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The upper number 1n cach square gives the number of grams of the an-
hydrous salt held in solution by 100 c.c. of water. The lower number is the

molar solubility, i.c., the ndmber of moles contained in one liter of the satu-

rated solution.

The numbers for small solubilities have been abbreviated.

. For some other solubilities, see page 2°8

Thus 0.0¢4 = 0.
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ALEXANDER SMITH
1865-1922

Professor Alexander Smith, until recently head of the department
of chemistry at Columbia University and in 1911 President of the
American Chemical Society, died in his native city of Edinburgh,
Scotland, on September 8, 1922, after a long illness, at the age of
57 years. Ile was the son of Alexander W. and Isabella (Carter)
Smith, his father being a well-known musician. He married, in
1905, Sara Bowles of Memphis, Tennessee, and is survived by her
and by two children.

Preéminent in his later years as a teacher and writer of general and
inorganic chemistry, Alexander Smith commenced his career as an
organic chemist. After graduating from Edinburgh University
with the degree of Bachelor of Science in 1886, he worked under von
Baeyer at Munich, obtaining his degree of Doctor of Philosophy in
1889. He returned to Edinburgh University for one year as assistant
in chemistry, but in 1890 he came to this country as Professor of
Chemistry and Mineralogy in Wabash College. His work there
soon attracted attention, and in 1894 he was called to assist in the
development of the newly-founded University of Chicago. There
he served for 17 years, during the last 8 of which he acted as Director
of the Laboratories of General and Physical Chemistry. The present
high standing of the department of chemistry in the University of
Chicago is undoubtedly due in large measure to the administrative
genius of Alexander Smith. In 1911 he was appointed to succeed
Professor Chandler as head of the department of chemistry at Colum-
bia University, where he remained until serious illness necessitated
his retirement.

Few men have rendered more significant service te® American
chemistry. As a teacher, Alexander Smith in his prime had no equal,
and his guiding principles have fortunately been put in permanent
form in his famous series of text-books. It is no exaggeration to
state that the firgt issue of his ‘“‘Inorganie Chemistry’” in 1906
inaugurated a revolution in methods of instruction in Americs; com-
parable oaly withethat effected in Germany by Ostwald’s ““ Lehrbdch
der allgemeinen Chemie.”” Instead of a hodge-podge of isoRited
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Vi ALEXANDER SMITH

facts, the student found in these volumes a clear and logical presenta-
tion of the fundamental principles of the science. A proper appre-
ciation of the physicochemical aspects of each topic under discussion
constitutes, indeed, one of the main features of Alexander Smith’s
text-books, and indicates clearly the strong influence exerted by
Ostwald and his school upon his work. The success of Alexander
Smith’s methods may be estimated by the number of his followers;
practically every modern inorganic chemistry is based upon his
foundations. Not only have his volumes enjoyed phenomenal
popularity in this country and in Great Britain, but they have becn
translated into many foreign languages, including even Russian and
Chinese.

Alexander Smith devoted much attention also to the manifold
practical details connected with the teaching of chemistry, and a
great number of his addresses deal with various aspects of this branch
of his labors, ranging all the way from methods of laboratory instruc-
tion in high-school chemistry to the administrative problems of a
large university department. It will suffice here to refer to two such
lectures: ‘“The Rechabilitation of the American College, and the
Place of Chemistry in it,”” printed in Science, 30, 457 (1909), and
“The Training of Chemists,” an address delivered in Urbana at the
opening of the Chemical Laboratory of the University of Illinois,
printed in Science, 43, 619 (1916). His educational insight was
rarely, if ever, at fault, and as an administrator he was untiring.

In the line of research, Alexander Smith’s most outstanding pub-
lications dealt with amorphous sulphur and the exact measurement of
vapor pressures. His valuable contributions in these two fields
were recognized by the Royal Society of Edinburgh in 1912 by the
award of the Keith Prize and Medal. The main results obtained
in his work up to that date, as announced by Sir William Turner in
making the presentation, are summarized below.

“The work on sulphur was published in seven papers. At the time
these investigations were begun, the published observations upon the
behavior of melted sulphur were full of apparent inconsistencies, and
could not be formulated in harmony with physicochemical theory.

“The first step was to settle the disputed question as to the re-
lations of amorphous and soluble sulphur in the melt. Measurements
of freezing points and of the corresponding proportions of amorphous
sulphgr in the freezing liquid showed that Raoult’slaw held rigorously.
This established the existence of liquid amorphous sulphur dissolved,
but distinet from the melted soluble sulphur,
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“The fact that melted sulphur, when kept at a given tentperature,
gives, on chilling, very inconstant proportions of amorphous sulphur
was next investigated. It was discovered that the introduction of
sulphur dioxide and other foreign substances greatly influenced the
proportions. These foreign bodies were proved to act catalytically,
and retard or hasten the change from amorphous to soluble sulphur.
The establishment of this conclusion at once afforded a basis for
explaining a large proportion of the apparent inconsistencies in the
older as well as the more recent observations. In connection with
this work, the proportions of amorphous sulphur present in equilib-
rium at various temperatures were measured.

“Ih the fifth paper, studies of some other peculiarities in the be-
havior of melted sulphur were described, and all the results were shown
to harmonize with a theory of the relation of the two liquid forms as
dynamic isomers.

“Precipitated sulphur was the subject of the sixth paper, and it
was shown that, when first liberated, the sulphur consists of droplets
of liquid amorphous sulphur. In presence of weak acids, or in neutral
or alkaline solutions, this changes wholly to crystalline, soluble sulphur.
In presence of activeacids, the amount of amorphoussulphur surviving
in the final product is proportioned to the concentration of the acid.

“In the seventh paper, the generally accepted melting points (or
freezing points) of the various forms of sulphur, determined before
the complex nature of the problem which such measurements involved
was 1n the least suspected, were subjected to revision, and the cor-
rect values, in harmony with the theory, were given.

“The work on Vapor Pressures (carried out in collaboration with
Professor A. W. C. Menzies) is described in seven papers. The first
two deal with a simple device, named the ‘submerged bulblet,’
by which boiling points and vapor pressures of liquids and of non-
fusing solids may be determined with the use of only minute amounts
of material.

“In the third and fifth papers, forms of apparatus for the exact
study of vapor pressures, and named respectively thesstatic and
dynamic ‘isoteniscope,’ are described. To ascertain the possibilities
of the methods, values for water, which agree with the best previous
determination, were obtained by the static method, and values for
benzene and for agymonium chloride by the dynamic method.

“The fourth paper describes a determination of the vapor precsures
of mercury. Thege were made because exact values were required
for the subject of the sixth paper, and the existing results ¢e.g.,
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those of Regnault, Ramsay and Young, and others) were highly in-
consistent with one another, and the methods used were open to
serious criticism.

“The sixth paper deals with the constitution of calomel vapor,
a matter long but inconclusively discussed by chemists. By making
measurcments of the vapor pressures of mercury, of calomel, and of
a mixture of the two, and applying the laws of chemical equilibrium
to the resulting data, it was shown conclusively that the vapor is
wholly composed of mercury and corrosive sublimate. The close
quantitative correspondence showed that in these measurements
the order of accuracy was much higher than in any previous measure-
ments of vapor pressures at elevated temperatures.

“The seventh paper shows that, as the laws of chemical equilibrium
applied to the result of the preceding paper predict, calomel, when
dried in the most rigorous manner, exercises, even at high tempera-
tures, no measurable pressure whatever. This is the only successful
experimental confirmation of a familiar and important application of
the theory.”

The continuation of the work on vapor pressures, as carricd on at
Columbia after 1912, dealt chiefly with the dissociation equilibria of
the ammonium halides. It had been shown by Baker that when great
precautions are taken to exclude moisturc the vapor of ammonium
chloride consists entirely of undissociated molecules, the molecular
weight corresponding to the formula, NH,Cl. When, however, a
trace of moisture is present, as in the ‘ordinary’’ methods of drying
the substance, Baker found that at a temperature of 350° the degree
of dissociation into NH; and HCI, as indicated by the Dumas bulb
method, appeared to be almost complete. A similar result was
obtained by other investigators employing the Victor Meyer method
as well as that of Dumas. Smith, after first pointing out the ex-
tremely important fact that in all previous density determinations
the unsaturated vapor only had been investigated, proceeded to estab-
lish, by very careful measurements, exact density values for the
saturated vepor, and showed conclusively that the dissociation did
not exceed 679, for ammonium chloride between 280° and 330°.
The other ammonium halides were found to exhibit considerably
less dissociation.

The unexpected fact that the vapor pressurps of ‘“dried” and
“undsied” ammonium chloride at the same temperature are identical,
in spite of the difference in character of the vapor in equilibrium with
the $olid phase, was also subjected to close examination. While no
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final explanation was reached, the results obtained were of service
in disproving certain hypotheses which had been advanced by other
investigators regarding this phenomenon.

In 1911 Alexander Smith was clected President of the American
Chemical Society. His presidential address, delivered at Washing-
ton, dwelt upon the achievements and discoveries of L.omonossov,
an early Russian physical chemist, whose remarkable work in the
middle of the eighteenth century had been entirely forgotten until
his fellow-countryman Menschutkin reprinted his memoirs in 1904.
The historical side of chemistry always had a strong attraction for
Alexander Smith, and his views upon the conflicting claims of the
variods ‘“‘discoverers’’ of oxygen have been the center of considerable
comment.

Other distinctions bestowed upon him were membership of the
National Academy of Sciences and honorary membership of the
Spanish Society of Physics and Chemistry.

In 1919 his alma mater, the University of Idinburgh, awarded
him the degree of LL.D. e was introduced at the graduation
ceremonies as follows: ‘A most distinguished graduate of our own
University, Professor Smith has risen to the rank of a super-chemist
in the United States, head of a department embracing many special-
ized professorships, and director of one of the most important labora-
tories in the new world. We congratulate C'olumbia University on
the possession of a teacher and investigator of such rare ability,
and we congratulate ourselves on the opportunity of laureating
an alumnus whose success reflects no little luster on the institution
where he received his carly training.”

In his last years at Columbia, Professor Smith’s health was evi-
dently weakening. Handicapped as he was also, during the war,
in his task of running a gigantic department with a sadly depleted
staff, these difficultics were still further increased by unfortunate
controversics, and his final collapse was by no means unexpected.
Those who may have formed their opinion of him during this period
can have no conception at all of the inherent nobility and sterling
character of the true Alexander Smith. His many friends, knowing
his real worth, will long cherish him in their memory.

.

. .JAMES KENDALL
New Yorxk, October, 1922.






PREFACE TO THE FIRST EDITION

This book, the first draft of which was written six years ago, is the
outgrowth of the introductory course in chemistry which the author
has given for the past fifteen years. A subject undergoing the per-
sistent, though unconscious criticism of keen minds should gain in
self-consistency and coherence as it is presented year after year. For
example, an answer must be found for the common question, “ Why
does the chemistry of the laboratory differ from the chemistry of the
text-book and the lecture to such an extent that they seem to be differ-
ent sciences?’”’  The chemistry of the laboratory is, of course, the only
real chemistry, and that of the lecture must be somewhere at fault.
The student neither sees nor weighs atoms, for instance, and so the
details of the laboratory experiment, which are seen and studied,
become the basis of the whole treatment. The atom and the ion
assume the role of merely figurative aids in the description of the facts.
Gradually the conception of chemical equilibrium comes to contribute
the major part of the explanation which is essential to the evolution
of a system of chemustry founded upon experiment.

In the choice and arrangement of the material, several principles
have served as guides:

The book is intended primarily for students beginning the study of
chemistry in a college, university, or professional school. Tt is as-
sumed that use of the book goes hand in hand with systematically
arranged laboratory work in general chemistry. The first four chap-
ters, for example, contain a discussion of a few typical experiments.
They appeal directly to experience derived from the performance and
observation of these and other similar experiments in the laboratory
and in the class-room. In these chapters some of the features which
are characteristic of every chemical phenomenon are sdught out,
put into words, and illustrated.

No conception is defined, and no generalization or law is developed,
until such a point has been reached that applications of the conception
and experimental illustrations, later to be related in the law, have
already been encountered, and there is about to be occasion for further
applications and illustrations of the same things in the chapters im-
mediately succeeding. In these chapters the applications are fre-
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quent #nd explicit. Later, page references in parentheses con-
tinue to indicate the recurrence of examples which might other-
wise fail to be noticed. It is one thing to come to know a principle
of the science, and quite another thing to have acquired, by constant
repetition of the process, a confirmed habit of using the principle
on every appropriate occasion. To assist still further in the attain-
ment of this end, an attempt is made in the last six chapters again to
mention and illustrate, by way of review, the most important prin-
ciples of the science.

No conception or principle is given at all, unless, in its most ele-
mentary aspects, it can be made clear to a beginner; and unless it is
capable of numerous applications in elementary work; and, finally,
unless a knowledge of it is of material use in organizing and unifying
the result of such elementary work.

An attempt has been made to state the laws and to define the con-
ceptions of the science in terms of experimental facts. The figurative
language of hypothesis has been employed only in explanations.

Familiarity with physical conceptions and facts is so indispensable
to the chemist that no apology is needed for the rather full treatment
which some of them have received.

No two chemists would agree perfectly in regard to the apportion-
ment of space. The processes of chemical industry, and the every-
day applications of chemical science, cannot all be mentioned.
These fields, and that of mineralogy, can be represented by examples,
without the incompleteness of the result being in any way a detri-
ment to a work of a general character. Again, a dense array of
descriptive material, unillumined by explanation, is a positive injury
to an introductory treatise. All reference to historical matters cannot
be omitted, but a logical display of the subject can be achieved with
comparatively little of the history. Of all the aspects of the science,
the theoretical is thus the one whose treatment is susceptible of least
ahbreviation.

The principles of chemical equilibrium are (and have been for the
past half-¢entury) fully as much required for intelligent consideration
of the simplest experiment, as is the theory of combining proportions
itself. 1lmportant parts of the theories of solutions and of the battery
are much more recent, but each is equally indispensable to the under-
standing of matters whlch cannot long be w1thheld from the notice of
the beginner. Surely space ought not to be saved by entire omission
of essential parts of the chief thing that makes chemistry at all

¢:thy of a place amongst the sciences. Nor may we attain brevity,
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no matter how great the temptation, by condensing the passages on
theory until they reach the limit of comprehensibility by an expert.
Without clear exposition, full illustration, and frequent application,
laws and principles simply repel, or worse still, mislead the beginner.

We reach the same conclusion from another view-point. Every
student should have access to, and should use, reference books de-
voted especially to descriptive, industrial, historical, and physical
chemistry, and to mineralogy and crystallography — at least one
good book in each of these five subjects. With the help of the index,
the veriest tyro can find, in a few moments, almost anything he wants
in four out of five of these branches. But just the opposite is the
case with the theory. Only an expert realizes what information he is
in need of, and knows under what titles to look for it. And often
even the expert would fail to understand the isolated sentence or
paragraph when found. In a large proportion of connéctions the
beginner simply cannot use such a book for rapid reference at all.
In many lines, therefore, much may be left to outside reading, but
for theory almost no dependence can be placed on reference work in
other books.

For the reasons enumerated above, an unusually large proportion
of space has been given to theoretical matters. The actual amount of
theory is no greater than is usual in books of the same class, but the
explanations are often fuller. Iven so, the beginner will probably
find that some parts form reading as stiff as any he is accustomed to
undertake, without complaint, in physics or mathematics. It can
only be said that easily read modes of presenting the science of
chemistry are apt to delude the beginner into thinking he has mastered
the subject, when in reality he has simply been steered clear of the
chief difficulties.

The order of topics was determined by many considerations,
jointly. TFor example, in the first week of his work, a student may
encounter experiments, in connection with which almost every part
of chemical theory might usefully be discussed. But mastery of the
theory must necessarily come bit by bit, and the theory ig therefore
distributed through the book. Instead of being introduced as soon
as a fragment offers a chance for explanation, the treatment of each
of the various theoretical subjects, as far as possible, has been post-
poned until a wholg chapter could be devoted, to it. The result
makes subsequent reference easier, and facilitates alterations in the
order of study. Thus, the hypothesis of ions is not mentioned as
soon ds it well might be, because satisfactory treatment of it must
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follow tke molecular and atomic hypotheses of which it is an exten-
sion, and because the full explanation of this hypothesis must be
preceded by some account of the phenomena of electrolysis and of the
essential properties of solutions, and, also, by a discussion of chemical
equilibrium, a subject which of necessity presupposes two or three
months’ work in chemistry. There is another disadvantage which
arises from a premature explanation of the hypothesis of ionization.
When it appears at an early stage, too long an interval separates this
subject from the study of the metallic elements, and the details are
largely forgotten before the field for their chief employment is reached.

The paragraphs in smaller type are not intended for beginners, but
for advanced students and teachers, which accounts for the fact that
reference will frequently be found in them to subjects treated system-
atically in later chapters.

The exercises and problems are simply samples of some of the
various kinds of questions which might be raised in dozens at the end
of every chapter.

Recent works on general chemistry have been consulted during the
revision of the manuscript. Of these A. A. Noyes’ admirable General
Principles, Ostwald’s Grundlinien — a veritable tour de force, and
Bloxam’s Chemistry may be mentioned as having proved most sug-
gestive. The author owes special thanks to several friends who have
undertaken the toilsome work of reading part or all of the book in
manuscript or in proof, and in particular to his colleagues Messrs.
Julius Stieglitz, H. N. McCoy, L. W. Jones, and L. 8. Hall, to Dr.
J. B. Tingle of Johns Hopkins University, to Mr. C. M. Wirick of
the R. T. Crane High School, Chicago, and to Mr. Maurice Pincoffs
of Chicago. The author alone is responsible for any defects which
may be inherent in the plan of the book and for errors which may
have escaped detection, but must gratefully acknowledge the very
great benefit the book has derived from the friendly criticism of these
gentlemen.  Other corrections or suggestions will be gladly received
by the author.

ALEXANDER SMITH

CHicaco, January, 1906



PREFACE TO THE REVISED EDITION

The main principles upon which Alexander Smith’s Introduction to
Inorganic Chemistry was originally developed are discussed in detail in
his preface to the first edition, which immediately precedes this. In-
asmuch as the reviser has seen no reason to make any radical depart-
urcs from those principles, little remains to be added here. Every
effort Ifas been made in the rewriting of this book, as with the College
Chemistry, the Intermediate Chemistry and the Elementary Chemistry,
to leave the volume ‘‘a characteristic Smith text.”” Smith’s primary
rule of ‘““progressive repetition”’ has, perhaps, been stressed still
more strongly in this than in previous editions, accounting largely
for the increase in size but assisting materially (it is hoped) towards
easier reading.

The advanced character of the Inorganic Chemistry has necessi-
tated, nevertheless, much more extensive recasting for this revision
than in the case of any of the shorter texts. Descriptive chemistry
is essentially a somewhat static subject, but chemical theory has
made greater progress in the past ten years than in the preceding
fifty. The most striking gains of all have been in the shadowy
border-region between physics and chemistry, and it has not been
an easy task to incorporate the epoch-making results of recent
investigations in this field logically and coherently into a volume
which cannot presuppose any extensive knowledge of physics or
mathematics. The discussion of the atomic theories of Lewis-
Langmuir and of Bohr, the description of the work of Laue and
Bragg on crystal structure and of Aston on isotopes, the elementary
presentation of the principles of the Debye-Hiickel theory of com-
plete ionization — to mention only a few topics — all of these are
matters which demand inclusion in any chemistry text which claims
to keep abreast with modern scientific thought, but all are so in-
timately interwoven into the sister science of physics that it is im-
possible for the student to appreciate their full significance unless
he considers them frpm the view-point of the physicist as well as
from the view-point of the chemist, and within the limits of one book
both view-points cgnnot be adequately developed. However, the
reviser has done his best to present each fundamental topic in simple
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and clear outline, and even if his additions and emendations are not
in the incomparable style of the original Smith, he trusts that they
will serve.

The practical side of chemistry has also made vast strides during
the last decade, due mainly to the exigencies of the World War.
Not only did this catastrophe induce an enormous increase in the
production of the countless chemicals directly and indirectly em-
ployed in the titanic struggle, but it compelled many countries (and
particularly the United States) to make their infant chemical in-
dustries self-sustaining, the foreign supplies upon which they were
dependent being suddenly and completely cut off. As a result, a
great many new methods of manufacture have been devised, and a
great many old processes have been basically modified. It will be
found that in a few instances, in this revised edition, the description
of methods which are now ‘“of historical interest only” has been
retained, in view of their peculiar value in illustrating important
theoretical principles. The processes which have superseded them,
however, are always discussed in detail, and all industrial operations
have been brought up to date as thoroughly as possible within the
available space, particular emphasis being laid upon certain of the
more significant catalytic processes recently introduced.

Many new exercises and illustrations have been added to this
revision, and the attention of the teacher is especially called to those
which deal with graphical methods of representation. One curve
will frequently convey a fundamental principle to the student much
more clearly than whole pages of talk or tables, and practice in the
use of graphical methods in scientific work cannot be given too early
or too often. A considerable amount of the new matter thus injected
into the present text will be recognized as taken from the College
Chemistry Companion. The writer has been tempted, indeed, to
pilfer still more flagrantly from the above book than he has actually
done. However, he has exercised sufficient control upon himself
to exclude all of its more frivolous passages, although even here the
example pf Alexander Smith, whose sense of humor was keen enough
to allow him to inform the earnest secker after truth that ‘“nitrogen
can ncither climb a tree nor eat grass,” might have been followed
profitably on occasion. To keep the revision within reasonable
bulk, several other features of the College Chemistry Companion —
such as advice to the student on his lecture and laboratory work,
and references to recent journal articles suitable for his outside
réading — have been reluctantly omitted. IFor points such zs these,
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and for the solutions to many of the problems given in this text,
the Companion itself must be consulted.

A revised edition of Smith’s Ezxperimental Inorganic Chemistry
(a systematic program of laboratory work to be performed by the
student in co-ordination with the present volume) will be issued in
the near future. Meanwhile, the 1923 revision of the Laboratory
Outline of Smith’s College Chemistry may most conveniently be sub-
stituted. A printed sheet has been prepared, upon which corre-
sponding reference pages are listed, and copies of this sheet, which
may be pasted on to the inside back cover of the Laboratory Outline,
will be supplied by the Century Company free of charge on request.

Thanks are extended to the General Electric Company, to the
Dow Chemical Company and to many other firms and individuals
for the use of plates, as well as to the MeGraw-Hill Book Company
for permission to copy a number of “pic diagrams,” illustrating the
uses of various chemicals, from recent issues of Chemical and Metal-
lurgical Engineering.

JamEs KENDALL

NEw YoRrk, September, 1926
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carbonate 1s separated by filtration, and the hot concentrated solution
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Tyrican CHEMICAL OPERATIONS — EVAPORATION . . .. . .21
This is a reproduction of a painting showing the interior of a pot
house for the final evaporation of caustic soda solution. In the back-
ground 1s the apparatus used for pumping out the molten alkali.

TypicaL Lauvr PHoTOGRAPHS ... 66
Plates I to ITI show the photographs obtained by the Laue method for
analyzing the arrangement of atoms i erystals (see Fig 33, p. 65),
using a crystal of anhydrite (anhydrous calcium sulphate) in three
different positions, so that the X-rays fall porpondicufar to three differ-
ent axes. From a critical examination of these threc diagrams the
coraplef® lattice structure mav be deduced
Plate IV represents one photograph obtained in the same wav witl
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aragbnite (calcium carbonate). Both anhydrite and aragonite crystal-
lize in the rhombic system, and a general resemblance between Plates
IT and IV, which represent the crystals in similar positions, may be
traced. It is important to note, however, that the resemblance is far
from being an identity. A erystal may be recogmzed from its pho-
tograph just as surely as a criminal from his fingerprint.

ARRANGEMENT OF AToMs IN COPPER AND MAGNE%IUM . . 67

The atoms in the copper crystal are arranged in a space lattice of thc
face-centred cubic type (Iig. 38, p. 68). In magnesium, on the
other hand, the atoms are arranged 1n a hexagonal lattice.

Both pictures, it must be understood, are diagrammatic only, and
must not be interpreted as actual photographs. 1t 1s scarcely neces-
sary to state that the wires joining the atoms are not present in the
crystal itself, but the beginner does need to be cautioned to remember
that the atoms are not really hittle hard spheres, such as are here shown!
They themsclves possess complicated but defimte structures, as de-
scribed in Chapter XXVT (pp. 526—42).

PriestLey’s Tlouse anD LaBoratory WRECKED BY THE MOB 86

Joseph Priestley (1733-1804) was a nonconformist minister of Birming-
ham, England, but devoted his leisure and his means to chemical re-
search, the results of which were published in his six volumes on “Iix-
periments and Observations on Different Kinds of Air.”” IIe was the
first to examine the properties of pure oxygen, which he called “de-
phlogisticated air.”  He also made nitrous oxide, mtric oxide, ammo-
nia, hydrochloric acid, sulphur dioxide, and silicon fluoride.  He found
that water could be made to absorb carbon dioxide under pressure, thus
laying the foundation of the “soda-water” industry. On account of hus
sympathy with the French Revolution and his heterodox theological
views a mob burned his home and laboratory, July 14, 1791.  Priestley
narrowly escaped with his life and went to America, where he settled
at Northumberland, Pennsylvania.

LAVOISIER ARRESTED BY THE REVOLUTIONISTS .. 87

As a member of the aristoeracy and a former government, official,
Lavoisicr, “the father of modern chemistry,” was brought to trnl
in Paris during the Reign of Terror and sentenced te lie on the gllo-
tine within twenty-four hours. When the presiding judge was peti-
tioned to delay the execution in order that Lavoisier might complete
some of his work, the retort was made: ‘“The Republic has no need of
chemists; let jusfice take its course!” Yet only g few years later the
French Republic, ringed around with enemies, was almost at the point of
collapse owing to the lack of chemiceals necessary for egrrying on the con-
¢ flict, Common substances like soda and saltpeter were produced in
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sufficient quantity with the greatest difficulty, and a Lavoisier would
have been of even greater service to his country at that time than a
Napoleon.

SVANTE ARRHENIUS . . .. ..o... . o oe i . 346

Arrhenus put forward his theory of iomzation whlle still a student
at Upsala. His own description of 1its reeeption is worth repeating.
“I came to my professor, Cleve, whom I admire very much, and I said:
‘I have a new theory of electrical conductivity as a causc of chemical
reactions.” He said: ‘That is very nteresting,” and then said
‘Good-bye.” He explained to me later, when he had to pronounce
the reason for my receiving the Nobel Prize for that work, that he knew
very well that there are so many different theories formed, and that they
are almost all certain to be wrong, for after a short time they disap-
pear; and thercfore, by using the statistical manner of forming his
1deas, he concluded that my theory also would not exist very long.”

It scarcely needs to be added here that the theory is still very much
alive!

MicHAEL FArADAY WASHING APPARATUS FOR SIR Humpnrey Davy . . 347

The rise of Michael Faraday from “a bright-eyed errand-boy who shd
along the London pavements, with a packet of newspapers under his
arm’ to the recognized leader of seientific research mm Great Britain is
one of the great romances of chemistry. Faradav's own account of
how he got lus start 1s reproduced 1n somewhat condensed form below:
“When 1 was a bookseller’s apprentice, T was very fond of experiment
and very adverse to trade. It happened that a gentleman took me to
hear some of Sir II. Davy’s lectures. I took notes, and afterwards
wrote them out more fairly in a quarto volume.

“My desire to escape from trade, which I thought vicious and self-
ish, and to enter the serviee of Seience, which T imagined made its
pursuers amiable and liberal, induced me at last to take the hold and
simple step of writing to Sir FI. Davy, cxpressing my wishes; at the
same time, I sent the notes I had taken of his lectures.  Early mn 1813
he requested to see me, and told me of the situation of assistant in the
laboratory of the Royal Institution, then just vacant.”

Now let us hear the other side of the story, as told by one Dr. Gassiot:
On one oceasion Sir H. Davy, showing Pepys a letter, said, “Pepys,
what am I to do? Here is a letter from a young man named Faraday;
he has been attending my lectures, and wants me to give him employ-
ment at the Roya} Institution — what can T do?’} “Do?” replied
Pepys, “put him to washing bottles; if he is good for anything he will
do it dxreotlv, if he refuses, he is good for nothing.”

1y a!‘aday showed later that he was “good for” the discovery of benzene o
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and the foundation of the laws of electrochemistry, to mention only two
of his important scientific achievements.
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radium, m passing through the air ionize the molecules with which they
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lengths of the paths can be measured.

The negatively-charged electrons (beta-particles) give fog-tracks which
are much fainter and extremely tangled.

GiLBErRT NEWTON LEWIS . ... 521
The “cubical atom,” from which our modern chemacal theory of atomic
structure oniginated, was first conceived by Lewis in 1902. It was not
until 1916, however, that a detailed account was published in the Jour-
nal of the American Chemical Society. Meanwhile the unportant
differences between polar and non-polar compounds had been pomnted
out by Professor Lewis, and the subsequent development of his ideas
has been extremely rapid.

G. N. Lewss 1s Professor of Chemistry and Dean of the College of
Chemistry in the University of California.

IrvinG LANGMUIR . . 521
When Dr. Langmuir presented his first paper on the arrangement of
electrons in atoms and molecules at the Buffalo meeting of the Amer-
ican Chemical Society in 1919, the opinion was expressed by one of the
leading chemists in the audience that the occasion was the most mo-
mentous in the listory of chemistry since Dalton propounded the
atomic theory. Many additional converts were made when he ad-
dressed the British Association at Edinburgh in 1921.

Irving Langmuir occupies the post of research chemist in the labora-
tories of the General Electric Company at Schenectady, N. Y.
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This is a reproduction of the first synthetic indigo p]ant ever bullt in
Amecrica.  In this plant synthetic indigo was first manufactured on a
commercial scale in January, 1917,
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CokE OvEns, Forp Motor Company, DeTROIT, MICHIGAN. ... ....... 843

A row of by-product ovens is here shown, by the installation of which
¢ the wastage of ammonia and other by-products, which were entlrély
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lost in the old “heehive ovens,” has been ehiminated. From the
coal-tar which distils over and is collected innumerable synthetic
organic products are derived.
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The United States production of 609, sulphuric acid in 1924 exceeded
6,000,000 tons. If 1t is true, as one authority has stated, that “the
civilization of a country may roughly he gauged by the amount of
sulphuric acid made in it,”” then the United States must certainly be
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Sulphuric acid is the key substance of chemical industry, inasmuch as
it enfers into the manufacture of vast numbers of important products
(see Fig. 138, p. 493). It is as indispensable to chemistry as iron is to
metallurgy. Among its many applications is its use as a dehydrating
agent 1n the manufacture of explosives such as nitroglycerine, gun-
cotton and TNT. Where sulphuric acid below 779, is made or used,
lead is most gencrally employed to resist the corrosive action of the
hiquids and fumes.
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In these immense converters copper matte (a mixture of cuprous sul-
phide Cu,S with ferrous sulphide FeS) is bessemerized with sand. A
blast of air is blown through the molten mixture from tuyvéres at the
bottom of the converter, just as in the Bessemer process for the manu-
facture of steel. Here, however, the iron 1s oxidized and eliminated
as silicate in the slag, while the sulphur escapes as sulphur dioxide.
The slag and the molten copper separate into two layers, and are
poured separately from the converter.

Brast Furnace, Forp Moror CompaNy, DeTrOIT, MICHIGAN .. .. 976
Only the lower part of this huge furnace, of course, is represented in
the picture. The circular pipe which delivers the blast of pre-heated
compressed air to the tuyéres, however, is very clearly shown.
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The two pictures illustrate different views of the furnace, tilted at the
end of a run so as to allow the molten product (high speed steel) to
flow out into a three-ton ladle for transfer to the molds. The furnace
is lined with a mixture of basic slag and magnesia, and is charged with
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seen in the upper diagram — ten feet long and two feet in diameter —
are used to introdue the current into the furnace.
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SMITH’S INORGANIC CHEMISTRY

CHAPTER I
THE CHEMICAL VIEW OF MATTER

Human knowledge has become, in recent times, so extensive and
complex that the truths ascertained have had to be divided, more or
less arbjtrarily, into groups. Thus, the study of animals, their classi-
fication by structure, life-history, distribution, and so forth, form the
group known as zoology. Such a group is called a science, and in-
cludes a more or less distinct body of knowledge. There is a widely
spread impression that a science, like chemistry, is a part of the
natural order of the Universe. It is thought that we are trying to
find the boundaries of chemistry, as they have been predetermined
by nature, and to discover the facts, relations of facts, and laws
which nature has provided as a means of classifying the content
of the science. Now, the situation is precisely the reverse of this.
Nature provides only the materials and the phenomena, and man is
attempting to classify them. He divides the whole into groups, such
as physics, chemistry, botany, etc. Then he classifies the facts
within each group, in order that he may more easily remember them
and perceive their relations. He often finds that, when new facts
are discovered, parts of the classification have to be changed.

That the boundaries of these groups are purely arbitrary, how-
ever, and do not exist in the subject-matter itself, is seen at once in
our own treatment of them. Thus, for convenience, we take the
structure of animals by itself and style it anatomy; but we include
in the science of physiology the study of the way in which the parts
of both plants and animals perform their functions; and we assemble
cognate parts of two groups in sciences like astro-physics and phys-
ical chemistry. The sciences, therefore, are not mutually exclusive,
and their boundaries overlap in every direction.

The difficulty in deciding what are the most convenient boundaries
is as great with chemistry as with other groups. At the one ex-
Jreme we have the, abstract sciences, logic and mathematics. At
the other extreme-lie the concrete sciences like geology, zodlogy, and
astronomy. The former are not concerned primarily with the study
of matter at all, but with that of abstract conceptions. The 1ftter

1 [
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deal with definite aggregates of matter, such as the nature and his-
tory of a particular deposit of sulphur and their relation to those
of other deposits of sulphur, or the structure and history of a particu-
lar collection of organic material known as a pike, and their relation
to the structure and history of a mass of similar material called a
salmon. Between these two sets of sciences are the regions occupied
by the abstract-concrete sciences, physics and chemistry. These
sciences deal in part with the same portions of matter, but in a more
abstract way than do geology or biology. To them, all specimens of
pure sulphur are alike, whether they have been formed by volcanic
action, or have been deposited by bacteria in an entirely different
manner. In particular, the line which divides physics and chemistry
from one another is often difficult to draw. It is assumed, however,
that the reader is already familiar with the elements of physics, and
80, in place of entering upon an academic discussion of the nature of
this line, we shall allow its location to emerge as we proceed.

The same principle of grouping is pursued within each field. Thus
the preparation and properties of chemical compounds is called
descriptive chemistry. The content of this portion of the subject
is in turn divided into organic chemistry (dealing with almost all
the compounds containing carbon) and inorganic chemistry, and
the content of each of these is further classified according to a plan
involving the consideration of the constituents of each compound.
The study of the proportions of the constituents in compounds,
of the conditions under which chemical action occurs, and related
matters of a more abstract character, are grouped together in theo-
retical or physical chemistry, which is likewise subdivided. Again,
the means that have been devised for recognizing the components of
mixtures or the constituents of compounds and measuring their
quantities form the several branches of analysis. The subdivisions
of chemistry of this kind are numerous, e.g., industrial chemistry,
bio-chemistry, food chemistry, radio-active chemistry, and so forth.

The ideal in view in thus classifying the content of a science is to
convert it into an organized body of knowledge. The various ways
used to organize the facts of a science will be presented in detail as
opportunity offers. These ways constitute what is called the scien-
tific method.

It is only by following intelligently the way in which the science
is manufactured, stép by step, out of the raw ntaterial furnished by
observation and experiment, that the student can gain a sound foun-
dation for more advanced work in the same science) or a mehtabtrain-
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ing broad enough in its tendency to add measurably to his efficiency
in every, other task. The chief object of useful thought, no matter
whether the problem is one of language, history, business, or life, is
to organize isolated facts into knowledge, and the means of success-
fully accomplishing this is the use of the scientific method.

What Chemistry Deals With. — Chemistry is the science which
deals with all forms of matter. It considers the natural kinds,
such as rocks and minerals, as well as materials like fat and flour
obtained from animals or plants. It deals also with artificial prod-
ucts like paints or explosives. When we wish information about
any specijmen or kind of matter, we consult a chemist. Now chem-
ists have worked out a point of view which enables them to attack any
problem connected with matter in a systematic manner and to state
the results in a clear and simple way. To learn chemistry, we must
first strive to acquire this point of view and to master the technical
language the chemist uses in stating and discussing his results.

Properties. — Suppose that a piece of rusty iron is submitted to
the chemist. He at once examines the rust and notes that it is solid,
reddish-brown in color and earthy in appearance. He separates
some of it from the iron and finds it to be brittle, that is, easily
broken and capable of being pulverized in a mortar. He finds that
its density is about 4.5, that is to say, 1 cubic centimeter of it weighs
about 4.5 grams. On heating some of it in a flame, he finds that it
does not melt, and must therefore have a very high point of fusion.
These qualities he calls properties, and more especially physical prop-
erties. Since all specimens of iron-rust show exactly the same prop-
erties, he often calls them specific physical properties, because they are
properties shown by all specimens of a particular species of matter.

After removing any rust by filing or scraping, the chemist ex-
amines the iron, and finds a fresh, clean surface to be almost white
and metallic in appearance. The metal is tenacious, so that it can
be bent but not easily broken. It is ductile and can therefore be
drawn out into wire. The chemist finds that its density is about
7.8, and that the metal is incapable of being melted in an ordinary
flame. In addition, he finds it to be strongly attracted by a magnet,
while rust is not attracted.

The chemist, tden, studies what he callssthe specific physical
properties of each material, in order that he may be able to recognize
and differentiate®various materials. R
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Substances. — All specimens of pure iron show one set of prop-
erties, peculiar to iron, and all specimens of iron-rust show a different
set, peculiar to rust. The chemist calls any definite variety of matter,
all specimens of which show the same properties, a substance.
Iron is one substance and rust another. A substance is recognized by
the specific properties which it exhibits when exposed to various tests.

That all bodies of a like kind have identical properties is the
first fundamental fact in chemistry. This fact is called the Law of
specific physical properties, and is stated thus: The specific physical
properties of a substance are constant in all specimens.

The point of view of the chemist thus consists in describing any
material by ascertaining whether it exhibits the properties of one,
or of more than one, substance. He describes it by naming the sub-
stances which, by a study of their properties, he has found in it.

The foregoing definition of a substance is very incomplete. Thus, a three
per cent solution of common salt 1n water always has the same properties, yet 1t 18
not one substance, but a solution containing several substances. This definition
is sufficient for the present purpose, however. See pp. 26, 36, 37.

Two Illustrations of the Study and Description of Materials. — If
a piece of granite is examined by a chemist, he observes at once that
it is spotted in appearance, and made up of several crystalline ma-
terials of differing nature. He therefore breaks it up and studies the

GTp

Fia, 1. Mica Fic 2. Quartz. Fia. 8. Felspar.

properties of the fragments. Some of the fragments of granite are
dark and with a penknife can easily be split into transparent sheets,
thinner than paper. These particular fragments are in all respects
like mica (Fig. 1). This substance is a mineral which, in certain
neighborhoods, occurs in large masses, and sheets of it (“isinglass’’)
are used to fill the openings in stoves. Others of the fragments are
clear like glass, and are very hard, and have all the properties of
quartz or rock erystal (Fig. 2), which is another suBstance well known
to the chemist. The remaining fragments are less clear than is
quartz, and are not so hard. They can be split intb layers,*bus not
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nearly so easily as can mica. They form oblong crystals, differing
in this "also from quartz, which showe hexagonal crystals.* This
substance is felspar (Fig. 3). Thus the chemist studies the physical
properties of the fragments, and finds that there are three different
substances in granite. He reports that the components of granite
are mica, quartz, and felspar.

When flour is examined by the chemist, it appears to the eye
to be all alike. Under the microscope, even, all he can learn is that
it consists largely of grains, which have the characteristic appear-
ance of grains of starch (see Fig. 201, p. 747). He places some flour
on a square piece of cheese-cloth and encloses it by tying with a thread
(Fig. 4). » On kneading the little bag in a vessel of water, the water
becomes milky. When the milky water stands, the white material
settles to the bottom, the water can be poured
off, and the deposit can be dried. This white
substance, when boiled with water, gives an
almost clear liquid which jellies on cooling. This
is another property of starch. A little tincture
of iodine (solution of iodine in alcohol), dropped
on a part of the starch, causes the latter to turn
blue. This is a very characteristic property of
(and therefore test for) starch. When the bag of
flour is kneaded persistently in water which is
frequently changed, the material finally ceases to
render the water milky. The starch has all been washed out. When
the bag is now opened, a sticky material is found in it. This is called
gluten. The chemist therefore finds that the flour contains starch
and gluten. He learns this by separating the components.

Fra. 4.

Law of Component Substances. — Every material consists of one
-substance, or is a mixture of two or more component substances,
each of which exhibits a definite set of specific physical properties.
In terms of these properties the material can be described. This
is the second fundamental law of chemistry. This conception was
first clearly stated by Lomonossov (1742), a Russian author, states-
man, and chemist (1711-1765).

* Crystals (see pp. 60-64) are natural forms, of geometrical outline, which
solid substances assume. Usually each substance has a distinct form of its own,
the particular angles a.ﬁ_. which the faces meet being peculiar to the substance.
Its individual crysta,lli.ne form is therefore a specific physical property of each
substanse. * »
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Mixtures and Impurities. — A material containing more tnan one
component substance is called a mixture. The characteristic of a
mixture is that each of the component substances, although mixed
with the others, possesses exactly the same properties as if it were
present alone. No one of the components affects any other com-
ponent, or alters any of its properties. Granite and flour are typical
mixtures.

The ingredients of a mixture are called the components (Latin,
componere, to put together), because they are simply placed together,
without change, and can be separated without change.

When a specimen is composed mainly of one substance, and con-
tains only minute amounts of one or more other substances, it is
frequently spoken of as a specimen of the main substance containing
certain specified substances as impurities. To be called an impurity,
the foreign matter need not be dirty or offensive. Thus, common
salt usually contains a little magnesium chloride, a white crystalline
solid, as an impurity, and it is this impurity which becomes damp in
wet weather. Again, compounds of lime and magnesium are com-
mon impurities in drinking water.

Chemically pure (C.P.) means that the quantities of the impurities which the
material is apt to contain have been reduced below the amount which would
interfere with the most exact chemical work for which the substance is commonly
employed. Absolutely pure bodies are unknown.

By convention we frequently speak of ““pure’” hydrochloric acid, or of “pure”
sulphuric acid, although there may be more than 60 per cent of water present
in the former, and 7 per cent in the latter. By this we mean to distinguish
the former from “commercial”’ hydrochloric acid, for example, which contains,
in addition to the water, impurities like sulphuric acid and a coloring matter.
The water is in fact disregarded, since it is assumed to be present in all cases.

Bodies or Specimens. — It will be seen that substance is a general
term, like the word “dog,” covering the whole species. The sub-
stance iron includes all the iron in the Universe, and all that was
made in the past or may be made in the future. When we refer
to a particular piece of iron, we call it a body or a specimen.

A body is any particular specimen of matter, such as a piece of
sulphur, a portion of water, a piece of ferrous sulphide (p. 21), a
fragment of granite, or some silver nitrate solution. There are thus
as many bodies as*there are discrete portions®of matter. A body
may be heterogeneous or made up of visibly unhke parts, as granite
and a mixture of iron powder and sulphur are; or it may*beshomo-



THE CHEMICAL VIEW OF MATTER 7

geneous, or alike in all parts, as are pieces of sulphur and of ferrous
sulphide and portions of water and of silver nitrate solution.

List of Important Specific Physical Properties. — We have seen
that, to the chemist, knowing the physical properties of all substances
is very important. By means of the properties, he recognizes and
describes all the bodies he studies. It may be well, therefore, here
to give a list of the more important properties, most of which have
been mentioned in connection with the illustrations we have used.

In the case of solids, the chief physical properties the chemist
uses are: color, odor, crystalline form, hardness, solubility ot non-
solubility in water and occasionally other liquids, the temperature
at which the substance melts (melting-point), the density (or specific
gravity), and the conductivity for electricity.

In the case of liquids, he notes the temperature at which the liquid
boils (boiling-point), the density, the mobility, the odor, and the
color.

Finally, in the case of gases, the properties commonly mentioned
are the color, taste, and odor, the density, the solubility in water,
and the ease or difficulty with which the gas can be liquefied (see
critical temperature).

It is customary in scientific work to take the weight of 1 c.c. of water at 4°
C. and under one atmospheric pressure as the standard (1 gram) to which all
density determinations for solids and liquids are referred. On this basis, and on
this only, the specific gravity of a substance (the ratio of its density to that of the
standard) becomes numerically identical with the density.

Slight variations from the normal properties of the substance usually indi-
cate the presence of an impurity homogeneously incorporated. The precise ways
in which properties are affected in such cases will be noted under solutions.

The “substance” will be seen to be of an abstract nature. It is a conception
. built up by selecting (or abstracting) the properties common to all specimens.
Hence we classified chemistry as an abstract-concrete science (p. 2). The bodies
under observation are concrete, the classification of the results is under conceptions
of an abstract nature like this one.

Units of Measurement in Chemical Work. — In chemical work
temperatures are invariably measured on the Centigrade scale (see
Appendix III). The temperature of a mixture of ice and water
under a pressure of one atmosphere is the zero point. The
temperature of the’ steam which rises from whter boiling under a
pressure of one a,tmosphere is represented by 100°. The interval
between those two points is divided into one hundred equal parss.
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For the expression of length, weight, and volume, the metric
system is employed. The unit of this system is the meter, which is
subdivided into decimeters, centimeters (cm.), and millimeters
(mm.). For small measurements the last subdivision is taken as the
unit. A cubic centimeter (c.c.) is the unit of volume for small meas-
urements. For larger ones the liter, which contains 1000 cubic
centimeters, is used. The unit of weight is the gram. For larger
amounts of material the kilogram, which contains 1000 grams
(1000 g.), is frequently employed. The meter is equal to about
39} inches in ordinary measures, and the centimeter is very nearly
4 of an inch. One liter is about % of a cubic foot and contains 61
cubic inches. One hundred grams is about 3} ounces avoirdupois,
and one ounce equals 28.35 grams (see Appendix I).

It is useful to bear in mind a few approximate relationships, for
example:

1 inch = 2.5 centimeters

1 four-inch cube = 1 liter

1 yard = 1 meter, less 10 per cent

2 Ibs. = 1 kilogram, less 10 per cent

1 short ton (2000 1bs.) = 1 metric ton, less 10 per cent
1 long ton (2240 1bs.) = 1 metric ton, plus 2 per cent.

Why do we use the metric system in chemistry? There are several good and
sufficient reasons. In the first place, metric units are international, whereas
in our common weights and measures many chances for confusion exist. Thus
the English (likewise the Scotch) quart differs from the U. S. quart, while the
avoirdupois ounce, the fluid ounce, and the troy ounce are all at variance.
Science speaks a universal language, and it is essential that the same statement
should convey the same meaning to everybody. In the second place, calculations
carried out with metric units are ridiculously simple, since decimal relationships
hold throughout. How much easier it is to convert cubic centimeters to liters
than cubic inches to cubic feet, or grams to kilograms than ounces to tons!
Thirdly, metric units are interrelated. The unit of weight, the gram, is for all
practical purposes (see, however, exercise 18 on p. 17) identical with the weight
of the unit volume, one cubic centimeter, of water at the temperature of its
maximum density, 4° Centigrade.

Attributes and Conditions. — There are other qualities which
a body may possess that we are likely to confuse with the specific
properties. Thus, the weight of a piece of sulphur is not a property
of sulphur. A hundted pieces of as many differ¢ht substances might
all have the same weight, so that a particular weight (say 2 grams)
is nat a property of any one species of matter. W%ight, dimensions,



THE CHEMICAL VIEW OF MATTER 9

and volume are attributes of a particular specimen only. They have
different values for different specimens, even when these are all
composed of the same substance. The attributes are physical in
nature. They are of great importance in chemistry, however, because
they afford the only means we have of measuring quantities of sub-
stances.

There are still other qualities which a body (or specimen of matter)
may possess. It has, for example, a certain temperature, pressure
(state of compression), motion, or electric charge, and it may be in
solution in some liquid. A body may change in temperature, pres-
sure, or state of electrification, or it may be dissolved in water, or
be recovered by evaporation of the liquid, and yet be the same speci-
men. A hundred specimens of as many different substances may all
have the same temperature — this is not a specific property. These
qualities we have just mentioned are all spoken of as conditions.
The temperature or the pressure of a specimen may be changed at
will. But the specific properties of a substance under any given con-
ditions cannot be changed, so long as we have to do with the same
substance.

The exact numerical values for many of the specific physical proper-
ties of a given substance are significantly altered by a change in the
conditions under which the measurements are made, although the
substance itself must be considered unchanged. It is consequently
necessary to define rigorously the conditions to which any particular
values refer. Thus the density of a substance changes with the tem-
perature, and we must define the density as the weight of 1 c.c. at
4° C., or some other temperature. We must mention also the pressure,
particularly in the case of gases, and even in the cases of liquids and
solids if it differs from one atmosphere. Again, the melting-point
is the temperature at which the substance melts at one atmosphere
pressure. Thus, the conditions are used also in defining the specific
physical properties.

