other types of sugars, of amino acids,
and of any other types of compound.

By 1900, the depiction of molecular structure in
three dimensions, having well proved its value, was
universally accepted.

3 Baeyer’s strain theory applies to rings with atoms in a
single plane. It is not necessary for the atoms to be in a

single plane, and all sorts of odd rings can be (and are)
formed in which this restriction does not hold.



CHAPTER 8§

THE PERIODIC TABLE

Elements in Disorder

There is a curious parallel in the histories of the
organic chemistry and inorganic chemistry of the
nineteenth century. The opening decades of the cen-
tury saw a puzzling proliferation in the number of
organic compounds, and also in the number of ele-
ments. The third quarter of the century saw the
realm of organic compounds reduced to order,
thanks to Kekulé’s structural formula. It saw the
realm of elements reduced to order also, and at least
part of the credit for both changes goes to events at
a particular international meeting of chemists.

But let’s begin with the disorder at the beginning
of the century.

The discovery of elements over and above the
nine known to the ancients and the four studied by
medieval alchemists has been mentioned in Chapter
4. The gaseous elements, nitrogen, hydrogen, oxy-
gen, and chlorine, had all been discovered in the
eighteenth century. So had the metals, cobalt, plati-
num, nickel, manganese, tungsten, molybdenum,
uranium, titanium, and chromium,

In the first decade of the nineteenth century, no
less than fourteen new elements were added to the
list. Among the chemists already mentioned in this
book, Davy had isolated no fewer than six by means
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of electrolysis (see page 89). Gay-Lussac and
Thénard had isolated boron; Wollaston had iso-
lated palladium and rhodium, while Berzelius had
discovered cerium.

Then, too, the English chemist Smithson Tennant
(1761-1815), for whom Wollaston had worked as
an assistant, discovered osmium and iridium. An-
other English chemist, Charles Hatchett (c. 1765-
1847), isolated columbium (now officially called
niobium), while a Swedish chemist, Anders Gustaf
Ekeberg (1767-1813), discovered tantalum.

The haul in succeeding decades was not quite
as rich, but the number of elements continued to
mount. Berzelius discovered four more elements, for
instance: selenium, silicon, zirconium, and thorium.
(See Figure 12.) Louis Nicolas Vauquelin in 1797
discovered beryllium.

By 1830, fifty-five different elements were recog-
nized, a long step from the four elements of ancient
theory. In fact, the number was too great for the
comfort of chemists. The elements varied widely in
properties and there seemed little order about them.
Why were there so many? And how many more yet
remained to be found? Ten? A hundred? A thou-
sand? An infinite number?

It was tempting to search for order in the list of
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