When the word ‘‘properties” is used in speaking of a substance, we always
refer to the specific properties only, for a substance is by definition the bearer of
nothing but constant, that is, unchangeable qualities. The weight and volume,
the temperature and pressure, are variable, and they do not enter into the con-
ception of the substance. This distinction sets the abstract nature of the “sub-
stance’’ in high relief. >

The Rusting of Metals. — If we return once more to the subject
of rusty®iron, we find another point which interests the chemist.
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If the iron is kept moist — for example, by lying in the grass or
partly immersed in water — the layer of rust gradually becomes
thicker, and the core of iron becomes thinner until it finally disap-
pears. The rust seems to be formed from the
iron, in presence of air and moisture. The
iron, particle by particle, loses the properties
of iron and simultaneously acquires those of
rust. Now, the chemist is concerned, not
only with recognizing substances, but also
with the ways in which substances change
and new substances are produced.

Several other familiar metals rust, as does
iron, but the change is slower. Thus, lead
L rusts (tarnishes) slowly, and zinc still more

slowly. The change can be hastened by

heating. Forexample, if some lead is melted

in a porcelain crucible (Fig. 5), a yellow

Fra. 5 powder collects on the surface. Gradually

more and more of the powder is formed and

less and less of the metallic lead remains, until at last all the metal

is gone. Melted tin, when treated in the same way, gives a white
powder.

Explanation of Rusting. — The first fact which seemed to throw
light on the subject was discovered by a French physician, Jean Rey
(1630), who found that the rusts of tin and lead, made by heating
and stirring, were heavier than the original pieces of metal. He in-
ferred, correctly, that the additional material which caused the in-
crease in weight came from the air. He imagined, however, that
the rust was not a new substance, but a sort of froth, and therefore
a mixture of air with the metal. Other investigators, such as Hooke
(1635-1703) and particularly Mayow (1643-1679), in England, ex-
plained the increase in weight by supposing that some material
from the air had combined with the metal. In other words, iron,
for example, was one substance composed of iron only, and rust
was another substance, made by union of iron and a material from
the air, and not a mere mixture.

It was Lomonossov (1756) who first proved by an experiment
that the extra material did come from the air. Me placed some tin
in a flask, sealed up the mouth of the vessel, and weighed the whole.
The §ask was then heated and the tin was converthd into the white
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powder. So long as the flask remained sealed, no change in weight
was foand to have occurred. When the mouth of the flask was
opened, however, some air rushed in, and the total weight was then
found to be greater. Evidently, during the heating, a portion of the
original air had forsaken the gaseous condition and joined itself to
the tin to form the powder. This left a partial vacuum in the flask,
and more air entered when the latter was opened. Eighteen years
later the same experiment was made by Lavoisier, who drew the same
conclusion. The rusting of other metals was found to be due to the
same cause. Lavoisier named the gas, taken from the air, oxygen.

The conclusion can be confirmed in various ways. For example,
when thé air is pumped out of the flagsk before it is sealed, the metal
can be heated in the vacuum indefinitely without rusting.

A rough imitation of the rusting of iron may be shown to be accompanied by
an increase in weight. Iron powder is suspended by means of a magnet over one
pan of a balance, and the equipoise is restored by placing small shot on the other
pan. When the iron is heated, union with oxygen begins and, after a time, the
pointer inclines markedly to one side. The product here is magnetic oxide of
iron, however, and not rust (see p. 95).

Experiment to Show the Nature of Rusting. — That a part of the
air is consumed when iron rusts is easily proved. We moisten the
interior of a test-tube and sprinkle
some powdered iron so that it covers
and adheres to the whole interior
surface. We then set the tube mouth
downwards in a dish of water. At
first, the pressure of the water com-
presses the air in the tube very
slightly, and the water ascends above
the mouth to the extent of a small
fraction of an inch only. As the
moist iron slowly rusts, however, the
oxygen is gradually removed, and the
pressure of the atmosphere outside
slowly pushes the water farther up
the tube. After an hour or more, the
water has ascended about one-fifth of the total distance towards
the top of the tube (Fig. 6). However long we watch the experiment,
and however great an excess of iron we use, the water ascends no
farthor, while if we make a careful examination of the residual gas in

F1a. 6. Rusting of Iron.
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the tube, we find that it exhibits none of the properties of oxygen.
Evidently that portion of the air which consists of oxygen has for-
saken the gaseous condition, and the water has been forced up to
take its place. Inspection of the powder in the tube now shows some
reddish particles, where rusting has occurred. The rust, then, is
made up of a part of the iron and all of the oxygen that the tube
contained.

Of course, much of the iron powder is unchanged in color, and has
not rusted. The air in the tube did not contain oxygen enough to
combine with all the iron. The iron that remains is as little able to
rust in the remaining gas as in a vacuum.

Incidentally we learn from this experiment (see, however, p. 554)
that atmospheric air is a mixture, containing about one-fifth (20 per
cent) oxygen by volume. The remaining four-fifths is almost all
nitrogen (79 per cent), a substance which combines with very few
materials, while the balance (1 per cent) is made up of argon and
other gases which do not enter into combination with any known
substance. If lead, tin, or zinc had been heated in an enclosed vol-
ume of air, they likewise would have taken out the 20 per cent of
oxygen and would have left the other gases.

An Older View: Phlogiston. — Simple and satisfactory as this ex-
planation appears to us, it must be said that it gained little sym-
pathy from the contemporaries of Rey, Hooke, and Mayow. The
other investigators had been prejudiced by a remarkable hypothesis
which was supposed to explain both rusting and combustion. Start-
ing with a suggestion of Plato’s, that during combustion some ma-
terial escaped from the burning body, and that the flames and heat
represented the vigor with which this substance rushed out, Stahl
and Becher invented the idea that a substance, which they called
“phlogiston,” was contained in all materials capable of rusting or
burning. Its escape accounted for the phenomena of combustion,
and its absence for the alteration in properties of the residual sub-
stance. They were perfectly aware that the material was heavier
after rusting than before, but refused to sacrifice their hypothesis
to a mere fact like this. So they ingeniously appended the sugges-
tion that phlogiston was a substance which not only was not subject
to gravitation, but possessed the opposite property of levity! Thus,
its escape rendered the material from which it Yssued heavier than
before! Instead of demanding the preparation and examination of
phlogiston itself, and the demonstration that it Weighed tesss than
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nothing, the generality of chemists of that age accepted the idea
without proof. It is not surprising, therefore, that many of their
attempts to explain chemical experiments on the basis of an assump-
tion which was the precise opposite of the truth should have resulted
in hopeless confusion. The fact that foreign matter was actually
gained by a body during the process of rusting was not generally
accepted until it was demonstrated anew by Lavoisier in 1774 (p. 11).
The whole development of chemistry was stunted by the general
belief in the conception of phlogiston and, during the one hundred
and fifty years which passed between the work of Jean Rey and his
contemporaries, and that of Lavoisier, relatively little progress was
made.

The introduction of the balance into the chemical laboratory, and the first
use of measurements of weight as a means of exploring and explaining chemical
changes, is frequently ascribed to Lavoisier. As a matter of fact, it is difficult to
state when measurement of weight first became the chief ally of the chemist in his
work. Important and conclusive results were obtained by its means, however,
before the time of Lavoisier, for example, by Jean Rey, Boyle, Lomonossov, and
Black (1728-1799).

The Law of Chemical Change. — The examples of rusting cited in
the preceding paragraphs show that specimens of matter can lose
their original properties and acquire new ones. Since a substance
is “a species of matter, with a constant set of properties,” we are
compelled to decide that, when a material changes its properties, it
has, in doing so, become a new substance. This consideration calls
to our attention the third of the fundamental laws of chemistry,
namely, that the material forming one or more substances (such as
oxygen and iron), without ceasing to exist, may be changed into one
or more entirely different substances. Such a change is called a
chemical change, or reaction.

In chemistry, conditions are often altered in order to bring about,
or to stop, chemical change, or to modify the speed with which it tukes
place. Thus, we heated the lead (raised its temperature) in order to
hasten the process of rusting. If a substance, or mixture, is capable
of undergoing ordinary chemical change, then the change is always
hastened by raising the temperature, and is always delayed or pre-
vented by lowering the temperature. Similarly, changing the pres-
sure in a gas, or alssolving a substance in some liquid, frequently
hastens or delays a chemical change in which the substance takes
part. » The proper physical conditions are, therefore, considered in
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connection with every chemical operation. Conditions are used to
produce, modify, or control chemical change.

The commoner kinds of chemical reactions may be divided, for
convenience, into four varieties. We can now define the first of these.

First Variety of Chemical Change: Combination. — In each case
of rusting, two substances (a gas and a metal) came together to form
a third substance (an earthy powder). Apparently two substances
may come together in two different ways. They may form a mix-
ture, in which both substances are present and retain their properties,
or they may react to form a single substance with different proper-
ties. When two (or more) substances unite to form one substance,
the change is called chemical combination or union. The product
is called a compound substance.

We are very careful never to speak of a compound substance
as a mixture. Rust is not a mixture of iron and oxygen; it shows
none of the properties of either. Nor do we call a mixture (like
granite) a compound, or the operation of mixing, combination or
union. These are technical words in chemistry and, to avoid con-
fusion, may be used only with due regard to their technical meanings.

Constituents. — As we have seen, we speak of the substances in a
mixture as the components. When we wish to refer to the forms of
matter which are chemically united in a compound, we call them
the constituents (Latin, standing together) of the compound sub-
stance. Thus, iron and oxygen are the constituents of rust.

The chemist separates (p. 5) the components of a mixture, for
that is all that is necessary. He liberates the constituents of a com-
pound, however, because they are bound together in chemical com-
bination.

The names given to compounds are usually devised so as to indi-
cate the nature of the constituents. Thus, iron-rust is oxide of iron
(or ferric oxide, from Latin ferrum, iron). The yellowish powder
from lead is lead oxide or oxide of lead, and the white powder from
tin is oxide of tin.

A Condensed Form of Statement. — We may represent a chemical
combination, or indged any kind of chemical chgnge, in a condensed
form, thus:

Iron + Oxygen — Oxide of iron (ferric.oxide). ¢ .
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Each name stands for a substance. Two substances in contact with
one afother (mixed), but not united chemically, are connected by
the + sign. The arrow shows where the chemical change comes in,
and the direction of the change. We read the statement thus:
Iron and oxygen brought together under suitable conditions undergo
chemical change into oxide of iron, called also ferric oxide. Similarly
we may write:

Lead + Oxygen — Oxide of lead.
Tin + Oxygen — Oxide of tin.

The Increase in Weight in Rusting. — As we have seen, the process
of rusting is accompanied by a slow increase in the weight of the
solid, due to the gradual addition of oxygen to the metal. Now, this
increase in weight ceases of its own accord, when a certain maximum
has been reached. This occurs when the last particles of the metal
have disappeared. Thus, the lead gains in weight until every 100
parts of the metal have gained 7.72 parts of oxygen, and the tin
until every 100 parts have gained 26.9 parts of oxygen. When these
increases have occurred, the metal is found to have been all used
up, and prolonged heating and stirring cause no further absorption
of oxygen and no further change in weight. This fact, that each
substance limits itself of its own accord to combining with a fixed
proportion of the other substance, in forming a given compound,
is one of the most striking facts about chemical combination. In
mixtures, any proportions chosen by the experimenter may be used.
In chemical union, the experimenter has no choice; the proportions
are determined by the substances themselves. Thus, 100 parts of
iron, when turning into ordinary, red rust, take up 43 parts of oxygen,
no more and no less.

This fact enables us to make our condensed statements more
specific and complete by including in them the proportions by weight
used in the chemical change:

Iron (100) + Oxygen (43) — Ferric oxide (143).
Lead (100) + Oxygen (7.72) — Oxide of lead (107.72).

The following numbers, which represent the same proportions by
weight, are the ones commonly used by chemists, for reasons which
will be given later (Chapter V): n

Iron (223.36) + Oxygen (96) — Ferric oxide (319.36).
'Tead (414.4) + Oxygen (32) — Oxide of lead (446.4).
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A Word of Warning. — A student who has already obtained in a previous
course a clear understanding of atomic and molecular weights, and of their
utilization in the writing of formule and equations, should be encouraged to
exercise his skill by re-writing the condensed statements given above, and those
which he will encounter in succeeding sections, in their final chemical form.
The figures (other than percentages) added in brackets to these condensed state-
ments are furnished, in point of fact, for the express purpose of assisting such a
student. In general, however, it is highly inadvisable to rush a beginner too
rapidly through the introductory stages of the science. The statement that the
learner wants to employ the tools of his trade as early as possible sounds plausible,
but any one who handles tools without a proper appreciation of their use is liable
either to cut himself or to injure the tools. The beginner who writes equations
without understanding their significance is almost certain, indeed, to write
them incorrectly, and will tend by force of habit to continue to write them in-
correctly even after he has been taught the principles upon which they should
be based. Furthermore, the very fact that he has been using formulz prior
to a study of atomic and molecular weights is apt to minimize, in his view,
the importance of these fundamental conceptions. Why (he feels) should
he be forced to follow every step of the rather involved reasoning by which
molecular formule are derived and justified, when he has been employing
these same formulx all along without having to bother about theory? If
chemistry is to be taught as a logical science, not as a multitude of discon-
nected facts, some theoretical development of atomic and molecular weights
must precede the practical application of these principles in deducing formule
and making complete equations.

Summary. — Thus far, we have learned that chemistry deals with
substances and their physical properties, and with the changes which
substances undergo. We have discussed and defined a number of
important words expressing fundamental chemical ideas. Finally,
we have touched upon the weights of the materials used in chemical
change, a subject of great importance which will be more fully
developed in a subsequent chapter.

Exercises. — 1. Take one by one the words or phrases printed in black type
and the titles of the sections in this chapter, and endeavor to recollect what you
have read about each. In each case try, (a) to recall the meaning and to state
it 1n your own words; (b) to recall the facts associated with, and the reasoning
which lead up to, the point in question; (c) to recall examples illustrating the
conception and to apply the conception in detail to each example. Whenever
memory fails to give a,perfectly clear report of the mgtter in hand, the text
must be read and re-read until the essential point can be repeated from
memory. . .

Ude the same method in all future chapters. A useful practice is to employ a
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pencil as you read and to underline systematically all the important facts and
statements, and then to go back and apply to each marked place the process
described above.

2. Define the following terms: Specific gravity, tenacity, melting-point,
specific physical property, pure body, vacuum.

3. Is it logical to say “pure substance’?

4. Why do we decide that granite is a mixture and iron a single substance?

5. Do the statements in the text indicate that air is a mixture or a com-
pound?

6. What weight of oxygen would be required to convert 25 grams of lead
into oxide of lead?

7. Make a list of the technical words we have defined, and place the definition
opposite to each.

8. What weight of tin would be contained in 15 grams of oxide of tin?

9. If any of the following are mixtures, mention the facts which show them
to contain more than one substance: (¢) muddy water, (b) an egg, (c) milk.

10. In recognizing a specimen to be quartz, does the chemist consider (a)
the weight, (b) the temperature, (c) the length of the specimen? If not, why not?

11. Guve a list of the specific properties mentioned in this chapter.

12. What is the increase in volume when 100 g. of iron rust completely (p. 3)?

13. If 5 grams of tin and 4 gramsof oxygen were heated together, which of the
two would remain in part unused? How much of this would remain (p. 15)?

14. Is the form of a cut diamond (p. 617) a specific property or an attribute?

15, Is the form of a cube of table sugar a specific property or an attribute?
Is the form of one of the small crystals comprising this cube a specific property
or an attribute?

16. The following are popular definitions of the pint: (¢) A pint of pure
water weighs a pound and a quarter (Great Britain); (b) A pint weighs a
pound all the world round (U. 8.). Use these definitions to express the British
and the U. S. quarts in metric units, and compare your results with those given
in Appendix I.

17. The meter was originally defined as one-tenmillionth of the earth’s quad-
rant from the equator to the pole through Paris. Suggest reasons why this did
not prove to be a practical standard. The present accepted value of the mean
polar quadrant is 6563.3 miles. What is the difference between this and 10
million meters?

18. The kilogram was originally designed to have eractly the same mass as
that of a cubic decimeter of pure water at the temperature of its maximum
density. It was soon discovered, however, that the standard kilogram that
had been obtained by experiment on this basis was not quite accurate. The
present accepted experimental relation is that 1 kg. of water at 4° C. and 760 mm.
pressure measures 1000.927 c.c. Which, in your opinion, is the better procedure:
to abandon a rigid simple relationship between the metric units of mass and of
length, or to change oye of these units every time more careful measurements are
made? “GiVe reasons for your answer, and discuss with your instructor.
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19. At what temperature Centigrade would the Fahrenheit reading be zero?
At what temperature would the Fahrenheit and Centigrade readings be the same?
At what temperature would they be the same numerically, but opposite in
sign?

20. Historically, the Fahrenheit zero was supposed to represent the lowest
temperature obtainable with an ice-salt freezing mixture. We know now that
this temperature is — 21.2° Centigrade. What is this on the Fahrenheit scale?



CHAPTER II
CHEMICAL CHANGE AND THE METHODS OF STUDYING IT

We must now take up some new examples of chemical change.
They will aid us in introducing one or two additional conceptions
and laws. These are continually used by the chemist, and without
them we cannot begin the systematic study of the science.

Another Case of Combination: Iron and Sulphur. — Since oxygen
is an invisible gas, there is a slight difficulty in realizing that rusting
consists in the union of {wo substances — this gas and a metal. The
present example is less interesting historically, but it is simpler be-
cause both substances are visible and are easily handled. The case
of iron and sulphur will enable us to illustrate the same point of
view and to practise the application of the same technical words.
It will also introduce us to two manipula-
tions — filtration and evaporation — which are
frequently used by the chemist.

We begin by observing the physical prop-
erties of the two substances. Those of iron
have already been noted (p. 3).* Sulphur is
a pale-yellow substance of low specific gravity
(sp.gr.2). Itis easily melted (m.-p. 114.5° C.).

It does not dissolve in water — that is, it does g 7. Rhombic Sulphur.
not mix completely with and disappear in

water, as sugar does on stirring. It does dissolve readily in certain
other liquids, such as carbon disulphide, however. It crystallizes in
rhombic forms (Fig. 7). It is not attracted by a magnet.

- * References to previous pages are used in order to save needless repetition
in writing. The beginner requires endless repetition in his reading, however,
and must form the habit of examining, in conjunction with the current text,
the parts referred to. The passages cited are, by the reference, made part of
the current text, which wifl usually not be clear without th&m. The same remark
applies to topics referred to by name. Such topics must be sought in the index.

All tegmspand espedlally those borrowed from physics, if not perfectly famiiar,
must be looked up in a work on physics or in a dictionary.
v 19 *
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Study of the Mixture, hefore Combination. — Now, if some iron
filings and pulverized sulphur are stirred together in a mortar, the
result is a mizture. True, the color is not that of either substance,
but with a lens particles of both substances can be seen. Passing a
magnet over the mixture will easily remove a part of the iron, and
with the help of a lens and a needle the mixture can be picked apart
particle by particle, completely. We can separate the components of
the mixture more expeditiously, however, by using manipulations
based upon certain suitable properties. Thus, sulphur dissolves in
carbon disulphide while iron does not. If, therefore, a part of the
mixture is placed in a dry test-tube along with some carbon disul-
phide and is shaken, the liquid dissolves the sulphur and leaves the
iron. To complete the separation, the iron must be removed from
the liquid by filtration, and the sulphur recovered by evaporation of
the carbon disulphide.

Filtration. — Iron, or any solid, when it is mixed with a liquid or
with a solution (like the solution of sulphur in carbon disulphide)
is said to be suspended in the liquid. If the solid is one that settles
rapidly, the liquid may be separated from the solid, in a rough way,
) by pouring off as much of the clear, super-
1 natant liquid as possible. This is called
decantation.

A complete separation is effected by
pouring the mixture on to a cone of filter
paper supported in a glass funnel (Fig. 8).
ST = The liquid, together with anything that
may be dissolved in it, runs through the
pores of the paper and down the hollow
stem of the funnel. The liquid is then
called the filtrate. The particles of the

=-== \ suspended solid are too large to pass

~  through the pores, and so collect on the
surface of the filter paper. Thisoperation,
like everything the chemist does, takes advantage of differences in
the physical properties of the various materials.

The material remaining on the paper (the residue), when dry, is
wholly attracted by a magnet and shows all the other properties of iron.

L

F1a. 8. Filtration.

Evaporation, — To recover the sulphur, the solution in carbon di-
aulnhide — tha fltrata — ia nonred inta a noreelain evadorating
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dish. (Carbon disulphide is very inflammable. Keep flames away!)
When the vessel is set aside, the liquid gradually passes off in vapor
(e-vapor-ates). Sulphur, however, does not evaporate at room tem-
perature and remains as a residue, in the
form of crystals of rhombic outline, in the
bottom of the dish (Fig. 9). Here, again,
differences in physical properties have been
utilized.

Since the physical properties of two sub-
stances are not changed by mixing, we
have thus used the properties of the iron and sulphur so as to separate
them oncemore. The iron is on the paper; the sulphur is in the dish.

Fic 9. Evaporation.

Combination of Iron and Sulphur. — But iron and sulphur are
capable of combining to form an entirely new substance, if we alter
the conditions by raising the temperature. When we place some
of the original mixture of iron and sulphur into a clean test-tube and
warm it, we soon notice a rather violent development of heat taking
place, the contents begin to glow, and what appears to be a form of
combustion spreads through the mass. The heating employed at
the start falls far short of accounting for the much greater heat pro-
duced. When these phenomena have ceased, and the test-tube has
been allowed to cool, we find that it now contains a somewhat porous-
looking, black solid. This material is brittle; it is not magnetic; it
does not dissolve in carbon disulphide; and close examination, even
under a microscope, does not reveal the presence of different kinds
of matter. This substance is known to chemists as ferrous sulphide
and, as we see, its properties are entirely different from those of its
constituents.

In this connection we must not omit to notice that, as in rusting,
a certain fixed proportion will be used in forming the compound.
We find that, for 100 parts of iron, 57.4 parts by weight of sulphur
are required. If more iron is put into the original mixture, then
some unused iron will be found in the mass after the action. If too
much sulphur is employed, some may be driven off as vapor by the
heat and any that remains, beyond the correct proportion, can be
dissolved out of the ferrous sulphide with carbon disulphide. The
sulphur which has combined with the iron, however, is no longer
present as sulphur — # has no longer the propertles of sulphur, and
therefore cannot be dissolved out. The chemical proportions are:

Iroit (85.84) + ‘Sulphur (32.06) — Ferrous sulphide (87.90). °*
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Another Illustration: Mercuric Oxide. — It has already been dem-
onstrated (p. 12) that air contains an active and an inactive gas.
A pure specimen of the active gas (later to be named oxygen) was first
obtained in 1774 by Priestley from mercuric oxide, a bright red,
rather heavy powder. When this substance is heated (Fig. 10), we
find that a gas is given off. This gas is easily shown to be different
from air, since a glowing splinter of wood is in-
stantly relighted on being immersed in it. The
gas is pure oxygen. During the heating, we notice
also that a metallic coating appears on the sides of
the tube, in the form of a sort of mirror. Ap-
parently the vapor of some metal is coming off with
the oxygen and condensing on the cool parts of the
tube. As this shining substance accumulates it
takes the form of globules, which may be scraped

Fia 10.. Heating  g,oether. It is, in fact, the metal mercury, or

quicksilver. If the heating continues long enough,
the whole of the red powder eventually disappears, and is converted
into these two products.

The extensive nature of the change in properties in this case is evi-
dent. It should also be observed that continuous heating is required
to maintain this change in operation. It differs markedly from the
iron and sulphur case in this respect. When the flame is removed,
the evolution of oxygen ceases. The significance of this will appear
later (p. 293).

Second Variety of Chemical Change: Decomposition. — Priestley’s
experiment introduces to us a second and very common kind of
chemical action. The first variety was combination or union (p. 14).
The second is called decomposition. It consists in starting with a
single substance (here mercuric oxide) and splitting it into two (or
more) substances, which differ in properties from the substance
taken and from one another. Here, the red powder gave mercury,
a liquid metal, and oxygen, a colorless gas.

Simple and Compound Substances. — If we place before a physicist
samples of iron, ferrous sulphide, and sulphur, he will report that
there are three absolutely distinct substances represented, because
they show three different sets of physical properties. A chemist, on
the other hand, while admitting the accuracy of the report, in view
of the criterion used by the physicist, which indeed he vses himself
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(compare p. 4), will insist on adding that there are only two perfectly
distinet %inds of matter in the set, because he can make the second
from matter furnished by the other two. The same sharp contrast
in the points of view arises when mercury, mercuric oxide, and oxy-
gen, or any similar set of substances, is submitted to the same two
tribunals. In a sense, chemistry reduces the kinds of different mat-
ter to a much smaller number than does physics or any of the other
sciences, and so it is the final authority in all questions involving
matter. By the chemist, dozens of physically distinct substances are
regarded as closely related because they all can be made with iron,
or when decomposed give it; hundreds are alike in that sulphur en-
ters into 4heir composition; thousands are compounds of oxygen.
In fact, the number of kinds of matter which are perfectly distinct
in the strietly chemical point of view is quite limited.

The conception contained in the last statement was not reached
until centuries of effort had been spent in trying, by chemical reac-
tions, to make gold out of pyrite (a shining yellow mineral), or silver
out of lead. The first to put our modern view into definite language
was Lomonossov. Later, and independently, it was stated very
clearly by Lavoisier in his Traité de Chimie (1789). Lomonossov
never believed in phlogiston (p. 12), although all his contemporaries
did, and the later investigations of Lavoisier finally overthrew this
absurd hypothesis and caused the general acceptance of the view
that chemical changes involved only combination or decomposition
of different kinds of matter. His work showed, also, that decompo-
sition had its limits. We can decompose mercuric oxide by heat,
and we have other ways of decomposing compounds like oxide of
tin and ferrous sulphide, but we have never succeeded in decomposing
the mercury or the oxygen, the iron or the sulphur themselves.
Substances which we are not able, by the ordinary types of chemical
change, to decompose into, or to make by chemical union from, other
substances are called simple substances or elements.

Several substances, regarded in Lavoisier’s time as elementary,
have since been shown to be compounds. Thus, quicklime was
thought to be a simple substance until Davy, in 1808, prepared
the metal calcium and showed that quicklime was the oxide of this
metal. Hence, we do not say that the substances regarded as
simple cannot be decomposed but only that they are substances
which we “are not able” (at present) to decompose.” We have, never-
theless, as will be Seen in a subsequent chapter, so developed in
recent yeam our knowledge of that part of chemistry which dedls
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with the ultimate structure of matter that it is quite inconceivable
that any such error as was made in the case of quicklime can recur
in the future.

The phrase by the ordinary types of chemical change’ is very
important. Although by chemical reactions similar to those studied
in preceding sections of this chapter we are not able to effect any
decomposition of the elements, yet we cannot regard them as abso-
lutely unalterable and permanent. The rare element radium can-
not be decomposed in a chemical reaction, in the sense that mercuric
oxide was decomposed (p. 22), but every specimen of radium is under-
going, very gradually, continuous and sponfaneous ‘‘disintegration”’
into the elements helium and lead (see p. 522). The phrase “at will”
was until lately employed in place of “by the ordinary types of
chemical change” in the definition of the term element to care for
transformations of this type, which we can neither hasten, retard,
nor stop by any variation in conditions, but it has been discovered
recently by Rutherford that certain common elements, such as
nitrogen and aluminium, may be disrupted at the will of the experi-
menter with formation of hydrogen, by exposing them to the action
of the swiftly-moving helium particles ejected from radium in the
course of its disintegration. Such phenomena, however, need not
affect our conception of elements as applied to everyday chemical
reactions, and for our immediate purposes the definition of the word
element given above is sufficient.

Chemistry is progressing so rapidly nowadays that it is impossible to draw
up a perfectly hole-proof definition of the term element. It has been suggested
by one Nobel Prize winner,* in fact, that a reward of a million pounds sterling
for such. a definition could safely be offered by the Chemical Society of London,
since nobody would ever succeed in claiming it. The definition given above
suffers from the defect that what is regarded as very unusual today may be the
ordinary experience of tomorrow. It is true that the only method which has,
so far, been definitely successful in effecting, at will, the decomposition of elements
has required the use of radioactive energy, and that the amounts transformed
have been infinitesimally small. We have, nevertheless, some indications that
methods involving the very sudden discharge of an enormous quantity of elec-
trical energy or the momentary attainment of a temperature far beyond that
reached in common chemical reactions may suffice to effect the disintegration
of an ordinarily stable element.

Recent advances ¥ physico-chemical theory, showing that the “atoms” of
which elementary substances are composed are made up of different aggregatee

“* For a list of Nobel Prize winners in chemistry, see z{ppendix ViI, p. 1005.
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of positive and negative units of electricity, have revived the idea that it may
be perfectly feasible to transform one stable element into another (e.g., mercury
into gold) merely by re-arrangement of these electrical units into more or less
complex aggregates than the original. If this should be accomplished by the
use of electrical or thermal energy, as it soon may be, it will be necessary radi-
cally to revise the definition just given, since ordinary chemical reactions are
brought about by exactly the same methods (see p. 36), although only relatively
small energy changes are involved. A more logical definition of the term element.
in view of this eventuality, will be presented in a later chapter (p. 544), after ow
knowledge of atomic structure has been developed in detail.

Elements. — The word element is used in two senses. It is ap-
plied to the simple substance. Thus we speak of ‘‘the element iron,’
meaning the metal iron. It is applied also to the iron-matter con-
tained in ferrous sulphide or in ferric oxide. The reader should note
that it is correct usage to speak of the element iron and the elemen
sulphur in {errous sulphide, but a chemist would never say that this
compound contained the simple substances iron and sulphur. If he
did, we should understand him to mean that it was a mixture, anc
we should expect parts of the material to be magnetic like iron
and other parts to be yellow and soluble in carbon disulphide, whict
is not the case. In the same way the name of an element (such as
“iron’’) is applied both to the material in combination and to the
free substance. Thus ‘“iron”” may mean free, uncombined, metallic
iron, or iron-matter in some compound. The sense in which the
word is employed must be inferred from the context or circum
stances. When a chemist speaks, as he sometimes does, colloquially
of “iron” in a drinking water, for example, we know at once that he
refers to iron in the form of some compound, for metallic iron doe;
not dissolve in water and, if it did, would quickly turn into rust o
some other form of combination.

The word element, then, means one of the simple forms of matter
either free or in combination.

In formally describing a body or specimen, the chemist alway:
avoids the ambiguity just referred to by naming the components, i.e.
the substance or substances it contains. He assumes that the nature
and constituents of these substances will be known to anyone hearing
or reading the description. If he says the body contains zine anc
sulphur, it is understopd that the body is a mixtyre of these simplc
substances. If it contains these elements in combination, the chem:
ist would report thad it was sulphide of zinc.

The chefist’s work is, nevertheless, still directed wholly by the
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thought that the individual element (the matter), after combination,
remains present in the compound in some form which is at least,
quasi-discrete. The readiness of the element to be released once more
under suitable conditions seems to favor this point of view (see p. 68).
A compound is a substance which can be made by chemical com-
bination of, or can be decomposed into, two or more substances.

Warnings. — A substance (p. 4) must be defined by the con-
stancy of its physical properties, and not by saying that it is “a
material of some specified, definite composition.”* We know many
sets of anywhere from two to a dozen or more substances with the
very same composition, yet the members of each set have entirely
different physical properties, and often are entirely different in
chemical behavior. Thus, red and white phosphorus are both com-
posed entirely of phosphorus, yet differ markedly in physical proper-
ties. Again, urea and ammonium cyanate have the same composi-
tion, but differ in physical properties and, besides, belong chemically
to entirely different classes of substances.

Furthermore, a substance must not be defined as ‘“‘a portion of
matter,” for that is the definition of a body (p. 6). A substance is a
variely or species of matter, and not any one portion or specimen.
A crystal of salt is “a portion of matter,” and a specimen of the sub-
stance, but the phrase ‘“the substance salt”’ covers all known and un-
known specimens of salt, and even not-yet-existent specimens which
may be formed in the future.

Beware of defining a compound substance (p. 14) as being “com-
posed of two or more simple substances.”” That is a definition of a
mixture, and such a product would show two or more kinds of matter
with different properties. A compound substance contains only one
substance, and every particle has the same physical properties as
every other particle. A compound substance might be defined as
“a, substance composed of two or more elements.” This definition,
however, is academic, and gives no clue to how a compound is shown
to be such. Chemistry is an experimental subject, and all defini-
tions should be stated in terms of the experimental method of classify-
ing a given case, as is done in the definition given above (p. 14).

The Common Elements. — Hundreds of thousands of different
compound substances are known but, when tkey are decomposed, it
*In chemistry, the word composition, when applied to a substance, refers

both to the elements present in the compound and to tHe proportians by weight
in which thav are nresent.
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is found that the number of different elements contained in them is
not great. As we have already said, dozens of substances contain
iron, hundreds contain sulphur, thousands contain oxygen. In fact,
by the combination of a limited number of simple substances, such
as carbon, hydrogen, and oxygen, in different proportions by weight,
an almost unlimited number of different compound substances may
be produced.

A list of all the known elements appears on the inside of the cover,
at the end of this book, and contains ninety names. Of these, a
large number are rare, and seldom encountered. Only about twenty
elements occur in nature in their simple, uncombined condition.
Three-fourths of the whole number are found in combination exclus-
ively, and must be liberated by some chemical action.

Taking the atmosphere, all terrestrial waters, and the earth’s crust,
so far as it has been examined, F. W. Clarke and H. S. Washington have
estimated the plentifulness of the various elements. The first twelve,
with the quantity of each contained in one hundred parts of terrestrial
matter, and constituting together 99 per cent, are as follows:

Oxygen . . . 49.2 Calcium . . 3.4 Hydrogen 0.9
Silicon . . . 25.7 Sodium . . . 2.6 Titanium. . . 0.6
Aluminium . 7.4 Potassium . . 2.4 Chlorine . . . 0.2
Iron . . .. 4.7 Magnesium 1.9 Phosphorus 0.1

Thus oxygen accounts for near-
ly one-half of the whole mass (sce
Fig. 11). Silicon, the oxide of
yvhlch when pure is quartz and OXYGEN
in less pure form constitutes
ordinary sand, makes up half of
the remainder. Valuable and
useful elements, like gold, silver,
carbon, sulphur, and mercury, are
among the less plentiful which,
all taken together, furnish the
remaining one per cent.

It is convenient in chemistry
to divide the elements into two
classes — metals and gon-metals.  Fi. 11. Composition of the Earth's Crust.
The ordinary distinction of phys-
ical appearance (megallic luster) is usually valid; thus iron and copper
are typfbal metals, sulphur and oxygen are typical non-metals. *A

SILICON




28 INORGANIC CHEMISTRY

more exact basis for drawing the line between the two classes, how-
ever, will be discussed later (p. 181).

Methods of Work and Observation in Chemistry. — It is not the
end of chemical work to make generalizations or laws (pp. 4, 5, 13),
or conceptions, like those dealt with in the preceding paragraphs.
These are simply the means by the help of which chemical work,
whether it be investigation, commercial analysis, or manufacturing,
may be carried on more systematically. Together they constitute
our system for classifying the facts with a view to ready reference.
The sample experiments (pp. 11-22), if reéxamined, will show that
we there employed most of the categories of our classification which
have so far been described.

Thus, in the experiment with iron and sulphur (p. 19), it was first
our object to find out whether the bodies had interacted chemically
on being mixed. To do this we noted the specific properties (p. 3)
of the substances, separately. Using these properties, we were able
to identify the same substances in the mixture, and in this we found
no substance with new properties. Part dissolved in carbon disul-
phide and reappeared after evaporation of the solvent as yellow,
rhombic crystals, and the rest was all magnetic. In this connection
we purposely omitted all mention of the quantity and temperature,
because attributes (p. 9) like the former and conditions (p. 9) like
the latter do not characterize substances (since they vary with each
specimen), and cannot be used for identification. Coincidence in
two or three specific properties is generally sufficient to establish
identity.

Most of the properties cannot be recognized readily in miztures,
as a moment’s thought will show. The general color and the specific
gravity of a mixture, containing unknown substances in unknown
proportions, for example, tell us little about the corresponding prop-
erties of the components. Now, there are few pure substances in
nature or in the products of experiment, and many mixtures. Hence,
separation of the components of a mixture usually of necessity pre-
cedes the process of identification just referred to. Thus, we first
removed the sulphur by dissolving it and then recovered it by evap-
oration of the solvent, the boiling-point of the carbon disulphide
(46°) being much lower than that of the sulphyr (445°) and its vapor
pressure, by virtue of which it evaporated at the temperature of the
room, being therefore relatively high. We secuyed the iron because
of“its insolubility. Those specific properties which can be<used for
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separating mixtures, as well as for identification, are therefore the
most important of all. They are the melting-point, solubility,
boiling-point, specific gravity, and magnetic qualities, the last being
applicable almost exclusively to iron, however.

In connection with this investigation we employed several of the
common methods of manipulation used by the chemist. These
methods are derived from the conceptions described in the last para-

N COLD WATER

Fie. 12. Distillation.

graph. Thus we treated the mixture with a solvent (p. 20), on the
assumption that if it was heterogeneous (p. 6) the components would
each behave as if alone present. We then filtered, a method in-
vented for dealing with a heterogeneous mixture consisting of a solid
and a liquid. Decantation is often used in such cases, when the solid
is specifically much heavier than the solvent and settles readily.
We allowed the carb8n disulphide to evaporate pontaneously, and
this is our favorite method of dealing with a mixture which is homo-
geneous, and therefdre would run through a filter as a whole witheut
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suffering separation. When the liquid has a higher boiling-point
than 50-60° C., as water has, we use heat from a steam-bath or
Bunsen flame to promote the evaporation. In evaporation we
allow the vapor of the liquid to escape, because it is the less volatile,
dissolved body that we wish to examine. When we desire, on the
contrary, to examine the liquid, the vapor must be condensed. This
method, which we have not yet had occasion formally (see Exercise
11) to employ, is called distillation (Fig. 12). The jacket round the
long tube is filled with a stream of cold water, which, on account of
its high specific heat, quickly cools and condenses the vapor. The re-
sulting liquid is caught in a flask.

These methods may be adapted to the investigation of any similar
problem. Thus, gunpowder is made by the intimate mixing of sul-
phur, charcoal, and saltpeter (potassium nitrate). If no chemical
interaction whatever has occurred, a sample will be wholly separable
into these components. If a partial change has taken place, a cer-
tain amount of material with different properties will be discovered
in the mixture. If the change has been complete, no portion of the
original substances will be found. We must first study the specific
properties of each of the ingredients separately, in order that a plan
of separation may be devised, and that we may have a basis for com-
parison with the products of the separation.

It should be noted that our methods of investigating the products
of nature and of the laboratory are purposely limited so as not to
separate chemically combined, but only physically mixed, forms of
matter. After a physical individual has been isolated, and even then
only if it has new properties, and is not at once recognized as a known
substance, we next proceed to separate it into its chemical constit-
uents so as to learn which elements it contains and in what relative
proportions by weight.

The experiment with mercuric oxide simply rang the changes on
the same conceptions, and repeated the same manipulations. When
we heat the mercuric oxide (p. 22), it is resolved into its constituents.
We selected the experiment because the conditions are such that
separation of the products from each other and from the original
material occurs spontaneously, without further treatment. The sep-
aration depends here on the boiling-points of the materials. That of
oxygen is very low (—183° C.); so that, bemg a gas even at ordinary
temperatures, it cothes off. That of mercury is fhuch hlgher (357° C.),
but the heat produced by the flame (1000°-1200° C in the bottom of
the test-tube) is more than sufficient to vaporizé this product also.
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The spgedy condensation on the cooler part of the tube, causing sep-
aration of the two products, is due to the wide difference in boiling-
points. The part of the mercuric oxide which is still unchanged,
on the other hand, is entirely involatile even at 1200° C.; so that it
does not mingle with the vaporized products at all.

A More Complex Chemical Reaction. — The following illustration
is taken purposely in order to illustrate the variety of ways in which
chemical change may be carried out. It is the interaction of silver
nitrate and sodium chloride (common salt) in aqueous solution.
The two solid substances may be recognized by the form of the crys-
tals of which they consist. The latter is composed of small cubes
(Fig. 13), while the former presents a less familiar form geometri-
cally (Fig. 14). Both substances are capable of being dissolved in
water and, for this experiment, portions of each substance are shaken
in separate vessels with water, until none of the solid
remains. When the solutions are
now poured together, we observe
that the clear liquids at once be-
come opaque, and that a dense
mass of white, solid material ap-

Fro. 13 Sodum  nears suspended in the mixture Fro. 14. Silver Nitrate

(Fig. 15). This white substance

consists of an extremely fine powder without any observable crystal-
line form. We know at once that it must represent a new sub-
stance, since it would not have appeared had it
been soluble in water like the two materials
from which it was made. We continue adding
the one liquid gradually to the other until no
further formation of this solid takes place, and
then stop. By filtration (Fig. 8), we obtain
the insoluble material (the precipitate) upon
the filter paper, and the clear liquid (the
filtrate) passes through and is caught in the
vessel below.

We are confronted with two possibilities:
either both the original materials have come
together to form one white insoluble material,
or some other product'(or products) may be present in addition to it.
In the latter case, sgarch must evidently be made in the liguid. By
evaporatiny the filirate in a suitable vessel (Fig. 9), we find that the

Fia. 15. Precipitation.
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second assumption represents the fact, for a considerable quantity
of a white crystalline substance remains. The homogeneous char-
acter of this shows that there was but one product in solution, while
the same property of the precipitate shows that there are but two
products altogether.

The insoluble material is composed of silver and chlorine, and it
is known as silver chloride. Like some other compounds of silver,
it darkens on exposure to light, turning first purple and then brown,
and being decomposed by this agency into its constituents. The
chlorine, a gas, escapes into the air, and a brown powder consisting
of finely divided, metallic silver remains. The soluble solid, ob-
tained from the filtrate, we recognize as identical with a mineral,
sodium nitrate, which is found in Chile. Its crystals are rhombo-
hedral (Fig. 26, p. 61). They resemble cubes which have been slightly
distorted by pressing inwards two opposite corners. This change
presents several features which distinguish it from the previous ones:
it is much more complex; it takes place in the presence of water; it
requires no heating for its promotion; and the change is complete
the instant the materials have been mixed, while the others required
a good deal of time for their accomplishment.

The condensed statement for this reaction may be represented as
follows, the numbers showing the relative weights as before:

Silver nitrate + Sodium chloride — Silver chloride + Sodium nitrate
{Silver (107.88) {Sodium (23.00) {Silver (107.88) {Sodium (23.00)

Nitrogen (14.01) Chlorine (35.46) Chlorine (35.46) Nitrogen (14.01)
Oxygen (48.00) Oxygen (48.00)
Here the constituents of both of the ingredients become separated
(decomposition), and the products of this decomposition recombine
cross-wise (combination). Further discussion of this type of chem-
ical change, which is called double decomposition, will be postponed
until a later chapter (p. 257).

Fact and Law.— If the preceding pages be reéxamined, it will be
seen that a number of facts are mentioned in them. We begin the
organization of knowledge according to the scientific method by
trying to determine the facts. Thus, we find some specimens of
iron are variously colored, and some are brittle. Examination
shows, however, that the former peculiarities are due to paint, for
example, and the latter to the presence of carbon and other foreign
materials in the iron (cast iron). Finally, we, ascertain the facts
thAt iron itself is silver-white and tough. ‘-
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Pacts are the ultimate units of the structure of a science. Thus, a single iso-
lated observation, no matter how accurately made, does not furnish us with the
sort of fact that can receive a permanent place in our collection. It is only after
much research and thought that we can ascertain which are the fixed elements in
the variety of experience in any line, and so determine what are the facts, in the
sense in which we have used the term.

Putting together statements or laws like those appearing in heavy
type above (pp. 4, 5, 13) is the second step. We examine facts
of a like kind, or pertaining to like phenomena, to see whether any
general statement can be made that will cover some feature common
to the whole of them. For example, after settling the intrinsic
properti€s of several substances, and then determining the facts
about the way in which these properties are affected under certain
circumstances, we decide that, when one substance gives two entirely
different substances, or one of the other varieties of change (p. 14)
occurs, the cases in which this takes place shall constitute a distinct
class, and we call them cases of chemical change. The statement,
which in a few words or phrases sums up those features of all the
phenomena of like kind which are constant, is called a generalization,
or a law, or a principle, of the science. A generalization or law in
chemistry, therefore, is a brief statement describing some general
fact or constant mode of behavior. Its uses are to condense a great
many similar facts into one statement, and thus to make the whole
set of facts more easy to remember.

One section in the first chapter (p. 10) was entitled: ‘‘Explanation
of rusting.” If that paragraph be now re-read, it will be found that,
in the ordinary (as distinct from the scientific) sense of the word, no
explanation was given! It has simply been demonstrated that when
iron rusts it combines with oxygen from the air. This is an additional
fact. It shows how iron rusts, namely by taking up oxygen, but not
why it is able to unite with oxygen. We have to go much more deeply
than this into the matter before we can claim to know why iron can
combine with oxygen gas and platinum cannot.

Explanations in chemistry are of three kinds. (1) We usually try
to show that the phenomenon is not an isolated one. Thus, we show
that other metals rust. This reconciles us to some extent to the fact
that iron rusts, and we feel some mental satisfaction. This is the
method of showing tijat the fact to be explained is a member of a
large class of similar facts. (2) Next, we try to get more informa-
tion about the fact,to be explained. Thus when to the acquaint-
ance with%the outward manifestations of rusting, we add the furtfer
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information that there is an increase in weight, and that this is due to
union of oxygen from the air with the iron, we feel increased satis-
faction, and say that the fact has been “explained.” (3) If we are
still dissatisfied, and can discover no further useful facts, we imagine
a state of affairs which, if true, would classify the fact or add to what
we know about it. This step we call explaining by means of a
hypothesis. We then devote our attention to trying to verify the
hypothesis.

Of course, the same set of facts may be viewed in many ways. Picking out
the relationships which are most comprehensive and, at the same time, are best
fitted to form part of still broader generalizations, or to take their places alongside
of equally broad ones, requires the highest ability. The most important laws,
like that describing the behavior of gases when compressed (Boyle’s law), are
usually connected with the names of the men by whom the relationships were dis-
covered and the generalizations formulated.

The reader must beware of the misconception that a law enforces behavior in
accordance with its tenor. The mere statement that every piece of matter attracts
every other, cannot compel a stone to fall; nor can the mode of behavior of one
falling stone persuade any other to do likewise. The law is simply a record of
what is invariably observed to happen.

It is, therefore, also very misleading if we permit ourselves to say that Boyle's
law (p. 112) “acts’ so as to “‘cause” gases to behave in a certain way, or that the
law ““operates” to “produce’ a certain behavior, or that other behavior is “impos-
sible” to the gas, or that the law of cohesion “intervenes” when the gas is under
low pressure, and causes its behavior to ‘“diverge from that required” by Boyle's
law, or to say that a gas ‘“disobeys” Boyle’s law. In scientific discussions, such
figures of speech are alone permissible as throw light on the subject. Phrases
like the above, common as their use is, have been selected apparently with a view
to introducing a maximum of distortion and obscurity. It is the gas that “acts”
and gives rise to the making of Boyle’s law, and the latter is only an epitome of
the way it acts. The “laws” of nature are not unchanging, although we are
often told that they are. It is the behavior in nature that is unchanging. The
laws which attempt to describe this behavior are not natural laws, they are man
made. They are continually amended, that they may more closely describe
additional facts disclosed by research. Behavior divergent from the ‘“laws of
nature’’ is not only possible, but is constantly being observed. Such divergencies
furnish, in fact, the commonest starting points for fresh investigation. Thus
Boyle’s law was amended by van der Waals (p. 127), and the law of octaves
(see p. 506) was greatly modified by Mendelejeff. It is not the gas which
“‘diverges” from our statement or “disobeys” our law, but our statement whick
is proved by the behavior of the gas to be inaccurate® Our procedure, in such
cases, is always more logical than our language, for we never attempt to cure
the gas of its error, but always the law itself by suitable modificatjon in ite

rhraaanlames
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Physics in Chemistry. — It will be seen that one cannot accom-
plish anything in chemistry without acquiring and using some
knowledge of physics. We measure quantities by means of the
physical attributes, weight and volume. We produce chemical
change by arranging the physical conditions, for example, by mixing,
heating, or using an electric current. Physical means are the only
means we possess for producing, stopping, or modifying chemical
changes. Again, we ascertain whether a chemical change has taken
place or not by observing the physical properties of the materials
before and after the experiment. Thus, we noted that the red, pow-
dery oxide of mercury, when heated, gave a liquid metal and a gas.
Al the” phenomena of chemistry are physical. A phenomenon
(Greek ¢aivew, to show) is literally something that is seen, or more
generally, something that affects any of the senses. Observing
physical phenomena is, therefore, our sole means of studying chemical
changes. Chemical work is therefore entirely dependent upon the
skilful use of physical agencies, and the close observation of physical
phenomena for its success.

It is only the inference, following the experiment and the observa-
tion, that is strictly chemical. If one substance gives two different
substances, or if two substances give one different substance, for
example, we infer that a chemical change has occurred. We then
try to recognize the substances by their properties and name them.

Changes like that of ice into water, or of water into steam, and
vice versa, are not regarded as chemical changes. These are called
changes of the state of aggregation. The solid, liquid, and gaseous
forms are different states of the same substance. The very language
we use bears testimony to the universal acceptance of the view that
change of state does not constitute a fundamental alteration. Thus,
we have solid lead and molten lead, air (the gas), and liquid azr. In
the case of water alone has it been found convenient to distinguish
the three forms, ice, water, and steam, by separate names.

Attempts to Distinguish between Physics and Chemistry. — It the reader
has studied elementary chemistry before, he must beware of certain miscon-
ceptions which he may have formed in regard to the relation of physics to
chemistry. For several reasons, we have omitted most of the usual arguments
employed in discussing the difference between chemistry and physics. To discuss
the difference between two things, when the reader does not yet know anything
about one of them (chemistry), and sometimes knows little or nothing about
the other, must necesaarily be futile. Then, too, the alleged difference betvgeen

»-®
physical’and chemical phenomena, as phenomena, does not exist. Heating a
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platinum wire and allowing it to cool, heating mercuric oxide and decomposing
it, and an animal walking, when regarded as phenomena (appeals to the senses)
are all physical. The phenomena presented in chemical change, in the structure
of plants and animals, in geological formations, and in pure physics are all phys-
ical. After we have assigned certain groups of such phenomena to other sciences,
what is left belongs to physics as such. But physics still has to be employed in
explaining how the limbs of an animal work, how strata are deposited, how
the mercury and the oxygen are separated, and how each is recognized in the
practical study of chemistry. We cannot omit physics, because it is needed at
every turn. Chemistry deals with the interpretation of certain classes of phys-
ical phenomena, geology with other classes, and so forth.

Some of the current distinctions between chemical and purely physical
phenomena deserve notice. Some physical changes, like the boiling of water
and the condensation of the steam, are easily reversible. But no one ever saw a
piece of broken glass restored to its original condition. Many toys are broken,
and few mended. In fact, some physical changes are easily reversible, and
others are not. We shall see later that many chemical changes are also easily
reversible, although many are not. There is no distinction along this line.
Again, in chemical change, all the physical properties are altered. But, when
water is converted into steam or ice, all the physical properties are different.
Change in all physical properties occurs in physics also. Still again, the change
from iron to rust is abrupt or sharp, while the changes in the properties of iron as
it is gradually raised to higher and higher temperatures are gradual. But,
when the iron melts, or the water is changed into steam, the change is very
sharp. On the other hand, when water is heated from 0° to 100° chemical
changes involving the decomposition of complex into simpler units (see p. 224)
undoubtedly occur and, when ammonium chloride vapor is heated, progressive
decomposition into ammonia and hydrogen chloride takes place and less
ammonium chloride remains, yet no sharp change in properties is noticeable.
The absence of abrupt change is due to the fact that the substances in the water
and the gases in the vapor are completely miscible with one another, so that only
gradual change can be noticed. On the other hand, rust and iron, or water and
steam, are not miscible, and so two phases are produced. Hence, the change
(physical or chemical) is sharp if a new phase is produced but gradual if the
products are miscible with the original substances. Finally, it is sometimes said
that physical changes are produced by physical or mechanical means, and chem-
ical changes by chemical means. In point of fact chemical changes are produced
by mixing substances, or by heating (producing more violent motion of the mole-
cules), or by using a current of electricity (driving a stream of electrons into a
solution), or by other physical and mechanical means, and no other means exist.
Practical chemistry consists, therefore, in using physical means to produce and
to control chemical change, and to separate and examine the results. Hence,
while studying real chemistry, one is bound to use, and to learn much about,
practical physics.

Where, then, is the line between chemistry and physucs to be drawn? All
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agree that warm solid phosphorus is chemically identical with cold phosphorus.
Nearly 'all scientific men at present assign the study of the melting and the
vaporization of phosphorus and other substances to physics. Some chemists
consider the solution of phosphorus in carbon disulphide or some other solvent
(it is practically insoluble in water), although the material is recovered unchanged
by evaporation of the liquid, as a chemical change. But the great majority
regard this as physical also. If not chemically different, the solid, gaseous, and
dissolved forms of a substance must be classed as mere physical states of aggre-
gation. On the other hand, red phosphorus is held by most chemists to be
chemically different from white phosphorus. Many kinds of matter show as
much variety in form as phosphorus, and some show more.

In solving an ordinary puzzle, we work knowing that some simple solution
exists. When studying nature, we are saved much embarrassment by remember-
ing that, in cases like this, we are not seeking for a clear-cut distinction of whose
existence we are assured in advance. Nature is under no obligation to furnish
easily classifiable facts at all. The limitations of our minds compel us to classify
as far as we are able to do so. On this plan alone can we master the infinity of
detail. But the resulting system exists in our own minds, where it originated, and
not in nature. In the present instance, we are seeking, as always, to make a
distinction for our own convenience. But, at present, the effort to make a final
distinction that can be used consistently causes more inconvenience than the alter-
native of letting the matter rest. The history of previous experiences leads us to
hope that, with fuller knowledge, we shall be able, sooner or later, to construct a
system of classification even for this obscure region. After the distinction has
been made and accepted by chemists, and not till then, will it be possible to explain
it to students.

Summary. — In this chapter we have learned that, while there
are many substances, there is a limited number of entirely different
kinds of matter (elements) into which compound substances can be
decomposed. We have likewise learned that physical properties are
utilized in manipulations, such as filtration and evaporation, as well
as for identifying substances, and that physical attributes are used
for measuring quantities in chemistry and physical conditions for
guiding chemical change. Finally, we have seen that a science is
not a natural, but a manufactured, product, and that the science of
chemistry is still in the making.

Chemical laboratory work consists largely in the separation, recog-
nition, and description of substances. The importance, especially,
of thorough familiarity with specific properties and the influence of
conditions (for example, temperature) to these ehds is shown by the
examples (pp. 28-32). The system of classification as a whole is
part of*the everyday mode of thought of the chemist, for thought
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consists largely in comparing and contrasting, and our system of
classification furnishes the plan of this so far as chemistry is concerned.
Learning chemistry consists, therefore, in large part in learning this
classification and becoming habituated to its use.

The influence of conditions has as yet been barely touched. It
will be dealt with more explicitly as occasion offers. The attribute
of quantity, which has already received some attention (p. 15), will
form the basis of discussion in the next chapter.

It may not be out of place to indicate which are the most important conditions.

The first condition whose influence we are likely to notice in chemical work is
that of temperature. The accelerating effect of rise in temperature on the speed of
all chemical changes (see Chap. VI), and van’t Hoff’s law (p. 321) in regard to the
effect of temperature on the direction of chemical change, describe the most im-
portant characteristics of this influence.

The second condition whose effects we continually observe is that of concen-
tration. This, and not chemical affinity, as many suppose, determines chemical
behavior in the majority of familiar actions. It is described by the law of con-
centration (p. 308), or “mass action,” as it is often inappropriately called to the
great detriment of clearness. DBrin’s method of obtaining oxygen furnishes the
first conspicuous case of the influence of this condition which we shall encounter.
If this and many other examples are passed over without discussion, it is only
because we must wait until much chemical experience has been gained before this
principle can be understood. Pressure is the familiar measure of concentration
in gases.

A third condition of great importance in many — perhaps most — chemical
actions is the presence of a catalytic or contact agent (p. 104).

Exercises.* — 1. What physical properties are used (@) in filtration, (b) in
evaporation, (c) in the separation and identification of the products from heating
mercuric oxide (p. 22)?

2. Describe: (a) a red-hot rod of iron, 10 cm. long by 1 cm. diameter, weighing
58.5 g.; (b) a solution of 5 g. of sulphur in 20 c.c. (26 g.) of carbon disulphide at
18° C. In doing so, divide the description into attributes, conditions, and
properties.

3. Consider the following materials and state whether, so far as you can now
judge, each is a single substance or a mixture: (a) a candle, (b) a cake of soap,
(c) an egg.

* The exercises should in all cases be studied with minute care. They not
only serve as tests to ghow that the chapter has been understood, but very fre-
quently also call attention to ideas which might not be acquired from the text
alone, or assist in elucidating ideas given in the text whichy; without the exercises,
might not be fullv grasned. e
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4. What are the two most direct ways of showing a substance to be a
compound? Illustrate each.

5. If we say that quicklime contains calcium (p. 23), do we mean the element
or the simple substance calcium?

6. What explanation was given, (a) of the disappearance of mercuric oxide
when heated, (b) of the absence of iron and sulphur, as substances, from ferrous
sulphide? Which of the three kinds of explanation was used in each case?

7. Take the chemical action on p. 21, par. 3, and enumerate the physical
properties of the substances beforc and after the chemical change.

8. Define the following terms, and find illustrations of each, other than those
given on pp. 6 and 14: mixture, physical component, chemical constituent.

9. What (a) elements and (b) substances are contained in an aqueous solution
of sodiunf nitrate? Would it be correct to say that the simple substance oxygen
is contained in it? What then is the difference in meaning between the terms
“element oxygen” and the ‘“‘simple substance oxygen’?

10. Color, volume, melting-point, density, temperature, weight, crystalline
form, boiling-point, pressure. In respect to which of these qualities will, (a)
one substance differ from another, (b) onc specimen of the same substance differ
from another, (c) one specimen of the same substance differ at different times?
Give the technical names and uses of the sets of qualities which fall under a, b,
and c, respectively.

11. What properties are essential in order that two substances may be
separated by, (a) evaporation, (b) filtration, (c) distillation?



CHAPTER III
COMBINING PROPORTIONS BY WEIGHT

If we now return to the illustrations of chemical phenomena which
we have been studying (pp. 19-22), we shall find a new question aris-
ing naturally out of them. This is, whether the mass of the ma-
terials is altered, as are the other attributes, in these chemical changes.

Conservation of Mass. — The most painstaking chemical work
seems to show that, if all the substances concerned in the chemical
change are weighed before and after the change, there is no evidence
of any alteration in the quantity of matter. The two weights, repre-
senting the sums of the initial factors and of the products respectively,
are, indeed, never absolutely identical, but the more careful the work
and the more delicate the instrument used in weighing, the more
nearly do the values approach identity. We are able to state, there-
fore, as a law of all chemical phenomena, that: The mass of a system
is not affected by any chemical change within the system.

This statement simply means that the great law of the conserva-
tion of mass holds true in chemistry as it does in physics. Chemical
changes, thoroughgoing as they are in respect to all other qualities,
do not affect the mass; an element carries with it its weight, entirely
unchanged, through the most complicated chemical transformations.

A law, as we have seen (p. 33), is a condensed statement describing some con-
stant mode of behavior. It is simply a summary of our experience. As such, it
is subject to modification when a fact is discovered with which it conflicts. Thus,
it is perfectly possible that we may yet find cases of demonstrable changes in
weight accompanying other physical or chemical changes in a limited system.
Indeed, it has more than once been alleged that such changes have been observed.
It used to be a law that the earth was flat. It is now more correct to say that a
limited area of perfectly level ground is very nearly flat.

The same is true with respect to the law of the conservation of mass. This
principle has no exceptions in everyday chemistry. We can predict with cer-
tainty, however, that ft must fail for certain reaction$ at present beyond our
power. For example, the man who succeeds in reversing Rutherford’s experi-
memnss (p. 24), working back from hydrogen to other elertﬁants, will ind that he
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happened to the remaining 0.032 g.? We shall have to wait until we reach a
later chapter (p. 531) before we are prepared to solve this mystery and justify
the law tn an expanded form.

Superficial observation, as of a growing tree, might seem to give
evidence of the very opposite of conservation of matter. But here
the carbon dioxide gas in the air, the most important source of nour-
ishment for plants, is overlooked.
Similarly the gradual disappearance
of a candle by com-
bustion seems to
illustrate the de-
struction of matter.
But if we insert
sticks of sodium hy-
droxide in a U-tube
(Fig. 16) to catch
the gases which rise
through the flame,
we find that the
gases welgh €VeLl 6. 17. Conservation of

F1a. 16. Conservation of Mass. more than the part ﬁﬁs- C]ll’rf:g;’é'é&f-wﬂ of

Burming of a Candle. of the candle which .
has been sacrificed in making them. When we take account of the
weight of the oxygen obtained from the air which sustains the com-
bustion, we find that there is really neither loss nor gain in weight.
If we carry out chemical changes in closed vessels (Fig. 17), which
permit neither escape nor access of material,* we find that the weight
does not alter.

One way of stating the difference between chemistry and physics is to say that
changes in which both the mass and the identity of the substance are conserved
belong to the latter, while those in which the mass alone is conserved belong to
chemistry.

Law of Definite Proportions. — In the decomposition of mercuric
oxide (p. 22) we find that, for every 100 parts of mercury liberated,
7.97 parts-of oxygen by weight are set free. Using the numbers

* A test-tube half-filledswith a solution of lead nitrate ip water is placed inside
a tightly-stoppered Erlenmeyer flask containing a solution of potassium di-
chromate. The wholesis placed on one scale of a sensitive balance and caref;ﬂly
counterpOised. The flask is then tilted to allow the two solutions to mix.
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commonly employed in chemistry, which represent the same propor-
tion by weight, we have the condensed statement:

Mercuric oxide (433.2) -» Mercury (401.2) + Oxygen (32).

We find also that mercury and oxygen can be made to combine to
form mercuric oxide, and the proportions by weight required are
the same. Moreover, every sample of mercuric oxide, whether
made by combination, or in any of the other possible ways, always
contains this proportion of the two elements. We have already seen
that the oxides of lead and tin contain fixed proportions (p. 15) of
the metal and oxygen and that ferrous sulphide has a constant
composition by weight. The same principle is found to apply to
all ordinary chemical compounds, and is stated in the law of definite
or constant proportions: In every sample of any compound substance,
formed or decomposed, the proportion by weight of the constituent
elements is always the same.

Another form of statement, which is a corollary of this one, and is
applicable more directly to complex chemical actions, is: The ratio
by weight of any one of the factors or products of a chemical change
to any other is constant.

The controversy between Berthollet and Proust, in which the
former denied and the latter affirmed the validity of this law, was one
of the chief features of the chemical history of the early part of the
nineteenth century. The ways of forming or decomposing a com-
pound, or of carrying out a more complex chemical change, may be
varied indefinitely. The apparatus, the mode of experiment, and
the proportions of the materials may be altered at our will. But, up
to 1914, in spite of an enormous amount of careful work, no single
case of variation in the proportion of the constituents actually used or
produced in a given chemical action had come to light. If too much
of one constituent, for example, is taken, a part simply remains
unchanged. A higher temperature may hasten the chemical action,
but it does not affect the quantitative composition of the products,
provided the resulting substances are of the same nature. It was
the work of Stas (1860-65) which settled the question, by proving
that even slight variations could not be detected, and disposed of
Berthollet’s objections. When the composition of a substance seems
to be variable, it is usually found on closer examInation that mechani-
cal mixtures of some kind were being mistaken for pure sub-
stances. ¢ ‘e
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Exceptions to this law, nevertheless, have now been discovered.
Thus, ordinary lead chloride contains lead and chlorine in the propor-
tion 207.2:2 X 35.46. Richards, of Harvard, however, has found that
the lead contained in uranium ores gives a chloride in which the pro-
portion of lead is from 206.1 to 206.8 to the same weight of chlorine.
Honigschmidt and Horowitz found lead from the same general source
to give in some cases proportions as low as 206.05 and 206.06, yet
this lead gave the same spectrum as ordinary lead. Richards found
this lead to have a density slightly lower (11.288) than that of ordi-
nary lead (11.337). Again, Soddy found that lead extracted from
thorium ores gave a chloride containing a proportion of lead higher
than thesordinary ore, namely, 208.4 : 2 X 35.46. There thus ap-
pear to be threc chlorides of lead, having, so far as we know, the
same properties, and being therefore the same substance, yet differing
in composition.

Lead derived from radioactive disintegrations, consequently, en-
ters into compounds, such as lead chloride, in slightly different pro-
portions by weight than does ordinary lead. A number of other
elements have even more recently been shown to exist in two or more
forms (isotopes), which would, if separable, give compounds possess-
ing the same specific properties yet differing in composition. De-
tailed discussion of these points must be deferred to a later chapter
(pp. 528-30). For all practical purposes, it is most important to
note, the law of definite proportions is still universally valid.

Ahove all things, the beginner must be careful not to get the idea that our
scientific laws arc just wild guesses which may have to be discarded at any
moment, and that consequently he is wasting his time in learning them. Pro-
fessor R. A. Millikan, the Nobel Prize winner in physics for 1923, has recently
observed: “One of the greatest contributions of science to life is the discovery
that progress is in general made by the cvolutionary process. There are no
revolutions in science. Einstein does not replace Newton, he merely supple-
ments him. In so far as Newtonian mechanics was a body of experimental
facts, it is eternally true. The whole of Newton is incorporated in Einstein.
Let the revolutionary reformer ponder well that fact.”

Just as Einstein’s theory amplifies our knowledge regarding gravitational
forces, so recent discoveries in chemistry serve only to confirm our belief in the
fundamental validity of the law of definite proportions, re-stated in a more
precise form (see p. 532).

» ’

The Measurement of Combining Proportions. — In a number of
condensegestatements we have given the proportions by weight hf
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the materials combining. It is now desirable that we should know
how the necessary measurements are made. The most exact measure-
ment of the proportions in which the elements combine to form com-
pounds involves manipulations too elaborate to be gone into here.
One or two brief statements, diagrammatic rather than accurate,
will show the principles, however.

If we take a weighed quantity of iron in a test-tube and heat it
with more than enough sulphur (an excess of sulphur), we get free
sulphur along with the ferrous sulphide (p. 21), and no free iron sur-
vives. We may remove the free sulphur by washing the solid with
carbon disulphide. The difference between the weights of the fer-
rous sulphide and the iron gives the amount of sulphur combined
with the known quantity of the latter.

As an example of the study of the combination of a metal with
oxygen, we may weigh a small amount of copper in the form of
powder in a porcelain boat and pass oxygen over the heated metal
until it is completely converted into black cupric oxide (Fig. 18).

={[F =

Fia. 18. Heating Copper in Oxygen.

The formation of cupric oxide takes place rapidly. If we limit the
oxygen, part of the copper may remain unaltered; if we use it freely,
the excess will pass on unchanged. A given welght of copper can-
not be induced to take up more than a certain amount of oxygen,
and use of a less #mount simply limits the atount of copper trans-
formed into oxide. The original weight of the copper, and the in-
cfease in final weight, representing oxygen, give us the data for de-
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termining the composition of cupric oxide. The data furnished by
one roagh lecture-experiment, for example, were as follows:

Weight of boat + copper............................. 4.278 g.
Weight of boat empty . .....................oii.... 3.428 g.
Difference = weightof copper. . ...................... 0.850 g.
Weight after addition of oxygen....................... 4.488 g.
Weight without oxygen........... ... .............. 4.278 g.
Difference = weightof oxygen.. . ......... .... .. 0.210 g.

The proportion of copper to oxygen, so far as this one measurement
goes, is therefore 85 : 21.

The results of quantitative experiments are usually recorded in
the form of parts in one hundred. To find the percentage of each
constituent, we observe that the proportion of copper is 85: 85 + 21,
or &% of the whole. That of the oxygen is 1% of the whole. Thus
the percentages are:

Copper, 106 : 85 ::100 : x z = 80.2
Oxygen, 106 : 21 :: 100 : 2’ z' = 19.8.

Naturally, the mean of the
results of a number of more
carefully managed experi-
ments will be nearer the true
proportion. The percentages
at present accepted as most
accurate are 79.9 and 20.1.

In the case of mercuric
oxide, we may decompose a
known weight of the oxide
(p. 22) and afterwards weigh
the mercury and ascertain the
oxygen by difference.

Finally, a strip of the metal my
magnesium may be set on fire I “'
in the air. It gives out a &
dazzling white light in burn- : =
ing, and on this accqunt the Fio. 19. Heating Magnesium in Air.
powdered metal .is used in *
making flash-light gowder for photography. The product is mag-
nesium ¢%lde, a white substance, which partly rises as a dense smdke
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and partly falls on the ground. In a loosely closed porcelain vessel
(Fig. 19) the metal may be burned slowly, with the help of the heat
from a small flame, and the oxide may be retained. The weight of
magnesium ribbon taken and the increase in weight due to oxygen
give the data for calculating the proportions of the constituents.

The following figures show the results of some experiments like
these, and represent the percentage compositions of the products.
The numbers in parenthesis will be explained presently:

(1) Cupric oxide (2) Mercuric oxide
Copper 79 9 [63 .6 Mercury 92.61 [200 6
Oxygen Oxygen 7.39

(3) Water (4) Chlorine monoxide
Hydrogen 11.19 [2.016 Chlorine 81.8 [70 .92
Oxygen 88.81 16 Oxygen 18.2

Combining Proportions. — The percentages in the above list rep-
resent the true proportions by weight in the various compounds, but
naturally the individual numbers constituting those proportions
have no chemical significance whatever. They are arbitrary values
selected so that the two factors in the proportion may together make
100. Each pair represents the constant ratio which is the mean re-
sult of numerous experiments.

We begin the effort to reduce these numbers to order by selecting
one element as our starting-point, and by taking some convenient
weight of it as the basis. As we shall see, it makes no difference what
choice we make in either respect. To avoid waste of time, we shall,
therefore, use oxygen, as it is the element generally preferred by chem-
ists for the purpose. The reason for this preference will be apparent
later (see pp. 52-3).

We should naturally be inclined to use 1 part of the element as
our basis. But our later steps involve finding out what amounts of
the other elements combine with this quantity, and we perceive
(p. 49) that the amount of hydrogen in the case of hydrogen peroxide
will be only 0.063 parts. If, however, we take 16 parts of oxygen,
this amount of hydrogen is also increased sixteen times and becomes
1.008. As no element is found to combine in smaller proportions
than hydrogen, wg are satisfied that a scale for our numbers based
on 16 parts of oxygen will not involve any values less than 1. The
choice of scale, as will be emphasized repeateqly, is purely one of
eonvenience.
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We now proceed to caleulate from the data given above the weight
of each of the other four elements which combines with 16 parts of
oxygen in the particular compounds listed. From (1) we calculate
this weight of copper, thus, 20.1:79.9 ::16 :x ( = 63.6 parts of
copper). Similarly we find that 16 parts of oxygen combine, in (2)
with 200.6 parts of mercury, in (3) with 2.016 parts of hydrogen, and
in (4) with 70.92 parts of chlorine. Oxygen unites with almost all
the known elements, and these four compounds have been chosen
simply as a sample group.

OXYGEN, 16
] ]|
l I

CoprPER, 63.6 MEercury, 200.6 Hyprogen, 2.016 CHLORINE, 70.92

Now chlorine combines, not only with oxygen, but also with
copper, mercury, and hydrogen, and measurement shows that the
combining proportions are represented, exactly, by the very same numbers
as before. From the two independent facts that 16 parts of oxygen
combine with 63.6 parts of copper and with 70.92 parts of chlorine,
we could not possibly have foretold the proportions in which copper
and chlorine would combine with one another. Yet measurement
shows it to be 63.6 : 70.92 precisely. In the following table the
proportions in which the elements combine with chlorine are placed
under the corresponding parts of the names of the compounds with
chlorine:

Cupric CHLORIDE MEeRcuric CHLORIDE HyDpROGEN CHLORIDE

63.6 : 70.92 200.6 : 70.92 2.016 : 70.92

If additional elements had been included in the group, a combining
ratio could have been found for each, and seeming coincidences of
the same nature would have multiplied rapidly. Thus, sulphur
unites with hydrogen to give hydrogen sulphide. If, to maintain the
same scale, we use 2.016 parts of hydrogen in expressing the propor-
tion, we find that the combining ratio is 2.016 : 32.06. This result
could not enable us to predict the proportion of copper to sulphur in
cupric sulphide, but mgasurement shows it to be 63.6 : 32.06. . Again,
mercury and sulphur unite in the proportion 200.6 : 32.06.

SuLPHUR, with the value 32.06, may therefore be added to the
geries of ‘®dmbining proportions.
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Law of Multiple Proportions. — One other remarkable fact remains
to be noted. There are two different compounds of copper with
oxygen. Cuprous oxide (p. 861), the one not mentioned hitherto,
is found in nature as a dark-red mineral which is entirely different
from cupric oxide (p. 44) in physical properties. It can also be pre-
pared in the laboratory, but not by simply passing oxygen over heated
copper. Now, analysis shows that in cuprous oxide the proportion
of copper combined with 16 parts of oxygen is 127.2. This new
number for copper is not unrelated to the corresponding value in cu-
pric oxide (63.6), for it is exactly twice as great. Again mercury forms
mercurous oxide (see p. 49) as well as mercuric oxide, and in mercu-
rous oxide the proportion of oxygen to mercury is 16 : 401.2. The
proportions of mercury uniting with 16 parts of oxygen are there-
fore 200.6 and 2 X 200.6, and no other proportions are known. Still
again, 2.016 parts of hydrogen unite with 16 parts of oxygen in water
and 1.008 parts of hydrogen (one-half the former quantity) unite
with 16 parts of oxygen in hydrogen peroxide. The fact suggested
by these three examples is a general one. It was discovered by
Dalton (1804) and was embodied by him in a statement known as
the law of multiple proportions, which ran somewhat as follows:
If two elements unite in more than one proportion, forming two or
more compounds, the quantities of one of the elements, which in the
different compounds are united with identical amounts of the other,
stand to one another in the ratio of integral numbers, which are
usually small.

The number of known compounds is so enormous, and there are
80 many instances of the law of multiple proportions in chemistry,
that the first value which we may derive for the combining ratio of
any given element (e.g., copper), by the analysis of only a few of its
compounds selected at random, will obviously not necessarily be
the value which we shall find it most convenient to employ in a final
tabulation, after we have studied the various types of compounds
which contain the element in a more exhaustive manner. Thus,
if we had happened to approach copper by way of cuprous oxide, we
should have deduced the combining proportion 127.2 for the element,
and cuprous chloride would, apparently, confirm this value. In
the case of other elements, such as chlorine or sulphur, as will be evi-
dent from a study ,of the more extended table, presented in the next
section (p. 49), a still more varied selection of values might easily
be, arrived at, according to the pa,rtlcular compounds favored. It

e Yot immnartant #n nnta howovar that in all eurh cneoe Pho lnan of
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multiple proportions invariably applies exactly, and that although the
first value chosen for the combining ratio of an element may later be
modified, such modification must be limited to a multiplication or a
division of this value by a simple small integer, and can never result
(unless the scale is changed) in a number entirely unrelated to the
original selection.

For example, the basic number for expressing the combining pro-
portions of chlorine in all the compounds listed in the following table
is given as 35.46, whereas the first compounds of this element exam-
ined in the previous section suggested the value 70.92, or 2 X 35.46.
The thoughtful student will undoubtedly be puzzled as to the explan-
ation of this change, and may quite fairly put the question: “What
reason have we for expressing the combining proportions of the ele-
ments in hydrogen chloride as 1.008 : 35.46 rather than as 2.016 :
70.92 (see p. 47)?” The preferred method of presentation becomes
still more provoking when the combining proportions given for the
constituent elements of hydrogen peroxide (2 X 1.008 : 2 X 16) and
of sulphur monochloride (2 X 32.06 : 2 X 35.46) are noted. Again
the question will arise: “ Why are not the simpler ratios 1.008 : 16
and 32.06 : 35.46 used instead?”’

The answer to these and other questions will be developed in subse-
quent chapters (pp. 197-209). For the present, the beginner must
be satisfied by the statement that the values selected, apparently in
a perfectly arbitrary way, are those which are actually employed by
chemists in all their work. It is clearly advisable, therefore, that he
should become accustomed to using them at once. Alternative val-
ues which would suit the immediate argument just as satisfactorily
would be merely a source of confusion later, and the various reasons
which justify the preference for the numbers here chosen will be fully
discussed as soon as opportunity arises.

The Law of Combining Proportions. — The reader should now ex-
amine carefully the following table of combining proportions. It
includes all the compounds made up of pairs of the six sample ele-
ments under consideration, so far as the existence and composition
of such compounds have been determined with certainty.

Cupric oxide Mercuric oxide Hydrogen monoxide (water)
63.6 : 16 *200.6 : 16 2 % 1.008 : 16
Cuprous oxide » Mercurous oxide Hydrogen peroxide

2 X 635 :16 2 %X 200.6 : 16 2 % 1.008 : 2 X 16’
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Cupric sulphide Merecuric sulphide Hydrogen sulphide*

63.6 : 32.06 200.6 : 32.06 2 X 1.008 : 32.06
Cuprous sulphide Mercurous sulphide Hydrogen chloride

2 X 63.6 :32.06 2 X 200.6 : 32.06 1.008 : 35.46
Cupric chloride Mercuric chloride Sulphur sesquioxide

63.6 : 2 X 35.46 200.6 : 2 X 35.46 2 X 32.06:3 X 16
Cuprous chloride Mercurous chloride Sulphur dioxide

63.6 : 35.46 200.6 : 35.46 32.06 :2 X 16
Chlorine monoxide Sulphur monochloride Sulphur trioxide

2 X 35.46 : 16 2% 32.06:2 X 3546 32.06:3 X 16
Chlorine dioxide Sulphur dichloride Sulphur heptoxide

3546 :2 X 16 32.06 : 2 X 35.46 2 X 32.06:7 X 16
Perchloric anhydride Sulphur tetrachloride

2 X 3546 :7 X 16 32.06 : 4 X 35.46

It will be observed that the same number serves always to express
the combining proportions of a given element, provided that multi-
plication by an integer is permitted when necessary. There are also
some combinations of three of the same elements in one compound.
But even in such cases the fundamental numbers still reappear.
Thus oxygen, chlorine, and hydrogen combine in the proportions:

16:35.46 :1.008, 3 X 16:35.46:1.008, and 4 X 16 :35.46 : 1.008.

Nor is the recurrence of a fundamental number an exclusive property
of the six elements we have chosen for illustration. A vast table
containing every known element, and every compound of every ele-
ment, if prepared in the same way as that given above (by starting
with a fixed number for one element and calculating the combining
proportions in all the compounds with this number as a basis), would
show that every element uses an individual, fundamental number,
or integral multiples of this number, in every one of its combinations.
No exceptions to this rule would be found in the whole mass of data
except in a case such as radioactive lead (p. 43).

These relations become clearer when represented diagrammatically.

*1t may be noted here that several unstable compounds of hydrogen and
sulphur are known, i[.l which the combining proportigns by weight of the two
elements are represented by integral multiples of the respective fundamental
values 1.008 and 32.06. These compounds are not inch‘ded in the above table
for*space considerations. ~
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Thus the five elements, omitting oxygen, give the following com-
pounds and no others:

1.2
1:2 1:1
Copper———l 1——Sulphur——1:1—Mercury —1: 2—Chlorine—1: 1-—Hydrogen
(63.6) (32.06) (200.6) (35.46) (1.008)
2:1 2:2
1:2-
1:4—
’ 1:2
1:1

It will be observed that hydrogen forms stable compounds with only two of
the other four elements in the series. If, however, oxygen had been included,
compounds of oxygen with all the other five would have demanded recognition.
This illustrates the reason given below for the preference of oxygen as the funda-
mental element.

The law of combining proportions may be put briefly thus: In every
compound substance, the proportion by weight of each element may
be expressed by a fixed number, one for each element, or by a multi-
ple of the number by some integer (whole number). It describes
what is perhaps the most striking of all the characteristics of chemi-
cal action. Clearly it does not apply to mixtures, for any irregular
proportion could be used in the physical process of mixing.

It is, perhaps, hardly necessary to point out that the law of multlple pro-
portions is simply a partial statement whose whole content is included in this
far greater generalization. No one chemist succeeded in discovering this property
of combining proportions. The work of J. B. Richter, Dalton, and many others
contributed to it.

Most of the first exact determinations of combining proportions were made by
Berzelius before 1830. It should be added that, while the individual fundamen-
tal numbers for the various elements, with the exception of that of oxygen which
is the standard, are never actually whole numbers (although they remarkably
often approach such integral values), the integers used to multiply them, when
they are employed to express combining parts by weight, are so most exactly.
Even in determinations by methods of the highest refinement, the factors to be
used in multiplying the co'mbining proportions are never found to diverge from
whole numbers by amounte exceeding the known errors of the method of
measuremens. b4
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The law of combining proportions has a corollary — misnamed the
law of reciprocal proportions — which we shall merely state here: If
three elements A, B, and C combine together in pairs, then the quantities
of A and of B that combine with a fixed quantity of C bear a simple
relation to the quantities of A and of B that combine with one another.

Reéxamination of Combining Proportions. — If the reader will now
reéxamine carefully the way in which the data were handled, the
following significant facts will be noted:

1. Oxygen was made the starting-point of the system and the value
16 was assigned to it as a fundamental combining number.* Had a
different value been used, all the numbers would have been different.
But the change would have affected all the numbers in the same pro-
portion and so only the scale of the numbers would have been changed.
An individual combining number, one for each element, would have
still recurred wherever the element itself appeared.

2. Even use of another element as the initial one would not have
prevented the discovery of the law. Thus with hydrogen as the ini-
tial element, and the value 1.008, no change whatever would have
been noted. With a different value for hydrogen (such as 1 or 100),
a change of scale in all the numbers would have followed, but indi-
vidual combining values would have appeared just as certainly as
before.

The importance of the fact described in the law of combining
proportions cannot be emphasized too strongly. Without this fact,
the remembering of the compositions of chemical substances, neces-
sary as it is to the chemist, would have been completely beyond the
power of any ordinary memory. With it, the task becomes compara-
tively simple. It is only necessary to decide on the best system of
values for the combining proportions, and then, regarding the value
of this for each element as the unit of weight for that element, to express

* Oxygen was chosen as the basis of the system because the exact deter-
minations of the combining proportions of most of the elements have actually
been made by direct union with oxygen or with the help of but one intermediate
step. If the question had been one of mathematics, hydrogen, the element
with the lowest combining proportions, would have furnished the basis and
unit of the scale. But the question was the practical one of getting the most
accurate measurements for the relative magnitudes gf the numbers, so oxygen
was chosen instead. Nevertheless, the value 16 was selected in order that the
advantage of having a mathematical unit, or something, close to it, in the com-
biking proportion of hydrogen, might be retained also. .
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the proportions of the element in every compound by the proper
multiplés. Thus, given a list of the combining numbers, one for each
element, only the small integral multiples have to be kept in mind in
connection with each compound.

The reader will require a little time, however, before he becomes
accustomed to the use, not of a single unit of weight, but of a different
one for each element. Chemistry is the only science in which the
physical unit of weight, which is the same for all materials, is not
employed for every purpose. The physical manipulations of the
chemist are carried out with the use of physical units, but the chemi-
cal results are expressed in terms of individual unit quantities of the
several elements, the combining proportions by weight.

In the historical development of the science, it must be mentioned,
the usual basis for expressing the combining proportions of the ele-
ments in their compounds has been either oxygen = 8 or hydrogen
= 1. Some of the advantages of an oxygen over a hydrogen scale
have already been discussed. The reasons for the employment of
the scale oxygen = 16 in preference to the scale oxygen = 8 will
appear in the course of subsequent chapters (see pp. 201-5).

The term “combining weights”’ has also been considerably used in
the past as an abbreviation for ‘“‘combining proportions by weight.”
The employment of this contraction has been discarded here, be-
cause of the opportunities which it offers for confusion later with the
terms “atomic weights”’ and “equivalent weights.”” These two latter
terms, as we shall see, are essentially referred each to a single basis,
and neither has any meaning in chemistry apart from its fixed basis.
The law of combining proportions, on the other hand, is fundamen-
tally independent of the basis selected, as has been emphasized re-
peatedly in the preceding sections. It is true that we have, for
reasons of convenience, utilized the scale oxygen = 16 in illus-
trating and discussing the law, but the law would be just as valid,
and just as important, on any other scale, with any other element
as a standard. It deals with the “proportions by weight” in
which elements combine, not with the weights themselves. As
soon as we go beyond the mere consideration of proportions and
deliberately limit ourselves to a single scale, we have left the field
of combining proportions and entered the domain of atomic and
equivalent weights. The use of the term “combining weigh
tends to leave the student stranded half-way *between the two
fundamentally distinet ideas, and its continuance is therefore ngt
to be recinmended.
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Exercises. — 1. For the purpose of recording the results of quantitative
experiments, why do we prefer percentages (p. 45) to the actual weights
themselves?

2. To test the correctness of the statements on p. 52, take mercury as the
basal element and 250 as its combining proportion by weight, and work out
from the data on pp. 49 and 50 the corresponding combining proportions of the
other five elements. Then show that the values obtained have the same
fundamental property as have those listed in the table on p. 51.

3. Show how the five oxides of nitrogen tabulated below illustrate the law of
multiple proportions:

Compound Percentage Composition
Nitrous oxide Nitrogen 63.63 Oxygen 36.37
Nitric oxide “ 46.67 “ 53.33
Nitrous anhydride “ 36.84 “ 63.16
Nitrogen tetroxide “ 30.44 “69.56
Nitric anhydride “ 25.93 “ 74.07

4. Show how the following oxides of iron illustrate the law of multiple
proportions:

Iron (223.36) + Oxygen (96) — Ferric oxide (319.36)
Iron (167.52) + Oxygen (64) — Magnetic oxide of iron (231.52)

5. Calculate the percentage compositions of (a) ordinary lead chloride, (b)
lead chloride prepared from uranium-lead with a combining proportion of 206.1
on the basis oxygen = 16, (c) lead chloride prepared from thorium-lead with a
combining proportion of 208.4 on the same basis (see p. 43).

6. Show how the following reactions illustrate the law of reciprocal proportions:
(a) Zine (65.37) + Sulphur (32.06) — Zinc sulphide (97.43); (b) Zinc (130.34) +
Oxygen (32) — Zinc oxide (162.34); (c) Sulphur (32.06) 4 Oxygen (32) —
Sulphur dioxide (64.06).

7. Show how the following reactions illustrate the law of reciprocal proportions:
(a) Iron (222.36) + Oxygen (96) — Ferric oxide (319.36); (b) Iron (55.84) +
Sulphur (32.06) — Ferrous sulphide (87.90); (¢) Sulphur (32.06) 4- Oxygen
(22) — Sulphur dioxide (64.06).



CHAPTER IV

THE ATOMIC THEORY. ATOMIC WEIGHTS AND
CRYSTAL STRUCTURE

Explanation of the Law of Combining Proportions: Atoms and
Molecules. — To explain the law of combining proportions by weight
it was found necessary to use the third kind of explanation (p. 34),
namely, the making of a hypothesis. The details of how two sub-
stances combine cannot actually be seen, so chemists had first to
imagine, and then to justify by experiment, some postulates which
would account for the possession of an individual fundamental
number by each element in all its compounds. If oxygen, for ex-
ample, is composed of minute, tnvisible particles, which are all alike
in weight, and hydrogen, sulphur, and the other elements are of the
same nature, except that the weight of the particle of each kind of
element 1s different, we have the basis of an explanation. We have
to suppose, further, that, when elements combine, the individual
particles adhere in pairs or groups, or arrange themselves in a regular
pattern, as wholes, and are never broken. In this way the particle of
each variety of elementary matter will have a definite, unchangeable
weight, which will be one of its fixed properties. If the relative
weights of the particles of oxygen, copper, and hydrogen are in the
proportion of the numbers in the table on p. 49, namely, 16 : 63.6 :
1.008, the whole situation becomes clear. Chemical union must
consist, in detail, in the codrdination of the particles of the elements
to form the particles of the compound. For each particle of cupric
oxide (p. 46) the proportion 63.6 : 16, or one particle of copper (63.6)
to one particle of oxygen (16), is required.

For each particle of water, where the proportion of oxygen to
hydrogen is 16 : 2.016 (or 2 X 1.008), evidently one particle of oxy-
gen and {wo particles of hydrogen are necessary. Varying, inter-
mediate proportions are impossible, because the particles of the
elements are permanent, are never broken, and combine as wholes,
and in a uniform way through the mass. The only possible variation
would be to take diff@rent relative numbers of the particles — for
example, two of oxygen to two of hydrogen (2 X 16 :2 X 1.008).
But this .product wbuld have a different composition from water,
and would not be water. This compounq, with the double propor-

* 55
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tion of oxygen, is ndeed known (it is hydrogen peroxide), and is the
only other known compound of these two elements.

This theory fully explains why the combining proportions of each
element, in different compounds, can always be expressed by a fixed,
unit number (which represents the relative weight of the ultimate
particle of that element), multiplied, when necessary, by a whole
number (representing the number of particles of the element required
to form a particle of the compound in question).

This explanation was first offered by Dalton, a schoolmaster of
Manchester, in 1802. Borrowing an idea from the speculations of
the Greek philosophers, he called the particles of elements atoms
(Greek, &ropos, not cut, or not divided). The atoms of any one ele-
ment are all alike in weight, as well as in other properties, but the
atoms of different elements differ in weight. The particles made by
uniting two or more atoms, as in forming a discrete particle of a
compound, are called molecules (diminutive of Latin moles, a mass).

The chemical combination of two simple substances apparently
consists, then, in an elaborate re-grouping of the atoms of both ele-
ments so that molecules of the compound are formed. Definite
proportions by weight are required, in order that the atoms of each
element may be available in the correet proportion, 1 atom : 1 atom
orl:2or2:3, or in some similar, usually simple ratio.

This explanation is called the atomic theory. For long it remained
a mere hypothesis. Recently, however, we have obtained several
independent proofs that molecules and atoms are real, for we can
now count and weigh the individual particles, and we even know
something of the inside structure of atoms. The fundamental num-
bers, one for each element, being the relative weights of the atoms
on the basis Oxygen = 16, are called atomic weights.

Atomic Weights. — The following list shows the accepted atomic
weights for all the elements whose combining proportions by weight
we have been discussing in the last chapter, along with one or two
others, added by way of furnishing a fair sample:

Element. %ﬁ;’ﬁf Element. %'gﬁl'f

Oxygen . . . . . .. 16 Iron . ... .... 55.84
Copper . . . . . .. 63.57 Magnesium . . . . . . . 24.32
Sull;)‘l)mr ...... ¢, .| 32.06 Carbon .¢. . . . . .. 12 00
Mercury . . . . . .. 200.61 Aluminium . . . . . . 26.97
Chlorine. . . . . . . . 35.46 Sodium . . . ... .. 23.00
drogen . . . . . . 1.008 Bromine . .. . . . . .| 79.92
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These values, it must be noted, all refer to the fixed basis oxygen =
16, and Hlave no significance apart from that basis. A complete
list of the atomic weights for all the known elements is given in a
table inside the rear cover of this book. These numbers will here-
after be in constant use.

Frequently, as in the above list, we shall employ approximate
values which do not carry the atomic weights for certain elements
to the last place of decimals given in the table on the rear cover.
This latter table presents the figures recommended by the Interna-
tional Committee on Atomic Weights in its 1925 Report as the most
probable values, based on the results of the most accurate analytical
determinatfons. It is always possible that later experimentation
will demonstrate some unsuspected error, even in a long-accepted
value, so that for illustrative purposes the rounding-off of the last
figure is quite legitimate.

To the reasons already given for the choice of oxygen as the funda-
mental element, and the value 16 for its atomic weight, one other
may now be added. The majority of the atomic weights, calculated
on this basis from the experimental results, fall so close to being
integers that the nearest round numbers are exact enough for ordinary
use. Thus in the above list seven of the twelve atomic weights are
within 0.1 of the nearest whole number. This convenience disap-
pears when, for example, hydrogen with the value 1 (instead of 1.008)
is made the basis. Recent work on the ‘“‘complexity’ of elements,
it may be noted, has given further justification of our choice of the
oxygen standard here adopted (see pp. 530-1).

As we have seen, the chemist does not use a single unit of weight
(the gram), as does the physicist. He employs a different unit of
weight (the atomic weight) for each of the ninety known elements.
This does not represent an arbitrary decision of the chemist, how-
ever. It is due to the fact that the atoms of any one element have
the same weight, but that the atoms of different elements have differ-
ent weights. The atom of uranium is 238 times as heavy as that of
hydrogen, and its combining proportions, therefore, are in general
greater in the same ratio, while the atoms of the other elements have
weights falling between these limits.

In one important detail the original theory of Dalton lgas lately been found
to be inaccurate, namely in postulating that atoms of the same element are all
alike in weight. Many elements, in point of fact, have been shown to contain
two or morodistinct kinds of atoms, identical in their general chemical propertids,
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but differing essentially in mass. Such varieties of the same element are called
igotopes. Thus chlorine consists of an intimate mixture of two isotopes of mass
exactly 35 and of mass exactly 37, in such proportions that the average atomic
weight is 35.46. This point will be discussed more fully in a later chapter (see
p. 530). At the present stage it will suffice to mention that, inasmuch as all
naturally-occurring chlorine has exactly the same average atomic weight, and
no method for the large-scale separation of the two isotopes has yet been devised,
we may continue to use, in our ordinary chemical work, 35.46 as the atomic
weight of chlorine and may still regard our fundamental chemical laws, such as
the law of definite proportions (p. 42), as valid in all of their practical applications.
The case of radio-active lead, where the proportions in which the isotopes are
present differ from those in which they occur in ordinary lead (see p. 43), con-
stitutes thus far the single well-established exception among the common elements.

A Warning. — From what has been said in the last chapter (p. 49),
it will be evident to the student that the values selected for the various
atomic weights have not thus far been fully justified.

No facts discussed in the preceding paragraphs can enable us to
come to any final decision upon the relative weights of the atoms.
Some of the lines of attack will be developed in the following sections
(see below). In a later chapter (Chap. XI), additional facts will
be encountered which enable us to confirm our preliminary conclu-
sions. The reader must, therefore, for the present accept the atomic
weights and use them, pending the presentation of proofs that they
are correct. The step from combining proportions to atomic weights
is taken before the justification of it can be given, because otherwise
formule (see next chapter), which are based on atomic weights,
could not be used in the earlier chapters, and so the advantages
their employment offers would be sacrificed.

The most usual and important methods for determining atomic
weights involve the employment of the gram-molecular volume, a
conception which will not be introduced until a later chapter
(p. 192). We shall accordingly content ourselves at this point with
the brief description of an alternative method, the law of Dulong
and Petit.

Dulong and Petit’s Law, a Simple Means of Determining Atomic
Weights. — It was first pointed out (1818) by Dulong and Petit, of
the Ecole Polytechnique in Paris, that whengthe atomic weights of
the elements were multiplied by the specific heats of the simple sub-
stances in the solid condition, the products were approximately the
same in all cases. In other words. the specific heats ar& inverselv
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proportional to the magnitudes of the atomic weights. The follow-
ing table; in which round numbers have been used for the atomic
weights, shows that the product lies usually between 6 and 7, aver-
aging about 6.4:

Atomic Prod- Atomic Prod-

Element. Wt. Sp Ht. uct. Element. Wt. Sp. Ht. | uct.
Lithium . . 6.9 | 0.94 6.6 Iron ..... 55.8 | 0.112 | 6.3
Sodium . . 23 0.29 6.7 Zine . . . . . 65.4 { 0.093 | 6.1
Magnesium . 243 | 0.245| 6.0 Brormne (Solid) | 79.9 | 0.084 | 6.7
Silicon . . 28.1 | 0.16 4.5 Gold . 197.2 | 0.032 | 6.3
Phosphorus Mercury (Solid) | 200.6 | 0.0335] 6.7
(White) - 31 0.20 6.2 Uranium . . 238.2 | 0.0276| 6.6

Another way of expressing this law will give it greater chemical
significance. The specific heats are the amounts of heat required
to raise one gram, that is, one physical unit, of each element through
one degree. When we multiply this by the atomic weight, we ob-
tain the amount of heat required to raise one gram-atomic weight of
the element, that is, one chemical unit, through one degree. The
values of this product (the “atomic heat’”) are approximately equal.
Since there are equal numbers of atoms in one gram-atomic weight
of each element, it follows that: Equal amounts of heat raise equal
numbers of atoms of all elements in the solid state through equal
intervals of temperature.

The law of Dulong and Petit, formerly regarded as purely em-
pirical, is now theoretically established, and may be used for fixing
the atomic weight of an element of which no volatile compounds are
known (see p. 203).

The conspicuous exceptions occur among the elements with low atomic weights
.only. The products for four of these, the atomic weights being given in paren-
theses, are as follows: Glucinum (9), 3.7; boron (11), 2.8; carbon (12), 1.7; and
gilicon (28.1), 4.5. Further investigation shows, however, that in the case of
precisely these elements the value found for the specific heat under constant vol-
ume, which is the property strictly concerned, varies very markedly, even at or-
dinary temperatures, with the temperature at which the specific heat is measured.
Their specific heats become rapidly greater the higher the temperature, approach-
ing a constant normal value at high temperatures. Thus at 985° the specific heat
of the diamond (carbon) is 0.45, which when multiplied by the atomic weight gives
the product 5.5. So thateven the exceptional elements tend to come into line
when the specific heat is measured at higher temperatures —and Dulong and
Petit’s statement has been shown by later investigators to be necessarily limited
to such teniperatures,
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The Properties of Solids. — The fact, noted in the preceding sec-
tion, that equal amounts of heat raise equal numbers of atoms of all
elements in the solid state through equal intervals of temperature
leads us to consider at this point the general structure of matter in
the solid state.

True solids are sharply distinguished from liquids by their crystal-
line forms.

A crystal arises by growth. When the process is watched, as it
occurs in a freezing liquid or an evaporating solution, the slow and
systematic addition of the material in lines and layers, as if according
to a regular design, is one of the most beautiful and interesting of nat-
ural phenomena. The fern-like patterns produced by ice on a win-
dow-pane show the general appearance characteristic of crystalliza-
tion in a thin layer. A larger mass in a deep vessel gives forms which
are geometrically more perfect. From its very incipiency the crys-
tal has the same form as when, later, its outlines can be distinguished
by the eye. Hence the outward form is only an expression of a spe-
cific internal structure which the continual reproduction of the same
outward form on a larger and larger scale leaves as a memorial of
itself in the interior.

Crystalline form is so continually used in identifying (p. 28) the
substances produced in chemical actions that a list of the kinds of
forms which occur will assist in giving definite meaning to our de-
scriptions.

The classification of crystalline forms is carried out according to
the degree of symmetry of the crystals. Thirty-two distinct classes
are distinguished, but for our purpose a rougher division into six
groups will suffice. These groups are known by the following names:

1. Regular system. 5. Monosymmetric,or monoclinie,
2. Square prismatic system. system.
3. Hexagonal system. 6. Asymmetric,or triclinic,system.

4. Rhombic system.

The regular system presents the most symmetrical figures of all.
Some forms which commonly occur are the octahedron (Fig. 20)
shown by alum, the cube (Fig. 21) affected by common salt, and the
dodecahedron (Fig. 22) frequently assumed by the garnet.

The square pris(matic system includes less s.ymmetrical forms than
the previous one, since the crystals are lengtheped in one direction.
Fig. 23 shows the condition in which zircon, which furnistes us with
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the basis of certain incandescent illuminating arrangements, occurs
in nature. The form of ordinary hydrated nickel sulphate is similar

to this.
Fra 20 Octahedron Fia 21, Cube Fis 22, Dodecahedron
(Alum). (Sodium Chloride) (Garnet).

The hexagonal system, like the preceding, frequently exhibits
elongated prismatic forms, but the section of the crystals is a hexagon
instead of a square, and the termination is a six-sided pyramid.
Quartz (Fig. 24), or rock crystal, is the most familiar mineral in this

56 ¢

Fia. 23. Square Prismatic Fia. 24. Hexagonal Fi1a. 20 Scalenohedron
(Zircon). (Quartz). Calaite).

system. Calcite, which is chemically identical with chalk, or marble,
takes forms known as the scalenohedron (Fig. 25) and rhombohedron
(Fig. 26), which are classified in a subdivision of this system. In-
deed, recently it has become common to erect this into a separate
system (the trigonal), in which both quartz and calcite are included.

S o= |

Fia. 26. Rhombohedron Fra. 27, Rhombnc Fiq. 28. Rhombic
(Calcite). (Pot Per: ). (P Nitrate).

The rhombic systen? includes the natural formg of the topaz, and
of sulphur (Fig. 7, p.-19), as well as those of potassium permanganate
(Fig. 27),.potassiun? nitrate (Fig. 28), and many other substances.
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These crystals exhibit a good deal of symmetry, but their section is
always rhombic, and hence the name.

The monosymmetric system exhibits forms which have but one
plane of symmetry. Gypsum (Fig. 29), which is hydrated calcium
sulphate, and felspar (Fig. 3, p. 4) are minerals possessing forms of
this kind. Tartaric acid, rock candy (Fig. 30), potassium chlorate,
and hydrated sodium carbonate (washing soda) belong to this system.

F1a. 29. Monosymmetric (Gypsum). F1a. 30. Monosymmetric (Rock Candy).

The asymmetric system includes forms which have no plane of
symmetry whatever. Blue vitriol (Fig. 86, p. 182), the ordinary
hydrate of copper sulphate, is one of the most familiar substances of
this kind.

The forms of crystals which we may actually make seldom cor-
respond exactly with the figures. If we allow a crystal to grow upon
the bottom of a vessel, for example, it will usually have a tendency to
spread itself out parallel to the surface of the glass, and when taken
up for examination, will be found to present a somewhat distorted
form. By changing, at frequent intervals, the face on which the
crystal stands, however, uniform growth in all directions is secured.
Hanging a small crystal by a thread insures almost ideal develop-
ment. Yet the form even of distorted crystals can readily be recog-
nized by suitable means. The shape of the faces may indeed be
extremely misleading. We find, however, that the angles at which
the faces meet are always the same, whatever disproportionate
growth may have occurred in the development of the crystal.

Since, in general, each substance has a form of its own, no other
substance, as a rule, can be used even partially in building up the
crystal (see, however, Isomorphism). This fact is taken advantage
of in order to separate chemical substances from impurities. The
impure body is first dissolved in some solvent The preponderating
substance in the thixture, unless it is very much more soluble than
the impurity, will then usually give pure crystals while the foreign
bédy remains in solution.



THE ATOMIC THEORY 63

As the above would lead us to expect, the study of crystallized substances
shows that,their peouliarities are not confined to the outside layer. The outline
‘epresents a certain structure which permeates the whole mass. In crystals of
’he regular system, many of the ordinary physical properties are the same as
shose of an amorphous substance, like glass. For example, if we turn a sphere
out of crystallized salt and hang it in pure water, we find that solution takes
slace at a uniform rate all over the surface. This is not the case, however, with
jubstances from any of the other systems. Spheres cut from substances belong-
ng to the second and third systems would dissolve more, or less, rapidly in the
lirection of the chief axis than in any other direction, and so ellipsoids of
‘evolution would quickly be produced. In the other three systems, more complex
‘orms would result.

The tenacity of crystals, to whatever system thcy may belong, is different in
lifferent directions. Thus, a crystal of salt has a cleavage parallel to any of the
‘aces of the cube, and, therefore, splits most easily in one of three directions at
ight angles to each other. Calcite, whatever the outward form of the crystal,
lways cleaves so as to give a rhombohedron. Fluorite (p. 725), although almost
ilways cubical in form, splits when broken so as to give an octahedron.

The behavior of crystals towards light is also extremely interesting. The rate
1t which light moves through crystals of the regular system is the same in all
jirections. In other crystals, however, we find that it moves with a different
speed in different directions, the variations in speed being likewise related to the
>utward form. Finally, if a thin slab of rock salt is covered with wax and the
point of a heated cone of metal is placed in the center, the wax melts uniformly
n a circle around the point, indicating that the heat is conducted with equal speed
n all directions. The way in which theslab has been cut with reference to the
surface of the crystal, in the case of substances of the first of the above systems,
has no effect upon this result. In all other cases, however, the zone of melting
wax is in general elliptical, or even more complex in form, according to the
system to which the substance belongs and the direction in which the slab
has been cut.

The shapes of gems must not be confused with crystalline forms.
The original crystals are cut and polished to a new form specially
adapted to increase the ornamental value of the stone by causing it
to reflect more light (see Diamond). Again, glass is apparently solid,
yet it has no structure or form of its own. The word “crystal”
applied to cut glass would therefore be misleading if taken literally.

Substances such as glass, which do not exhibit any specific crystal-
line form, although commonly called solids, are strictly speaking
still in an extremely viscous liquid state (see p. 665). In such sub-
stances, as in liquids ald gases, the cohesive forces’between adjacent
particles are exercised equally in all directions, with the result that
the particlcs are all in haphazard, unordered positions relative to oile
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another and no particular arrangement in space persists. Sub-
stances of this character are therefore called amvorphous (Greek,
without form). In crystals, on the other hand, since each substance
shows an individual structure, the forces between adjacent particles
must be exercised in definite directions.

Crystal Structure. — Exterior crystal form, as we have seen, is a
specific physical property which is of great service in the recognition
of a substance, and a whole distinct science — crystallography —
is devoted to its study. In chemistry itself, however, interest in
recent years has centred upon the interior arrangement of the par-
ticles which compose the crystal lattice.

The fact that crystals possess definite planes of cleavage has long
been taken to indicate that these particles are arranged in a regular
pattern in each crystal.

The study of the effect of
certain crystals on ordinary
light has brought up some

= interesting points, such as
Fia. 31. Double Refraction (Calcite). double refraction (exhibited by
calcium carbonate, Fig. 31).
No final information regarding the arrangement of the particles in
the interior of a crystal was obtained, however, until X-rays were
utilized instead of visible light.

C’alhode/}uys eAnode

F1a. 32. X-ray Tube.

The production‘of X-rays takes place as follows: In an evacuated
tube, through which an electric discharge is passed (Fig. 32), the
‘4ays” emanating from the cathode (cathode rays) strilkee the anti-
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cathode and the glass beyond it. Cathode rays were discovered by
Sir William Crookes (1878), and later were shown to consist of par-
ticles of negative electricity or electrons, each having a mass about
18%v of that of an atom of hydrogen (see p. 520). They reproduce
in the glass a greenish-yellow, fluorescent light. Réntgen (1895)
accidentally discovered that this light (X-rays) penetrated paper,
flesh, and other materials composed of elements of low atomic weight
and acted upon photographic plates.

~

SI 3”

Fi1a. 33. Laue Method for the Determination of Crystal Structure.

‘Chw b2an) of X-rays, after passing through pin-holes in the lead sheets S’ and S, is broken up
by the crystal C into a diffraction pattern, registered on the photographic plate at D.

Visible light, X-rays, and wireless electric waves are all vibrations
.of the same nature in the ether. They differ only in wave-length,
the order of the wave-lengths being 10~* em., 10~% ¢m., and 10° cm.
(1000 meters), respectively. Now, just as the spectrum of visible
light is obtained by using a grating, on which the rulings are sepa-
rated by distances of the order of the wave-length of such light,so
ordinary crystals give spectra of X-rays, because they are composed
of particles arranged in rows about one thousand times closer and
so form a suitable grating for X-rays. This fact was first discovered
by Professor Laue of the University of Zurich (1312).

Laue’s method for determining the arrangement of the particles
in any given crystalsconsists in directing a small pencil of X-rays
through a thin film of the crystal in a direction parallel to an axis
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of symmetry and then allowing the rays to impinge on a photo-
grg,phic plate, when a diffraction pattern of the crystal lattice is ob-
tained (Fig. 33). Drawings from two typical Laue photographs,

Fia 34. A Laue Photograph of Rock Salt Fia. 36. A Laue Photograph of Titanium Dioxide

obtained in this way with crystals of rock salt (sodium chloride) and
rutile (titanium dioxide) respectively, are shown in Figs. 34 and 35.
Each spot in a Laue photograph represents the reflection of the X-
rays by a certain plane of the crystal lattice, and while the diagrams

44 S
4 c
4

P RN P
P ~ »

F1a. 36. Bragg Method for the Determination of Crystal Structure.

are exceedingly intricate (since the diffraction grating is three di-
mensional) in most cases it is possible to calculate from the positions
of the spots the ultimate crystal structure. e

For practical purposes, Laue’s original method received a valua-
ble supplement in 1914 in the reflection method of Bragg (Fig. 36),
in which a beam (4) of X-rays of definite wave-length A 1s directed
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at an angle upon a face of the crystal. Successive planes of particles
(p) reflect the rays, and it will be noted that the deeper a ray pene-
trates into the crystal before reflection occurs, the farther it must
travel before it reaches an outside point C, where the reflected beam
can be examined. The actual extra distance travelled, for each
plane which is penetrated, is 2d sine 8, where d is the distance be-
tween the planes and 6 the angle of incidence of the beam on the face
of the crystal. Now if 6 is such that this distance, 2d sine 6, is equal
to the wave-length \ of the beam employed, or is an integral mul-
tiple of this wave-length, then rays reflected from different planes
will reinforce one another, crest to crest and hollow to hollow, whereas
for all other values of 6 the reflected waves will not fit exactly, and
the different phases will consequently tend to neutralize each other.
By noting the reflection-angles, therefore, for various planes of the
crystal, the elucidation of the arrangement of the particles in space
is a comparatively simple matter.

If a large crystal of the substance to be analyzed is not available,
then a third method — the powder method devised independently
by Debye and Scherrer and by Hull — must be employed. In this
method a narrow beam of X-rays of definite wave-length is passed
through the finely powdered substance, pressed into a small cylinder.
The minute crystals being in complete disorder in the compressed
mass, a number of crystal faces will be in the positions of their reflec-
tion angles, and the reflected rays produce a pattern of fine lines
upon a photographic film surrounding the cylinder. From the posi-
tions and intensities of these lines it is possible to calculate the
lattice structure of the particles composing the crystal.

Some Examples. — A few of the simpler results obtained by these
methods may now be presented. A great many elements and com-
pounds have been found to exhibit the most symmetrical of all ar-
rangements, the cubic lattice. There are three ways in which atoms
may be located in three dimensions to give a lattice of this elementary
type, and these three ways are illustrated in Figs. 37, 38 and 39. In
actual fact, it may be observed, the atoms do not exist at such wide
intervals as represented in these diagrams, but are practically touch-
ing all of their nearest neighbors, so that in the simplest type of cubic
lattice (Fig. 37) the side of the cube represents the sum of the radii
of two adjacent atoms. The dots are reduced in the diagrams merely
for the sake of cleatness.

The best example of the first type of cubic lattice — the snnple
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cubic — is common rock-salt or sodium chloride. Sodium and chlo-
rine atoms are arranged as in Fig. 40. If we concentrate our atten-
tion upon any particular atom (say the sodium atom in the center)
we see that it is surrounded by six equi-distant chlorine atoms. Sim-

Fig 37. Simple Cubic Lattice.

Fia. 38. Face-centred Cubic Lattice.

ilarly, each chlorine atom is surrounded by six equi-distant sodium
atoms, and so the whole pattern goes on into space until the surface
of the crystal is reached. A cleavage plane along any of the sides of

r

F1a. 39. Cube-centred Cubic Lattice.

the cubes contains equal
numbers of sodium atoms
and of chlorine atoms, but
a diagonal cleavage plane
will contain either sodium
atoms alone or chlorine
atoms alone.

Strictly speaking, then,
we find that when sodium
and chlorine combine to
form sodium chloride,
there s no actual combina-
tion! No sodium atom
has coalesced with any
specific chlorine atom to
give a molecule of sodium
chloride; each sodium

atom is surroundeq rather by six chlorine atoms, all of which are
equally concerned with it and also with all similar adjacent sodium
atoms. A compound like sodium chloride in the solid state, there-
fore, contains the atoms of its constituent elements arranged in a
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lefinite pattern, but without any specific partnership. The numeri-
:al ratio of the atoms of the two elements is, of course, fixed just as
‘igorously by the nature of the lattice as if particular partners were
oresent. The side of each unit cube in the case of sodium chloride
s only about one hundred millionth of an inch; in other words, there
ire approximately 10% atoms in a single cubic inch of rock salt.*

.
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Fra. 40. Ultimate Structure of a Crystal of Common Salt.

What keeps these atoms in place and prevents the crystal from dis-
integrating? Evidently very strong attractive and repulsive forces
between unlike and like atoms must be called into play. In many
cases, such as that of sodium chloride, it has been demonstrated that
these forces are largely due to the fact that the atoms in the crystal
lattice are not neutral, but electrically charged. Every chlorine atom
has gained an electron (or unit of negative electricity, see p. 397)
and thus carries a negative charge, while every sodium atom has
lost an electron and consequently carries a positive charge. The
full significance of this transfer of electrical charges between the
two constituent elements cannot be discussed here, but in later
chapters (see particularly pp. 398, 437, 534) we shall repeatedly
return to the question under various pretexts. Meanwhile it will

.
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suffice to mention that compounds of the type of sodium chloride,
where combination is limited to a transfer of electrons, are called
polar.

The spacing of the atoms in their various planes is obviously the
determining factor in the exterior form of the crystal, so that all
substances that crystallize in cubes are found by X-ray analysis to
be built up of a cubic lattice. Potassium chloride, silver chloride,
ammonium iodide, magnesium oxide, and calcium sulphide are all
exactly similar to rock-salt in their structure. Most of the metals,
however, exhibit a face-centred or a cube-centred cubic lattice.
Fig. 38 represents the face-centred cubic lattice, which is given by
aluminium, nickel, copper, silver, gold, and platinum. The relation
of the face-centred lattice to the simple cubic is readily seen by re-
turning for a moment to the sodium chloride diagram (Fig. 40).
If we consider only the chlorine atoms, we notice that they constitute
a face-centred cubic lattice. Similarly, the sodium atoms by them-
selves constitute a second interpenetrating face-centred cubic lattice,
so that the simple cubic lattice is a combination of two face-centred
cubics.

Fig. 39 represents, finally, the third type of cubic lattice — the
cube-centred. This pattern is shown by sodium, potassium, chro-
mium, iron (see p. 979), and tungsten.

Other Lattice Types. — Most substances crystallize in less simple
geometrical forms and consequently possess a much more complex
structure. The frame-
work of the carbon atoms
in a diamond, for ex-
ample, is indicated in
Fig. 41.

The arrangement of
the atoms in a crystal
of potasstum hydrogen
fluoride is shown in
Fig. 42; here we have
two aboms of fluorine

Fia. 41. Ultimate Structure of a Diamond. to each one of POt&SSillm

¢ and of hydrogen in the

extended lattice. Portions of a unit in the grouping of a #n tetra-

todide crystal, finally, are shown in Fig. 43; here we have four atoms
of iodine to each one of tin.
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Molecules. —In many crystals, particularly those of organic

substances (p. 616), a defi-
nite grouping of atoms is
recognizable. Thus in
benzene, a compound of
hydrogen and of carbon con-
taining equal atomic quan-
tities of the two constituent
elements, we do not have
any suggestion of similarity
to the sodium chloride ar-
rangement.  Instead, we
find the carbon and hy-
drogen atoms arranged in
groups, each group consist-
ing of six carbon and six
hydrogen atoms. Similarly
in naphthalene, another
“hydrocarbon” (p. 635), we
have groups containing ten
carbon and eight hydrogen
atoms. The same cluster-

Fra. 42. Potassium Hydrogen Fluoride.

The ringed circles represent potassium atoms; the
larger black circles fluorine atoms.  The probable posi-
tions of the hydrogen atoms are indicated %y the smaller
black circles.

ing is found in many inorganic crystals, such as sulphur and silica.

Such substances are termed

non-polar, since they differ

]
l\ |
!
|

entirely in their chemical be-
havior from substances like
sodium chloride, as we shall
see later. The unit group of
atoms within the crystal we
call the molecule, and we find

that when the substance is
transformed, by change of con-
ditions, into the liquid state
(by fusion or solution), or into
the vapor state (by sublima-

tion, p. 408), these molecular

F1a. 43. Tin Tetrd-10dide.
The ringed circles represent tin atoms; the black cir- crete p&rticles. The relatlve

cles indicate the probable pos‘tlons of the 10dine atoms.

units are shill existent as dis-

weight of such a particle, cyn-

gisting of fhe sum of the atomic weights of all of the atoms composing
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it, on the scale oxygen = 16, is a most important factor in chemical
theory, as we shall develop in detail in a later chapter. It is called
the molecular weight.

In conclusion, two points cremain to be mentioned in connection
with this conception of discrete groupings of atoms, called molecules.
One is that although the molecule, as such, is not actually existent
in crystals of polar substances, such as sodium chloride, yet the
study of the vapors of such substances at high temperatures shows
that definite association of atoms can also occur in compounds of
this class. In the vapor of sodium chloride, for example, we have
molecular units of single sodium atoms in conjunction with single
chlorine atoms. The molecule is potential, therefore, in the crystal,
even if not real, and we commonly speak of the molecular weight of
sodium chloride as represented by the sum of Na = 23.00 and Cl =
35.46, i.e., 58.46, even although the term has no rigid significance ex-
cept for the compound in the gaseous state.

The final point, a most striking one, is that in many gaseous ele-
mentary substances, such as hydrogen, oxygen, nitrogen, and chlo-
rine, the atoms of the element in the free state are always, under
ordinary conditions of temperature and pressure, associated in
groups, and these groups also conform to the conception of mole-
cules. Thus the molecule of gaseous hydrogen consists of two hy-
drogen atoms, and the molecular weight of hydrogen on the scale
oxygen = 16 is 2.016. The molecule of oxygen also contains two
atoms, and the molecular weight of oxygen is therefore twice its
atomic weight, namely 32. The association of atoms is not always
into groups of two, however. In the vapor of phosphorus at low
temperatures we have units of four atoms, in the vapor of sulphur
we have units of eight. In some elements, on the other hand, such
as argon, the atoms are totally independent, and if we define the
molecule as the smallest particle of a substance that exists in the
gaseous state, then for such elements the terms “atom’” and ‘“mole-
cule” are identical.

Methods for the determination of molecular weights will be de-
scribed, and the fundamental importance of the concept duly em-
phasized, in a subsequent chapter (Chapter XI).

The Number of Atoms in the Gram-Atomic Weight. — Having
determined, by the study of the lattice structure of an element in
the crystalline state, the type and dimensions alsng each axis of the
fundamental pattern into which the individual atoms fall, and know-
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ing also the density of the crystal, it is obviously a simple matter for
us to cadculate how many atoms are present in the space occupied by
a gram-atomic weight of the element, and so to arrive at the actual
weight of the atom itself in cach particular case. Inasmuch, how-
ever, as the final justification for the values given for the atomic
weights in the table on p. 56 has not yet been developed, further dis-
cussion of this important point must also be postponed to a later
chapter (see pp. 1924, 202, 215).

Exercises. — 1. To raise the temperature of 1000 grams of an elementary
substance in the solid state 1°, 75 calories (p. 167) are required. What is the
atomic wejght of the substance?

2. We find by analysis that platinic chloride contains 48.8 parts of platinum
combined with 35.46 parts of chlorine. The specific heat of platinum is 0.0324.
What is its atomic weight?

3. 65.37 parts of zinc and 70.92 parts of chlorine are chemically equivalent
quantities (p. 138). The specific heat of zinc is 0.093. What is its atomic weight?

4. Plot, on coordinate paper, specific heat against atomic weight for the
following elements:

Element Li C Na P K Fe Br Ag Au U
Sp. Ht. 0.937 0.460 0.290 0.202 0 166 0.112 0.084 0 054 0 031 0.028

Draw a smooth curve through your results. What is the equation for this curve?
Read off, from the curve, the predicted specific heats for the following elements:
Mg, Ca, Zn, Sr, Cd, Ba, Hg.

5. What connection is there between the atomic theory and (a) the law of
definite proportions, (b) the law of multiple proportions?



CHAPTER V
SYMBOLS, FORMULZ AND EQUATIONS

Having developed in outline the ideas of combining proportions and
atomic weights, we are now in a position to indicate the important
practical applications of these ideas in chemistry.

A consideration of the contents of the foregoing chapters will show
that the complete description of a chemical change may be exceed-
ingly involved. In a moderately complex action, such as that of
sodium chloride upon silver nitrate (p. 31), we should have to say
that sodium chloride, composed of one atomic weight each of sodium
and chlorine, when brought in contact with silver nitrate, composed
of one atomic weight each of silver and nitrogen and three atomic
weights of oxygen, gave silver chloride, composed of one atomic weight
each of silver and chlorine, and sodium nitrate, composed of one
atomic weight each of sodium and nitrogen and three atomic weights
of oxygen. Such a statement, while it would give all the facts in
the quantitative point of view, would be difficult to grasp and lack-
ing in clearness.

Symbols and Formulze. — In order to represent the nature of a
chemical change in a form which may be taken in at a glance, the
chemist is in the habit of using certain symbols, first introduced by
Berzelius. Thus, the letters Ag represent one atomic weight (i.e.,
107.88 parts) of silver (argentum), and O represents one atomic weight
(i.e., 16 parts) of oxygen. In other words, the symbol of an element
means one chemical unit weight (atomic weight) of the element.
Since the names of many elements begin with the same initial, two
letters have frequently to be used to distinguish them. Thus, C
stands for one atomic weight (12 parts) of carbon, Ca for one atomic
weight (40.07 parts) of calcium, Cl for 35.46 parts of chlorine. When
the names of the elements are not the same in @ll languages, resort is
frequently had to Latin. Thus, Cu stands for one weight of
copper (cuprum), Fe is used for iron (ferrumg, Hg for mercury
(hydrargyrum). From German we have Na for sodium ‘(natrium)

L 7“4
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and K for potassium (kalium). The symbols are international.
A complete list of the symbols employed in chemistry is included
in the table of atomic weights printed inside the back cover of
this book.

The composition of any compound can thus be stated by setting
down the necessary symbols, together with the whole numbers, if
different from unity, by which the atomic weights are multiplied.

Thus, sodium chloride is represented by the symbols NaCl ( = 23
of sodium to 35.46 of chlorine), silver nitrate by the symbols AgNO;
(= 107.88 of silver, 14.01 of nitrogen, and 3 X 16 of oxygen).
Such a combination of symbols is called a formula. For example,
magnetic «oxide of iron contains iron 167.52 and oxygen 64 parts
(p. 96). This is equivalent to iron 3 X 55.84 and oxygen 4 X 16.
This again is equivalent, in symbols, to 3 X Fe and 4 X O. The for-
mula is written Fe;O,. Ferrous sulphide is a simpler case: iron
55.84 and sulphur 32.06, or, in symbols, FeS. The reader should
now examine the condensed statements of various reactions included
in the preceding chapters, and work out the formula of each com-
pound and write it in the margin.

It must be noted particularly that the formula, to be consistent,
must represent also the total weight of the unit quantity of the substance
in the gaseous state, i.e., the molecular weight (p. 72). Thus, HCl
(1.008 + 35.46 = 36.468) is correct, since the molecule of HCI in
the gaseous state contains one atom of hydrogen and one of chlorine.
However, the formula for oxygen gas itself must represent the asso-
ciation of two atoms of oxygen in the molecule, and is therefore O,.
Half as much as this may enter into a compound, H;0, ZnO, ete., but,
logically, the formula for free oxygen must record the double weight
when the gas is present alone, in the free condition (see pp. 71-2).
Similarly the formula for hydrogen gas is Hy (2 X 1.008 = 2.016).
‘The formula of every volatile substance must thus be written so as to
show the weight of the chemical unit quantity, the molecular weight.
When the substance is not easily volatilized, this unit cannot be
directly measured, and in default of any information derived by
indirect methods (see p. 236) the simplest formula is employed.

We shall find later that there are two substances containing nothing but
oxygen, and that eachis (in a sense) a compound of the element with itself. The
molecular formulee of these {wo are O, (oxygen) and O, (ozone). Thus O or 20
or 30 would all be used for different proportions of the substance O, if such a
substance were known, and O would be a substance made of oxygen, but different
from oxygen er ozone. ?
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Information Contained in Each Formula. — A formula thus con-
tains, in condensed form, several items of information. It shows:

1. The elements making up the substance,

2. The proportion by weight of those elements,

3. The total unit weight (molecular weight) of the substance.
Given the formula, we can read these facts in it.

Thus, if we are given the formula of carbon dioxide, CO,, we
consult the table of atomic weights (inside rear cover), and learn
that C = 12.00 parts by weight of carbon and O, = 2 X 16 parts
by weight of oxygen. The proportion by weight of the elements in
this compound is, therefore, 12.00 of carbon to 32 of oxygen. The
total weight (molecular weight) is 12.00 4+ 32 = 44.00.

Derivation of Formul® from Experimental Data. — In the con-
densed statements presented in previous chapters, the numbers in-
cluded were already multiples of the atomic weights, and the formulse
were therefore easy to make. It remains to show how the formula
may be constructed from the weights obtained in an experiment.

In the quantitative experiment on the composition of cupric oxide
(p. 45), the proportion found was: copper 85, oxygen 21. In the for-
mula, the same proportion is to be expressed by means of multiples
of the atomic weights. If we divide each of these numbers by the
corresponding atomic weight, the quotient will be the number by
which the atomic weight must be multiplied. The atomic weights
are Cu = 63.57, O = 16. 85 + 63.57 = 1.3, and 21 + 16 = 1.3.

The proportion of copper to oxygen in the compound, g?, now be-

63.57 X 1.3

16 X 1.3

But this proportion must be expressed in multiples of the atomic
weights by whole numbers. Dividing above and below by 1.3, we get

comes

63.57 X 1.

16 X 1

Now the symbols stand for the atomic weights. Substituting the
symbols, the proportion becomes %u—>-<>—<—1—1 . The formula is, there-
iore, CuO.

Applying the same process to the case of tip oxide (p. 15):

Tin 100 _ 118.7 X 0843 _ 1187 X1 _Sn X1
¢« Oxygen 269 16 X 1681 16 X2 O X2

s Or SnO:.
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If the composition of the substance has been stated in percentages,
the same device is used. Thus, the case of sodium sulphate works
out as follows:

Elements. Percentages. At. Wt. Quotient + Formula.
Sodium . . . ... .. 32.43 23 X 141 0.705 Na X 2
Sulphur . . . . .. .. 22.55 32 X 0.705 0.705 S
Oxygen . . . ... . 45.02 16 X 2814  0.705 OX 4

The formula is, therefore, Na,SO,.

Formule obtained by this arithmetical method are known as
empirical formulee. They give us the correct atomic proportions of
the constituent elements, expressed in the lowest possible whole
number ratios. In many cases, however, it is necessary to multiply
the empirical formula of a substance throughout by 2, or 3, or some
other whole number greater than 1, in order to arrive at the true
molecular formula. Some examples will be discussed in a later sec-
tion (p. 209).

An Alternative Method. — If the molecular weight of the sub-
stance is given (not otherwise!) a simpler alternative method is avail-
able. Let us illustrate this also by an example.

The mol. wt. of cyanogen is 52.02. Its percentage composition is
carbon 46.08, nitrogen 53.92. What is its formula?

Since 46.08 per cent of the substance is carbon, 1 g. mol. wt. con-
tains 52.02 X 46.08/100 g. = 23.97 g. of carbon. But 1 g. atomic
wt. of carbon = 12.00 g. Therefore 1 mol. wt. of the substance
contains 23.97/12.00, or practically 2 atomic wts. of carbon. Each
‘molecule consequently contains two carbon atoms.

Similarly, since 53.92 per cent of the substance is nitrogen, 1 g.
mol. wt. contains 52.02 X 53.92/100 g. = 28.04 g. of nitrogen.
But 1 g. atomic wt. of nitrogen = 14.008 g. Therefore 1 mol. wt.
of the substance contains 28.04/14.008, substantially 2 atomic wts.
of nitrogen. Each molecule consequently contains two nitrogen
atoms.

The molecular formula of cyanogen is therefore 92N2.

Equations. — It is now possible to abbreviate the condensed state-
ments we have been using to represent the esubstances and their
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quantities in chemical reactions. Thus, the statement on p. 15,
when translated into symbols, is as follows:

Iron (4 X 55.84) + Oxygen (3 X 32) — Ferric oxide (319.36)
or: 4Fe + 30, — 2Fe;0;.

The chemical action mentioned at the beginning of the chapter (p. 74)
appears in much simpler form thus:

NaCl 4+ AgNO; — AgCl + NaNO;.

This expression contains all that was conveyed by the words which
were written out in full. The arrow indicates that the materials on
the left-hand side pass, in the chemical transformation, into those
on the right-hand side. Such symbolic expressions are called equa-
tions.

It will be observed that, in the first equation, we employ the form
4Fe before combination and Fe, (in Fe,0;) after it. The reasons for
this usage will become clear as we proceed. We note simply that
4Fe means four separate atomic weights of iron, as 3Fe,O; would
mean three separate formula-weights of oxide of iron. The same
substance, iron, might appear as 5Fe or 8Fe in other equations, accord-
ing to the proportion needed. But Fe;0; is a group of five atomic
weights united chemically. The substance ferric oxide never contains
either more or less than two atomic weights of the element iron, and
its formula is invariable. Thus the regular integers multiplying the
atomic weights in the composition of a particular compound are
written after the symbols of the elements, while more arbitrary coeffi-
cients which change from one use of the substance to another are
written in front. When no coefficient appears in front of a symbol
or formula, 1 is to be understood.

The object in writing a series of formule in the above manner is to show
that the system upon the left-hand side, consisting of certain substances whose
composition and properties we know, is, under the conditions of the experiment,
unstable, and changes into the system upon the right-hand side, whose nature
we also know. The materials on the two sides are essentially different, for the
transformation represented is a chemical change. It is somewhat anomalous,
therefore, that, to connect two sets of things which are essentially different, the
sign = is usually employed. To call this a chemical equation is still more anoma-
lous, since it is precisely in the chemical point of view that the difference between
the two sides is most strongly to be emphasized. It represents two sets of things
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sets of substances are likewise totally unlike. There is only one respect in which
the materials on the two sides agree, and that is that their mass is not different.
This is, however, merely an example of the law of conservation of matter, and
need not, therefore, be specially commemorated in the form in which we write
every equation. It may be assumed that the equality in mass holds for all chemi-
cal changes until some case where it does not hold shall have been discovered.
Above all it must be remembered that the chemical equation is not an algebraic
expression; it is not subject to the rules of algebra. It is a brief expression, in
terms of the atomic weights, of the distribution in kind and quantity of the con-
stituents of a system before and after chemical change.

Writing Equations. — I'n making an equation there are four stages
or steps: *

1. Find out by experiment what the substances used and produced
are.

2. Learn the molecular formula of each substance.

3. Set down the molecular formule in the form of a skeleton equa-
tion. Place the formula of the initial substances on the left, and those
of the products on the right.

4. Adjust, or balance the equation.

For example:

(1) When hydrogen and oxygen combine, water is formed.

(2) The molecular formule are H,, O,, and H,O.

(3) Skeleton equation: H, + O, — H,0.

(4) In accordance with the law of conservation of mass, the num-
bers of atomic weights (or atoms) of each element must be the same
after the action as before it. Now the skeleton equation shows two
atomic weights of oxygen before, and, thus far only one after the
action, whereas there ought to be two there also. With O, (2 X 16
,parts) we have enough oxygen to give 2H,0, which contains 2 X 16
parts of oxygen. But this will require us to take 2H, to ‘“balance”
the equation. The final equation is, therefore:

Balanced Equation: 2H, + 0, — 2H,0.

Observe, we could not adjust the difficulty by writing H; + O — H0,
because each substance must be represented by its molecular formula,
and in the case of oxygen this is O, ( = 32 g.). Putting this in terms
of atoms and moleculeg, each formula must reprgsent 1 molecule,
and the molecules of oxygen contain 2 atoms. Now we could not
take less than one oxygen molecule. But we could take more thap
one moleculd of hydrogen, so we took 2 molecules of this substance.
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The coefficients in front of formule multiply the whole formula.
2H,0 is equivalent to 2(H,0), or two whole molecules of water.

Balancing Equations. — Learning to balance equations correctly
comes only by practice. Take, again, the case of iron rusting. The
substances are iron (Fe), oxygen (O:) and ferric oxide (Fe;O;). The
skeleton equation is

Fe + 02 — Fe;0;.

We are not permitted to alter these formule themselves, but we
may put coefficients in front of any of them to make the number of
atomic weights alike on both sides. A good rule is to pick out the
largest formula and reason back from that. Here, this is Fe,0;. To get
oxygen atoms in threes, we must clearly take 30, ( = 60). That
will give us 2Fe,0;. This, in turn, will require 4Fe:

Balanced: 4Fe + 30, — 2Fe;0;.

The student should endeavor to obtain all possible experience in
writing and balancing equations by turning back to the condensed
statements of chemical changes in earlier chapters, obtaining the neces-
sary atomic weights and symbols from the table at the end of the
book, and constructing the equation in each case.

CALCULATION 8

As we have seen (p. 75), the formula represents the composi-
tion of a substance, using the atomic weights as the units. We
have learned how the formula is calculated from measurements
made in an experiment (p. 76). We may now take up some of
the ways of using the information contained in a formula.

Composition from the Formula. Formula-Weight. — To learn the
composition of a substance, such as potassium chlorate, KClO;, from
its formula, we look up the values of the atomic weights (inside rear
cover). We find K = 39.1 parts of potassium, Cl = 35.46 parts of
chlorine, and Os = 3 X 16 or 48 parts of oxygen. The proportions,
in order, are thergfore: 39.1 : 35.46 : 48. .

What is the proportion of oxygen to potassium and chlorine,
together? Tt is 48 : 39.1 + 35.46, or 48 : 74.56, or 1 : 1.55.
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indicated in the formula. This is called the formula-weight. Thus,
for potassium chlorate, it is 39.1 + 35.46 -+ 48, or 122.56.

To Find the Percentage Composition. — In potassium chlorate
the proportions are 39.1 of potassium, 35.46 of chlorine, and 48 of
oxygen — a total of 122.56. In one hundred parts, the potassium

i 39.1 35.4
8 155 56 56 X 100, or 31.9; the chlorine ——— 192,56 56 X 100, or 28.9; and the

48
12256><100 or 39.1.

Stated in terms of the rule of proportion, we have, for the potassium,
122.56 : 39.1 :: 100 : z, where x is the percentage of potassium.

oxygen

Calculations by Use of Equations. — We frequently wish to know
what weight of a product can be obtained from a given weight of the
necessary materials, or how much material is required to furnish the
desired weight of a product. For example, what weight of ferrous
sulphide can be made with 100 g. of iron? It is understood, of course,
that the necessary sulphur is available.

To avoid the blunders which are easily made, observe strictly
the following rules:

1. Write down the equation:
Fe + S — FeS.

2. Place under each formula the weight it represents:

Fe + S — FeS
55.84 32.06 87.90

3. Read this expanded equation. In this case it reads: 55.84 parts
of iron combine with 32.06 parts of sulphur to give 87.90 parts of
ferrous sulphide.

4. Re-read the original problem: “What weight of ferrous sulphide
can be made with 100 g. of iron?” Having done this, place the
amount given in the problem (100 g. of iron) under the formula of
the substance in question. Then notice what the problem asks
(“what weight of ferrous sulphide’’) and place an x under the formula
of that substance: °

Fe + S8 — FeS
2 5584 3206 87.90
100 g. z
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5. Read the problem as now tabulated: 55.84 g. of iron give 87.90
g. of ferrous sulphide, therefore 100 g. of iron will give z g. of ferrous
sulphide.

6. State the proportion in this order (or, see below):

55.84 :87.90::100 :z ( = 1574 g).

If the tabulation in rule 4 has been prepared correctly, this final
statement as a proportion is purely mechanical. It will be noted
that only two of the three quantities given in the expanded equa-
tion were actually used.

6a. Alternative Method. At the sixth step, we may also say:
If 55.84 g. of iron give 87.90 g. of ferrous sulphide, 1 g. of iron will
8190 _
55848 =
gives 1.574 g. of ferrous sulphide, the 100 g. of iron will give 100 X
1.574 g. ( = 157.4 g.) of ferrous sulphide.

giye 1.574 g.) of ferrous sulphide. Then, if 1 g. of iron

Warnings. — In solving the exercises at the end of the chapter,
beware of three kinds of mistakes commonly made by beginners.

1. Conquer a tendency to say that the symbols Fe and S stand
for “1 part” of iron or of sulphur. They stand for 1 chemical unit,
or atomic weight, or atom, in each case, — that is to say, for 55.84
“parts’”’ and 32.06 ‘“parts,” respectively.

2. Follow the rules laid down above. When one has once become
familiar with the art of solving such problems, running through the
rules takes only a few seconds. The chemist does it almost uncon-
sciously. The beginner always thinks he can ignore these rules, and
he fails in consequence. Writing the equation in the expanded form,
and then reading the problem into it, are absolutely essential steps.

3. Do not read the original problem carelessly and make the
equation backwards, that is, with the sides reversed. If there seems
to be confusion somewhere, when the last steps are reached, this hint
will probably show the cause of the difficulty.

Another Example. — What weight of hydrogen is required to
reduce 45 g. of magnetic oxide of iron to metallic iron (see p. 144)?
Following the rules, as before, we reach the expanded equation:

F3304 + 4H2 — 3Fe + 4H20.
3 X 5584 +4 X 16 8 X 1.008 3 % 55.84 4 (2 X 1.008 + 16)
167.52 + 64 8.064 167.52 4 % 18.016
f 231.52 8.064 167.52 * 72.064

45 «. z
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Observe that the atomic weights are multiplied by the sub-numbers,
so that, for example, Fe; = 3 X 55.84. Observe also that the for-
mula weights are multiplied by the coefficients, when such occur, in
front of the formula, so that, for example, 4H,0 = 4 X 18.016.

The proportion 231.52 : 8.064 :: 45 : z ( =1.57) supplies the answer,
1.57 grams of hydrogen.

Using the alternative plan (p. 82) : If 231.52 g. of magnetic
oxide are reduced by 8.064 g. of hydrogen, 1 g. will be reduced
by 28—3'———(1)6;2 g. (= 0.035 g.) of hydrogen. Hence, if 1 g. of magnetic
oxide is reduced by 0.035 g. of hydrogen, 45 g. will be reduced by
45 X 0.035 g. ( = 1.57 g.) of hydrogen.

Exercises. — 1. From the data on p. 15 and the atomic weights, calculate the
formula of lead oxide.

2. When 1 g. of sodium burns in oxygen, it produces 1.7 g. of the oxide.
What is the empirical formula of the latter? Reconcile with p. 92.

3. If 26 g. of mercurous oxide are required to give, by heating, 1 g. of oxygen,
what is the formula of the substance?

4. What are the formule of the substances possessing the following percentage
compositions?

I 1I 111
Magnesium, 25.57 Sodium, 32.43 Potassium, 26.585
Chlorine,  74.43 Sulphur, 22.55 Chromium, 35.390

Oxygen, 45.02 Oxygen, 38.025

5. What are the percentage compositions of substances possessing the following
formule: Mn,0,, KBr, FeSO,?

6. What weight of mercury is obtained from 120 g. of mercuric oxide HgO?

7. What weight of mercuric oxide will furnish 20 g. of oxygen?

8. What weight of Fe;O; may be obtained from 10 g. of oxygen?

9. How much silver is contained in 100 g. of an impure specimen of silver
‘chloride AgCl which is 33 per cent sand?

10. What are the percentage compositions of cerium sulphate Ce(SO,)s,
phosphorus pentachloride PCls, and ammonium chloride NH,CI?

11. What weight of hydrogen is required to reduce 100 g. of ferric chloride
FeCl; to ferrous chloride FeCl,?

12. Gypsum is a compound of water and calcium sulphate (CaSO,). If 6 g.
of gypsum, when heated, lose 1.256 g. of water, what is the formula of the
compound?

13. What weight of oxygen would be required to bures 100 g. of benzene
(CsH,) to carbon dioxide, (CO.) and water?

14. What weight of oxggen would be liberated by the conversion of 50 g. of
manganese dioxide MnO, to hausmannite Mn,;0,?
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15. What are the empirical formulee of the substances possessing the
following percentage compositions?

1 I 111
Calcium  38.72 Carbon  77.34 Carbon  71.96
Phosphorus 20.00 Hydrogen 7.58 Hydrogen 6.72
Oxygen 41.28 Nitrogen 15.08 Oxygen 21.32

16. Given the percentage composition of nitrobenzene: Carbon, 58.53, Hydro-
gen 4.07, Nitrogen 11.39, Oxygen 26.01; calculate its empirical formula.

17. The molecular weight of naphthalene is 128.18. It contains 93.66 per
cent of carbon, and 6.34 per cent of hydrogen. What is its molecular formula?



CHAPTER VI
OXYGEN

We begin the more systematic study of chemistry with oxygen,
for it is a most interesting as well as useful substance. It is the ac-
tive substance in the air. We depend upon it for life, since in its
absence we suffocate, for heat, since wood, coal, and gas will not burn
without it, and even for light where oil, gas, or a candle is employed.

We wish to know with which substances we use in the laboratory
it can combine, as well as the substances on which it has no action.
This information will show us how to work, in future, without inter~
ference from the oxygen in the air and whether oxygen has probably
played a part in some experiment or not.

We take up, then, (1) the history of the element, (2) what materials
contain oxygen (occurrence), (3) how we can obtain it in a pure state
(preparation), (4) what its specific physical properties as a substance
are, and (5) what it does, and what it can not do in nature and in the
laboratory (chemical properties). The classification of the facts
about this, and other substances, under five heads is somewhat
mechanical, but has the advantage of enabling the reader quickly to
find any required information.

To these five heads the student may add with advantage a sixth, namely
uses. This will correlate the first five automatically, and at the same time keep
,the subject alive to him by emphasizing its importance outside of the laboratory.
A substance is drafted into the service of man sometimes because of a physical
property, sometimes because of a chemical property. How widely it can be
employed depends upon the abundance and availability of its sources, and upon
the ease of its preparation and its purification. These are the very points which
have influenced, very largely, pioneer research work upon the substance. If
we know the uses of a substance, therefore, and understand eractly why it is ap-
plicable to each particular use, we shall automatically make ourselves familiar
with the chemistry of that substance.

L] [

History of Oxygen. — While many elements which are less easily
obtainable than oxygkn have been recognized as distinct substances
for many centuries, oxygen did not attain this position until the end
' &5
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of the eighteenth century. The reason of this was that gases are
not so easy to handle and distinguish as are solids or liquids, and con-
sequently very slow progress was made in the study of them.
Leonardo da Vinei (1452-1519) seems to have been the first Euro-
pean to mention the presence of two different gases in atmospheric
air. Mayow (1669) measured the proportion of oxygen in the air
and discussed fully its uses in combustion, rusting, vinegar-making,
and respiration, but did not make a pure sample. Hales (1731)
made it by heating saltpeter, and measured the amount obtainable,
but did not see any connection between it and the air. Bayen
(April, 1774) was the first to make it by heating mercuric oxide.
Priestley (an English nonconformist minister who occupied his lei-
sure time with experiments in chemistry) was par-
ticularly interested in examining the nature of the
gases which were evolved by some materials when
heated. His plan was to fill an elongated glass
vessel with mercury (Fig. 44); to invert this in a
trough filled with the same metal, and, after allow-
ing the substance under examination to float up
into the top of the tube above the mercury, to
Fra. gparlgg?ﬂey% expose it to the rays of the sun concentrated by
' a large burning lens. Priestley found (Aug. 1, 1774)
that one material, then known as ‘“mercurius calcinatus per se’
(mercuric oxide), gave off an unusual amount of a gas, or ‘“air”
as he called it. Quite purposelessly, as he admits, he thrust a
lighted candle into it and was delighted with the extreme brilliance
of the flame. He had, however, no notion until a year later that
it was a component of the air. Even then, he thought it was a
compound of nitric acid, earth, and phlogiston! Scheele, a Swedish
apothecary, had made it in 1771-2 from no less than seven different
substances and understood clearly that atmospheric oxygen com-
bined with metals, phosphorus, hydrogen, linseed oil, and many
other substances. But his book was not published until 1777, and
Priestley is usually credited with the ‘“discovery” of the element.
Lavoisier at first (1773-5) thought that air was composed of ni-
trogen and “fixed air” (carbon dioxide). Although Priestley had
dined with him (Oct., 1774), and communicated his discovery, so far
as he understooq it himself, yet when Layoisier heated mercuric
oxide in March, 1775, he expected to obtain “fixed air.”” Later i in
the same year, Lav0131er held that air contained no ‘“fixed air,”
and was made up of a single gas. It was not until 1777 that he
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heated the metal mercury in a retort (Fig. 45), the neck of which pro-
jected into a bell-jar standing in a larger dish of mercury. The air,
thus enclosed within the jar and the retort, during twelve days lost
one-fifth of its volume. Simultancously, red particles of mercuric
oxide accumulated on the surface of the mercury in the retort. The
residual gas no longer
supported life or com-
bustion, and hence was
named by Lavoisier
“azote” (Greek, &, with-
out, and {wj, life). In
English it-is called nitro-
gen. The oxide, on being
heated more strongly by
itself, gave off a gas, the
volume of which exactly
corresponded with the
shrinkage undergone by
the enclosed air, and this
gas possessed in an exag-
gerated degree the properties which the air had lost. The proof
that oxygen was a component of the atmosphere was therefore
complete. Lavoisier, in the mistaken belief that the new element
was an essential constituent of all sour substances, named it oxy-
gen, or acid-producer (Greek, ét6s, an acid, yewaw, to produce).
Cavendish pointed out almost immediately that there were sour-
tasting substances which contained no oxygen, so that the name
has no longer any significance. It may here be noted that hydrogen
is the only element which is found in all acids.

F1a. 45. Lavoisier’s Apparatus.

, Occurrence. — As we have seen (p. 27), nearly 50 per cent of
terrestrial matter is oxygen. Water contains about 89 per cent, the
human body over 60 per cent, and common materials like sandstone,
limestone, brick, and mortar more than 50 per cent of this element
in combination. Approximately one-fiftth by volume (nearly one
fourth by weight) of the air is free oxygen.

Preparation of Oxygen. — 1. The oxygen of commerce is now
made chiefly from liquefied air (p. 556). This consists essentially of
a mixture of liquid oxygen and liquid nitrogen. *Now pure liquid
oxygen boils at — 182.5°, but pure liquid nitrogen boils at an even
lower temperature (- 196°). Consequently, when liquid air is al-
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lowed to evaporate slowly, the nitrogen boils off much more freely
than does the oxygen. After a time, when the remaining liquid is
almost pure oxygen (96 per cent), the gas coming off is compressed
by pumps into the steel cylinders (Fig. 46) in which it is sold. In
medicine, patients suffering from pneumonia or suffocation obtain
some relief by inhaling it in this form. It is also used
in feeding flames, instead of air, when intense heat is
required (see acetylene torch and calcium light).

2. Unfortunately, it is difficult to liberate oxygen
from natural substances. Saltpeter (potassium nitrate
KNOy), for example, which is found in many soils and
can be dissolved out with water, gives off oxygen only
when raised to a bright red heat by the Bunsen flame
or blast lamp, and even then it gives up only one-third
of the oxygen it contains (202.2 g. give 32 g. of oxy-
gen), leaving potassium nitrite KNQ.:

2KN03 d 2KN02 + 02.

The mineral pyrolusite (manganese dioxide MnO),

Fr0. A niy®  employed by Scheele, requires a still higher tempera~

ture to effect its decomposition. Again only one-third

of the total oxygen present in the compound is evolved, and an oxide
of the composition Mn;O, remains:

Skeleton: MnO; — Mn;O4 + O,.
Balanced: 3Mn02 fd Mn304 + 02.

The liberation of oxygen from water by means of electrolysis
(passing an electric current through water to which a substance
such as sulphuric acid has been added to make the liquid conduct)
is a feasible laboratory method of preparation, but is not used com-
mercially. The details of the reaction: 2H,O — 2H, + O, will not,
therefore, be taken up until we reach the preparation of hydrogen
(p. 138).

3. In practice, we are compelled to use manufactured substances.
Amongst these are mercuric oxide, expensive, but historically inter-
esting (p. 86); barium peroxide, formerly useqd in manufacturing oxy-
gen on a large scale (Brin’s process); potassium chlorate (see below),
the most convenient for laboratory use; and sodigm peroxide. Many
other substances of this class will be encountered in the sequel.
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Brin’s Oxygen Process. — This starts from barium oxide (p. 739).
Bariuri oxide BaO closely resembles quicklime CaQ, but differs from
this substance in the fact that, when heated in air to about 500°, it
rapidly acquires additional oxygen and gives barium peroxide BaQ,.
When barium peroxide is raised to 1000°, this extra oxygen is given
up again. Barium oxide contains one chemical unit weight each of
the two constituents and takes up another unit of oxygen, so that
the equation for the primary action is:

2Ba0 + O; — 2Ba0,.

The subsequent decomposition of the peroxide, during the stage in
which the oxygen is made, is the exact opposite: 2Ba0O, — 2BaO +
0,.* The commercial advantage of the method lies in the fact that
the barium oxide, remaining after the second stage, can be used over
and over again. This, as will be seen, is in reality a chemical method
of obtaining oxygen from the air.

In practice an improvement on the above principle makes working
more economical. It is found that if the barium oxide is maintained
at a temperature of 700°, intermediate between the two just men-
tioned, oxygen is absorbed when air is forced under pressure into the
tubes containing the oxide. A valve at the extremity of the tubes
permits the escape of the nitrogen. When the combination with
oxygen is completed, the pumping apparatus is reversed and, a partial
vacuum being created, the oxygen in combination is given off without
any alteration in temperature being necessary. Thus a great waste
of fuel is avoided, and the process is rendered more nearly continuous.

Oxygen from Potassium Chlorate. — This is a white crystalline
substance used in large quantities in the manufacture of matches
and fireworks. When heated in a tube similar to that in Fig. 10, it
first melts (368°) and then, on being more strongly heated, it effer-
vesces and gives off a very large volume of oxygen. Examination
shows that the whole of the oxygen it contains can be driven out.
The white material which finally remains after the heating is potassium
chloride and, when decomposed, it yields potassium and chlorine in
the exact ratio of their atomic weights. Its formula is thus KCIl.
We may infer, therefore, that the composition of the original sub-

*In cases where an action is reversible, and the direction depends on condi-
tions which may be alteged, we write both equations in one:

2Ba0 + O; 5 2Ba0,.
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stance will be representable by the formula KClO., where z is the
number of atomic weights of oxygen. Measurement and calculation
show z = 3. The formula is therefore KClO;, and the balanced
equation for the decomposition (see, however, under Perchlorates):

2KCl0; — 2KCl + 30,.

To learn the value of z, we ascertain the loss in weight ( = oxygen) which a
known quantity of potassium chlorate sustains when heated in a hard glass tube
closed at one end. By subtraction we get the weight of potassium chloride for-
merly combined with the oxygen. In an actual experiment, 2.998 g. of potassium
chlorate gave 1.169 g. of oxygen and left 1.829 g. of the chloride. The atomic
weights of potassium and chlorine are 39.1 and 35.46 respectively, and the for-
mula-weight of the chloride is therefore 74.56. Dividing the measured weights
of oxygen and potassium chloride by the corresponding atomic and formula-
weights (compare p. 76), respectively: 1.169 + 16 = 0.07306 and 1.829 + 74.56
= 0.02452. We observe that the ratio of the quotients is 2.98 : 1, or almost
exactly 3 : 1. The formula is therefore O X 3, (KCI) X 1, or KCIO;.
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Fia. 47. Oxygen from Potassium Chlorate.

A peculiarity of this action is that admixture of manganese dioxide
increases very markedly the speed with which the decomposition of
the potassium chlorate takes place. Hence, in its presence, and it is
generally mixed with the chlorate in laboratory experiments (Fig. 47),
a sufficient stream of the gas is obtained at a relatively low tempera-
tyre (below 200°, see p. 104). Hales (p. 86) was the first to collect a
gas over water, in order that it might be kept unmixed with air,
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Familiarity with Physics Required in the Study of Chemistry. — In mentioning
chemical phenomena, it is inevitable that considerations of space should limit
our statements to the merest indication of the process and the briefest record
of the chemical result. The prodigious disproportion between the meagerness
of this fragment and the mass of detail which lies behind it in each case should be
constantly before the mind of the reader. The book gives empirical knowledge,
the laboratory work and the discussion of it furnish the only real knowledge.
The extent and nature of this real knowledge may be shown in connection with
any action. As an illustration we may point out some of the problems which the
heating of potassium chlorate presents to one who is trying to acquire an in-
telligent acquaintanceship with its chemistry, and has not previously done the ex-
periment.

First, thersubstance melts. It must be realized that this is a common occur-
rence which does not necessarily imply any profound change, and may be reversed
by cooling. Later, the liquid appears to boil, and the properties of a boiling sub-
stance must be known. If the observer has been informed in advance that the
body is homogeneous, he must know that, if it is simply boiling, it will evaporate
completely and leave nothing behind, and that the temperature required to achieve
this will remain constant from the beginning to the end. In order, therefore, to
become aware of the fact that here decomposition is taking place, he must note the
ways in which the decomposition of potassium chlorate differs from ordinary boil-
ing. For example, if it were a case of boiling, he should expect to find the solid
body condensing on the sides of the tubes, and note the fact that no such conden-
sation is observed, with the appropriate inferences. He should observe that, in
the later stages at least, the escape of the gas does not cease when the flame
is removed, although this would undoubtedly occur in a case of simple boiling.
He must further observe the changes in the consistency of the material and the
way in which it finally becomes thick and may even solidify. Even the most ex-
perienced investigator would have to make many careful experiments before he
could definitely classify the nature of the phenomenon being observed. The first
inference would probably be that the phenomenon was certainly not one of mere
ebullition. In some ways it is like the evaporation of a solution, obtained, say,
by the melting of a substance like calcium chloride hexahydrate (see p. 184) in

" its so-called water of crystallization. Yet, this hypothesis would not explain
to the thoughtful observer even the more obvious features of the phenomenon,
for the liquid which was acting as a solvent would have to be amazingly volatile
if the absence of any condensation on the wallsof the tube was to be accounted for.

The illustration need not be elaborated further. These remarks are sufficient
to show that even the simplest experiment presents an almost limitless field for the
discussion of important questions which are more or less common to all chemical
phenomena. It must be noted, also that chemical change is in itself not per-
ceptible by the senses, andethat only physical properties ans physical phenomena
are observed (compare pp. 35-37). The chemical facts, such as the general
nature of the change, she conditions under which, and the facility with whjch
it oceurs, ar'e reached solely by inference. The above example shows the ready
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and thorough knowledge of physics which must be at the command of every
individual effort to study even the simplest chemical phenomenon. It is only
when the physics as well as the chemistry of the change have been mastered
that the “real knowledge” to which reference was made above has been gained.

Oxygen from Sodium Peroxide. — Oxygen can be obtained con-
veniently from sodium peroxide Na,O, and water H,O by means of
generators (Fig. 48) similar to the acetylene
® generators used on bicyele lamps. When the
metal sodium is burned in air, sodium peroxide
s is obtained as a powder. This powder, after
being melted, solidifies in compact, solid form,
and is sold as ““oxone.” The oxone is bought
in a small, sealed tin can, the ends of which are
perforated in several places just before use.
When the valve (B) is opened, the water, which
fills the generator almost to the top, enters the
can (C) by the holes in the bottom and inter-
—— acts with the oxone forming sodium hydroxide
NaOH and oxygen. The sodium hydroxide
c produced is very soluble in water and re-
mains dissolved; the oxygen escapes through
the valve. When the valve is shut, the gas
continues to be generated until it has driven
the water down again below the level of the
F1a. 48. Ozxygen Generator. bottom of the can:

Skeleton: Na,0; + H,0 — NaOH + O,.
Balanced: 2Na,0; + 2H,0 — 4NaOH + O,.
This method is convenient because it works at room temperature and

can be started and stopped at will. Note that the name sodium
hydroxide indicates the elements which compose it.

Specific Properties of Two Kinds, Physical and Chemical. — We
have learned that every substance has its own set of specific prop-
erties. In describing a substance, it is convenient to divide the prop-
erties into two classes. The list of substances with which the given
substance can enter into chemical combinatiop, for example, we place
under specific chémical properties. Relations of the substance to
any of the varieties of chemical change (p. 14),belong to this class.

*On the other hand, we do not consider melting or boiling to be
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chemical changes, so we place the temperatures at which the substance
melts (m.«p.) and boils (b.-p.), its color, ete. (for list, see p. 7) under
specific physical properties.

Properties of either class may be used for recognizing a substance.

Specific Physical Properties of Oxygen. — Oxygen resembles air
in having neither color, taste, nor odor. The densily of a substance
is, strictly speaking, the weight in grams of 1 cubic centimeter. In
the case of a gas, we frequently prefer to give the weight of 1000 c.c.
(1 liter), at 0° and 760 mm. (1 atmosphere) barometic pressure. For
oxygen this weight is 1.42900 grams (Morley). The corresponding
weight for«air is 1.293 g., so that oxygen is slightly heavier, bulk for
bulk, than air (in the ratio 1.105 : 1). It is much heavier than hy-
drogen, however, since one liter of this gas under the above conditions
weighs only 0.08987 grams. Oxygen can be liquefied by compres-
sion, provided its temperature is first reduced below —118°, which is
its critical temperature.* The gas is only slightly soluble in water
under atmospheric pressure, the solubility at 0° being 4.9 volumes of
gas in 100 volumes of water (at 20°, 3.1 : 100).

The solubility of oxygen in water, although slight, is in some re-
spects its most important physical property. Fish obtain oxygen
for their blood from that dissolved in the water. With air-breathing
animals (like man), the oxygen could not be so readily taken into the
system, if it did not first dissolve in the moisture contained in the
walls of the air sacs of the lungs, and then pass inwards in a dissolved
state to the blood.

Liquid oxygen, first prepared by Wroblevski, has a pale-blue color.
At one atmosphere pressure, that is, in an open vessel, it boils at
—182.5°. Its density (weight of 1 c.c.) is 1.13, so that it is slightly
denser than water. By cooling with a jet of liquid hydrogen, Dewar
froze the liquid to a snow-like pale-blue solid. A tube of liquid oxy-
gen is noticeably attracted by a magnet.

Six Specific Physical Properties of Each Gas. — Although every
substance has many physical properties, we shall mention only those
which are used in chemical work, with occasionally the addition of any
peculiar or unexpected quality. It will aid the memory to recall

* Bach gas has an individual critical temperature (p. 126) above which no
pressure, however great, will produce liquefaction. The farther the tem-
perature of a specimen of the gas is below the critical point, the less will be thg
pressure required to liquefy it.
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the physical properties of a gas, if we note that, as a rule, only six
physical properties are mentioned: (1) color, (2) taste, (3) odor, (4)
density, (5) ease of liquefaction, defined by the critical temperature,
(6) solubility, usually in water only.

It should be noted that, of these, the first three are never stated quantita-
tively. Taste and odor cannot, at present, be defined on any absolute scale.
Color could be defined in terms of the wave-lengths of the light reflected and
transmitted, and of the relative intensities of each wave-length, but chemists
seldom attempt anything so elaborate. On the other hand, the last three are
comparatively easy to measure, and are always stated quantitatively. Yet,
in the case of most substances, even familiar ones, careful determinations have
never been made. Thus, for potassium iodide, the published melting-points
vary from 614° to 723°!

Solubilities of Gases in Non-Aqueous Liquids. — Iron and steel
are oiled to prevent rusting. The oil, however, does not prevent
access of oxygen to the metal, for, contrary to the common impres-
sion, gases are roughly ten times more soluble in liquids like petro-
leum and alcohol than they are in water. Water hastens rusting,
and the oil excludes atmospheric moisture, since water is insoluble
in oils.

The following solubilities, expressed as the volume of the gas (at
760 mm.) dissolved by one volume of the liquid, illustrate this

point.

Petroleum Water.
Gas. Alc&hol,
10° 20° 20° 0°
Oxygen . . . . . . . . 0.229 0.202 0.028 0.041 0.284
Nitrogen . . . . . . . 0.135 0.117 0.014 0.020 0 126
Carbon dioxide . . . . 1.31 1.17 0.901 1.797 4.329

Specific Chemical Properties of Oxygen. — The chemical proper-
ties of pure oxygen are in general like those of atmospheric air, of
which it is the active component (p. 12), only more pronounced.

Reactions with Non-metallic Elements. Sulphur, when raised in
advance to the temperature necessary to Start the action, unites
v1gorously with oxygen (Fig. 49), giving out mych heat and produc-
ihg a familiar gas having a pungent odor (sulphur diexide SO).
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This odor is frequently spoken of as the “smell of sulphur,” but in
reality sulphur itself has no odor, and neither has oxygen. The odor
is a property of the compound of the two. The mode of experimen-
tation can be changed and the oxygen led into sulphur vapor through
a tube. The oxygen then appears to burn with a bright flame,
giving the same product as before.

Phosphorus, when set on fire, blazes in oxygen very vigorously,
forming a white, powdery, solid oxide — phosphorus pentoxide
P,0;. Burning carbon, in the form of char-
coal or hard coal, glows brilliantly and is soon
burnt up. It leaves an invisible, odorless gas
— carbon dioxide CO,. A stream of hydrogen
burns with a very hot flame in oxygen, pro- -

ducing steam, which condenses on the cooler &~ 3
walls of the containing vessel as droplets of (&=
liquid water. At high temperatures, oxygen S
combines readily with one or two other non- =4

metals (e.g., silicon, boron, and arsenic), and
to a small extent (1 per cent at 1900°) with -
nitrogen. It will not combine directly with -\ /.
chlorine, bromine, or iodine, although oxides

J‘_,J )\\‘/\J

of the first and last can be prepared by using /
other varieties of chemical change. With the > ] /}
six members of the helium family (p. 558), of ~
which no compounds are known, and with N
fluorine, oxygen forms no compounds. N J
S + 02 - SOz ] X 4
4P + 502 d 2P205.
&\_:/)
C+ 0:— CO..
2Hz + 02 - 2Hz 0. Fia. 49.in1(3)|;;r:$ Sulphur

Reactions with Metallic Elements. Iron, as we have seen (p. 11),
rusts exceedingly slowly in air and, even when red-hot, gives hammer-
scale, the black solid which is broken off on the anvil, rather delib-
erately. In pure oxygen, however, iron in the form of picture-wire,
if once ignited, will burn, with surprising brilliancy, throwing off spar-
kling globules of the oxide, melted by the heat. This oxide is a black,
brittle substance, idgntical with hammer-scale, and different from
rust (ferric’ oxide Fe,0;). It contains, in fact, a smaller proportion
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of oxygen than does the latter, and is called magnetic oxide of iron
F 9304.

Skeleton.' Fe + 02 b4 F0304.
Balanced: 3Fe + 20, — Fe;0;.

All the familiar metals, excepting gold, silver, and platinum, when
heated, combine with oxygen, some more vigorously, others less
vigorously than does iron. Oxides of the three metals just named
can also be made, but only by varieties of chemical change other than
direct combination.

Compound substances, if they are composed largely or entirely of
elements which combine with oxygen, are generally able themselves
to interact with oxygen. Usually, they produce a mixture of the same
oxides which each element, separately, would give. Hence wood,
which is composed of carbon and hydrogen with some oxygen, when
burnt in oxygen, produces carbon dioxide and water (oxide of hy-
drogen) in the form of vapor. Again, carbon disulphide burns read-
ily, giving carbon dioxide and sulphur dioxide, just as do carbon and
sulphur, separately. Ferrous sulphide gives, similarly, sulphur diox~
ide and magnetic oxide of iron.

The discussion of the formation and properties of ozone O; (p. 420), which
is an oxide of oxygen itself, cannot be taken up until we are in possession of the
means of understanding the full significance of the difference in density of the
two substances (Chap. XI).

Tests. A Test for Oxygen. — A test is a property which, because
it is easily recognized (a strong color, for example), or because it is
especially distinctive, is commonly employed in recognizing a sub-
stance.

Oxygen, as we have seen (p. 22), when pure, is recognized by the
fact that a splinter of wood, glowing at one end, bursts into flame
when introduced into the gas. Only one other gas (see nitrous oxide)
behaves similarly.

Determining Formulse Again. — To learn the exact nature of inter-
actions like those used as illustrations above, quantitative experi-
ments must of coprse be made. Thus, for eyample, a known weight
of sulphur is placed in a porcelain boat (Fig. 50), which has already
bgen weighed. The U-shaped tube to the righé contains a solution
of potassium hydroxide, which is capable of absorbing tHe resulting
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gas. The oxygen enters from the left. When the sulphur is heated,
it burns In the oxygen, and the gain in weight of the U-tube shows
the weight of the compound produced. By subtracting from this
the weight of the sulphur taken, we get the quantity of oxygen with
which it has combined and hence we can obtain the percentage com-
position of the compound.

Fia. 50. M t of Combining Proportions

The proportions of the constituents found by exact experiment
and the subsequent steps in the calculation (p. 76) are as follows:

PERCENTAGE At. WT, Factor + 1.561

Sulphur, 50.05 3206 X 1.561 S X 1.561 Sx1
Oxygen, 49.95 16.00 X 3.122 0Xx3122 OXx2

]
'}

The formula of the product is therefore SO; and the equation (p. 79)
isS + 0, — SO..

Similarly, phosphorus pentoxide may be shown to have the formula
P05, carbon dioxide CO., and magnetic oxide of iron Fe;Os.

The results given by the experiment described above (Fig. 50) are usually
jnexact. The tendency to the formation of sulphur trioxide, often heightened by
catalytic action (see p. 104) of the porcelain of the boat, raises abnormally the
proportion of oxygen. The principle of the experiment is easy to understand,
however.

In the case of phosphorus a similar plan may be used. Instead of attempting
to receive the solid product in a U-tube, however, it must be eaught by a plug
of glass wool in the main tube of hard glass, and a drying tube will be needed
at the end to prevent admission of moisture from the air. The increase in weight
of the hard glass tube represents the oxygen taken up. Care and leisurely per-
formance are needed to male the experiment successful.  *®

The same method used with sulphur can be employed for carbon, since the
carbon dioxigle is absorBed by the potessium hydroxide. With carbon, exast
results are obtained.
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The data and working in these cases and in that of iron are as follows:

PERCENTAGE AT. WT, FACTOR + 0.704
Phosphorus, 43.66 = 31.0 X 1.408 PXx2
Oxygen, 56.34 = 16.0 X 3.521 0OX5
+ 2272
Carbon, 27.27 = 12.0 X 2272 Cx1
Oxygen, 72.72 = 16.0 X 4.545 OXx2
+ 0.431
Iron, 72.38 = 55.9 X 1.295 Fe X 3
Oxygen, 27.62 = 16.0 X 1.726 0X4

Oxides: Nomenclature. — Substances containing one element in
combination with oxygen are called oxides. When the same element
forms more than one oxide, the names of the oxides indicate the
differing proportions. Thus we have barium oxide (or monoxide)
BaO, and barium peroxide BaO,, cuprous oxide Cu,O, and cupric
oxide CuQ, ferrous oxide FeO, and ferric oxide Fe;0;. In cases like
the last two the terminations -ous and ~ic applied to the metal cor-
respond to the smaller and larger proportions of oxygen, respectively,
which the metal s holding in combination. The same terminations
are used to distinguish chlorides, sulphides (p. 50), and other com-
pounds, when more than one of each is known.

Combustion. — Since oxygen is a component of the atmosphere,
chemical actions in which it plays a part are familiar in daily life.
Violent union with oxygen is called in popular language combustion
or burning. Yet since oxygen is only one of many gaseous substances
known to the chemist, and similar vigorous interactions with these
gases are common, the term has no scientific significance. The union
of iron and sulphur, for example, gives out light and heat, and is
quite similar in the chemical point of view to combustion.

Oxidation. — The slower union with oxygen which occurs in rust-
ing is called oxidation. We shall see later, however, that it has been
found convenient to stretch this term so as to cover combinations of
other elements than oxygen, and even to include actions not involv-
ing combination. At this point we can discuss only oxidation by
oxygen.

A number of cases of the union of an elementary substance with
oxygen have been referred to (pp. 94-6). In each case the substance
was heated strongly and the union with oxygen was rapid (combus-
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tion). Cold oxygen, either pure or as it is found diluted in the air,
however, acts upon cold substances in like manner. One difference
is that in the cold the action is much slower, and oxidation (rusting)
of the whole specimen may occupy months or even years. Another
difference is that the products of slow and of rapid oxidation are not
always identical in composition and properties. In the case of iron,
for example, burning gives us the magnetic oxide Fe;O, while rust-
ing in moist air yields a hydrated form of ferric oxide Fe,O; + Aq.*
The products differ in composition, but are nevertheless closely
related.

This process of slow oxidation, although less conspicuous than com-
bustion, is really of greater interest. Thus the decay of wood is
simply a process of oxidation whereby the same ultimate products
(namely, carbon dioxide and water) are formed as by the more rapid,
ordinary combustion. Again, large volumes of pure water are mixed
with sewage, the object being, not simply to dilute the latter, but to
introduce water containing oxygen in solution. This has an oxidizing
power like that of oxygen gas and, through the agency of bacteria,
quickly renders dissolved organic matters innocuous by converting
them for the most part into carbon dioxide and water. Thus, a few
miles further down the stream, the water may become as suitable for
drinking as it was before the sewage entered.

In our own bodies we have likewise a familiar illustration of slow
oxidation. Avoiding details, it is sufficient to say that the oxygen,
from the air taken into the lungs, combines with the heemoglobin in
the red blood-corpuscles. When blood is placed under the air pump,
it effervesces, and oxygen is given off (Mayow, 1669). In this form
of loose combination, it is carried by the blood throughout our tis-
sues and there oxidizes the foodstuffs which have been absorbed

.during digestion. The material products are carbon dioxide and

water, of which the former is carried back to the lungs by the blood-
serum, and finally reaches the air during exhalation. The impor-
tant product, however, is the heat, given out by the oxidation, which
keeps the body warm. If we cease to eat, we become lighter and
weaker, showing that a real portion of our structure is gradually
being consumed by oxidation.

The opposite of oxidation, the removal of oxygen, is spoken of in

* The formula H,O may Aot be used excepting to indicatesa definite proportion
of the elements of water (18 parts). Where the proportion varies according to
circumstances, as here ai¥d in the case of solutions, the contraction Aq. (Latin agyg,
water) is employed.
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chemistry as reduction. But this term, as we shall see, like oxidation,
has been stretched to cover other kinds of chemical change.

Uses of Oxygen. — A number of the practical applications of oxy-
gen have already been mentioned. For example, in the foregoing
section we have referred to its use in breathing, its role in decay,
which is a beneficent process because it removes much useless mat-
ter which might otherwise cause disease, and its value in the disposal
of sewage. Power and heat for commercial purposes are almost all
obtained by the burning of coal, in which oxygen from the air plays
a large part. If we had to purchase the oxygen as well as the coal,
we should require at least three tons of oxygen for every ton of coal.

Oxygen in cylinders and oxygen generators are used to restore the
supply in the atmosphere of submarine boats, and to assist the respi-
ration of aviators and mountain-climbers at very great altitudes. °

Substances Indifferent to Oxygen. — Finally, since the atmosphere
contains so large a proportion of oxygen, substances which do not
oxidize and, when heated, do not burn, have many uses. Gold, silver,
and platinum are of this kind (p. 96), and are used for ornaments.
The last is used for crucibles in which bodies are heated in the labora-
tory. Although iron burns in pure oxygen, it does not oxidize in bulk
rapidly in the air even when heated, and so is used for making vessels
for cooking and in constructing fireproof buildings.

Compounds already fully oxidized are naturally not combustible.
Of this nature are sandstone, granite, brick, porcelain, glass, and
water. All these are, therefore, fireproof. Moreover, these sub-
stances do not give off oxygen when heated. It is this ‘nactivity
which renders glass and porcelain suitable materials for laboratory
apparatus, since they experience no change in weight when heated.

Activity and Stability. — A substance which enters into combina-
tion vigorously, as does oxygen, is called chemically active. Nitrogen,
on the other hand, is relatively inactive. An active element, since
it combines readily, also holds tenaciously to the matter with which
it has combined. An active element implies, therefore, one which is
in general difficult to liberate from combination. Its compounds are
in general relatively stable or inactive. Thug, many oxides, and the
natural compounds just mentioned (sandstone, granite, brick and
porcelain, the last two made from clay), do not lpse oxygen even at a
white heat and are very stable. The compounds of more ‘indifferent
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elements, on the other hand, are in general relatively easy to decom-
pose. In other words, they are unstable or active.

Means of Altering the Speed of a Given Chemical Action: By
Change of Temperature. — That the same change may proceed with
very different speeds according to conditions is a familiar fact. For
example, raising the temperature increases the rapidity of all chem-
ical interactions. Thus, cold iron combines with oxygen very slowly,
giving rust, while white-hot iron sheds quantities of scales of an oxide,
formed in the few moments that it is under the blacksmith’s hammer.
White-hot coal unites with oxygen in the air to form carbon dioxide
and seems to disappear before our eyes, while in the cellar, even in
warm weather, we observe no appreciable diminution in its amount.
Careful measurement, however, shows that, when stored in the open
air, coal does lose from 2 to 5 per cent of its heating value. When air
is largely excluded, say, by storage under water, there is no loss. No
temperature can be found at which the interaction definitely begins.
We believe that every such change proceeds with some speed at every
temperature. A rough estimation, based on experiment, shows that
on an average, other things being equal, every rise in temperature of
ten degrees doubles the amount of material changed per second,
and conversely.

If, on bringing two materials together, the chemist observes no
marks of chemical action, he immediately begins cautiously to heat
the mixture. This appeal to the magnifying effect of a rise in tem-
perature is always made as a matter of course.

The common expressions used in chemistry in describing temper-
atures, along with the corresponding readings of the thermometer,
are as follows:

Incipient red heat, about 525°. Yellow heat, about 1100°.
Dark red heat, “ 700°. Beginning white heat, “ 1300°.
Bright red heat, “ 950°. White heat, “1500°,

Rapid Self-sustaining Chemical Action and Means of Initiating it. —
When a piece of wood is set on fire at one end, the heat produced
by the action itself raises the temperature of nelghbormg portions
until their speed of unign becomes equal to that of the part originally
lighted. In this way the whole becomes finally inflamed. When we
blow the blage out, the great excess of cold air suddenly lowers the
temperatute of the wood, and of the gas rising from it, and rapid



102 INORGANIC CHEMISTRY

union ceases. Cold water, naturally, lowers the temperature even
more promptly. Whether a given set of materials can maintain it-
self at a temperature proper to violent interaction will depend on
the amount of heat developed by the action itself, on the one hand,
and the losses of heat by conduction and radiation on the other.
If the latter are great, the former must be greater. Thus the union
of iron and oxygen per se gives heat enough to warm the materials
to the burning temperature and leaves much over for radiation. But
iron in air, which is four-fifths nitrogen, can receive the oxygen only
one-fifth as fast at the start, and even more slowly as, later, the ni-
trogen accumulates round it. And besides, all the nitrogen has to
be heated to, perhaps, 2000°. The task is too great. The union
is impeded and the iron is not oxidized fast enough to generate the
heat required to maintain everything at this high temperature. Poor
conductors of heat, like wood and candles, fare better. Powdered
iron, with its particles presenting large surface to the air relatively
to the weight of material in each particle to be heated, burns well.

The initial supply of heat required to start violent self-supporting
chemical actions, of which alone we are here speaking, must not be
confused with the heat subsequently developed as the action proceeds.
The latter is usually much greater (see pp. 296-300). Indeed, the
preliminary supply varies with circumstances, and may be made as
small as we choose by limiting the area first heated and using ordinary
precautions against radiation and convection. In practice, a single
spark from an induction coil often takes the place of more clumsy
methods of raising the temperature. The heat produced by the inter-
action itself, however, is fixed in amount, and depends only on the
materials and their quantity.

Heating is not the only means used to give the initial acceleration
to a self-sustaining chemical change. The materials in a match-head
are capable of undergoing a great transformation. Yet, so slowly
does this proceed at ordinary temperatures, that matches may be
kept in efficient condition for years. Here a rather violent vibration
is employed to hasten the torpid action in a small part of the material,
and the heat produced by the resulting action quickly ignites the
whole.

The misleading term, kindling temperature, is often used in this connec-
tion. It gives the {mpression that there is a defthite temperature at which
combustion will start. But the temperature is only one of the conditions which
pgoduce combustion. Finely powdered iron will start Hurning at g lower tem-
perature than will an iron wire, because it presents relatively more surface to the
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gas. Finely divided lead, known as ‘“lead pyrophorus,” catches fire at room
temperature. Again, if the oxygen is at less than one atmosphere pressure, the
wire will require to reach a higher temperature before combustion will begin.
Finally, the vapor of methyl alcohol and air requires to be raised above a red
heat before combustion starts, but a pocket cigar-lighter sets fire to this very
mixture by means of a contact agent (a thin platinum wire) without any other
means of heating being required. So that, the conditions under which com-
bustion begins involve the physical condition of the solid, the pressure of the
gas or vapor, the presence or absence of a contact agent and the nature of the
contact agent, as well as the temperature. No definite kindling temperature
can be given, unless the other conditions are specified also. Kindling con-
ditions involve several variables, of which the temperature is only one.

Spontaneous Combustion. — Sometimes a mere slow oxidation de-
velops into a combustion, which is then known as spontaneous com-
bustion. To understand this, we must note the fact that a given
weight of material, say, iron, in combining with oxygen to form a
given oxide, will liberate the same total amount of heat whether the
union proceeds rapidly or slowly. If the action proceeds slowly,
and the material being oxidized is freely exposed to the air, the latter
will become heated and will carry off the heat as fast as it is produced.
Thus, no particular rise in temperature will occur. If, however, the
material is a poor conductor of heat, like hay or rags, and there is
sufficient air for oxidation, but not enough to carry off the heat,
the heat may accumulate and a temperature sufficient to start com-
bustion may be reached. Such a situation sometimes arises in hay-
stacks. It occurs also when rags, saturated with oils used in making
paints (linseed oil and turpentine), are left in a heap. These oils, in
“drying,” combine with oxygen from the air and turn into a tough,
resinous material. The rags, being poor conductors of heat, finally
become hot enough to burst into flame, and serious conflagrations
often owe their origin to causes such as this. Oily rags should always
be disposed of by burning, or should at least be placed in a closed can
of metal. Fires in coal bunkers of ships arise from the same cause,
slow oxidation (p. 101), with accumulation of the resulting heat.

Other Means of Altering the Speed of a Given Chemical Change:
By Change in Concentration; by Catalysis; by Solution. — Even
when the temperature remains constant, there are, other changes in
the conditions (p. 38) which may be used for accelerating or for mod-
erating the speed of chemical interactions. The most important qf
these is a ¢hange in the concentration of the interacting substances.
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Another is the presence of a catalytic or contact agent. The condition
of solution (p. 216) might be accounted still another.

The abatement in the activity of the oxygen found in the air (p. 102),
by the nitrogen which is mixed with it, is a question of concentration.
If the concentration of pure oxygen under atmospheric pressure is
taken as unity, that of oxygen in air is only about 0.2. And the speed
of interaction of a body, other things being equal, is directly propor-
tional to its concentration. This is not an obscure law, but merely
common sense put into definite language. The opportunity which
one substance has for getting at every part of another will be one fac-
tor in determining the speed with which the resulting transformation
will take place. And this opportunity, other things being equal,
depends on the thickness or density with which the substance is scat-
tered in the region of action. In the case of a gas, this factor is
measured by its partial pressure. Hence, lights burn badly at great
elevations, where the oxygen is very tenuous. On the other hand,
powdered charcoal, which burns feebly in common air, interacts so
rapidly when ignited in liquid air, where the oxygen is highly con-
densed, that an explosion takes place. Again, when oxygen is
compressed in contact with barium oxide at 700° it combines to
form the peroxide (p. 89); when the pressure of the oxygen in con-
tact with the latter is reduced, oxygen is liberated (see Chemical
equilibrium).

When, without any change in temperature, an extra substance
increases the speed of a chemical change, seemingly by its mere pres-
ence, without itself suffering any permanent change, we call this
catalytic (Greek, xar&, down, Maus, the act of loosing) or contact ac-
tion. The word was originally used for cases of decomposition. The
foreign body is called the catalyst or contact agent, and the process
catalysis. The effect of manganese dioxide on the decomposition of
potassium chlorate (p. 90) is of this nature. When some of the
chlorate is placed in a flask, provided with a two-hole stopper and
exit tube, and is melted carefully so as to avoid superheating, scarcely
any evolution of oxygen can be perceived at this temperature (368°).
If now a pinch of pulverized manganese dioxide, hitherto held in the
closed tube, be dropped into the molten mass by turning the end of
the tube into a vertical position (Fig. 51), the oxygen is given off in
torrents in consequence of the enormous aceeleration of the decom-
position. To avoid injury from an explosion, it is advisable to wrap
the flask in a towel, before turning the tube. s« Yet the manganese
dioxide may be recovered unchanged from the residue. Manganese
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dioxide, of course, will itself give oxygen (p. 88), but the decomposition
is hardly noticeable at 400°. Commercial ozone (p. 92) always con-
tains a catalyst, a trace of cuprous hydroxide, which hastens the action
on water.

It is found that many actions owe what appears to be their normal
speed to the presence of a trace of water vapor. Thus many of the
elements show no visible tendency
to unite with carefully dried oxy-
gen, even when they are strongly
heated in it. Addition of a trace
of moisture, however, brings about
instant combustion. So water is
to be regarded as one of the com-
monest contact agents.

Catalysts are frequently used in
chemistry. Their presence often
enables very complex -chemical
actions to proceed rapidly at
rather low temperatures. Many
substances of this class are secreted
by animals and plants and play
an important part in digeStion; Fra, 51. Catalytic Action of Manganese
fermentation, and other physio- 3igxide on the Decomposition of Pot
logical changes.

The removal of organic matter from sewage (p. 99) is, in part at
least, a process of decay. Decay is, essentially, slow oxidation pro-
moted by bacteria and other organisms. It takes place also in ani-
mal or vegetable matter on land. It proceeds, however, as a rule,
only when the material is moist, and water may consequently be
considered as a catalyst for the process. Dried fruits, dried leaves,
and dried meat, whether dried by the sun or artificially, decay very
slowly. Hence desiccated foods are now manufactured in large
quantity, since besides their permanence they possess the advantages
of much smaller weight and bulk in shipping. When they are trans-
ferred to a moist atmosphere, bacteria and moulds begin to grow and
multiply in them, and decay sets in.

>

A few cases of retardation of an action by a catalytic agent are known. Thus
a little benzyl alcohol or mennite added to the solution will retard the oxidation
of sulphites by the air (Bigelow). Acetanilide is used commercially to retard
the decomposition of hydrogen peroxide in aqueous solution. Hence positiye
and negative*catalysis both occur.
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Catalysis is a topic of extreme interest, from both the theoretical
and the practical points of view. The ability of manganese dioxide
to hasten the decomposition of potassium chlorate, although remain-
ing itself unchanged at the end of the reaction, is only the first of
many cases of catalysis which will come up for discussion in this
volume. Many of our most important industrial processes are cata-
lytic (pp. 266, 481, 563, 589). It used to be the custom of chemists to
make a mystery of catalysis, and to regard it as something beyond
our powers of investigation. Now we believe that catalysts actually
take a direct part in the chemical reactions that they accelerate,
forming unstable intermediate compounds and being regenerated as
these are decomposed. The chamber process for the manufacture
of sulphuric acid (pp. 483-8) is a good instance. In the very case
of potassium chlorate and manganese dioxide here under discussion,
it may be noted that if, initially, a crystalline form of the dioxide is
employed, the final product is in the form of a fine powder. Although.
the catalyst does not alter in chemical composition, its physical state
is frequently quite changed by its passage through the cycle of reac-
tions that occurs (see p. 589).

The effect of solution in hastening a chemical change was seen
when we examined the interaction of sodium chloride and silver
nitrate (p. 31). With the solutions the action was scemingly in-
stantaneous. If we had attempted to bring it about by rubbing
the dry substances in a mortar, hours of work would have left much
of the original bodies still unchanged. Even heating would not
have produced so prompt an effect. It is obvious that the intimate
access which every part of each solution gains to every part of the
other accounts to some extent for the difference (see Ionization).
Chemical actions, as will be seen in the sequel, are very frequently
carried out in aqueous solution in order to take advantage of the
favorable influence of this condition.

Exercises. — 1. Enumerate other instances, already encountered, of the use
of the terminations ous and 1¢ to distinguish different degrees of oxidation. For
what other purposes have the same terminations been used?

2. What difference in composition between potassium chloride and chlorate
are the terminations designed to indicate? Applying the same 1dea, how would
ferrous sulphate (p. 982) differ from ferrous sulphzde, and cupric sulphate from
cupric sulphide? ¢

3. Define and illustrate: density of a gas (p. 93, and see p. 119), density of a
salid or liquid (p. 7). .
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4. Enumerate the classes of facts given under the heads of, Physical Properties,
and Chemical Properties of oxygen, respectively.

5. What weight of oxygen may be obtained by heating 30 g. of barium per-
oxide (p. 89)? In solving this problem, pay minute attention to the rules (p. 81).

6. How should you show that, in the making of oxygen from a mixture of
potassium chlorate and manganese dioxide, the latter remains unchanged?
Which properties (p. 106) are you employing for this purpose?

7. The substances, like phosphorus and sulphur, which burn rapidly in ordinary
oxygen, combine very, very slowly (even when heated) with oxygen which has
been freed from moisture by careful drying. How is this effect of water to be
classified? '

8. Discuss the union of iron and sulphur (p. 21) and the decomposition of
mercuric oxide (p. 22) in their relation to the explanations on pp. 101-3.

9. When iron wire burns in oxygen, the oxide of iron falls in melted globules,
and no smoke is produced, while when phosphorus is burned, all the oxide goes
off as smoke, and nothing remains in the spoon. Explain this difference.

10. What percentage by weight of free oxygen is obtained by heating: (a)
mercuric oxide, (b) potassium nitrate, (c) potassium chlorate? At $1.50, $0.15,
and $0.15 per kilogram, respectively, which is the cheapest source of oxygen?

11. Why does a forced draft make a fire burn more rapidly?

12. Why does a naked flame sometimes cause an explosion in a mine, when
the air of the mine is filled with coal dust?

13. What is the percentage by weight of oxygen in (a) barium monoxide,
(b) barium peroxide, (¢) sodium peroxide?

14. What is the percentage by weight of iron in (a) ferric oxide (p. 15), (b)
magnetic oxide of iron (p. 96)?

15. How many grams of oxygen would you obtain by adding excess water
to 100 g. of sodium peroxide (p. 92)?

16. What weight of potassium nitrate (p. 88) would you need to take to obtain
10 g. of oxygen?

17. What would be the volume of 32 g. of oxygen at 0° and 760 mm. baro-
metric pressure (p. 93)? What would be the weight of the corresponding volume
of (a) hydrogen, (b) air, under the same conditions?

' 18. 10 c.c. of liquid oxygen at — 182.5° (p. 93) are allowed to evaporate.
What is the volume of the resulting gas at 0° and 760 mm.?

19. Define combustion; kindling conditions; oxidation; reduction; spontaneous
combustion.

20. Define activity; stability. Illustrate by examples from Chapters I-VI.



CHAPTER VII

THE MEASUREMENT OF QUANTITY IN GASES. THE
KINETIC-MOLECULAR HYPOTHESIS

We have spoken of measuring the proportion by weight of the
oxygen used in scveral chemical changes, but in our illustrations we
have never weighed the gas itself. We have always (e.g., p. 97)
obtained its quantity by subtracting the weights of solid or liquid
bodies. In practice this method often serves the purpose.

Our preference for weighing as a means of ascertaining quantity
of matter is largely due to the fact that the weight is independent of
the physical or even chemical condition of the substance. Yet, with
proper precautions, we may learn the quantity of matter by means of
any other attributes which are proportional toit. Now the volume is
such an attribute. In determining the quantity of a liquid, where
rapidity with no extreme accuracy is desired, the volume is frequently
measured. In the case of gases the error made in measuring the
volume is less, as a rule, than in measuring the weight.

The Variable Concentration of Gases. — A little experience
with gases soon shows us that measurement of volume alone does
not necessarily give any definite idea of the quantity of matter
present. The denseness with which the gaseous matter is packed
(the concentration of the gas) in the vessel must somehow be defined,
as well as its volume, in order that there may be specification of the
quantity of matter.

Gases vary markedly in chemical activity with changes in their concentration
(compare p. 104), and thus the consideration of this condition (p. 38) is continually
forced upon the chemist. Solids and liquids do not alter their denseness of pack-
ing (concentration) very noticeably even when compressed severely or changed in
temperature. So that concentration need not be considered in the case of pure
bodies in the solid or liquid forms. Such substances can be scattered through a
variable space by solution in some solvent, however, and then their degree of pack-
ing or concentration becomes an important factor in¢heir chemical behavior also.

The principle used for estimating the concengration of a gas may
beé illustrated by means of the arrangement in Fig. 52. Except that
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a little gas (any gas will do) remains shut off by the mercury in the
left limb of the tube, the whole apparatus has been evacuated. The
reservoir can be turned upward, and thus larger amounts of mercury
may be introduced into the tube.

Now the portion of the mercury below the dotted line is essen-
tially a balance, that is to say, it will move in one direction or the
other if the stresses on either side change. At present these stresses
must be equal. On the right pan of the
balance, so to speak, the stress is repre- ﬂ
sented by the weight of the column of
mercury above the dotted line. As there is
nothing in the tube above this mercury, the
weight of the latter is all that this side of
the balance sustains. On the left pan of
the balance there must be an equal stress,
and this stress can be caused only by the
gas confined in the shorter limb. The na-
ture of o gas suggests that this stress must
be exercised on the walls of the tube also,
although they, of course, do not exhibit its
effects. This stress we call the pressure of
the gas.

The height of the surface of the mercury
on the right above that on the left having
been measured, more mercury may now be
added from the reservoir, and the difference
in the two levels again noted. The gas can-
not have diminished in amount, yet it now
occupies a smaller space, and is, therefore,
packed more closely — its concentration is 52, Effect of P
greater than before. If, for example, the = Concentration of a Gas.
difference in level is now twice as great, it
will be found that the concentration of the gas is also twice as great
(its volume having become half of the original volume). Whatever
amount of mercury is added, we shall always find that the concentra-
tion of the gas is proportional to the excess height of mercury. But
this in turn is proportional to the weight of metal. The weight of
mercury on one side must, therefore, be equal to the stress or pressure
or tension of the gas on the other side which balances it. Hence,
the concentrations o a sample of any gas are proportional to thg
corresponding pressures it exercises. We determine, therefore, the

)
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denseness with which any sample of gas is packed by measuring its
pressure.

Method of Allowing for Varying Concentration in Measuring
Quantity in Gases. — The principle just stated is applied to the
measurement of the quantity of matter in a sample of gas by per-
mitting the concentration of the sample to alter until it is equal to
that of the atmosphere at the moment. Then we read off the volume
now occupied, and simultaneously we ascertain the pressure by
observing that of the atmosphere. Each of these
two operations is facilitated by a special arrange-
ment of apparatus.

A gas to be measured is always confined so that
some liquid constitutes one part of the barrier to
its escape. The very simplest form of the apparatus
is shown in Fig. 53. To render the concentration
(and pressure) of the gas equal to that of the atmos-
phere, the cylinder containing the gas is lowered
(or raised) until the levels of the liquid inside and
outside are the same. When the system is in this
condition the stress of the gas on the inner surface
must be equal to that of the atmosphere on the
outer one, otherwise movement of the liquid would
occur. The volume of the gas is then read directly
from the graduation on the cylinder. When special
modes of admitting or handling the gas have to be
provided for, the apparatus may be more complex.
But the principle of adjustment is always the same.
In exact work, mercury is employed to confine the
gas. Water serves the purpose of rough work with
o, 88 e Leasuring gases which, like oxygen, are but slight}y soluble in

it. When water is used, the volume is too great
by the space occupied by the vapor of the water which is mixed
with the gas (see Mixed gases, p. 118), and a correction must always
be made on this account.

The pressure or tension of the atmosphere at any moment is measured
by means of a barometer — a modification of the apparatus in Fig. 52.

A simple forqn of barometer is shown ig Fig. 54 (tube on right
of diagram only). A glass tube, about 1 meter long and closed at
.one end, is completely filled with mercury and carefully inverted,
with its open end dipping into & mercury reservoir. The mercury
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falls inside the tube, leaving a vacuum at the top, until the pres-
sure of the mercury column inside balances the pressure of the air
outside. The atmospheric pressure is therefore expressed by the
barometer as equivalent to the pressure exerted by so many malli-
meters of mercury. For accurate work, all readings obtained must
be reduced to a standard temperature (0° C.), by correcting for the
expansion of mercury above that temperature.

A more practical form of barometer for laboratory use consists of a
bent tube containing mercury (Fig. 54, left half of diagram). The
short limb (to the left) is open and the
pressure of the atmosphere is exercised
on the surfate of the mercury there. The
longer limb (to the right) is elosed at the
top and in it there is no gas above the
mercury. Hence, reading the difference
in the heights at which the mercury
stands in the two limbs gives us a meas-
ure of the pressure of the atmosphere and
of any specimen of gas which is at the
same pressure.

This is called the uncorrected reading.
It is immediately reduced to the corrected
reading by noting the temperature on the
adjacent thermometer and referring to
the table of corrections (C, Fig. 54) sup-
plied with the barometer. Fic 54. Barometer (two forms).

For example: the uncorrected baro-
metric reading is 744 mm. with the barometer at 15°. The correction
on 744 mm. at 15°, according to the table, is —2.0 mm. The cor-
rected reading is therefore 742 mm.

Boyle’s Law. — The recorded results of measurements made as
above at different times, when the atmospheric pressures are different,
are still unsatisfactory because the data for samples of the same kind
of gas differ in the value of the pressure as well as in that of the
volume. To make the results easily comparable in respect to the
amount of matter they represent, one further step is needed. All
the data are recalculated so as to show the voluge each sample
would have occupied if the pressure had been equal to that exerted by
760 mm. of mercury, which is the average height of the barometer at,
the sea level in 45° of latitude. )
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We have seen that the concentration of a given quantity of a gas
is proportional to its pressure (p. 109). But, volume occupied is the
inverse of concentration. Thus, the same rule may be stated in the
form: The volume occupied by the same sample of any gas at con-
stant temperature is inversely proportional to the pressure. The
fact was discovered by Boyle (1660) who stated it in this way. In

still other words, the product of the pres-
sure (P) and the volume (V) of a given
sample of gas at a fixed temperature is a
constant; PV = K.

A numerical illustration will show the
mode of applying this rule. We measure
200 c.c. of a gas at atmospheric pressure,
and the barometer reads 742 mm. The
question is: What would be the volume
of this amount of gas at 760 mm. baro-
metric pressure? It will be 200 X 1§3
c.c. = volume at 760 mm. It is unneces-
sary to use any formula, but absolutely
essential to ask: Is the new pressure greater
or less than the old? Here it is greater.
Hence, according to the law, the new vol-
ume will be less, so that the fraction must be
arranged with the smaller number in the
numerator.

Boyle’s law may be illustrated in the lecture-room
by using the apparatus shown in Fig. 55. A vol-
ume of air is enclosed over mercury in a glass tube,
and the pressure under which it exists can be varied
by moving the side tube up or down. Scales on the
two tubes enable us to read volumes and pressures

accurately.
Fio. 85. %‘;‘2‘?“1‘5 Tllustrate The mg;cury levels on the two sides are first made
equal, and the barometric height noted. The gas
now occupies a certain volume (say 20.1 c.c.) under the current atmospheric
pressure (say 750 mm.). The side tube is now raised, and the difference in the
mercury levels on the two sides is read off from the scales. This is the exira
pressure we have put upon the gas; it is that exerted by (say) 250 mm. of
mercury. The totd] pressure upon the gas inside th tube is therefore 750 + 250
= 1000 mm. The volume is now noted, and found to be 15.0 c.c.
« How does this observed volume check up with Bdyle’s law? A We increased
the pressure in the ratio 1000 : 750. We ought therefore to decrease the volume,
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and the new volume should be 750/1000 times the original one. Our calculated
value is therefore 20.1 X 750/1000 = 15.1 c.c. Allowing for probable errors in
reading the mercury levels, this is in agreement with the observed value.

It is good practice to work out a few numerical examples in this way, and to
compare your results with what you actually observe. Include reduced pres-
sures as well as increased ones.

The curve AB in Fig. 56 shows Boyle’s law in graphical form.
Pressures P are plotted vertically and volumes V horizontally.
At any fixed temperature, V is inversely proportional to P, or P =
K/V, where K is a constant. If then we take a volume V; of gas
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Fi1a. 56. Graphical Representation of Boyle's Law.

under a pressure P, and change the pressure to Ps, the new volume V,
is readily calculated. For P, = K/V,, and P, = K/V,. Dividing
one equation by the other, we obtain: P;/P; = Vy/Vy; or P\V, =
P,V,y; or Vy = P,Vy/P,. Similarly, if we are given Py, V;, and
V., then P; = P1V1/V, Test this out upon the two values of P
and V indicated on the graph.

Boyle’s law states the facts with sufficient accuracy for all ordi-
nary purposes. But in reality no two gases behave precisely alike in,
respect to cBange in concentration when the pressure is altered (see

\
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p. 126). The same gas does not even behave in precisely the same
way at high, intermediate, and low pressures. The ideal gas,
which should behave uniformly, we call the perfect gas. With most
gases, at low pressures concentration increases more, and at very
high pressures much less than the rule indicates (see p. 127).

Relation of Volume to Temperature (Charles’ Law).— In
the foregoing we have assumed that there were no temperature
effects. But, as a matter of fact, a rise in temperature will at once
produce an increase, and a fall in tempera-
ture a decrease in the pressure of an enclosed
sample of a gas. Hence a record of the pres-
sure alone will fail to indicate the concentra-
tion definitely, and volume and pressure to-
gether will still leave the amount of material
unspecified. The temperature must, there-
fore, be given as well.

Our descriptions of different samples of gas,
at different temperatures, having thus become
once more incomparable, we apply the same
kind of remedy as before. We calculate the
volume which each specimen of gas would
occupy at 0° C.

The rule for this calculation may be demon-
strated in a rough way in the lecture room by
means of the apparatus shown in Fig. 57. It
is similar to that already described on p. 112,
but the exterior tube on the right enables us
to vary the temperature of our enclosed gas.
The most convenicnt temperature range to
study is between 0° and 100° C. The former
{ is reached by packing the space between the

tubes with a mush of ice and water, the latter

by blowing a rapid current of steam through
L - the large tube.

Fro. 57. Apparatustolllus  About one-half of the closed inner tube on

the right is occupied by the gas. The mercury

levels are made, alike at the beginning of ghe experiment, and the

pressure of the gas is maintained constantly the same as that of the

atmosphere by adjusting the tube on the left. When, now, the

YVolume occupied by the gas at 0° is read, and wartfier water is
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introduced, we find that the volume gains 4}y of its value at 0° for
every degree through which its temperature rises. If it is cooled
below 0° it loses 535 of its volume at 0° for every degree through
which the temperature is lowered. Observation gives practically the
same value for all gases.

If we, for convenience, take a volume of 273 c.c. of a gas at 0°
and warm this through 1°, then at 1° its volume, having gained 4y
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Fia. 58. Temperature Scales Compared

of its original value, becomes 274 c.c. At 2° it has gained another
74y of the volume it had at 0° and becomes therefore 275 c.c., etc.
If cooled below 0° it loses w45 of the volume, becoming 272 c.c., ete.
If the gas be heated to 100° it gains 48§ of its volume at O° and
becomes 373 c.c. We might infer that if it were cooled through 273°

)
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from 0° it would lose 24§ of its volume, in other words, it would dis-
appear. This temperature has not yet been reached, and in any
case all gases would liquefy before reaching it. Our statements
apply to ordinary temperatures only, and within them the law
holds with considerable strictness.

By applying an arithmetical device, we can state the rule contained
in the above statements in a form which makes its use in calculations
quite easy. The device consists in adding 273 algebraically to all
temperatures on the Centigrade scale. The temperature, when 273 has
been added, is called the absolute temperature (see Fig. 58). Our sec-
ond general rule then reads as follows: The volumes assumed by a
sample of gas at different temperatures, the pressure remaining con-
stant, are directly proportional to the corresponding absolute temper-
atures. This is the modern way of stating a fact which was first.
discovered by Charles of Paris (1787).

The discovery of this fact is frequently attributed to Dalton, who first published
an investigation of the subject, embodying this result, in 1801, or to Gay-Lussac,
who made a more complete investigation in 1802. Inasmuch, however, as in
chemistry we have another important prineiple known as Gay-Lussac’s law, and
several which are connected with the name of Dalton, it is on the whole fortunate
that we are justified in attributing this discovery to Charles.

The application of this law may best be illustrated by an example.
We obtain 200 c.c. of a gas at 17° and wish to know what volume it
would occupy at 0°. To answer the question, we convert the Centi-
grade temperatures to the absolute scale by adding, algebraically,
273 to each. Thus 200 X $j3 = the volume at 0° required. No
formula is needed. We simply ask whether the new temperature is
higher or lower than the old one. Here it is lower. The new volume
will therefore be smaller than the old one. So we take care to place
the smaller number in the numerator.

The law may be put in mathematical form (see below). It is preferable, how-
aver, that beginners should use the method employed in the illustration given in
the preceding paragraph. Simple mathematical expressions, like the one repre-
senting this law, are not made to save us the trouble of remembering the law itself,
and it would be unfortunate if their use led us to forget it.

A lecture demonstration of Charles’ law may be given with the help of the
apparatus already described (Fig. 57).

We first adjust our mercury levels until they are equal, and note the volume
gecupied by our sample (say 30.2 c.c.) at the temperature of the room (say 20° C.).
Suppose we next raise the temperature to 100° by means of stedm. We wait
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until the gas has reached the new temperature, and bring the pressure back to
the original value by lowering the side tube until the mercury levels are again
equal. Finally the new volume is read off on the scale; it is observed to be 38.5
c.c.

Let us compare this with the value calculated from Charles’ law. We have
increased our temperature from 273 + 20 = 293° Absolute to 273 + 100 = 373°
Abs.; our volume should be increased, therefore, in the proportion 373/293.
This would make our final volume 30.2 X 373/293 = 38.4 c.c. Again the agree-
ment is within experimental errors.

Charles’ law is shown graphically by the line OA in Fig. 59. Pres-
sures P are plotted vertically and absolute temperatures T hori-
zontally. At any fixed pressure, V is directly proportional to T,
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F1a. 59. Graphical Representation of Charles’ Law.

or V = K'T, where K’ is a constant. If therefore we take a volume
V1 of gas at a temperature T, and change its temperature to T, the
new volume V, is V;V:/T:. (Confirm this for yourself by pro-
ceeding as we did for Boyle’s law on p. 113.) Similarly, if we know
Vi, T, and V,, then T, = V,T1/V:. Note that it is possible to
solve any problem on Charles’ law immediately from the graph by
drawing a line through the point representing our orjginal conditions
(say the point B) and the origin. If we now change from T, to T,
the new volume of our sample of gas, Vs, is represented by the inter;
section of this line with the perpendicular from 7; (the point C).
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The behaviors of gases in respect to changes of temperature and
pressure are perfectly independent of one another, so that the above
laws may be applied to any example, either in succession, using the
answer for the first calculation in making the second, or simultane-
ously. Thus 200 c.c. of gas at 742 mm. pressure and 17° become
200 X +4% X 43¢ = 183.8 c.c. at 0° and 760 mm.

If a sample of a gas is heated and its volume s kept constant, then
we find that its pressure is directly proportional to the absolute tem-
perature. 'This is not a third law distinct from that of Boyle and of
Charles, but is derived by combining the two.

Mixed Gases (Dalton’s Law). — Different gases at the same
temperature, provided they do not interact chemically, exert no
influence at all upon each other when mixed. Each component
of the mixture behaves as if all the others were absent and it alone
were in occupation of the whole available volume. Thus if we mix
100 c.c. of oxygen and 400 c.c. of nitrogen, both at one atmosphere
pressure, the resultant gas occupies 500 c.c. at this same pressure,
but the oxygen acts as if it were under a pressure of only one-fifth of
an atmosphere, while the nitrogen acts as if it were under a pressure
of only four-fifths of an atmosphere. This may be generalized into
the law of partial pressures, first formulated by Dalton in 1807:
The pressure exercised by each component in a gaseous mixture
is proportional to its concentration in the mixture, and the total
pressure of the gas is equal to the sum of those of its components.

This law is particularly useful in correcting to standard conditions
a given volume of a gas which has been collected over water, since
such a specimen necessarily contains water vapor. The partial
pressure of this, called aqueous tension (p. 172), which is definite for
each temperature, must be subtracted from the total pressure in
order to obtain the partial pressurc of the gas being measured, and
the remainder must be used as the pressure of this gas in any calcu-
lation. Thus, in a gas measured over water at 22°, the total pressure
includes 19.7 mm. pressure of water vapor (the aqueous tension at
22°, see Appendix IV). Hence 150 c.c. of gas over water at 22°
and 750 mm. is the same in amount as 150 c.c. of the same gas
in dry condition at 22° and 730.3 mm. (there being simply 150 c.c.
of water vapor at 19.7 mm. mixed with xt) To obtain the volume
of dry gas at 0°*and 760 mm. we have the expression

273 _ 730.3
150 X 565 X g0 *
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Densities of Gases. — The application of the laws of Boyle and
Charles enables us to express the quantities of matter in samples of
gases in a definite and readily comparable manner. In describing
chemical changes, however, it is continually necessary to express
quantities of gases by weight. The relation between volume and
weight for each kind of gas must, therefore, be ascertained. If we
know, for example, the weight of one liter of each gas at 0° and 760
mm. pressure, conversion to other weights, volumes, temperatures,
and pressures can be made. The one-thousandth part of this value,
the weight of 1 c.c., is called the density of the gas. Often, however,
the relative weights of equal volumes, with that of air or hydrogen
as unity, reteive this name.

For most chemical purposes a high degree of accuracy is not re-
quired. The most direet method is to employ a light flask of 125-150
c.c. capacity, provided with a rubber stopper and stopcock (Fig. 60).
By means of an air-pump the contents of the flask
are removed, and it is weighed. This gives the weight
of the empty vessel. The gas, whose density is to
be ascertained, is then admitted, and care is taken
that it finally fills the flask at the pressure of the
atmosphere. The flask is closed and weighed again.

The increase represents the weight of the gas. At

the same time the temperature and barometric pres-

sure are read. The volume is determined by dis-

placing the gas once more from the flask, filling with

water, and weighing again. The difference in weight

between the empty flask and the flask full of water, ric 60. Measure-
in grams, enables us to calculate the volume of the  Zortof the Den-
content of the flask in cubic centimeters (see Fig. 81,

p. 169). This volume is reduced to 0° and 760 mm. by the rules
discussed above, and we have then a volume of the gas and the cor-
responding weight.

To illustrate, let us suppose that the volume of the flask is 200
c.c. and that it is filled with oxygen at 17° and 742 mm. The weight
of the gas is found to be 0.26 g. We ascertained (p. 118) by calcula-~
tion that at 0° and 760 mm. this volume would be 183.8 c.c. The
weight of a liter is given by the proportion 183.8 : 0.26 :: 1000 : .
Here x = 1.415 g. When the operation is performed carefully, and
the weighing carried to the nearest milligram instead of the nearest
centigram, a result more nearly approaching the exact one (1.429),
may easily be reached.
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To get the density of oxygen referred to hydrogen as unity, we
must divide the answer by the weight of a liter of hydrogen (0.08987
g.). In the above case the quotient is 15.74. The accepted value is
15.90. The density referred to air as unity is similarly obtained by
dividing by 1.293, the weight of a liter of air at 0° and 760 mm.
pressure.

If a suitable pump is not available, the flask, in this case provided with two
openings, is weighed without preliminary exhaustion. This gives the weight of
the vessel plus that of the air 1t contains. A continuous stream of the gas is then
passed into the flask until the air has been completely displaced. The vessel is
then closed and another weighing made. Finally the gas is displaced by water,
and a third weighing taken. The temperature and barometric pressure are noted
as usual. The last weighing gives the volume as before. Knowing that one liter
of air weighs 1.293 g. at 0° and 760 mm., we may calculate readily the weight of
the air which the flask contained at the observed temperature and pressure.
When this is subtracted from the number obtained in the first weighing, we have
the weight of the empty flask. Subtracting this in turn from a second weighing,
we have the weight of the gas. We obtain thus the weight of a known volume of
the gas at a known temperature and pressure, and finish the calculation as before.

The values of the densities of gases are of great significance in the
chemical point of view. A number of them are given later in con-
nection with the discussion of molar weights (see p. 195).

Vapor Densities. — The densities of the vapors obtained when
liquids and solids are heated are as important to the chemist as
those of gases and, solids and liquids being more numerous, are even
more frequently measured.

A modification of the flask just described is used. A tempera-
ture sufficiently high to vaporize the substance must be employed.
The volume is reduced by rule to 0° and 760 mm., and the density,
in this case known as the vapor density (wt. of 1 c.c.), is calculated
as before. The reduction to 0° and 760 mm. pressure by rule gives,
of course, a fictitious result. The vapor would condense to the
liquid form before 0° was reached, if the cooling were actually car-
ried out. But the value for the density as it would be at 0° and 760
mm. has to be calculated to facilitate comparison with the corre-
sponding values for other substances. The results have no physical
significance, but are highly important to the chemist.

. Diffusion. — When two cylinders, one filled with hydrogen and
one with oxygen, are placed mouth to mouth (Fig. 61); so that the
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one containing hydrogen is uppermost, since the oxygen in the lower
cylinder is ‘nearly 16 times as heavy as the hydrogen (p. 120), we
might expect the gases to remain in their respective cylinders. The
oxygen, however, makes its way into the hydrogen above
it, and the hydrogen penetrates into the oxygen in the
lower cylinder so that, in a short time, the gases are
perfectly mixed, just as if gravity did not exist. The
same phenomenon is observed when, in everyday life,
a bottle of scent is opened. The vapor, on escaping,
begins to penetrate in all directions through the room,
showing its presence by its odor. The material of gases
has in fact an independent power of locomotion. The
resulting phenomenon we call diffusion. It is constant
in rate for each gas under like conditions, and hydrogen
has the greatest speed of diffusion of all the gases.

HyDROGEN

The phenomena of diffusion must not be confused with cases
like the pouring of hydrogen upward to displace air in an inverted
jar. In this case the gas flows en masse, and the
gravity effect 18 the very one on which we depend
for the success of the experiment. It is when hy-
drogen scatters itself in a somewhat slower way,
and downward and sideways as well as upward, )
that we have diffusion. The word indicates the F“’guﬁilon. Dif-
T scattering rather than the flowing nature of the
phenomenon.

OxXYGEN

The different rates of diffusion of different gases are
easily shown by comparing their several speeds with
that of air, when both pass through a wall of unglazed,
porous porcelain.

The porous cylinder A (Fig. 62) contains air and is
connected by a rubber stopper with a wide tube which
dips beneath the surface of the water. When a cylinder
H containing hydrogen is brought over it, rapid escape
of gas takes place through the water, showing that a

Fia. 82 o ‘&2 rise in pressure has taken place inside the porous vessel.

poring Rates of Before the cylinder of hydrogen approached the porous
vessel, the sair was moving both outwgrds and inwards

through the porcelain, but, being the same gas, the speed of motion
was equal in both directions, and therefore the pressure inside wag
nat. affected. Tt is imnortant to note that there was at no time rest.

i
i
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there was simply equal motion in both directions. When the hydro-
gen atmosphere surrounded the cylinder, the hydrogen gas moved
more rapidly into the cylinder than the air inside could move out,
and hence an excess of pressure quickly arose in the interior.

Exact measurement shows that the lighter a gas is in bulk, the
faster its parts move by diffusion in any direction. The rate is
inversely proportional to the square root of the density of the gas.
Thus, for hydrogen and oxygen it is in the ratio V'1.429 : V/0.08987,
or 4.0 to 1.

Tue KiNETIc-MoOLECULAR HYPOTHESIS

Just as we can thoroughly understand the behavior of a watch
or an automobile engine only if we know the details of its structure,
and how the parts work, so we can understand the physical and
chemical behavior of matter in masses only if we are familiar with
its ultimate mechanism. Hence we must now take up the study of
the structure of matter in the gaseous state.

In order to explain the applicability of the laws of Boyle and of
Charles to gases in general, a hypothesis (p. 34) has been devised
by chemists. In the course of time, evidence has been accumulated
which verifies this hypothesis beyond all possibility of doubt. The
hypothesis is known as the kinetic-molecular hypothesis, from the
two main postulates upon which it is based.

In the first place, it is assumed that all matter in the gaseous state
is composed of exceedingly minute discrete particles or molecules,
the molecules of any particular substance being all alike in nature
and in mass. In solids and liquids, these particles are fairly closely
packed, and the cohesive forces between neighboring particles, for
matter in the solid state, may be sufficiently strong to cause the
individual molecules to lose their discrete characteristics altogether
(see pp. 68-72). In gases, on the contrary, the molecules are
widely scattered, with much vacant space between them.

The second postulate is that the molecules of all substances under
ordinary conditions are in rapid motion, and consequently possess
kinetic energy. In liquids this motion is restricted, by cohesive
forces between the particles, within a definite volume; in solids the
restrictions are gtill more rigid (see p. 185)® In a gas, however, the
molecules are free to distribute themselves throughout the whole of
the containing vessel, and by continually striking the yalls of this
vessel thev broduce oressure,
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The Properties of Gases. — A very noticeable fact about gases
is that they can be compressed to an enormous extent. Oxygen at
760 mm., for example, can be reduced by pressure to one two-hun-
dredth of its volume, or even less. The compression does not sig-
nificantly affect the individual molecules, and therefore does not
diminish the volume actually occupied by the oxygen, but it crowds
the molecules closer together and diminishes to one two-hundredth
the space between them. Compressing a gas is essentially, in fact,
compressing the empty space of which it chiefly consists. To under-
stand what follows, the reader must keep constantly before him a
mental image of a jar of gas as consisting of extremely small par-
ticles separated by relatively wide, empty spaces. The molecules
are in rapid motion and move in straight lines, excepting when
they strike one another or the walls of the vessel.

The most remarkable property of a gas, considering the looseness
with which its material is packed, is the total absence in it of any
tendency to settling or subsidence. Since the molecules cannot be
at rest upon onec another, as the great compressibility shows, we are
driven to conclude that they are widely separated from one another,
and that they occupy the space, otherwise a complete vacuum, by
constantly moving about in all directions. But a moving aggregate
of particles which does not even finally settle must be in perpetual
motion. We must, therefore, believe the molecules to be wholly
unlike larger bodies of matter (e.g., a tennis-ball) in having perfect
elasticity, in consequence of which they undergo no loss of energy
after a collision. They must continually strike the walls of the
vessel and one another and rebound, yet without loss of motion.
The fact that each gas is homogeneous, efforts to sift out lighter or
heavier samples having failed, requires the supposition that all the
molecules of a pure gas are closely alike.

The diffusibility of gases is due to the motion of the molecules,
and their permeability to the space available to receive molecules
of another gas. These two modes of behavior involve no addi-
tional molecular properties. The word “ diffusion ” is often thought
to mean the property of a given mass of gas in virtue of which an-
other gas can mix with the given mass. This property is not diffusi-
bility but permeability. It is the other gas, which makes its way
into the given gas, which is diffusing. Diffusion is spontaneous
motion of the parts of.a gas away from their original location. Unless
this motlon is into an empty space, the diffusing molecules must,
of course, move into another body of gas. In the case of the jars of
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hydrogen and oxygen (p. 121), each gas moved in part out of its original
jar (diffused), and each received parts of the other gas info its jar
(was permeated).

From the diffusion results obtained by experiment with any
particular . gas, the average speed at which the molecules of which
it is composed are moving can be calculated. For the hydrogen
molecule at room temperature, this speed is 1840 meters per second,
or faster than a rifle bullet. The average speed of the oxygen mole-
cule under the same conditions is one-quarter of this value, or 460
meters per second.

Boyle’s Law and Charles’ Law. — Returning now to Boyle's
law (p. 112), the thing to be accounted for is that when a sample
of a gas diminishes in volume, its pressure increases in the same
proportion. Let the diagram (Fig. 63) represent a cylinder with
a movable piston, upon which weights may be placed to resist the
pressure. Now the pressure exercised by the
gas under the piston cannot be like the pres-
sure of the hand upon a table, since we have
I B d just assumed that the particles are not even
g | approximately at rest, and the spaces be-
[l tween them are enormous compared with the
size of the molecules themselves. The gaseous
pressure must therefore be attributed to the

colossal hailstorm which their innumerable

Fia. 63. Effect of Pressure  jmpacts upon the piston produce. If this is
the case, the compressing of a gas must consist

simply in moving the partition downwards, so that the particles as
they fly about are gradually restricted to a smaller and smaller space.
Their paths become on an average shorter and shorter. Their im-
pacts upon the walls become more and more frequent. So the pres-
sure which this causes becomes greater and greater, and is propor-
tional to the degree of crowding (the concentration) of the molecules.

There are two other points to be added. When we diminish
the volume to one-half, we find from experience that the pressure
becomes exactly, or almost exactly, twice as great. This must
mean that, although the particles are becoming crowded, they do
not interfere with one another’s motion, excepting of course where
actual collision causes a rebound. Only in the absence of inter-
fgrence would doubling the number of molecules per unit of volume
give exactly double the number of impacts on the walls, * Hence the
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molecules must have practically no tendency to cohesion. Finally,
the molectiles must be supposed to move in straight lines between
collisions.

Boyle’s law therefore adds three more details concerning molecular
behavior, namely, that the crowding of the molecules represents
the concentration of the material and that the particles move in straight
lines and show almost no cohesion, since pressure and concentration
are very closely proportional to one another. Dalton’s law of partial
pressures emphasizes the fact that these rules hold not only for single
gases, but for mixtures of gases.

It will be sgen, on consideration, that if the molecules are assumed to repel
one another, they would do so more violently the more closely they were packed
together. This assumption would therefore suit the case of a gaseous body in
which the pressures increased according to some power of the concentration other
than the first, and therefore much more rapidly than in known gases. In spite of
its inapplicability, this notion is supposed by many people to be part of the kinetic
theory.

Charles’ law (p. 116), that a gas receives equal increments in volume
or pressure for equal elevations in temperature, requires but one addi-
tion to the hypothesis. Concretely, if our specimen of gas (Fig. 63)
is at 0°, and we permit its pressure to remain constant by leaving the
same weight on the piston, then when the temperature of the gas is
raised to 1°, the volume will gain 41y of the original volume. If, on
the other hand, we restrict the gas to the original volume, the pressure
will evidently increase, and the augmentation will be 54y of the
original pressure. Now, how can we account for an increase in
pressure as the result of heating a mass of rapidly moving molecules?
The action of a particle colliding with a surface is measured in physics
in terms of its mass and its velocity. It is evident that heating a cloud
of molecules would not increase the mass of each, and it must there-
fore increase the velocity of each, since the kinetic energy of all
becomes greater. This conclusion is in harmony with our experience
that violently rubbing a solid raises its temperature, and such a mode
of treatment might plausibly be supposed to communicate motion
to the minute parts of the body.

Liquefaction of Gases: Critical Temperature. — We find by
experiment, finally, that all gases can be liquefied b sufficient cooling
and compression. This fact compels us to suppose that, after all,
even gaseous molecules have some tendency to cohesion. This
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cohesion is, in general, scarcely perceptible so long as the gas is warm
and under a low pressure, but it is possible, by careful measure-
ment, to establish the fact that it does induce slight deviations from
Boyle’s law even under such conditions. Thus, 2 liters of oxygen
at 1 atmosphere pressure, when subjected to 2 atmospheres pressure,
give 0.9991 liters instead of 1 liter. The additional contraction of
0.0009 liters (0.9 c.c.) is due to the effect of cohesion when the mole-
cules are thus crowded closer together. The gases which are more
easily liquefied than is oxygen show greater effects. Thus, 2 liters
of sulphur dioxide at 760 mm., when subjected to 2 atmospheres
pressure, give only 0.974 liters, showing a contraction due to cohesion
of 26 c.c. These data refer to 0°. At lower tem-
peratures the contractions due to cohesion become
rapidly greater.

We can readily understand, therefore, that when the
kinetic energy of the molecules is sufficiently reduced
by cooling, and the molecules are brought sufficiently
close together, the tendency of the molecules to cohere
causes the gas to condense and assume the liquid form.
In 1869 Andrews found that carbon dioxide could be
liquefied at 0° by 38 atmospheres pressure, and at 30°
by 71 atmospheres, but that above 31.35° it could
not be liquefied by any pressure. He discovered that
each gas has a critical temperature, as he called it.
For carbon dioxide, this temperature can be observed
by placing a heavy-walled, glass tube (Fig. 64), half-
filled with liquid carbon dioxide, in a beaker of water,
Fﬁ'm?' im:“.l’ggf; and gradually raising the temperatt.xre_of the latter.

Serving  Critieal At 31.35°, the surface between the. liquid and gas be-

comes hazy and vanishes. At this temperature the
liquid state disappears, merging into the gaseous. When the tem-
perature falls once more, the surface marking the boundary be-
tween liquid and gas re-appears at 31.35°.

The critical temperature of oxygen is —118° of hydrogen —234°,
of carbon dioxide 31.35°, of sulphur dioxide 156°, of water 374°.

Another Deviation from the Laws of Gases. A Perfect Gas. —
1t is also found by experiment that when a gas is already under very
high pressure, and very closely packed, an increase in the pressure
does not produce quite as great a diminution in volume as Boyle’s law
leads us to expect. 'This reminds us that we are diminishing only the



THE MEASUREMENT OF QUANTITY IN GASES 127

space between the molecules, rather than the volumes of the mole-
cules themselves, and therefore not the total volume of the gas. When,
on severe compression, the volume occupied by the molecules them-
selves has become an appreciable fraction of the whole volume,
additional compression does not affect the whole volume, and the
contraction is smaller than Boyle’s law would indicate. Thus, 200
liters of hydrogen, at 16° and under one atmosphere pressure, when
subjected to 200 atmospheres pressure, give 1.134 liters, instead
of 1 liter.

The last two effects (namely, those due to the tendency to co-
hesion of, and the space occupied by the molecules) are called devia-
tions from ‘the laws of gases. An imaginary gas, which exhibits
neither deviation, called a perfect gas, is often referred to in discuss-
ing the behavior of gases.

If the relatively incompressible space occupied by the molecules is called b, and
that of the whole gas v, then the amended form of Boyle’s law reads p (v — b) =
constant. Similarly, if the cohesive tendency is taken into account, it is plain-that
its effect will be numerically greater at small volumes, although not so easily ob-
served. It isin fact inversely proportional to the square of the volume. If it is ex-
pressedin thesame units as the pressure by a, the total of the compressing tendencies

becomes p + —:—2 . Hence Boyle’s law, for constant temperatures, as amended by

van der Waals, reads (p + %) (v — b) = constant, a formula which describes

the actual behavior of most gases with remarkable accuracy. Hydrogen alone, at
ordinary temperatures, shows no excessive compressibility at low pressures.
Thus, 2 liters of hydrogen at 760 mm., when subjected to 1520 mm. pressure,
give 1.0006 liters, or 0.6 c.c. more than Boyle’s law suggests.

It will be noted that the kinetic theory affords a mechanical
explanation (7.e., description in detail) of all the properties of gases,
with the exceptlon of the cohesion. It includes no machinery for
explaining how the attractive forces between the molecules operate.
This problem is still largely unsolved. As a result of recent theo-
retical developments, we understand fairly well the forces exerted
between atoms (see Chapter XXVI), but the extension of the new
concepts to molecules remains rather indefinite.

Summary. — We may now summarize the principal facts about
gases in mass, appearing in italics above, with the corresponding
features of the molecular relations, in heavy type, which we havg
added one by one.
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Facts about Gases in Mass

Corresponding Relations of Molecules

Compressibility . . ........
Diffusibility. .. ..... ..
Permeability. ... ........
Non-settling . ...........
Homogeneity.........

Pressure................

Charles’ law
Law of diffusion. .. .... .

Gases can be liquefied, and
show lower compressi-
bility at high pressures

Vacuum + molecules widely separated.

Molecules in rapid motion.

Emf)ty space relatively large.

Molecules perfectly elastic.

Molecules of any one substance closely alike.

Due to impacts of molecules.

Pressure proportional to concentration of the
molecules. Molecules move in straight lines
and, when widely scattered, show no tendency
to cohesion or to repulsion.

Rise in temperature increases the velocity, and
therefore the kinetic energy of the molecules.
Speed of molecules inversely proportional to square

root of mass.

Molecules do possess some tendency to cohesion,
and do occupy an appreciable fraction of the
space when pressure is very great.

History of the Kinetic-Molecular Theory. — This theory was
first suggested by Daniel Bernoulli (1738), who explained by its
means the pressure and compressibility of gases. Lomonossov
(1748) developed the theory very completely and by means of it
explained Boyle’s law and the effects of changes in temperature.
He also anticipated from the theory the existence of the second
deviation from the law of gases (1749), a discovery usually cred-
ited to Dupré (1864). He likewise pointed out that there was no
limit to the maximum velocity of a molecule, and therefore no upper
limit of temperature, but that there must be a lower limit (the
absolute zero) at which the molecules would be at rest (1744). This
work was entirely forgotten, until attention was called to it in 1904
by Menschutkin.

Similar views were expressed by Waterston (1845), but were still
so much ahead of the time that the committee of the Royal Society
did not approve the paper for publication, and it was discovered
in the archives of the society, long afterwards, by Lord Rayleigh.
The development of the theory, so far as it applies to heat, is therefore
credited to Joule (1855-60) and, in respect tp all properties of gases,
to Kronig (1856) and Clausius (1857), who knew nothing of the
earlier work.
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Exercises. — The text cannot be understood unless some problems involving
the laws of gases are actually worked.

1. Reduce 189 c.c. of gas at 15° and 750 mm. to 0° and 760 mm.

2. Reduce 110 c.c. of gas at —5° and 741 mm. to 0° and 760 mm.

3. Convert 500 c.c. of gas at 25° and 700 mm. to 18° and 745 mm.

4. Reduce 250 c.c. of gas (standing over water) at 22° and 755 mm. to the dry
condition and to 0° and 760 mm.

5. The density of a substance referred to air is 3.2. What is the density re-
ferred to hydrogen? What will be the volume occupied by 10 g. of the substance
at 20° and 752 mm.?

6. What will be the relative rate of diffusion of the substance in question 5,
(@) to hydrogen, (b) to air?

7. Converf the pressure of the atmosphere from mm. of mercury to (a) pounds
per square inch, (b) tons per sq. ft. The density of mercury at 0° C. is 13.6, the
average barometric height at sea level is 760 mm.

8. Reduce 100 c.c. of a gas at 750 mm. and 0° F. to 770 mm. and 68° F.

9. Why, in our lecture experiment on Charles’ law (p. 116), do we need to
adjust the mercury levels in the two tubes back to equality at the end of the
experiment?

10. Using the same apparatus as in Exercise 9, the procedure is varied from
that described on p. 116 as follows. When the gas has reached 100°, the side tube
is raised until the volume is brought back to its original value at 20°. The differ-
ence in the mercury levels in the two tubes is then found to be 206 mm. The
barometric height is 756 mm. What law has here been illustrated (p. 118), and
how does the observed value agree with the calculated?

11. Deduce algebraically the law illustrated in Exercise 10 by combining the
laws of Boyle and of Charles, and express it in graphical form.

12. The volume of a given sample of gas at 748 mm. and 7° is 35.0 c.c. What
will be its pressure when its volume is 34.0 c.c. and the temperature 18°?

13. The volume of a given sample of gas at 800 mm. and 23° is 150 c.c. The
pressure is reduced to 700 mm. At what temperature would the gas occupy its
original volume under this new pressure?

_ 14. A tin can, containing a little water, is heated with a Bunsen burner until
steam issues freely from its mouth. The flame is removed and the can is quickly
stoppered. What happens when the can gets cool? Explain by means of the
kinetic-molecular hypothesis.

15. The sun shines on an empty stoppered bottle, and the stopper is blown
out. Explain by means of the kinetic-molecular hypothesis

16. With the diffusion apparatus shown in Fig. 62 (p. 121), what will happen
when the cylinder H is withdrawn? Explain by means of the kinetic-molecular
hypothesis. (Caution: Two effects are to be observed, one after the other;
be sure that you get both o’ them.)

17. One liter of hydrogen at 0° and 1 atm. is brought to 16° and 200 atm.
pressure. What is the volume (p. 127)?
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18. Using the answer obtained in Exercise 17, calculate the volume occupied’
by 1 g. of hydrogen at 0° and 200 atm. pressure (p. 93).

19. The following table shows the experimental densities and rates of diffusion
of a number of gases, on the basis hydrogen = 1.

Gas Density Rate of Diffusion
Hydrogen 1 1
Methane 8 0.351
Nitrogen 14 0.265
Hydrogen sulphide 17 0.248
Carbon dioxide 22 0.212
Sulphur dioxide 32 0.177

Plot, on coordinate paper, a density-rate of diffusion curve. What is the
equation for this curve? Compare the calculated rate of diffusion of each gas
with the observed value.



CHAPTER VIII
HYDROGEN

Having learned something of the properties of gases in genera
and of oxygen in particular, we turn now to water, a substanc
as closely connected with our daily life as is air. We have see
(p. 95) that it is a compound of oxygen and hydrogen, and th
latter element, therefore, may be taken up next. Hydrogen is ¢
interest on its own account because it is often used in filling ba
loons, and nearly half (by volume) of ordinary illuminating gas i
free hydrogen.

History. — Hydrogen, although discovered by Paracelsus in th
sixteenth century, was confused with other combustible gases, an
its independent nature was first established by Cavendish in 176¢
Somewhat later (1781), the latter showed that hydrogen when i
burned in the air gave water vapor, of which he condensed a larg
quantity to the liquid form. Taken in conjunction with Lavoisier’
proof that oxygen was the active substance in the air (1777), this fac
showed that water was a compound of hydrogen (Greek, v6wp, wate
vewar, to produce) and oxygen, and not a simple substance.

Occurrence. — Free hydrogen is found, mixed with varyin
proportions of other gases, in exhalations from volcanags, in pocket
found in certain layers of the rock-salt deposits, and in some meteor
ites. The air contains not over 1 part in 1,500,000. The lines ¢
hydrogen are prominent in the spectra of the sun and of most star

In combination, it constitutes about 11 per cent by weight ¢
water. It is an essential constituent of all acids. It is containe
also, in combination with carbon, in the components of natural gas
petroleum, and all animal and vegetable bodies.

]
We have seen (p. 27) that, using the physical unit of 'weight, the elemer
hydrogen stands ninth in order of plentifulness. But the chemical abundanc
of the elements should rather be reckoned by the relative numbers of aton?
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recalculated to this percentage basis, hydrogen assumes a position more in har-
mony with its importance:

Oxygen........ 54.4 Aluminium...... 5.0 Iron... ........ 1.5
Silicon......... 16.1 Sodium..... ... 2.0 Caleium. . ..1.5
Hydrogen. . .... 15.9 Magnesium......1.5 Allothers... .. 2.1

Preparation by the Action of Metals on Cold Water. — To
liberate hydrogen from water, it is necessary to use some element
with which the oxygen of the water will combine even more energetic-
ally than with hydrogen, and to offer this element in exchange for
the hydrogen.

The more active metals, such as potassium, sodium, or calcium,
displace hydrogen rapidly from cold water. Potassium and sodium
are lighter than water, and float on the surface. In the case of the
former, so much heat is liberated that the hy-
drogen catches fire, and with neither metal is
the experiment safe in the hands of a novice.
Calcium sinks to the bottom, and acts rapidly,
but not violently, so that the gas is easily
collected (Fig. 65). The pieces of these metals,
of course, act upon only a small part of the
water in the vessel. In each case the metal
displaces one-half only of the hydrogen in
that part of the water upon which it acts. The
other products are the hydroxides of potassium,
sodium, and calcium, respectively. The two
former dissolve in the excess water, leaving a
clear liquid when the metal is all gone, but
may be recovered as white solids by evapora~
tion. The calcium hydroxide (slaked lime) is
dissolved omly in part, and much of it may be seen suspended in
the water after the action.

An alloy of lead with sodium (385 per cent), sold under the name
of hydrone, affords a convenient substitute for sodium in the fore-
going actions.

Fra. 65. Action of Calcium
on Water.

Displacement. — These actions, in which hydrogen is liberated,
present us with a new — the third — variety of chemical change.
Here an element dlsplaces (either in wholesor in part) one of the
elements from a compound, setting it free, and unites with the rest of
the constituents of the compound. Thus, calcium displaces part of
the hydrogen, and unites with the oxygen and the rest of the'hydrogen.
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The Making of Equations. — To make an equation we must
have the results of quantitative measurements. These furnish us
with the composition of each substance concerned. The composi-
tion, expressed in multiples of the atomic weights, is recorded in the
formula of the substance. If we are in possession of the necessary
formule, we can write the equation.

For example, the composition of water is: hydrogen 2 X 1.008,
oxygen 16. In symbols, this is 2H and O, and the formula is there-
fore H;O. The composition of potassium hydroxide is: potassium
39.1, oxygen 16, hydrogen 1.008, and the formula therefore KOH.
In calcium hydroxide the proportions are: calcium 40.07, oxygen
2 X 16, hydrogen 2 X 1.008 and the formula Ca(OH),.

To make the equation, we first write down the formul®e of the
substances used and produced:

Skeletons: K + H,O0 —» KOH + H,. 1)
Na + H20 — NaOH =+ Hz. (2)
Ca + H;0 — Ca(OH), + H.. 3)

Next we must balance the equation, if necessary. That is we
must adjust it so that there are equal numbers of atomic weights
(or atoms) of each element on both sides of the equation. This is
done because, according to the law of conservation of mass, there
must be the same quantity of each element after the reaction as
therc was before it. On examining the third equation, for example,
we note there is 20, in the (OH)., on the right side and only O on the
left. We therefore place a 2 in front of the H,0, for we cannot get
the additional oxygen excepting by using more water:

Balanced: Ca + 2H,0 — Ca(OH), + H..

The number of atomic weights of hydrogen has also been made equal
by this procedure, and the equation is completely balanced.

The reader must practice the making and balancing of equations,
until he can do it quickly. Equations (1) and (2) above will afford
immediate practice. The text contains many equations, but more
usually only the data required for making them (the formule of the
substances) are given.

’ )]
Hydrogen from Metals and Water at a High Temperature. —
With steam at a red heat, metals like iron, zinc, and magnesium,
also red-hot, interact vigorously. The steam, generated in a flask,
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enters at one end of the tube containing the metal (Fig. 66), and the
hydrogen passes off at the other. Since, at a red heat, all hydroxides,
except those of potassium and sodium, are decomposed into an oxide
of the metal and water, as, for example, Mg(OH), — MgO + H,0,
the oxides are formed in this case:

Mg + H20 —>MgO + Hz.

Iron, under the above conditions, gives the magnetic oxide Fe;O,

(compare p. 95).

Fic. 66. Action of Iron on Steam.

Silver, gold and platinum, which do not combine directly with
pure oxygen, and even copper and mercury, which do, are all unable
to form oxides and to liberate hydrogen when heated in steam.

Making Equations, Again. — The skeleton equation for the
action of iron on steam is:

Skeleton: Fe + H,0 — Fe;04 + Ho.

We are not permitted to alter these formule themselves, but we
may put coefficients in front of any of them to make the number of
atomic weights alike on both sides. The rule (p. 80) is to pick out
the largest formula and reason back from that. Here, this is Fe;O,.
To get Fe;, we Iust start with 3Fe, and to get O, we must start
gvith 4H,0:

Balanced: 3Fe + 4H,0 — Fe;0, 4+ 4H,.
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Acids. — In making hydrogen in the laboratory, dilute acids
wre used almost exclusively. The most common acids are hydro-
‘hloric acid and sulphuric acid. The former is a solution of a gas,
1ydrogen chloride HCl, in water. The ‘ pure concentrated ”’
1ydrochloric acid used in laboratories contains nearly as much
f the gas (39 per cent by weight) as the water will dissolve. The
‘ commercial ”’ acid contains impurities and is also less concen-
rated. The ‘ concentrated ”’ sulphuric acid is an oily liquid con-
aining practically no water. The pure acid is a compound of hydro-
ten, sulphur and oxygen, to which chemists have given the name
wydrogen sulphate HySO4. The ‘‘ commercial ”’ sulphuric acid con-
ains 6 to 7 per cent of water, besides impurities.

All the “ dilute ”’ acids contain 70 to 80 per cent of water. The
vater, as a rule, takes no part in the chemical changes in which the
weids are concerned, and is therefore omitted from the condensed
tatements of their reactions.

The name “ acid ”’ is restricted to one class of substances hav-
ng certain definite characteristics, which will be discussed in detail
n a later chapter. It will suffice to mention at this point that
wdrogen is the one essential constituent of all acids, that their
iqueous solutions have a sour taste and change the color of litmus
rom blue to red, and that, in aqueous solution, also, their hydrogen
s displaced, in whole or in part, by certain metals.

Radicals. — In describing the chemical behavior of acids, we
ipeak of the hydrogen as the positive radical, because in clectrolysis
see p. 138) it is attracted to the negative pole, and of the material
sombined with the hydrogen as the negative radical, because it is
itracted to the positive pole. Thus in hydrochloric acid hydrogen
8. combined with the chloride radical, in sulphuric acid with the
ulphate radical. The first is a simple radical, containing only
thlorine (Cl), the second is a compound radical, containing sulphur
wnd oxygen (SO,). In many interactions the compound radicals
nove as units from one state of combination to another.

Preparation of Hydrogen by Displacement from Diluted Acids. —
Ivery one of the metals which displace hydrogen from water will
dso displace it from didute acids. The acids must be diluted with
vater, unless, like hydrochloric acid, they are already dissolved in
vater. The action is much more vigorous than that on water, sq
hat the most active metals are not employed. Metals like zinc,
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iron, and aluminium serve the purpose. The metal combines with
the negative radical, and so liberates the hydrogen, which escapes
in bubbles. When excess of the metal is employed, hydrogen con-
tinues to be evolved until the acid present is all used up, and evapora-
tion of the clear liquid which remains will then give in dry form the
compound of the metal with the negative radical. Thus, with zinc
and dilute sulphuric acid, zinc sulphate ZnSO, is produced:

Zn + HzSO4 bad ZnSO4 + Hz.

With aluminium and hydrochloric acid, the product is aluminium
chloride AICls:

Skeleton: Al + HCl — AIC]; 4+ H..
Balanced: 2Al 4 6HCI — 2AIC]; + 3H,.

The water undergoes no change during the action, although its pres-
ence is essential. It is simply a part of the apparatus. Any acid
may be used, although with many the action goes on very slowly
(see p. 390).

For preparing small amounts of hydrogen, the apparatus (Fig.
67) is such that additional acid may be added through the thistle,
or safety tube, as desired. This avoids opening the flask and ad-

- (r:_—!
' p =SS
Fre. 67. Apparatus for F1c. 68. Downward Dis- Fi1a. 69. Upward Dis-
Preparation oP Hydrogen. placement. placement.

mitting air. The gas may be caught like oxygen over water or, being
lighter than air, may be collected by downward displacement of the
latter (Fig. 68). Heavy gases are collected by upward di§phcement

of air (Fig. 69).
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With a Kipp’s apparatus (Fig. 70), the gas may be made on a
large scale and its delivery can be regulated. When the stream of
gas is shut off by the stopcock, the pressure of the gas, as it continues
to be generated, drives the acid away from the metal and up into
the globe above, so that the action ceases. Yet
the action is ready to begin again the moment
any portion of the stored gas is drawn off for
use.

Contact of the zinc or iron with an inactive
metal, like platinum or copper, forms an electrical
couple (see p. 921) and hastens the interaction.
For the same reason, commercial zinc, which
contains traces of other metals, gives a steady
evolution of hydrogen, while extremely pure zinc
is almost inactive.

When water is not used along with the acid,
the latter is either inactive or undergoes a dif-
ferent sort of chemical change. Thus, dry, gaseous,
or liquefied hydrogen chloride hardly interacts at
all with zinc. Pure, concentrated sulphuric acid,
on the other hand, although almost unaffected by : )
zinc in the cold, is violently decomposed when  Fio. 70. Kipp’s
heated. The action, however, is not a simple Apparatue.
displacement of the hydrogen. The oxygen is removed from a part
of the acid, and water and hydrogen sulphide are formed (see
p. 463):

4Zn + 5H,804 — 4ZnS04 + 4H,0 + H,S.

The Proportions by Weight. — It may be well to remind our-
selves that the weights of the various materials (implied in the
equations) are proportionate to those obtained by laboratory measure-
ments. It is always found that the total weight of the product is
exactly equal to that of the materials used (p. 40). Also, that a given
weight of the metal, say zinc, will always displace and liberate the
same weight of hydrogen. Also, that the proportions by weight of
the constituent elements in the compound produced are always the
same (p. 42). If we place a weighed piece of zinc in hydrochloric
acid, and wait until the,zinc has all disappeared, ye can then boil
away the water and unused acid, and weigh the white, solid zinc
chloride. We find that 65.37 grams of zinc always leave 136.
grams of zmc chloride. The difference, 70.92, is the chlorine, an
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whatever weights we take, the proportion of zinc to chlorine in the
zine chloride is always in the ratio 65.37 : 70.92,

Zn + 2HCl — ZnCl, 4+ H..

Chemically Equivalent Quantities. — It will be observed that
65.37 parts of zinc displace 2.016 parts of hydrogen, whether the
acid used is sulphuric acid or hydrochloric acid. The proportion
is, in fact, the same with every acid. Hence 65.37 parts by weight
of zinc and 2.016 parts by weight of hydrogen are spoken of as chemi-
cally equivalent quantities. The quantities of the displacing and
of the displaced element are in all re-
actions, indeed, regarded as chemically
equivalent.

The term equivalents is applied also
to the quantities liberated by decomposi-
tion of a compound, like the 401.2 parts
of mercury and the 32 parts of oxygen
(p. 42) obtained from mercuric oxide.
It is likewise used of the proportions
combining when chemical union takes
place, as in the case of phosphorus
124.16 parts and oxygen 160 parts
(p. 95). The proportions of the ele-
ments in zinc chloride (see above) are
also chemically equivalent.

Chemically equivalent quantities (or,
simply, equivalents) of two substances
are exact quantities which enter into or
result from a chemical reaction.

Preparation of Hydrogen by Elec-
trolysis. — If we dissolve any acid in
water, and immerse the wires from a
battery in the solution, bubbles of hy-
drogen begin to appear on the negative
plate (the cathode) and rise to the sur-
face. All the other constituents, what-

Fia. 71, Electrolysis of Dilute  ever they mays be, form the negative

Sulphuric Aeid. radical (}1’) 135) and as such are at-
tracted to the positive plate (the anode) and, therefore, do not
interfere with the collection of pure hydrogen An* apparatus
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levised by Hofmann (Fig. 71) enables us to secure the hydrogen,
rhich ascenids on the right and accumulates at the top of the tube,
lisplacing the solution. What may be liberated at the positive
late depends upon the acid used. With hydrochloric acid, it is
hlorine; with sulphuric acid, oxygen comes off and sulphuric acid
s regenerated (see p. 345).

Hydrochloric acid — Hydrogen +  Chlorine
in aqueous solution) (at negative plate) (at positive plate)

Decomposition of a compound by the use of electrical energy is
alled electrolysis (Greek e\exrpor, amber; Avew, to loosen).

It is worth noting that pure acids and pure water, taken sepa-
ately, are practically nonconductors of electricity. The fact that
he mixture does conduct, concomitantly with the decomposition of
he acid, is therefore highly suggestive. Solution in such cases must
wvidently be something more than a mere physical change of state
f aggregation (see Ionization).

It is commonly asserted that water is decomposed by a current of electricity.
Chis is true in the sense in which we might say that a man can carry off a hill.
{e may eventually remove it, if you give him time. The action of electricity upon
he purest water is exceedingly slow, on account of the very minute conductivity
or electricity which it possesses. Common distilled water owes its appreciable
apacity for conducting chiefly to traces of an acid, namely, carbonic acid, which
t contains. Even when the water is saturated with carbonic acid, however,
lilute hydrochloric acid has a conductivity of the order of many thousand times
rreater. For our present purpose, therefore, water is declared to be a nonconduc-
or. Yet, as we shall see, the conductivity of pure water, small as it is, has to be
aken into consideration in certain cases (see Hydrolysis and Electromotive
‘hemistry).

When a dilute solution of sulphuric acid is electrolyzed, the source of the hydro-
ten and the oxygen liberated is rendered obscure by the fact that the sulphuric
weid itself contains both of these elements. When an aqueous solution of sodium
luoride NaF is employed, the same results are obtained, although the dissolved
jubstance contains neither hydrogen nor oxygen. Neither the sodium nor the
luorine themselves can be liberated, however, because the hydrogen and oxygen
»f the water are more easily discharged and set free (see pp. 259, 924). Thisis a
straight case of decomposing water by electrical energy.

Other Ways of Preparing Hydrogen. — For special purposes,
hydrogen may be made by boiling an aqueous solution of sodium
hydroxide with aluminium turnings, when sodium aluminate ig
formed; also by heating powdered zinc and dry sodium hydroxide,
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the product being sodium zincate. These reactions will be discussed
later, under aluminium and zine respectively.

2Al1 + 6NaOH — 2Na3AlO; + 3H,.
Zn 4+ 2NaOH — Na,Zn0,; + H,.

Hydrogenite — a mixture of ferrosilicon and sodium hydroxide
(see p. 659) — and hydrolyte calcium hydride (see p. 723), are also
used in the preparation of hydrogen.

Sources of the Hydrogen of Commerce. — Zinc is too expensive
a substance to use in the preparation of hydrogen in large quantities
for commercial purposes. We realize this when we note that 65
parts of zinc will liberate only 2 parts of hydrogen from hydrochloric
or sulphuric acid, so that with 1 1b. of zinc we obtain only one half-
ounce of the gas. Different sources are used in different localities
and countries.

A limited quantity is obtained as & by-product in the electrolysis
of an aqueous solution of common salt (sodium chloride), in connec-
tion with the manufacture of caustic soda (sodium hydroxide, p.
260). The hydrogen is collected and compressed in steel cylinders.

In some circumstances, the method of passing steam over heated
iron is used (p. 134).

The largest amount of commercial hydrogen, however, is made
by purification of water-gas, which is a mixture of hydrogen and
carbon monoxide (p. 628). This, and still other processes, involve
substances and reactions which we have not yet encountered, and
will be mentioned at the appropriate points.

Preparation of Simple Substances. — There are two general
sources from which we obtain simple substances. If the element
occurs uncombined in nature, as sulphur and gold do, it is only
pecessary to free it from foreign materials (impurities) with which
it is mixed. If no such supply exists, or if the purification is difficult,
then some compound, natural or artificial, is decomposed.

The liberation of an element from combination is likewise effected
in two ways: (1) The compound may be forced apart by the appli-
cation of emergy, usually in the form of heat or electrical energy.
Thus, heat was employed to liberate oxygey (pp. 22, 88, 89). Elec-
trical energy, hdwever, was used in one way of obtalmng hydrogen
(p 138), since readily obtainable compounds which, when heated,
give hydrogen as the only gaseous product, are unknown Elec-
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rrical energy may be used also to liberate any metal. (2) The other
reneral method of setting an element free is to offer to the other con-
tituents of the compound some substance with which they will
mite. This plan is used in liberating hydrogen from acids and
rom water (pp. 132-6).

In selecting our source, we are naturally influenced by the cost
f the material, as well as by the ease of the process. Thus, gold
»xide yields oxygen by the application of very little heat, but it is
xtremely expensive. Quicklime
s very cheap, but does not give
1p its oxygen even at the tem-
serature of the electric arc. As

:

1 laboratory source of hydrogen,
any acid may be used, theo-
retically, but the cheapest and
commonest acids (hydrochloric
acid and sulphuric acid) are
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actually employed.

Purification of Gases. — Hy-
drogen made in any of the
above ways is impure (p. 6).
As made by all the laboratory
methods mentioned, a good deal
of water vapor is mixed with it. Other impurities, like hydrogen

sulphide and arsine, come from the action of the acid
Q ™~ on foreign materials in the zine (p. 137). Some of the
"

Fia. 72. Tubes for Drying Gases

acid, if it is volatile, will also be taken over with the gas.
N When the object for which the gas is being made de-
JW mands it, we must know what the impurities to be ex-

pected are, and take proper means of removing them.
Gases are freed from aqueous vapor (dehydrated) by
means of calcium chloride or concentrated sulphuric acid,
which greedily absorb moisture. The former is used in
X granulated form in straight or bent tubes (Fig. 72). The
o latter is applied by saturating pieces of pumice-stone with
Fio. 73. Gas the acid and filling similar tubes with the fragments. Or
Washing Bot- the acid may be placed in a gas washing bottle (Fig. 73).
For extremely complete drying, a tube may be filled with
phosphoric anhydride P,Os sifted upon glass beads or glass wooh
Forethought must be used to avoid a drying agent which will interact
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with the gas. The longer the gas remains in contact with the drying
agent, the more perfect, up to a certain limit, is the purification
effected. In all cases, the stream of gas must pass slowly.

Particles of liquid or solid matter are always carried along by
freshly made gases. These will pass with the gas through sulphuric
acid without being affected. A plug of cotton or of glass wool in
some part of the tubing is required to arrest them.

Physical Properties of Hydrogen. — Some of these may be given
in tabular form:

Colorless Crit. temp., —234°

Tasteless Sp. ht. (gas, const. press.), 3.4
Odorless Boiling-point, —252.5°

Density (air = 1), 0.0695 Melting-point (58 mm.), —260°

Wt. of 1 1., 0.08987 g. Sol’ty in Water, 1.8 vols. in 100 (20°)

Air is thus 14.5 times heavier, hence hydrogen may be poured up-
wards (Fig. 74) and is used for filling balloons. A liter flask filled
with air requires about 1.2 g. to be added to the tare to restore the
balance when the air is replaced by hydrogen. The specific heat of
hydrogen under constant pres-
sure is about seventeen times
that of oxygen (0.2). Itsthermal
conductivity is greater than that
of any other elementary gas. A
wire, raised to incandescence in
air by means of an electric cur-
rent, cannot be kept at a red
heat, even, by the same current
in hydrogen. This is due to the
fact that much of the heat is
used, not merely to increase the

XN velocity of the molecules, each
of which contains two atoms of

) hydrogen, but also to decompose

Fra. 74. Pouring Hydrogen Upwards.  ¢her into atoms (see Chap. XI).

Hydrogen was first liquefied in visible amounts by Dewar (1898).
The liquid is colorless and, when allowed torevaporate rapidly under
reduced pressure, freezes to a colorless solid. ~All other gases, except
helium, solidify easily when led into a vessel surrounded by liquid
hydrogen.

AIR
v
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Hydrogen is adsorbed, for the most part in a purely mechanical
way, by many metals. Heated iron will take up 19 times its volume
of hydrogen. Under similar conditions gold takes up 46 volumes,
platinum in fine powder 50 volumes, palladium 502 volumes, and
silver none. The maximum adsorbed by palladium under favorable
conditions is 873 volumes. It is still a question whether, in the
case of palladium, a part of the gas is not in combination.

Chemical Properties. — Hydrogen, delivered from a jet, burns
in air or pure oxygen. A cold vessel held over the almost invisible
blue flame condenses to droplets of water the steam that is produced
(Fig. 75). When hydrogen and oxygen are mingled
in a suitable burner (Fig. 76), although the flame gives
little light, it is exceedingly hot. Platinum melts in it
easily and an iron wire burns brilliantly. In a closed
space it produces a temperature of over 2500°. When
the flame is allowed to play on a piece of quicklime,
the latter becomes white-hot at the spot where the
flame meets it. This result is called a calcium light
or lime light.

When hydrogen and oxygen are mixed, the chemical Fie 75. Burning
action is very slow at ordinary temperatures, no per- HYdrosenm A
ceptible amount of union occurring in a period of five years. If the
mixture is sealed up and kept at 300° after several days a small
part is found to have com-

Cr £ — — bined to form water. At

518° hours are required be-

omosew fore the union is complete.

At 700° the combination is

almost instantaneous. Hence

contact with a body at a bright-red heat is required actually to ex-
plode the mixture.

Finely divided platinum,* when held in the cold mixture, hastens
the otherwise vanishingly slow union in the part of the gases in con-
tact with it. The heat of their union raises the temperature of the
platinum to a white heat and this causes explosion of the whole mass

of gas. The platinum is.simply a contact agent (p. 104) and remains
i

I'ta 76. Oxy-hydrogen Burner

* The most convenient form is obtained by dipping asbestos.in a solution of
chloroplatinic acid, and heating it in the blast-lamp. The fibers are covered with?
a thin film of the metal: H;PtCls — Pt + 2Cl; + 2HCIL.
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itself unaffected. The same explanation applies to self-lighting gas
jets and to some pocket cigar lighters.

Hydrogen unites directly with a minority only of the simple sub-
stances. It combines rapidly with oxygen, chlorine, fluorine, and
lithium, and more slowly with a few others.

Hydrogen also unites with oxygen and chlorine, even when these
elements are already combined with certain of the metals. Thus,
when one of the oxides of copper or of iron is heated in a tube through
which hydrogen flows, the latter combines with the oxygen to form
water, and the metal is liberated:

CuO + H; —» H,0 + Cu.
Skeleton: Fe;O4 + Hy — H,O + Fe.

We observe that, for cach atomic weight of oxygen, H, will be re-
quired, and amend the second equation thus:

Balanced: Fe;04 + 4H; — 4H,0 + 3Fe.

These interactions are classed, by mechanism, as displacements
(p. 132).

Reduction. — The removal of oxygen from a compound by its
union with some other substance is called reduction and the sub-
stance (in the foregoing instance, hydrogen) is called a reducing
agent. Carbon, in the form of coal or coke, is the agent of this kind
most commonly used in chemical industries. The term reduction
is also applied to some other chemical actions, in which oxygen is
not concerned. In all cases, however, reduction is the opposite of
oxidation (p. 98).

An Inapt Use of the Word ‘‘ Affinity ”’ in Explanation of Chemi-
cal Actions. — Speaking without reflection, one might be tempted
to ‘““ explain ”’ actions like the reduction of magnetic oxide of iron,
just mentioned, by saying that the hydrogen has a greater tendency
to unite with oxygen, or has a greater affinity for it, than has iron,
and therefore removes the oxygen from combination with the latter.
Plausible as this statement seems, it would be in many cases, as here,
quite incorrect. Under the modes of preparing hydrogen, we spoke
of the action of steam upon iron (p. 134), and gave the equation:
3Fe 4 4H,0 —Fe;04 + 4H,. To use cbnsistently this handy
method of explaining chemical change by the help of the word * affin-
aty,”” we should have to say here that the hydrogen has a _less affinity
for the oxygen than has iron, and therefore hydrogen is set free and
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oxide of iron is formed. It will be seen that this statement is in direct
contradiction to the one made above. Both cannot be true. The
fact is that both are based upon an assumption which is incorrect —
the assumption, namely, that the displacement of one element by
another is always an evidence of the greater affinity of the latter.
The correct explanation of seemingly contradictory actions like
these will be given later (see Hydrogen chloride).

The action of catalytic agents is itself a refutation of this blundering assump-
tion. Putting a little platinum in a mixture of oxygen and hydrogen cannot add
to the energy contained in these substances, and cannot therefore increase their
intrinsic tendencies to unite. Yet in its presence an almost nonexistent action
becomes suddenly explosively violent. There are other factors, often far more
potent than affinity, which determine the direction and speed of many chemical
changes (see Chemical equilibrium).

In this connection, it is worth noting that, while increasing the speed of a train
or a ship requires a great addition to the energy expended, and is very costly, in-
creasing the speed of a chemical change requires the expenditure of no energy
whatever. The employment of a couple (p. 137) or a catalytic agent adds nothing
to the energy the separate bodies possessed before they were mixed. And the
catalytic agent is recovered unchanged and as efficient as ever at the end. Theo-
retically, therefore, these agencies cost nothing. The increased speed in the
formation of the products is obtained gratis. The contact method of making
sulphuric acid (see p. 481) illustrates the way in which commerce has taken
advantage of this fact.

The Speed of Chemical Actions: a Means of Measuring
Activity. — The speed of a chemical action is measured by the
number of atomic or formula weights of the substance undergoing
change in a given time. Now, one means of measuring the relative
chemical activities (p. 100) of several substances, is to observe the
speed with which they undergo the same chemical change. Thus
we may compare the activities of the various metals by allowing
them separately to interact with hydrochloric acid and collecting
and measuring the hydrogen liberated per minute by each. It will
be seen, even in the roughest experiment, that magnesium is thus
much more active than zine. The comparison must be made with
such precautions, however, as will make it certain that the condi-
tions under which the several metals act are all alike. Thus, in
spite of the heat evolved by the action, means must be used, by
suitable cooling, to keep the temperature at some fixed point during
all the experiments, for all actions become more rapid when the
temperature rises (p. 101). Again, pure materials must be used, as
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an impurity in one metal might act as a contact agent and modify
the natural speed of the action (p. 137). Still again, the pieces of
the various metals must be arranged so that equal surfaces are ex-
posed to the acid in each case. Equal weights of zinc will finally
give equal weights of hydrogen; but if one of them is in the form of
foil while the other is a cylinder, the former, although it will not last
so long, will give more hydrogen per minute. Finally, the portions
of hydrochloric acid must contain the same percentage of hydrogen
chloride in each case, for the metal will secure the acid it needs with
less delay in a more concentrated solution than in a less concentrated
solution, and in the former case will therefore displace hydrogen more
rapidly. When these and other precautions have been taken, a true
comparison of the relative activities of the metals with respect to this
particular action may be made. It is found that the order in which
this comparison places the metals is much the same as that in which
they are placed by a study of other similar actions. A single table
suffices, therefore, for all purposes (see next section).

The Order of Activity of the Metals. — We employ metals so
frequently in chemistry, that we must at once become familiar with

omoze or  the key to the main differences in their behavior. The

Acrvrty. order of their activity explains these differences, as well
Pol:;/I:::sAi:Bfn as many other facts. In the adjoining list, the most
Sodium active metals are at the top. Hydroggn is not a metal,
Caleium but is included because chemically it resembles the
Magnesium Mmetals. All the metals above hydrogen displace this
Aluminium e€lement from dilute acids (and, with more difficulty,
Manganese from water); those below it do not.

Zinc The first displaces the hydrogen from water so vio-
Chromium  lently that the gas catches fire, the second displaces
Iron it vigorously, the third less vigorously. Magnesium
Nickel requires hot water and iron superheated steam. Copper
'II:: 4 and the metals following it do not liberate hydrogen
Hydrogen from water. ) .
Antimony Again, the upper metals act too violently on dilute
Bismuth acids, and zinc is used to prepare the gas. Copper and
Copper the metals following it do not displace hydrogen from
Mercury dilute acids. .

Silver still again, we recall the fact (p. 96) that, when we

Platinum  heat metals in pure oxygen, the last three do not become
Bold oxidized at all. Those preceding silver do combine with
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pure oxygen — mercury with difficulty, and the others more and
more vigorously as we ascend the list. On the other hand, if we start
with the oxides of all the metals, we find that those at the foot of the
list, up to and including mercuric oxide, lose all their oxygen when
heated, leaving the metal. If we heat the oxides, and also pass
hydrogen over them, the oxygen is easily removed from all the oxides
up to and.including those of iron, leaving in each case the metal.
Oxides of metals above iron in the “ order of activity,” however, are
very stable, and cannot be reduced by hydrogen. Thus, in general,
the more active metals form the most stable compounds.

Other facts of a similar nature will be mentioned as we encounter
them. Meantime, it may be noted that the metals found uncom-
bined in nature in large amounts are those following hydrogen.
Those preceding hydrogen, if liberated, since they all displace hydro-
gen from acids, would act slowly on natural waters containing car-
bonic acid, and so would pass into combination. Hence those pre-
ceding hydrogen are found free only in exceptional cases, such, for
example, as the metallic iron of which meteorites often consist.
Again, the metals known to have been first used by the human race
were gold and silver. In the “ bronze age’ means of liberating
copper from its ores had been discovered. Lead, tin, and iron came
later. The list, read from the bottom up, gives, therefore, roughly,
the historical order in which the metals came into use.

Exercises. — 1. Make equations for reactions in which hydrogen is liberated
by the action of: (a) hydrochloric acid and magnesium, giving MgCl,, (b) steam
and zine, giving ZnO.

2. Make equations to represent, (a) the reduction of lead dioxide PbO. by
hydrogen; (b) the actions of aluminium upon cold water and upon steam at a
ved heat.

3. Which are the components (p. 6) of dilute sulphuric acid and which are the
constituents of sulphuric acid?

4. Name three varieties of chemical change (pp. 14, 22, 132) and explain the
difference between them. To which of the three varieties of chemical change
does the action of hydrogen on magnetic oxide of iron (p. 144) belong?

5. What weight of hydrogen would be obtained by the action of excess water
on (a) 100 g. potassium, (b) 100 g. calcium? What weight would be obtained by
the action of excess steam on (a) 100 g. magnesium, (b) 100 g. iron?

6. A liter of air at 0° and 760 mm. weighs 1.293 g.; a liter of hydrogen under
the same conditions weighs (208987 g. A rubber balloon, weighing 5 g., is in-
flated with hydrogen. Assuming that the gas inside is under the same pressure
as the air outside (760 mm.), calculate to what volume the balloon must be in+,
flated so that it will just float at 20°.
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7. Using the data in Exercise 6, calculate what weight the same balloon will
lift, if it is inflated to a volume of 10 liters with hydrogen, the temperature being
27° and the pressure 750 mm.

8. From the condensed statements given in the text, tabulate the equivalent
quantities of (a) iron and oxygen (p. 96), (b) hydrogen and oxygen (p. 95), and
(c) iron and hydrogen (p. 134). What conclusion may you draw from your figures?
Is this conclusion always justified (p. 11)?

9. What weight of zinc must be added to excess hydrochloric acid to produce
22.4 liters of hydrogen at 0° and 760 mm.?

10. Three separate portions of magnesium, each weighing 10 g., are taken.
One is treated with excess steam, the second with excess hydrochloric acid, the
third with excess sulphuric acid. What weight of hydrogen is obtained in the
first case (p. 134)? What weights of hydrogen are obtained in the second and
third cases (p. 152)?

11. A sample of hydrogen, standing over water at 68° F. and 740 mm. pressure,
occupies 500 c.c. The conditions are changed to 50° F. and 750 mm. pressure.
What is the new volume (Appendix IV)?

12. What is the weight of pure hydrogen present in the sample mentioned in
Exercise 11?

13. Tabulate as many uses of hydrogen as you can remember, and discuss
each in relation to the physical and chemical properties of the element (see p. 85).

14. Devise two distinct methods for determining the chemically equivalent
quantities of (¢) magnesium and oxygen, (b) iron and hydrogen.



CHAPTER IX
VALENCE

Equivalence and Valence. — If the equations showing displace-
ment of hydrogen by a metal be now re-examined, a peculiarity will
be observed which we have thus far omitted to note. When sodium
and calcium €¢p. 133) act upon water, each atomic weight (or atom) of
the former displaces one atomic weight of hydrogen, but each atomic
weight of the latter displaces twice as much hydrogen. Again, one
atom of zine (p. 136) displaces two atoms of hydrogen, but one atom
of aluminium displaces three. Assuming, for simplicity, that we
allow these metals all to act upon dilute hydrochloric acid, the
equations are:

2Na + 2HCl1 — 2NaCl + H,.
Ca + 2HCl — CaCl; + H,.
Zn 4+ 2HCl — ZnCl, + H,.

2Al1 4+ 6HCl1 — 2AIC]L; + 3H..

Interpreting this, we perceive that each atom of aluminium, for
example, displaces 3 atoms of hydrogen, because it is able to combine
with 8 atoms of chlorine, and so incidentally liberates the hydrogen
formerly united with these 3 atoms of chlorine. Each atom of
sodium, however, can unite with only 1 atom of chlorine, and so
releases only 1 atom of hydrogen. Now this is not a rule confined
to these reactions, but represents a general chemical property of the
atomic weight of each element, and a property which we shall find
most useful.

The atom of aluminium releases 3 atoms of hydrogen because it
can take the place of 3 atoms of hydrogen in chemical combination
(and hold 3 atoms of chlorine). The atomic weight of aluminium is
said to be equivalent to (equal in chemical value to) 3 atomic weights
of hydrogen (compare p. 138). Sinceit combines with 3 atomic weights
of chlorine, it is also consl'dered to be equi-valent to 3 atomic weights
of this element.

The chemical property referred to is called valence. The valence’
of an atomic weight of hydrogen or of chlorine is the unit. An

149
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atomic weight of sodium is said to be univalent, one of calcium bi-
valent, one of aluminium trivalent. The formula H,O shows the
atomic weight of oxygen to be bivalent, because it unites with two
atomic weights of hydrogen. Apparently, the atomic weight (or
atom) of each element has a fixed capacity for combining with not
more than a certain number of atomic weights (or atoms) of other
elements.

Marking the Valence. — Until we have become familiar with
the valence of each element, it is advisable to mark the valences
in a special way: Nal, Call] AIITL O, Znll CIIL

As we should expect, a bivalent atom can combine with two
univalent atoms, or with one bivalent atom, and so forth. Thus we
have the compounds of oxygen: NaolOII CallQ!, AlMIQ,!T ZnlOII,
ClLIoH1,

The rule is that the quantities of two elements which combine
must have equal total combining capacities — 7.e., identical total
valence. Thus, Call has the valence two, and so does O, Again,
AL has a total valence of 2 X 3 (= 6) and so has O,!T (3 X 2 = 6).

Frequently the valence is marked by means of lines, the number
of lines pointing towards a symbol indicating the valence of the
atom it represents:

0
cl cl A1/<

Na—Cl Ca\ Ca=0 Al-Cl 0
7/

al N\c1 Al\o

Definition. — The valence of an element is a number representing
the capacity of its atomic weight to combine with, or displace, atomic
weights of other elements, the unit of such capacity being that of
one atomic weight of hydrogen or chlorine.

Stated more briefly, the valence of an element is the number
of atoms of hydrogen, or of chlorine, which the atom of the given
element can combine with or displace.

Valence of Radicals. — What we have said applies to com-
pounds of not more than two elements — so-called binary compounds.
<We cannot, by inspection, tell the valences in a compound of three
or more elements, like sulphuric acid H,S0, But we have seen



VALENCE 151

(p. 135) that the acids behave as if composed of two radicals: H(Cl),
H,(S0,), that is, of two groups which move as wholes in chemical
reactions. Hence we can assign a valence to a compound radical
as a whole. Thus (SO, is evidently bivalent, as a whole, because
it is united with 2HL.. Na(OH) and Ca(OH), show the radical
hydroxyl (OH), present in hydroxides or bases (p. 181), to be uni-
valent.

The re-writing of a few condensed statements of chemical changes
in which these radicals are concerned (pp. 133, 135) will make the
above statements more obvious to the student.

2K 4+ 2H,0 —2KOH + H..
C& + 2H20 band Ca(OH)z + Hz.
Zn + HzSO4 bnd ZHSO4 + Hz.
2A1 + 3H2SO4 d Alz(SO4)3 + 3H2.

It is to preserve the identity of the radicals, and to make them
easily recognizable, that we write them in brackets and place the
coefficient outside, as Ca(OH), and Aly(SO,);, instead of using the
forms CaO.H,, Al;S;0:2, and so forth. In fact, substances which
commonly interact as if the radicals were single elements, we regard
as binary compounds.

In writing formule of inorganic compounds we usually place the
positive radical (p. 135) in front and the negative radical after it.

A table of the valences of the more important elements and radicals
will be found at the end of this book (Appendix V).

Use in Making Formule and Equations. — The chief use of
the conception of valence is the very practical one of enabling us
to write formule. In making equations we constantly need to know
whether the chloride of an element, say magnesium, is MgCl, or
MgCl,, or MgCl,, or MgCl,, ete., and whether its sulphate is MgSO,,
or Mg.SO4, or some other combination of the symbols. To answer
questions like this it is not necessary to know the formula of every
compound of each element; the apparent disorder of these numpers
can be reduced to rule, and the reader should endeavor thoroughly
to master the rule before going farther.

Suppose, for example,sthat we burn a piece of magnesium ribbon
in chlorine, and get magnesium chloride. What is its formula?
Up to this point, we should simply have looked for it in a booka
And if, subsequently, we had required the formule of the oxide and
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sulphate of magnesium, we should have looked these up separately

But now, all we have to do is to find out the valence of magnesium.
Knowing already the valences of CI! and O and (S04, we have
then all the information we require for making the needed formule.
Suppose we find that the atomic weight of magnesium is bivalent,
Mg! (see next section). Making the total valences of each half of
the compound alike, we get the formule:

Mg!ICl,!, MglO™, Mg'(SO,)!.

When we know the valences of the elements and radicals, we can
make the formula of any required compound.

The reader must therefore make a special effort always to learn the
valences of each element and radical, and always to use them in making
Jormulce.

The reader must also always check every formula he writes from
memory, to make sure that it is correct. Thus, if he thinks the
formula of zinc nitrate is ZnNQO;, he must count the valences,
Zn'(NOs)I. Evidently, the correct formula is Zn(NOj;),.

How to Learn the Valence of an Element. — To find out the
valence of an element, we must obtain the formula of one simple
compound of the element, containing another element of known
valence. Thus, what is the valence of carbon? Its oxide is CO,.
The total valence of the two oxygen atoms here is 2 X 2 = 4. Car-
bon C1V is therefore quadrivalent. Hence its chloride must be CIVC],!
(carbon tetrachloride), and its simplest compound with hydrogen
C!VH{ (methane, composing a large part of natural gas). When
carbon combines with a trivalent element, equi-valent amounts of
each element must be used, as in AlMCs!V (aluminium carbide),
where AL and C;!V contain 3 X 4, or 12 units of valence each.

Again, when we know the formula of sodium iodide to be Nall,
or that of hydrogen iodide to be H!I, we infer that iodine is univa-
lent. The formula of silica (sand), SiO.! shows silicon to be quadri-
valent, and indicates that the chloride must be SiCl,. Similarly the
formula of calcium carbonate Cal!COs shows that the radical COs,
which is commop to all carbonates, must be &évalent.

The chemist does not, in general, memorize the valences themselves;
Qe recovers the valence of an element or radical, when needed, by
recalling the formula of a substance containing this element or
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radical in combination with a more familiar element or radical, such
as CII or L

In subsequent chapters (pp. 507, 532) we shall find that the valence
of an element is not a purely fortuitous number, since we can formu-
late rules by which the valence of any given element may be deduced.
We shall thus obtain more definite ideas regarding the significance
of valence and the mechanism of chemical combination in general.
The foundations for these ideas, however, must first be developed in
intervening chapters.

Elements with More than One Valence. — The rule of valence
is not quite’so simple as it has thus far appeared to be. A number
of the elements exhibit more than one valence. In other words, the
combining capacity of an atomic weight of such an element may have
two (or even more) valences, according to the conditions under which
the action takes place. This is as much as to say that an atomic
weight of such an element may form stable compounds with two, or
even more different numbers of atomic weights of another element.
This fact has already been mentioned, for it is implied in the law of
multiple proportions (p. 48).

Thus, phosphorus is usually quinquivalent, and gives compounds
like PCl;, P,Os, PBr;. But it can also form compounds in which
it is trivalent, like PH;, PCl;. Similarly, iron forms two complete
series of compounds:

Bivalent: FeCl,, FeO, Fe(OH)., FeS0,.
Trivalent: FeCl,, Feq0;, Fe(OH);, Fey(804)s.

Even the halogens, although uniformly univalent in their com-
pounds with hydrogen and other positive radicals, show oxygen
compounds of higher valence, such as chlorine dioxide ClO., iodine
pentoxide I,0;. When an element does give more than one series
of compounds, however, we always make a strong point of this fact,
so that it may not be overlooked.

The fact that an element, under different conditions, may exhibit
different valences need not confuse the student as to the utility
of the general conception of valence. Although it is possible for
an atom of phosphorus o combine with five atoms of chlorine, this
does not make it necessary that the maximum combining capacity
should be exercised in all of the compounds of phosphorus. To usg
an analogy, the circumstance of a man having five dollars in his
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pocket which he is at liberty to spend does not compel him to squander
the whole five dollars; he may under certain circumstances decide
to save two. When an element exhibits less than its maximum
valence in any given compound, it is said to be unsaturated. Just
as the man in our illustration above still has two dollars to spend if
a change of circumstances induces him to change his mind, so phos-
phorus in phosphorus trichloride may become saturated by the
combination of each atom of phosphorus in the compound with two
additional atoms of chlorine to form phosphorus pentachloride. The
conditions necessary for this combination to persist will be discussed
later (p. 212).

No simple rule, for telling, in advance, which valence will be used
in a given action, can be stated. But the radicals Fell and Felll,
for example, have different properties, and are easily recognized
in practice.

As a rule, an element passes from one form of combination to an-
other without change of valence. But compounds of many elements,
like tin or manganese, can undergo changes in the course of which
the valence alters. Such changes will be discussed fully when we
encounter examples of them in later chapters.

Exceptional Compounds. — A few compounds will be met with
in which an element shows an exceptional valence. Thus, nitrogen
gives two series of compounds of NI and NV. But there are three
oxides, N,0, NO, and NO, in which the valence of nitrogen seems
to be one, two, and four, respectively. However, these are single
compounds, not belonging to any series, and are the only compounds
of nitrogen showing any of those three valences.

Again, FeO and Fe;0; belong to the two regular series of com-
pounds of iron. But there is the magnetic oxide, Fe;O4, where the
valence of iron appears not to be a whole number, but 8/3 or 2.
In this case the chemist makes the valence regular by proving
the magnetic oxide to be a compound of the other two oxides (see
p. 984), and writing its formula FeO,Fe;Os.

Nomenclature. — The names of compounds containing only
two elements (the true binary compounds) end in ide. Such are
the oxides, as farric oxide Fe;03; the carbides, as aluminium carbide
A1,C;; the chlorides, as sodium chloride NaCl; the sulphides, as
ferrous sulphide FeS, etc. This applies also to compounds containing
positive compound radicals, as ammonium chloride (NH,)Cl,
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When an element forms ¢wo (or more) compounds with another
element, they are frequently distinguished thus: carbon dioxide
CO,, carbon monoxide CO; phosphorus pentoxide P;O;, phosphorus
trioxide Py0s.

To distinguish two compounds of the same elements, another
plan is also used: ferrous chloride FeCl,, ferric chloride FeCls;
mercurous oxide Hg,O, mercuric oxide HgO. The suffix ous indi-
cates that the metal is combined with the smaller proportion of the
negative element, and 7c that it is combined with the larger proportion.

The tendency — although not a universal rule —is to use the
latter plan with compounds containing a metal and the former with
compounds eontaining only non-metals.

Equivalent Weights. — In the foregoing discussion of valence,
we have more than once used the word ‘“ equivalent.” For example
(p. 149), it was stated that the atomic weight of aluminium is equi-
valent to three atomic weights of hydrogen, because it displaces them,
and to three atomic weights of chlorine, because it combines with
that number:

2A1 + 6HCI — 2AIC, + 3H,
Weights: 53.94 218.808 266.70 6.048

Now chemists often view this from the other direction, and say
that 1.008 g. of hydrogen (one atomic weight) are displaced by
8.99 g. of aluminium (one-third of the atomic weight) and that
35.46 g. of chlorine combine with just this same quantity, 8.99 g. of
aluminium. When taking this view, they refer to the weight of an
element displacing one atomic weight of hydrogen, or combining
with one atomic weight of chlorine (or of any other univalent ele-
ment) as the equivalent weight of that element. The equivalent
weight of aluminium is therefore 8.99.

If the method by which atomic weights were derived from com-
bining proportions (p. 46) be now re-examined, a different, and very
instructive view of the nature of valence will be obtained. It was
found, for example, that (on the basis oxygen = 16) 63.6 parts of
copper combined with 70.92 parts of chlorine to form cupric chloride.
If this weight of chlorine had been accepted as the final unit (the
atomic weight), then it avould have been represented by the symbol
Cl, and since Cu stands for 63.6 parts of copper, the Yormula of cupric

chloride would have been CuCl. In point of fact, however, a numb.
nwler Aann half oo larwa ac TN QY mamalyvy R AR wrae nhacan ac +ha
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atomic weight of chlorine, and the symbol Cl stands for this half
quantity. If the fundamental combining number for copper had
been doubled instead, making its atomic weight 127.2, the amounts
represented by the symbols would still have been chemically equi-
valent and the formula would still have been CuCl. But the com-
bining number of copper was left unaltered. Hence, to get the
equivalent amounts (¢.e.,, the actual combining quantities) of the
two elements, we must have 2Cl with 1Cu. The formula is thus
CuCl,. The weight of copper which is equivalent to 35.46 g. (one
atomic weight) of chlorine in cupric chloride is consequently one half
of 63.6, or 31.8. In other words, the atomic weight is fwice the
equivalent weight. Now, it is evident that this doubling of the equi-
valent of copper will affect the formule of all cupric compounds.
Whenever the combination is with an element which, like chlorine,
has identical equivalent and atomic weights, the formula of the com-
pound will be of the type CuX,. In accordance with this we have
the bromide CuBr.. In making the formule of cupric compounds,
therefore, the chief thing to be kept in mind is the fact that the atomic
weight Cu = 63.6 contains two equivalents and always combines
with two equivalents of another element. This fact we state by
saying that the valence of the atomic weight of copper in the cupric
state is two, or simply that the element copper in the cupric state is
bivalent.

Similarly, the equivalent of tin Sn, in the stannic state, is 29.67
and its atomic weight is 118.70. This atomic weight therefore con-
tains four equivalents of tin and combines with four equivalents of
any other element. Hence, the formula of a compound of stannic
tin with an element of the chlorine class will be SnX,. Thus tin is
quadrivalent. In like manner the equivalent of sodium is 23, and
this number was not altered in making the atomic weight. Hence,
the symbol Na stands for one equivalent, and the formula of the
compound with chlorine is NaCl. Elements whose atomic weights
are identical with their equivalents are described as univalent.

Thus the valence of an element may be defined as the number of
equivalent weights contained in its atomic weight. Arithmetically
it is the integer by which the equivalent weight was multiplied in
forming the atomic weight.

It will be seep that the equivalent weight can always be found by
a quantitative experiment. It is also evident that the equivalent
Jveight of an element is the atomic weight divided by the valence.
This may be expressed, alternatively, by the statement that the equi-
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valent weight of an element, multiplied by the valence of that ele-
ment, is equal to the atomic weight. The conceptlon of equivalent
welght finds application in several connections in chemistry (see
Normal Solutions and Faraday’s Law).

As we have seen (p. 154), the regular valence of an element cannot be learned
by examining the composition of a compound chosen at random. Thus FeS,
H.,S, HgS, and other compounds show sulphur to be bivalent. There is also a
series in which sulphur is sexivalent, as in SO;. But the compound S;03, in which
sulphur appears to be trivalent, is an isolated case. Again, FeO, FeS, FeCl;
show iron to be bivalent, and FeCl;, Fe,(SOy)s, ete., show it to be also trivalent.
But Fe;0,, the magnetlc oxide, is an exception. Valence has to do mainly with
chemical mteractwns, in which the element either passes from one state of com-
bination to another without change of valence, or goes over into a compound
of another regular series with another regular valence. It is not a matter of
statics. Hence, questions as to the magnitude of the valence in isolated com-
pounds like FesOy4, N0, and so forth, are at present of minor importance.

A definition of valence differing from those given above is preferred by many
chemists. The atomic weight of a univalent element can hold but one unit of
another element in combination. Thus, the weight of chlorine represented by
Cl can hold but one H or one Na in combination. An atomic weight of a bivalent
element, although it combines with but one unit of another bivalent element, may
hold as many as two units of a univalent element in combination. But it cannot
hold more. A unit of a trivalent element, however, may hold as many as three
units, provided the other element is univalent. In this point of view the valence
of an element is the maximum capacity of its atomic weight to hold atomic
weights of other elements in combination.

The Basis of Equivalent Weights, Oxygen = 8. — It has been
shown above that the equivalent weight of any element is its atomic
weight divided by its valence. Now all of our atomic weights are
represented on the basis oxygen = 16, and in all of the common
compounds of oxygen the atomic welght of the element is bivalent.
Consequently equivalent weights are based upon the fundamental
standard: oxygen = 8.

Historically, in the earlier development of the atomic theory,
equivalent weights and atomic weights were frequently confused.
When chemists found, for example, that in the most familiar com-
pound of hydrogen and oxygen (water) the proportions by weight
were one of hydrogen to eight of oxygen, they naturally assumed that
these proportions expressed the relative atomic weights of the two
elements. Similarly, when methane, the simplest compound of»
carbon and hydrogen, was analyzed and found to contain 3 parts
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by weight of carbon to 1 of hydrogen, the value of the atomic weight
of carbon was assumed to be 3, on the basis oxygen = 8. And when,
finally, analysis of carbonic acid gas (carbon dioxide), the most
common compound of carbon and oxygen, gave a ratio of 3 parts by
weight of carbon to 8 of oxygen, this assumption seemed to be com-
pletely justified.

It was not long, however, before further experiments showed that
the idea that the most familiar compound of two elements always
contained those elements in equal atomic quantities could not be
logically sustained, and by degrees the true atomic weights were sub-
stituted for the original equivalents. The determining factor in
convincing chemists of the necessity of such substitutions was the
acceptance of Avogadro’s hypothesis (p. 190), which removed all
excuse for confusion between the atomic and the equivalent weights
of elements such as oxygen and carbon, as we shall see in Chapter XI.
Although equivalent weights are of considerable practical interest,
yet the fundamental importance of atomic weights in the develop-
ment of chemical theory is so preponderant a factor that the abandon-
ment of the old equivalent weight basis oxygen = 8 for the true
atomic weight basis oxygen = 16 in formule and equations is now
universal.

A little thought will show that the atomic weights have all the
properties which we have shown to belong to the equivalent weights.
The atomie weight is the unit of weight (p. 57) actually used in
expressing the proportions of each element in all its compounds.
The integral factors are, of course, different from those which would
be employed in expressing the composition of the same substance in
terms of equivalents, because many of the latter have been mul-
tiplied by small integers already in course of being made into atomic
weights. But the multiplication has in every case been by an in-
teger, so that the new numbers are just as serviceable as are the old
ones.

Oddities Connected with Valence.— When the conception of valence was first
evolved, it was taken for granted, quite mistakenly, that each element had
only one valence. Hence, when pairs of compounds like CuCl and CuCl,,
or HgCl and HgCl;, or FeCl; and FeCl, were considered, and it was assumed
that copper was @jways bivalent, mercury bivalen, and iron trivalent, the for-
mule bad to be distorted to fit this assumption. Hence the formula of cuprous
'chloride was written, and is still often written, Cu,Cl;, The formulse of the
two chlorides, written graphically (p. 150) then became: Cl—Cu -Cu—Cl and
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Cl—Cu—Cl In both, each atom of copper was holding (on paper) two other
atoms, and was therefore bivalent (on paper). Similarly doubling HgCl gave
Cl Y Cl

> Fe—Fe N where the
Cl Cl
mercury appeared to be bivalent and the iron trivalent. Later, however, when
elements like indium were found to have three valences, e.g., InCl, InCl;, and
InCl;, and the compounds of manganese could not be classified unless five different
valences were admitted, and many other elements turned out to be multi-valent,
the idea of a fixed valence for each element was given up. It is entirely contrary
to the scientific method to invent or to distort facts so as to procure support for a
notion which is a mere assumption, and not founded upon experiment. Yet
the history of the science shows that such errors were frequently committed.

The fact is that a free element, like mercury, has no valence, for its atomic
weight is not combined with even one equivalent of any other element. When
combined, mercury shows two different valences, as in Hg,O and HgO, HeCl and
HgCl,, HgNO; and Hg(NO:s)..

It is only in the chemistry of carbon that the prejudice in favor of a single
valence still persists. All chemists admit that in carbon monoxide CO the
carbon is bivalent. But not all chemists admit that it is also bivalent in ful-
minic acid H—-O—~N=C and in the isonitriles R—N=C. For the unsatu-
rated compounds, like ethylene C;H,, and acetylene C,H., all chemists write
the formule H;,=C=C=H,, and H—C=C—H, although there is at present
no experimental evidence that the formule H,=C—~C=H; and H—-C-C-H,
in which the carbon is trivalent and bivalent, respectively, do not repre-
sent the facts equally well, so far at least as valence is concerned. When
triphenylmethyl (Ce¢H;):C was discovered by Gomberg, it seemed as clear that
in this substance one atom of carbon was trivalent, as that the copper in Cul
is univalent; but violent efforts were made to avoid this obvious conclusion.
For example, it was suggested that three of the valences held one CeHj group
each, and that the fourth valence was divided amongst the three groups (partial
valence). But valence goes by multiples of one equivalent, and this idea in-
vqlved splitting one valence into thirds of an equivalent. The affinity of the
carbon atoms is doubtless all divided amongst the three groups, so long as no
fourth group is present to share it, for affinity is not divided into any definite
number of units. This is a case of unconsciously confusing valence and affinity.
If we venture thus to ignore the facts, then logically we must assume that in FeCl,
the iron is trivalent, and the third valence, in the absence of a third atom of
chlorine, is being employed on the other two. Clearly every element, including
carbon, is entitled to use all the different valences which are arithmetically
possible, up to the maximum which it ever exhibits. The valence of iron (or
carbon) in & given compound 18 not the maximum valence that it shows in some
other compound, but the valence it is actually using in the compound in question,
just as the money a man has spent is the amount actually paid over, and not»
some larger amount we think he ought to be able to pay.

Cl—Hg—Hg—Cl, and doubling FeCl, gave
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Finaliy, it may be noted that univalent, bivalent, and trivalent are terms of
Latin derivation. But tetravalent is a hybrid, a mixture of Greek and Latin.
One should use either the Latin numerals or the Greek numerals, exclusively.
In this book the Latin ones are employed and the remaining valences are quadri-
valent, quinquivalent, sexivalent, septivalent, and octovalent.

Inept Definitions of Valence.— No conception in chemistry is more fre-
quently defined loosely or even inaccurately than is valence. Thus, one type
of definition runs somewhat as follows: “ The valence of an element is the num-
ber of atoms it can combine with or displace.” Before criticising a general state-
ment, it is well to substitute concrete things for the general terms. ‘“ The valence
of oxygen is the number of atoms oxygen can combine with or displace.” The
number of atoms, say of hydrogen, with which oxygen can combine depends
entirely on how much oxygen is available. A ton of oxygen will combine with
many more than an ounce, and an ounce with many more than an atom. But
this type of definition omits to specify the amount of oxygen, namely the atomic
weight, or atom, to which the definition of valence alone applies. Oxygen, as a
substance, is a general term — unlimited as to amount — so that according to
this definition, the valence of every element must be infinity! The valence is not
a property of the element in general, but only of its atomic weight (or atom), and
80 the atomic weight must be mentioned. ‘“ The valence of an atom of an element
i8 the (maximum) number of atoms it can combine with or displace.” Or * the
valence of an element is the (maximum) number of atoms its atom can combine
with, ete.”

Almost every published discussion of valence employs the word power. Thus:
““ Valence is the power of the atom of an element to hold atoms of other ele-
ments in combination.” Now power is defined in mechanics as the rate at which
a machine does work. Valence — say, that in a pound of salt — does no work
whatever. Hence, when the word power is used, the valence of every element
becomes, ipso facto, zero! This definition goes to the opposite extreme of error
from the last. The word suggests, and is perhaps intended to suggest, that va-
lence is a measure of the force with which the atoms are held together in a com-
pound. But valence has nothing to do with the force — which is a question of
affinity — but solely with the quantity of matter held in combination. Thus,
gold is trivalent (AuCl,), but the chloride can be decomposed by gentle heating,
while sodium is univalent, yet, its chloride NaCl can be vaporized at a high tem-
perature without decomposition. So an atom of gold holds three times as much
chlorine in combination as does an atom of sodium (and is trivalent), although
it holds it very feebly, or, as one might say, with little force or *“ power.” Valence
is the number of equivalents combined with the given atomic weight: it is simply
a question of capacity (see definition, p. 157). A tank might have a capacity of a
hundred million gdllons of water, yet, if the tank were close to the sea level, the
available power would be almost zero. Capacity and force and power are entirely
Uifferent conceptions. The atom of some element might be able to hold eight
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yet, it might hold them so feebly (with so little force or “ power ”’) that the com-
pound would: give off hydrogen at room temperature, and would have to be kept
in a refrigerator. Correct use of technical terms is indispensable in chemistry,
and capacity, not power, is the term applicable to valence.

A Suggestion. — Having just discussed the conception of va-
lence, we have now considered most of the more important general
laws of chemical composition. At this point the reader should pause
to take breath and review thoroughly the subjects of the first nine chap-
ters. 'The understanding of the fundamental principles which this
retrospect will give will greatly lighten the task of understanding the
new and more complex substances we shall have to consider, and the
new kinds of reactions and new conceptions we shall encounter, in
the chapters immediately following.

Exercises. — 1. Mark the valences in the formule: InCls, V.05 08O,
PtCl..

2. Mark the valences of the radicals in the formule: Zn(SeO.), Aly(TeOy)s,
H,;(As0,), H(SbO;).

3. If 26 g. of chromium displace 1 g. of hydrogen from hydrochloric acid,
what is the valence of chromium in this displacement (see Table of Atomic
Weights)?

4. Correct the following formule: CaNO,;, CaPO, Al(PO.), LiO, PbF,
Bi(NOs)a.

5. One gram of a quadrivalent element unites with 0.27 g. of oxygen. What
is the atomic weight of the element?

6. What are the valences of the elements in the following: LiH, NH;, SeH,,
BN?

7. What are the valences of the metals and radicals in the following: HNOs,,
Pb(NOs)s, Ce(804):, KCl, KMnO, (potassium permanganate)? Name all the
substances in 6 and 7.

,8. What is wrong with the statement: The valence of oxygen is two because
the molecular formula is O,?

9. Silver oxide contains 93.10 per cent by weight of silver. Calculate the
equivalent weight of the metal. What is its valence?

10. The atomic weight of silicon is 28.1; the element is quadrivalent. What
is its equivalent weight? What is the formula of its compound with oxygen?
What is the percentage composition of the compound?

11. Osmium, a metal of the platinum group (p. 887), forms an oxide OsO,.
What is the valence of osmium in this compound? The metal also forms a
fluoride OsFs. What is the Yalence of fluorine? ’

12. When 1 g. of magnesium is burnt in oxygen, 1.658 g. of magnesium oxide
are formed. What is the equivalent of magnesium?

13. Antimonv forms three compounds with oxygen, with the following per-
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centage compositions: (a) antimony 83.35, oxygen 16.65; (b) antimony 78.98,
oxygen 21.02; (c) antimony 75.03, oxygen 24.97. The specific heat of anti-
mony is 0.0508. What is its atomic weight and what is its valence in each of
the three oxides?

14. The equivalent weight of indium was found by experiment to be 38.3.
Its specific heat is 0.0577. What is its atomic weight? What is its valence?



CHAPTER X
WATER

This is the most important, as well as the most plentiful, of all
compound substances. The human body is saturated with it, and
water to make up for evaporation, as well as to aid in digestion, is a
most necessary part of our food. The ocean covers about three-
fourths of the surface of the earth, and the “ dry ” land would be
uninhabitable if it were really dry. The air always contains more
or less water vapor.

Composition of Water. — The measurement of the propor-
tions by weight and volume in which hydrogen and oxygen combine
to form water has been
the subject of a larger
number of elaborate in-
vestigations than any
other single problem of
this kind. The difficulty
in making the former
measurement arises from
the fact that both constit-
uents are gases, and are
therefore difficult to weigh.

Measurement of the
Composition by Weight.—
An ar rangement by which F16. 77. Composition of Water by Weight.
the proportion by weight
of hydrogen and oxygen in water can be roughly determined is shown
in Fig. 77. The bulb A contains cupric oxide, which is heated.
Hydrogen from a generator or cylinder enters on the left and reduces
the oxide, forming copper and water:

Hydrogen + Cupric oxide — Water + C:)pper.

The water is carried as vapor by the excess of hydrogen and passes
into the U-tube B. This tube contains calcium chloride, a substancg
which absorbs water greedily and is used therefore for drying gases.

1R »
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Here the water is all caught, while the hydrogen passes on. The
tubes A and B with their contents are weighed just before, and again
just after, the experiment. The loss of weight in A is the weight
of the oxygen. The gain in weight in B is the water. The difference
between these numbers is the hydrogen. It is found that the weights
of hydrogen and oxygen thus ascertained always stand in a ratio
close to 1 (Hydrogen) : 7.94 (Oxygen) or, using the standard value
oxygen = 8 to express our results as equivalent weights, in the ratio
1.008 : 8.

From 1842 until 1888, the accepted value of this proportion was that of the
French chemist, Dumas. His experiments gave the ratio of hydrogen to oxygen
2:15.96, or 2 X 1.0025 : 16. Cooke and Richards (1888) obtained a figure for
the oxygen appreciably smaller than this, namely 2 :15.90,
or 2 X 1.0063 : 16, and Lord Rayleigh (1889) 2 : 15.926.
W. A. Noyes (1889-1907) made many determinations and,
finally, from twenty-four measurements obtained the ratio
2:15.875, or 2 X 1.00787 : 16.

The investigation (lasting twelve years) which finally
settled this question was that of EXdward Morley. The most
striking of his experiments consisted in a series of syntheses
of water, in which he weighed the hydrogen as well as the
q oxygen, and afterwards weighed the water produced from
them. The hydrogen was confined by adsorption in pal-
ladium (p. 143), and could thus be contained in large quan-
tity in a small, elongated bulb. During the progress of the
experiment it was driven out by g suitable heating arrange-
ment. The oxygen was contained in large globes holding
15-20 liters. The losses in weight of the palladium tube
and of the globes gave the hydrogen and oxygen consumed.
The manipulator in which the gases were combined and the
water collected is represented in Fig. 78. The gases entered
through two small tubes marked A. Just above them, be-
tween two platinum wires, a discharge of electricity started
the union and when necessary maintained it. The vessel was
first filled by admitting oxygen, and the hydrogen was burned
at the mouth of the tube from which it issued. This part

b of the apparatus was immersed in a vessel of water with
Fio 78 Morley's transparent walls through which the union could be watched,
° Apparatu(: o and the steam formed was condensed and collected in the

ottom of the vessel. The vacwum thus produced enabled
the oxygen continually to flow into the manipulator from the globes. In this way
forty-two liters of hydrogen and twenty-one liters of oxygen could be combined
i about an hour and a half.
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At the end of the experiment this part of the apparatus was disconnected and
placed in a freezing mixture which converted the water into ice and practically
condensed the whole of its vapor. The uncombined gas in the apparatus was
withdrawn and its nature and quantity de-
termined. The increase in weight of the ma-
nipulator gave the quantity of water formed.
The success of each experiment could be tested
by comparing the sum of the weights of oxygen
and hydrogen with that of the water obtained
from them. The manipulation was so skilful,
and the various corrections used were so ade-
quate, that this difference was almost negligible.
The ratio of hydrogen to oxygen in water in 1
this series of experiments was 2:15.879 (or |
2.015:16), a result which agreed with other T
methods of determining the same ratio which
Morley used. It agrees also with the average
of the numbers obtained by other observers.

Measurement of the Composition by o
Volume. — The proportions by volume
in which hydrogen and oxygen combine
may be shown by introducing the two
gases into a tube called a eudiometer, -
filled with mercury and inverted in a
cylinder of mercury (Fig. 79). The vol-
umes, at atmospheric pressure, are read -
by lowering the tube, after the intro-
duction of each gas, until the levels of
the mercury inside and outside are alike.
A spark from an induction coil passed
between the platinum wires inserted at
the top of the tube causes the union of
the gases. The water condenses to a
slight dew and the volume of the single
gas which remains is measured. Thus, ]
if 19.5 c.c. of oxygen and 20 c.c. of hy- s égﬂ\\s\
drogen are taken, the volume of gas re-
maining is 9.5 c.c. and this gas is after- o 7%, Fudiometer (Composition
wards found to be oxygen (test, p. 96).

The volumes consumed were therefore 19.5 — 9.5 = 10 c.c. of oxygen
and 20 c.c. of hydrogen. The ratio by volume is therefore 2 Hydro-,
gen : 1 Oxygen. If these exact proportions are used, the mercury

-
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fills the tube completely after the explosion, but is apt to break it by
striking the top violently.

Combining the most reliable work on the densities of hydrogen
and oxygen (p. 93) with the results of Morley on the combining
proportions by weight, we arrive at the ratio 2.0027 volumes of
hydrogen to 1 volume of oxygen as the most probable precise value
for the combining proportions by volume at 0° and 760 mm. Experi-
ments at other temperatures and pressures indicate that the small
deviation from the simple ratio 2: 1 is not fundamental, but depends
upon the fact that the two gases are not absolutely perfect (see p.
127). When correction is made for their respective non-idealities in
behavior, the final volume ratio attained is, within the limits of
experimental error, exactly 2 : 1.

When the above experiment is carried out at 100° in order that
the product, water, may be gaseous also, it is found that the three
volumes of the constituents give almost exactly two volumes of
steam. For example, 15 c.c. of hydrogen and 7.5 c.c. of oxygen
give 15 c.c. of steam. Of course the hydrogen, oxygen, and steam
must be measured at the same pressure, and the temperature must
remain constant (100°) during the experiment. Proper manipula-
tion secures the former, and a jacket filled with steam (Fig. 79) the
latter condition. Strips of paper, 1, 2, and 3, are pasted on the
jacket in such a way that equal lengths of the eudiometer are
laid off. The three divisions having been filled with a mixture of
hydrogen and oxygen in the proper proportions, the gas, after the
explosion, shrinks so as to occupy, at the same pressure, only two
of them. That is to say:

1 Vol. Oxygen + 2 Vols. Hydrogen — 2 Vols. Steam.

Gay-Lussac’s Law of Combining Volumes. — When other
chemical actions between gases are studied in the same way, it is
found that, in every case, the volumes of the gases used and pro-
duced in a chemical change can always be represented by the ratio
of small whole numbers. This fact is exceedingly interesting. It
was first discovered by Gay-Lussac in 1808. There is no such
relation amongst the combining proportions by weight, which can be
expressed only by the employment of entirely unrelated large numbers
(see p. 51), each applying to one particular element only, 80 that this
evidence of the existence of a simple and general rule in regard to
combining proportions is the first we have encountered and is very
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welcome. The use made of it by the chemist will be developed in
the next chapter.

Physical Properties of Water. — A deep layer of water has a
blue or greenish-blue color. At a pressure of 760 mm., water exists
as a liquid between 0° and 100°. Below 0° it becomes solid, above
100° a gas. Of all chemical substances it is the one which we use
most, so that its physical properties, discussed below, should be
studied attentively. Then, too, what is said of water is in general
true of all other liquids, from which it differs only in details.
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F1e. 80. Variation in Specific Heat of Water with Temperature.

The average quantity of heat required to raise one gram of water
one degree in temperature, between 0° and 100°, is, called a calorie,
the unit quantity of heat. The specific heat of any substance being
the quantity of heat required to raise the temperature of one grang
of the snhstance one degree. the average specific heat of water through-
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out this temperature rangeis 1. The values at 0° and 100° are slightly
higher than those in the middle of the range, but the variation from
unity is never so great as 1 per cent (see Fig. 80). The values for
all other common materials are much smaller: e.g., limestone 0.2;
notice, however, that hydrogen (p. 142) has a specific heat of 3.4.
Thus the temperature of large masses of water, such as lakes and seas,
changes more slowly, and within a smaller range, than that of the
rocks and soil composing the land. The more constant temperature
of the water tends to regulate that of the air, and hence the climate
of an island is less variable from season to season than is that of a
continent.

The weight of a cubic centimeter of water at 4° is 1 gram. At
this temperaturc water possesses its maximum density; not only
does it expand when heated, but it also expands slightly when cooled
(see Fig. 81). Thus a kilogram of water at 0° occupies 1000.13 c.c.,
or 0.13 c.c. more than at 4°. The volume of a kilogram of water at
100° is 1043.2 c.c. Nearly every substance contracts regularly on
cooling, and this expansion of water between 4° and 0° is very unusual.

Perfectly pure water is an exceedingly poor conductor of electricity.
Ordinary tap-water owes its small capacity for conducting almost
entirely to traces of impurities (see p. 176). Many substances,
however, when dissolved in water, give solutions which are extremely
good conductors. Sulphuric and hydrochloric acids are examples
which we have already encountered (p. 139). This is a point which
will be taken up in detail later.

Ice. — The raising or lowering of the temperature of a gram of
water through one degree involves, we have seen above, the addi-
tion or removal of approximately one calorie of heat. The con-
version, however, of a gram of water at 0° to a gram of ice at 0°
requires the removal of 79 calories. The mere melting of a gram of
ice causes an absorption of heat to the same amount, called the heat
of fusion of ice. At 0° a mixture of ice and water will remain in
unchanged proportions indefinitely. Any cause which tends per-
manently to lower or raise the temperature by a fraction of a degree,
however, will bring about the disappearance of the water or of the ice,
respectively. This equilibrium temperature is called the meltmg-
or the freezing-ppint.

Water can be cooled below 0° (supercooled) without beginning
to freeze, unless it is stirred, or “ inoculated ”’ by the addition of a
piece of ice. Hence, the freezing-point is not defined as the point
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at which ice begins to form, for that point varies, and is always
below 0°, but as the temperature of a well-stirred mixture of ice and

water.
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Water expands very considerably on solidification, a kilogram
of ice at 0° occupying 1090.83 c.c., or 90.7 c.c. more than an equal

weight of water at the same temperature.

This is again very unusual,

since nearly all substances contract on changing from the liquid to
the solid state. It plays a very important part, however, in the

economy of nature,

If ice were heavier than water, it would sink

to the bottom as soon as formed, and rivers and lakes would soon,
become entirely frozen.
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The States of Matter: Transition Points. — Most substances
are known in three different states of aggregation, a solid (or crys-
talline), a liquid, and a gaseous form. There is no magic about
the number, three, however. Thus, sulphur has a vapor state, two
liquid states, and several different crystalline forms. There are no
fewer than five forms of ice, different in physical but identical in
chemical properties.
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Fia. 82. Ice-Water Equiibrium at High Pressures

All transitions from one state to another take place at some definite
temperature (when the pressure is fixed). Such temperatures, when
referring to the change from the solid to the liquid, and from the
liquid to the gaseous state, are called the melting-point or freezing-
point, and the boiling-point, respectively, or in general, are known
as transition points. Properties of this kind are much used in chemis-
try for keeping other bodies or systems at a constant temperature
during measurement or observation. A mixture of ice and water
surrounding a body, when kept in constant agitation, will automatic-
ally maintain thg body at a fixed temperature (0°) so long as both
components hold out.

« When we wish to transform a substance from one state to another,
we change its conditions (see p. 35). Thus under atmospheric
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pressure water is converted to ice by reducing the temperature below
0°, and to steam by raising it above 100°. Under a pressure of 100
atmospheres, however, water freezes at —1°, and boils only at 330°.
With still higher pressures, the change in the freezing-point is much
more marked. Thus under 2000 atmospheres pressure water does
not freeze above —20°. If the pressure is increased further, different
crystalline forms of ice make their appearance (see Fig. 82), and the
freezing-point rises again until under 20,000 atmospheres water is
found to freeze at +78°!

Steam. — At atmospheric pressure, water passes into steam
(“ boils ”’) rdpidly at 100°, but at lower temperatures, and even
when frozen, it does the same thing more slowly. It changes into
steam, however, only when the necessary supply of heat is forth-
coming. One gram of water at 100°, in turning into a gram of steam
at 100°, takes up 540 calories. This is called its heat of vaporization.
Steam, in fact, contains much more available energy than an equal
weight of water at the same temperature, just as water, in turn,
contains more energy than ice. At 100° steam occupies nearly 1600
times the volume of an equal weight of water.

Steam is a colorless, invisible gas. The visible cloud of fog, seen
when steam escapes into cold air, is composed of minute drops of
water, formed by condensation, and visible because they have
surfaces and reflect light.

The temperature of 100° is, like the melting-point of ice, an im-
portant transition point. It is less exactly recoverable by simply
keeping a vessel full of water in ebullition, however, because the
natural, and often considerable, variations in the pressure of the
atmosphere affect it more markedly than they do the melting-point
of ice. Near to 100°, the boiling-point rises or falls about 0.037° for
1 mm. change in pressure. On the top of Mont Blanc water boils at
84°. The melting-point of ice is lowered only 0.0075° by an increase
in pressure from 760 mm. to 2 atmospheres (1520 mm.).

]

Aqueous Tension and Vapor Pressure. — The transition of
water from the liquid to the gaseous state deserves somewhat more
extended study.

The most significant fact about this transition is that, when excess
of the liquid s present, the pressure of the vapor above the liquid
quickly reaches a definite maximum value for each temperature. Ir
the absence of excess of the water, less than this maximum pressure
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may exist. More than the maximum pressure proper to a given
temperature, if produced by compression, cannot be maintained,
however, for a part of the vapor condenses to the liquid state. The
magnitude of this maximum vapor pressure, at a given temperature,
depends on the tendency of the particular liquid to pass over into
vapor. This maximum vapor pressure is held, therefore, to represent
the vapor tension of the liquid, at the given tem-
perature, and this is a specific property of the
substance.

The vapor tension may be shown by allowing
a few drops of water to ascend into a barometric
vacuum (Fig. 83). The tube on the left shows
the original height of the mercury in the barome-
ter. The tube on the right shows the result of
admitting the water. The pressure of the atmos-
phere being the same for both, the smaller height
of mercury which now suffices to counterbalance
it shows that something, which can be nothing
but the water vapor, is pressing on the surface of
the mercury, and makes up the rest of the total
stress needed. The difference in the height ot
the two columns gives the value of the vapor
pressure of the water vapor. With a minimum
excess of water, the value is that of the vapor
tension, called, in the case of water, the aqueous
tension.

The jacket surrounding the tube on the right
enables us, by adding ice or warm water, to main-
tain any temperature between 0° and 100°. 'When
Fra. 83. Messurement ice 1s used outside, and a piece of it is introduced

of Aqueous Tension. i1\t the vacuum, the vapor it gives off quickly

reaches a pressure of 4.5 mm. The vapor pressure of the ice takes
the place of 4.5 mm. of mercury in balancing the atmospheric pres-
sure, and so the mercury column falls by this amount. Similarly,
water at 10° causes a fall of 9.1 mm. and at 20° of 17.4 mm., so that
these represent the mercury-height values of the aqueous tension at
these temperatures. The quantity of water used makes no difference,
so long as a little more is present than is required to fill the available
space with vapor. With ether, instead of water, at 10°, the fall is
28.7 mm.

With water at higher temperatures the fall of the mercury column
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becomes much greater (see Fig. 84). At 50° it is 92 mm., at 70° it is
233.3 mm.,at 90° it is 525.5 mm., and at 100° it is 760 mm., or one
atmosphere. At 121° the aqueous tension is two atmospheres, at
180° it is ten atmospheres (see Appendix IV).

When water at a certain temperature has given the full amount
of water vapor to the space above it that its aqueous tension permits,
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F1a. 84. Vapor Pressure Curve of Water from 0° to 100° C. The insertion of the barometer
tubes emphasizes the physical sigmficance of the curve. To obtain vapor pressure values,
‘use the scale at the right of the diagram and read downwards.

we say that the space is saturated with vapor. That concentration
of vapor which constitutes saturation varies with the temperature
of the water and depends, therefore, solely on the power of the water
to give off vapor. It has nothing to do with the size of the space,
and is even independent of other gases the space may already con-
tain. Thus, if a little airis first placed above the dry mercury (Fig.
83), causing it to fall, the additional depression produced by adding
water is the same as if the air had been absent (Dalton’s law of»
partial pressures, p. 118).
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The Properties of Liquids and the Kinetic-Molecular Hypothe
sis. — The fact that even great pressures produce little diminutio
in the volume of a liquid shows that the free space, so predominan
in gases, is relatively unimportant in liquids. This is only naturs
in view of the smaller volume occupied by substances in the liqui
state. Thus we have seen (p. 171) that steam at 100° occupies nearl
1600 times the volume of an equal weight of water. To reduce .
given sample of water to four-fifths its original volume requires, no
raising the pressure to five-fourths its initial value as in the case ¢
a gas, but increasing it from 1 to 10,000 atmospheres. Evidentl
the molecules are already very closely packed.

This close packing of the molecules causes cohesion to be mue
more pronounced in liquids than in gases. A small amount of liquic
when poured into a vessel, does not fill the whole of the availabl
space, but forms coherent drops, the curvature of the surface c
which indicates that tremendous forces are existent, pulling the out
side molecules towards the interior of the liquid. Nevertheles:
molecules do escape outwards from a liquid surface to form vapor
and their escape is more easily effected the higher the tempcratur
(see pp. 172-3). We must therefore conclude that the molecules ¢
a liquid are still in rapid motion. Similarly, when liquids which ar
capable of mixing (e.g., alcohol and water) are placed in separat
layers in the same vessel, they do mix, slowly, by diffusion. Th
rate of dispersion of the molecules, although much impeded by thei
close packing, has not been annihilated.

A liquid still possesses, therefore, in a modified degree, many c
the properties exhibited by a gas. The average velocity of th
molecules increases with temperature, while the cohesive force
between them diminish. For any particular substance, the differ
ences between the behavior of the liquid and the gaseous state
grow less and less as the temperature is raised, until at the critice
temperature (see p. 126), the two states become identical.

Molecular Relations of Liquid and Vapor. — When the wate
was introduced above the barometric column, the vapor, or gaseou
water, could have resulted only from the spontaneous motion of th
molecules in the liquid. Some of the molecules, moving near th
surface, went off into the space above the water and became gaseous
To be consistent, we must also conclude that the vapor above th
water is not composed of the same set of molecules one minute a
it was during the preceding minute. Their motions must caus
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many of them to plunge into the liquid, while others emerge and take
their places:: When the water is first introduced, there are no mole-
cules of vapor in the space at all, so that emission from the water
predominates. The pressure of the vapor increases as the concentra-
tion of the molecules of vapor becomes greater, hence the mercury
column falls steadily. At the same time the number of gaseous
molecules plunging into the water per second must increase in pro-
portion to the degree to which they are crowded in the vapor. The
rate at which molecules return to the water thus begins at zero, and
increases steadily; the rate at which molecules leave the water
maintains a constant value. Hence the rate at which vapor mole-
cules enter the water must eventually equal that at which other
water molecules leave the liquid. At this point, occasion for visible
changes ceases and the mercury comes to rest. We are bound to
think, however, of the exchange as still going on, since nothing has
occurred to stop it. The condition is not one of rest but of rapid
and equal exchange. Such, described in terms of molecules, is the
state of affairs which is characteristic of a condition of equilibrium.
The condition is dynamic, and not static.

Equilibrium. — This term is used so often in chemistry, and
is used in so unfamiliar a sense, that the reader should consider
attentively what it implies. Three things are characteristic of a
state of equilibrium:

1. There are always two opposing tendencies which, when equi-
librium is reached, balance each other. In the foregoing instance,
one of these is the hail of molecules leaving the liquid, which is
constant throughout the experiment. It represents the vapor ten-
sion of the liquid. The other is the hail of returning molecules,
which, at first, increases steadily as the concentration of the vapor
becomes greater. This is the vapor pressure of the vapor. These
have the effect of opposing pressures and, when the latter becomes
equal to the former, equilibrium is established. In all the cases of
equilibrium which will be encountered, we shall symbolize the two
opposing tendencies by two arrows, thus:

Water (liquid) & Water (vapor).

2. Although their effects thus neutralize each other at equilib-
rium, both tendencies are still in full operation. In the case in
point, the opposing hails of molecules are still at work, but neither
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can effect any visible change in the system. Equilibrium is a state,
not of rest, but of balanced activities.

3. (This is the chief mark of equilibrium). A slight change in
the conditions produces, never a great or sharp change, but always,
and instantly, a corresponding small change in the state of the sys-
tem. The change in the conditions accomplishes this by favoring
or disfavoring one of the two opposing tendencies. Thus, for
example, when the temperature of a liquid ¢s raised, the motion of its
molecules is increased, the rate at which they leave its surface be-
comes greater, the vapor tension increases and, hence, a greater
concentration of vapor can be maintained. The system, therefore,
quickly reaches a new state of equilibrium in which a higher vapor
pressure exists. ,

In the preceding illustration, the evaporating tendency was
favored by a rise in temperature. As an example of a change in
conditions disfavoring one tendency, take the case where the liquid
is placed in an open, shallow vessel. Here the condensing tendency
is markedly discouraged, for there is little chance of return of the
emitted molecules. Hence complete evaporation finally takes place.
Elevation of the temperature hastens the process. A draft insures
the diffusion of the vapor away from the surface of the liquid, and
has therefore the same effect. The two methods of assisting the
displacement of an equilibrium, and particularly the second, in which
the opposed process is weakened and the forward process triumphs
solely on this account, should be noted carefully. They are applied
with surprising effectiveness in the explanation of chemical phenomena
(see Chaps. XVI and XIX).

Water as a Solvent. — The physical property of water most
frequently made use of in chemical work is its remarkable power
of dissolving many other substances. This subject is so important
and extensive that we shall presently devote a complete chapter to
some of its simpler and more familiar aspects.

Natural Waters. — The water found in nature varies greatly in
the amount of foreign material which it contains. Sea-water holds
about 3.6 per cent of solid matter in solution, while rain-water is the
purest natura] water. Even rain-water.contains foreign matter,
however. When we heat it, bubbles of gas form on the sides of the
vessel, showing that oxygen, nitrogen, and carbon dioxide from the
air have been dissolved by the water as it fell. On evaporating a
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considerable mass of such water, we find that, aside from casual dust,
crystals of definite chemical substances, such as ammonium nitrate,
may be recognized in the residue. River and, especially, well waters
often contain calcium sulphate, calcium bicarbonate, and com-
pounds of magnesium in solution, which act chemically upon soap
(p. 733), and such waters are described as hard. Sometimes they con-
tain compounds of iron, and sometimes they are effervescent and give
off carbon dioxide. These are called mineral waters. All of the dis-
solved substances are obtained by the water in its progress over or
under the surface of the ground.

Water which is to be used for domestic purposes is examined, not
only to ascertfin the amount of the ingredients which produce hard-
ness, but also with reference to the proportion of organic matter which
it may hold in suspension. This usually gains access to the water by
admixture of sewage (p. 99). It is not the organic matter itself which
is deleterious, but the bacteria of putrefaction and disease which are
likely to accompany it. Cholera and typhoid fever are often spread
by the drinking of water into which sewage, infected by patients suf-
fering from these diseases, has been allowed to enter. If the water
contains clay in suspension, the bacteria are largely attached to the
particles of clay, which are sufficiently large to render the water
turbid, but organic matter and bacteria may be present in water
which looks perfectly clear. Inoculation of culture media with the
water can alone show whether or not bacteria are present.

The foreign materials which water may contain are divisible into
two kinds — dissolved matter and suspended matter. No natural
water is entirely free from either of these varieties of impurity.

Purification from Suspended Matter and Bacteria. — The sus-
pended impurities may be removed by filtration. On a large scale,
beds of gravel are employed, but this treatment will not remove
all bacteria. In many cases small amounts of alum, or alum and
lime, or ferrous sulphate (copperas) and lime, are added. These
produce slimy precipitates which assist in the elimination of fine,
suspended inorganic and organic matter, including practically all
bacteria. This is called the coagulation treatment (p. 834). The
whole suspended matter is then allowed to settle, which it does very
quickly, in large reservoirs. The remaining organispns may be de-
stroyed by adding a little bleaching powder (p. 434), or chlorine-water,
before the water is distributed. Ozone (p. 423) and ultra-violet light
are used for the same purpose, the latter, for example, at Rouen.
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The ultra-violet light, which consists of rays of very short wave
length, is produced by an electric arc passing through mercury vapor
in a container of quartz (glass absorbs and destroys this light). The
water must first be filtered so that the light may be
able to penetrate it. A 3-ampere lamp on a 220-volt
circuit will kill the colon bacilli, organisms associated
with those which produce typhoid fever, in a layer of
water 10 cm. thick in 1 second and in a layer 40 cm.
thick in 15 seconds. The flow of the water is regulated
8o as to permit sufficiently long exposure to the rays.

In the household, the Pasteur filter is the most com-
pact and efficient appliance. The water enters at the
top (Fig. 85) and is forced inwards by its own pres-
) sure through the pores of a cylinder of unglazed porce-
lain. The cylinder must be taken out, and its exterior
cleaned daily with a brush, to remove the mud and
organisms which collect on its outer surface. If this
is not done, the organisms multiply and soon the filter
pollutes the water instead of purifying it.

Most organisms can be killed by boiling unfiltered
water for 10 or 15 minutes, although a second boiling
is needed in some cases.

Fia. 85. Pasteur
Filter.

Purification from Dissolved Matter. — Filtration does not re-
move dissolved matter, and therefore does not soften hard water.
For this latter purpose, washing powders are used in the laundry
(see p. 734).

Pure water for chemical purposes is prepared by distillation and,
in fact, liquids other than water are usually purified by the same
process (Fig. 12). Dissolved solids remain in the flask (or boiler).
The steam is condensed by cold water circulating in the jacket of the
condenser. Freshly distilled water contains only gases dissolved
from the air. Such water, however, quickly dissolves traces of
glass or porcelain, so that the purest water is obtained by using
quartz or platinum for the condenser tube and receiving vessel.
Tin is the best of the less expensive materials.

That glass dissolves in water is easily shown by shaking some
pulverized glasg with distilled water for a ew seconds and adding a
drop of phenolphthalein solution (see Indicators). The alkaline
reaction of the dissolved sodium silicate gives rise to a strong pink
color (Lect. exp.).
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Water Vapor in the Air. — The space immediately above the
surface of the ground, which is mainly occupied by atmospheric air,
is, on an average, less than two-thirds saturated with water vapor.
That is to say, such air, when enclosed in a vessel containing water,
will take up about one-half more than it already contains. The
vapor of water at 100° in an open vessel displaces the air entirely and,
if the required heat of vaporization is furnished, the liquid boils.

The water present in the air plays an important part in many
chemical phenomena, as we shall see. All our substances and appa-~
ratus have traces of water condensed on their surfaces. This water is,
in a sense, in an abnormal condition, for it does not evaporate even
in dry air. It is observed to pass off in vapor, however, when we
have occasion to heat the substance or apparatus.

Chemical Properties of Water. — Water is so very frequently
used in chemical experiments in which it is a mere mechanical ad-
junct, that the beginner has difficulty in distinguishing the cases in
which it has itself taken part in the chemical interaction. The
rather limited list of kinds of chemical activity it can show should
therefore receive careful notice:

1. Water is a relatively stable substance.

2. It combines with many oxides, forming bases or acids.

3. It acts on certain metals, with the liberation of hydrogen and
the formation of hydroxides (at low temperatures) or oxides (at high
temperatures). This point has already been discussed under dis-
placement in the preceding chapter. Some of the common non-
metals (e.g., carbon) also react with water at high temperatures,
under conditions that will be described later (see p. 627).

4. Tt combines with many substances, chiefly salts, forming
hydrates.

5. It interacts with some substances in a way described as hy-
drolysis. This property will not be discussed until a characteristic
example is encountered (p. 252).

Water a Stable Compound: Dissociation. — In the case of a
compound, the first chemical property to be given is always, whether
the substance is relatively stable or unstable (see p. 100). Usually,
the specification is in terms of the temperature required to produce
noticeable decomposition. Thus, potassium chlorate gives off oxygen
at a low red heat. Now, water vapor, when heated very strongly, is
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progressively decomposed into hydrogen and oxygen, yet at 2000°
the maximum decomposition reaches only 1.8 per cent, and reunion
occurs as the temperature is lowered. Two arrows in the equa-
tion indicate that the action may proceed in either direction — is
reversible:

2H,0 =2 2H, + O,.

A decomposition which increases when the temperature is shifted
in one direction (usually, though not always, upward), and reverses
itself by recombination of the constituents when the temperature is
displaced in the other direction (usually downward), is called a dis-
sociation or a thermal dissociation (compare barium peroxide, (p. 89)).
The decomposition of potassium chlorate (p. 90) is not a dissociation,
because it is not reversible: oxygen gas will not, under any known
circumstances, unite directly with potassium chloride.

The word unstable is frequently misused. Thus, calcium chloride is some-
times said to be unstable, because, when exposed to the air, it takes up moisture
and finally dissolves in the water thus acquired. Or phosphorus trichloride is
said to be unstable because it interacts with the moisture in the air, or ferrous
sulphate is said to be unstable because it is oxidized by the oxygen in the air.
Almost every substance, however, will undergo change readily, if a properly
selected substance is allowed to come in contact with it. Quicklime, for example,
is quickly slaked by water. According to this erroneous view practically every
substance is unstable. Quicklime can be distilled, without decomposition, at
the temperature of the electric arc, and is extremely stable. Stability refers
solely to the effect of energy, usually in the form of heat, upon the substance,
while the latter is carefully isolated from all other substances. The interactions
of the substance with the components of the air, and with other reagents, must
be recorded as separate chemical properties.

Union of Water with Oxides. — 1. Sodium oxide Na,O unites
violently with water to form sodium hydroxide:

Nazo + H20 bd 2NBOH.

The slaking of quicklime is a more familiar action of the same kind:
CaO + H;0 — Ca(OH),.

No other products are formed. The clouds of condensing steam
produced in the second instance are due to evaporation of a part
of the water by the heat produced in the formation of calcium
hydroxide. The aqueous solutions of these two products have a
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soapy feeling, turn red litmus (a vegetable extract) blue, and possess
other properties which, as we shall see later, are characteristic of a
class of substances called alkalies or bases. Very many hydroxides,
which are of the same nature, for example ferric hydroxide Fe(OH);
and tin hydroxide Sn(OH)., are formed so slowly by direct union of
the oxide and water that they are always prepared in other ways.
The oxides which, with water, form bases are called basic oxides.

2. Some oxides, although they unite with water, give acids, which
are products of an entirely different character (see p. 135). Phos-
phorus pentoxide P,Os (p. 95), sulphur dioxide SO, (p. 95), and sul-
phur trioxide SO; (p. 97), are of this class and yield phosphoric acid,
sulphurous aeid and sulphuric acid, respectively:

P205 + 3H20 e d 2H3P04.
S0, + H.0 = H.80s.
SOs + H20 —’stob

If the product is not volatile, it may be obtained by evaporating the
excess of water. In the case of sulphurous acid, the above action is
reversed by evaporation and the sulphur dioxide and water both pass
off; in that of phosphoric acid, the white crystalline acid is obtained;
in the case of sulphuric acid, a colorless liquid of the composition
H,S0, is first recovered, and only on stronger heating is this decom-
posed into SO; and H:0. In consequence of their relation to the
acid, differing from it in not containing the elements of water, these
oxides are often called the anhydrides (Greek, &v, not, and Uéwp,
water), of their respective acids. They are also called acidic oxides.

These two classes of final products are so different that we make
the distinction the basis of classification of the elements present in the
original oxides. The elements, like sodium and iron, whose oxides
give bases, are called metallic elements; those, like phosphorus,
whose oxides give acids, are called non-metallic elements. The dis-
tinguishing words are selected because the division corresponds, in a
general way at least, with the separation into two sets to which
merely physical examination of the elementary substances would lead.

Formerly the hydroxides of metals were termed ‘ hydrates,” and
the word is still used familiarly by chemists in a few cases, such as
potassium “ hydrate ” KOH and sodium “ hydrate ” NaOH. These
substances, however, have nothing in common with the compounds
properly known as hydrates, whose nature is discussed in the next
gection.
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Hydrates. — Many substances when dissolved in water and re-
covered by spontaneous evaporation of the solvent are found to have
entered into combination with the liquid. The products, which are
solids, are called hydrates. Thus if we take zinc sulphate (p. 136)
and dissolve it in water and allow the excess of the latter to evaporate,
the solid appears in long transparent crystals. When these are
dried with blotting paper and heated in a test-tube, they give off a
large amount of steam, the hydrate of zinc sulphate decomposing
and leaving anhydrous zinc sulphate. The latter, when once more
moistened, changes back into the hydrate:

ZnSO0s + H,O 2 ZDSO4,7H20.

Many common chemicals are in fact such hydrates. Thus common
blue-stone, used in gravity batteries, is a hydrate of cupric sulphate.
‘When heated, it loses water and leaves the colorless, anhydrous cupric
sulphate. These are cases of simple combination and decomposition.
That hydrates are regular chemical compounds (although of a
more complex nature than any we have discussed in earlier chapters,
being formed by the combination of compound substances, not of
elements) is shown by the following two facts: (1) They contain
definite proportions by weight of their constituent compounds. Fur-
thermore, the proportions are always such as
to represent simple molecular ratios of these
compounds. Thus blue-stone, when heated to
give anhydrous cupric sulphate, always loses
36.1 per cent by weight of water, no more and
no less. This corresponds exactly, on examina-
tion, to the formula CuSO,5H;0. The pro-
portions in solutions, and other physical aggre-
gates, except by chance, cannot be expressed
Fio. 86, Bluestono by means of formule. (2) A hydrate has
T physical properties entirely different from those
of the water (or ice) and of the other substance used in preparing it.
It is a typical compound, formed by the first variety of chemical
change (p. 14). Thus, cupric sulphate, often called anhydrous cupric
sulphate to distinguish it from the compound with water, is a white
substance crystallizing in shining, colorless, needle-like prisms. The
pentahydrate (blue-stone or blue vitriol) is blue in color, and forms
larger but much less symmetrical (asymmetric or triclinic) crystals
- (Fig. 86):

Cu80; + 5H,0 = CuS0,,56H:0.
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Often much heat is given out in the formation of a hydrate. This,
however, does not in itself show that a chemical change has occurred.
All chemical changes are accompanied by liberation or absorption
of heat, but physical changes, like the condensation of steam and the
freezing of water, and in many cases the dissolving of one substance
in another, also involve the liberation of much heat.

The chemical properties show hydrates to be relatively unstable.
When heated, the hydrates, as a rule, lose none of the constituents
of the original compound, but only those of the water in the form of
water vapor. When melted, or when dissolved in water, the hydrates
are partly dissociated into water and the original substance. The
aqueous solutions made from the anhydrous substances and from the
hydrates have identical physical and chemical properties. Hence
the cheaper of the two forms is generally purchased, and many of the
chemicals used in laboratories are in the form of hydrates.

Reaction Formule. — In the foregoing formula (p. 182) for the
hydrate of zinc sulphate, it will be seen that we do not add together
all the atoms of oxygen, and write ZnH;,80;;. The latter would
show the composition of the substance correctly, but it would show
nothing more. Now chemists find it convenient, frequently, to alter
the formula so that it shall indicate also some important chemical
property or reaction of the substance. Hence the formula ZnSO,,-
7H,0, which indicates at a glance the relationship of the substance
to zinc sulphate (ZnSO,). The hydrate is made from zine sulphate
by adding water, and is casily decomposed into these two substances
again. The reaction formula hints at this familiar reaction. Note,
however, that the comma (,) does not indicate a mizture of the ma-
terials, such as ZnSO, and H,0, but a single substance composed of
both. The plus (+) sign is used between the formule of different,
uncombined substances in a mixture.

In accordance with this plan, washing soda, the deca-hydrate of
sodium carbonate, is written Na,CO;10H.0, and blue-stone, the
penta-hydrate of cupric sulphate, CuSO,,5H0.

Efflorescence. — Some hydrates are so unstable that the water
passes off, even at room temperature, when the hydrate is left in an
open vessel. Thus crystals of washing soda Na.COs,20H;O crumble
to powder (effloresce) when not kept in a closed vessel:

N&gCOa,lOHzO = Na2003 + ].OHzO.
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If a crystal of a hydrate like this is placed in the barometric vacuum
(Fig. 83, p. 172) a considerable vapor pressure of water is indicated,
80 that the tendency of the hydrate to decompose, when this vapor
is allowed to escape, is easily understood. The pressure of water
vapor in equilibrium with such hydrates, when partially dehydrated
at ordinary temperatures, is found to be greater than the average
pressure of water vapor in the atmosphere.

On the other hand, when anhydrous cupric sulphate and zinc
sulphate, obtainable from the hydrates by heating only, are spread
out in the air, they return slowly to the hydrated condition. They
combine with the moisture in the air. The vapor pressure of water
in the air is greater than the pressure of water vapor in equilibrium
with these hydrates and their anhydrous products at ordinary
temperatures. Caleium chloride absorbs water vapor (p. 141) because
of its tendency to form a hydrate.

Water of hydration is frequently called water of crystallization, on account of
the fact that when water is driven off by heating, the substance usually crumbles
to powder (effloresces). The term is decidedly misleading, however. It suggests
that water and crystallization are related in some way, which is not the case.
Sulphur, galena, potassium chlorate, and thousands of other crystallized sub-
stances, do not contain the elements of water. Nor do the substances which
combine with water remain amorphous (without crystalline form) in its absence.
They all crystallize from the molten condition or from some non-aqueous solvent,
although, as substances different from the hydrates, their crystalline form is
different. Iceland spar, or any other crystallized carbonate which can be de-
composed by heating, becomes opaque and porous or falls to powder when the
carbon dioxide is driven out. But it has not occurred to any one to call this
carbon dioxide of crystallization! The fact 1s that all pure chemical substances,
in solid form, when in a stable physical condition, are crystalline. Amorplious
substances, like wax and glass, are always supercooled liquids.

The term arose from a misconception, and, when used, always succeeds in
transmitting the misconception along with the name. The ease with which some
of the hydrates decomposed suggested the idea that they contained water as a
discrete substance. There is no more justification for this idea, however, than for
the notion that carbonates contain ready-made carbon dioxide. The hydrates
contain the elements of water just as sugar and alcohol do, and there is no evi-
dence that they ‘ contain water ”’ in any other sense than that in which the phrase
might be used of these organic bodies.

In consequence of their decomposition into and formation from substances
capable of separa.e existence, the hydrates are cladsed with molecular compounds
(p. 581). The bebavior of the compounds of salts with ammonia (like
2AgC1L,3NH;), with nitric oxide, and with each other (double salts), is quite
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Equilibria between Solid and Vapor. — The detailed discussion
of the equilibrium conditions between the solid and vapor states,
for the particular case of salt hydrates, will be postponed until a
later chapter (p. 689), in view of the complexities introduced into the
situation through the simultaneous chemical reaction involved. We
shall, however, for the sake of completeness, supplement the descrip-
tion of liquid-vapor equilibria at this point by a brief consideration
of the equilibrium between solid and vapor in the case where merely
a change of state occurs.

The packing of the atoms, or groups of atoms, in a crystal lattice
is, generally, even closer than in the case of liquids, and cohesive
forces between adjacent particles are much more pronounced. The
resistance offered by the atoms in a crystal to forcible changes of
position is shown by the very low compressibility of matter in the
crystalline state. Nevertheless, some degree of motion of the par-
ticles must still persist, since many crystalline substances show a
measurable vapor pressure. Some vapors, indeed (e.g., phosphorus,
iodine), can be condensed directly to crystals without passing through
the intermediate liquid state.

The results of X-ray work indicate that this motion of the atoms
of a crystal consists of rapid wbrations about a mean position, the
average velocity of the atoms being greater the higher the tempera-
ture. Atoms vibrating violently at the surface are evidently exposed
to the risk of breaking away altogether, after which they combine to
form molecules of liquid or of vapor. Similarly, molecules of liquid
or of vapor striking the crystal surface may stick thereto, their con-
stituent atoms arranging themselves in a continuation of the crystal
pattern. Equilibrium relations between crystals and vapor (and
also between crystals and liquid) resemble closely, therefore, those
between liquid and vapor discussed earlier in the chapter (pp. 174
-6), to which reference should here be made.

Reversible Chemical Actions. — The contrary effect upon an un-
stable hydrate of leaving the bottle in which it is contained open or
closed, referred to above (p. 183), deserves a moment’s notice. When
understood, it explains many things in chemistry. The hydration
and dehydration are opposite directions of the same chemical change,
and the condensed statements of the actions were wyitten with the
double arrow to indicate this (p. 89). When the bottle is closed, the
water vapor is unable to escape and recombines with any anhydrous,
particles as fast as other particles of the hydrate decompose. Are-
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versible action therefore cannot complete itself, if the products of
the action are kept together and not allowed to separate. On the
other hand, a reversible action will go to completion, if one of the
products escapes, as the water vapor does when the bottle is left
open. This idea enables us to answer several interesting questions.

For example, why does steam decompose to the extent of 1.8
per cent at 2000°, but not any further? All its parts are alike and
are therefore equally capable of decomposing. The answer is,
because neither the oxygen nor the hydrogen is removed, or can
easily be removed, from the steam, and so the completion of the
decomposition is prevented by continual recombination of these gases.

When a reversible action has come to a standstill, we say that
equilibrium has been reached. This means that two opposing
tendencies are neutralizing one another’s effects.

When will reversible actions go to completion? The products
must be of such a nature that they separate easily. In practice
this happens when one s a gas or vapor, like the water vapor coming
from a hydrate, while the other is not. The seftling of one product
as a precipitate, while the other stays in solution, is, as we shall see
(pp. 250, 381), another common way in which the separation occurs.

When iron and water are heated in a closed vessel, the hydrogen
and magnetic oxide of iron which are produced (p. 134) react with one
another to give back water and iron:

3Fe + 4H20 = 4H2 + F8304.

In a closed vessel we could never use this method for preparing
any quantity of hydrogen. To prepare hydrogen by this action
we must leave the tube open, and let the steam sweep the hydrogen
out. This separates it effectually from the oxide of iron, and prevents
the reversal of the action.

Devices depending on mechanical principles like this are con-
tinually used in chemistry for securing easy methods of preparing
substances.

The reader can now answer for himself the question why we are
able to prepare oxygen by heating mercuric oxide (p. 22), in spite
of the fact that the action is reversible (p. 87).

How Formuje and Equations are Obtained. — In the last few
pages several formule (e.g., of hydrates) and several new equations
have been given. How do we know what to set down in making
an equation? We cannot learn this by simply writing formule on a
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piece of paper. In each case, experiments must be made in the
laboratory. For example, how do we know that the common hy-
drate of cupric sulphate has the formula CuS0,5H,0, and not
CuS04,H;0? We must make a quantitative experiment. We weigh
a porcelain dish or crucible, first empty, and then with a little of the
hydrate. Suppose the difference in weight to be 2.05 g. (= weight
of hydrate). We then heat the dish and contents, until the water is
driven out, and weigh again. The difference is now only 1.31 g. (wt.
of anhydrous cupric sulphate). The water, therefore, weighed 2.05 —
131 = 0.74 g. Assuming that we know the formule (compositions)
of cupric sulphate and of water, we obtain their formula-weights:
CuSO, = 6357 + 32.06 + 4 X 16 = 159.63; and H,O = 2 X 1.008
+ 16 = 18.016. The formula must be CuSO4,zH.0. Also,

159.63 : X 18.016 ::1.31 : 0.74.

Solving for z we have z X 18.016 X 1.31 = 159.63 X 0.74, or z =
159.63 X 0.74/18.016 X 1.31 = 5.00. The formula is, therefore,
CuS045H,0, and the equation for the decomposition: CuSO0,,5H.0
— CuS04 + 5H.0.

To make an equation, we must note what substances are taken,
and recognize by their properties all the substances produced. If all
the substances are well known, and we can find their formul® in a
book, we can make the equation at once. If we cannot find the
formul®, we make measurements to determine the proportions by
weight, calculate the formule, and then make the equation.

Hydrogen Peroxide. — The chemical behavior of the other compound of hydro-
gen and oxygen, hydrogen peroxide (see p. 424), is difficult to comprehend until
further experience has been gained. Then, too, its formula H,O; cannot be
justified until the means of determining molar weights in solution have been dis~
cussed. In view of these facts, it will be taken up later.

Exercises. — 1. Name some other transitions from one physical state to
another which are familiar (p. 170).

2. What evidence is there in the common behavior of ether and chloroform
to show that these liquids have high vapor tensions?

3. How many grams of water could be heated from 0° to 100° by the heat
required to melt 1 kgm. of ice at 0°?

4. What do you infer from the fact that alum and washing soda lose their
so-called “ water of crystallization ” when left in open vessels,*while gypsum does
not (p. 184)? .

5. Which facts show most conclusively that hydrates are true chemical com?
pounds?
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6. In what ways does a hydrate differ from, (a) a solution, (b) a hydroxide?

7. Should you expect to find any difference, in respect to chemical activity,
between the three forms of water (ice, water, and steam)? If so, arrange them
in the order of probable increasing activity (pp. 100, 146). Have we had any
experimental confirmation, or the reverse, of this conclusion?

8. Glauber’s salt is a hydrate of sodium sulphate Na,SO«. If 6 g. of Glauber’s
salt, when heated, lose 3.36 g. of water, what is the formula of the hydrate?

9. If 50 c.c. of hydrogen and 37 c.c. of oxygen are exploded in a closed tube,
which gas remains and what volume of it is left?

10. How many calories of heat would be required to change 5 grams of ice
at 0° into steam at 100°?

11. The percentage composition of water by weight is: hydrogen 11.19,
oxygen 88.81. The density of oxygen referred to hydrogen as unity is 15.90
(p.- 120). Calculate from these data the proportions by volume in which hydro-
gen and oxygen combine to form water.

12. Given the densities of hydrogen and of oxygen at 0° and 760 mm. (p. 93),
caleulate the density of steam at 100° and 760 mm.

An accurate experimental determination leads to the value 0.6056 g. per liter.
Does this agree with your calculated value? If not, how do you account for the
discrepancy?

13. A kilogram of water at 100° and 760 mm. occupies 1043.2 c.c. Using
the experimental value for the density of steam given in Exercise 12, calculate
how many c.c. of steam would be obtained from 1 c.c. of boiling water (p. 171).

14. What volume of ice at 0° would be obtained by condensing and freezing
1 liter of steam at 100° and 760 mm.?

15. The specific heat of hydrogen at 100° and 760 mm. is 3.40; of steam 0.46.
Which requires more heat to raise it from 100° to 101°, a liter of hydrogen or a
liter of steam? What are the exact values ‘n each case?

16. Explain how water, even in cold weather, gradually dries up. Why is
the evaporation so much more rapid in warm weather? Why does a strong wind
hasten the evaporation?

17. Why does a glass full of cold water, when brought into a warm room,
sometimes become coated with a film of water on the outside?



CHAPTER XI
MOLECULAR WEIGHTS AND THEIR APPLICATIONS

As we have seen (p. 166), when the volumes occupied by substances
in the gaseous condition, rather than the weights, are taken as the
basis of measurement, the combining proportions are simple and
are expressible by small whole numbers (Gay-Lussac’s law). This
shows that there must be some relationship, connected with chemical
combination, between the amounts of different substances contained
as gases in equal volumes. It suggests that we might do well to
take such amounts (weights of equal volumes) as the standard or
unit quantities for chemical purposes. Now this is precisely what
the chemist has found it in practice most convenient to do, and the
present chapter deals with the units of material based upon comparing
equal volumes,

Illustrations of Gay-Lussac’s Law. — Let us first familiarize
ourselves with the volume-measuring point of view in chemical
actions. The following are a few observed facts, beginning with
the union of hydrogen and oxygen already discussed (p. 165):

(1) Hydrogen (2 vols.) + Oxygen (1 vol.) — Steam (2 vols.).

(2) Hydrogen (1 vol.) + Chlorine (1 vol.) — Hydrogen chloride
(2 vols.).

(3) Chlorine monoxide (2 vols.) — Chlorine (2 vols.) 4 Oxygen

. (1 vol.).

(4) Mercuric oxide (not volatile) — Mercury (2 vols.) + Oxygen
(1 vol.).

(5) Phosphorus (1 vol.) + Oxygen (5 vols.) — Phosphorus pent-

] oxide (1 vol.).

(6) Zine (at 1000°, 2 vols.) + Sulphur (at 1000°, 1 vol.) — Zinc

sulphide (not volatile).

It will be noted that in some cases, like (2), there i8 no change in
the total volume. In others there is a shrinkage, as in (1) and (5).
In still others, like (3), where chlorine monoxide decomposes, theres
is an increase in volume. In (5), in order that all the materials
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may be gaseous, the whole experiment must be done at a very high
temperature (and at some suitable pressure). In (4) the mercuric
oxide itself does not become gaseous, but decomposes, so that its
own relative volume cannot be given. In (6) the zinc and sulphur
can be combined as vapors at 1000°. The product (zinc sulphide)
will not remain gaseous at any temperature at which its volume could
be measured, however, and so its volume is not recorded.

It must be kept constantly in mind that the law applies to vol-
umes 1n the state of gas or vapor only. There is no rule about the pro-
portions by volume required for the chemical combination of liquids
and solids.

One can read these illustrations in different ways. For example:
(1) A given volume of steam is formed by union of the same volume
of hydrogen with half as great a volume of oxygen. (4) Mercuric
oxide, when decomposed by heating, gives two volumes of mercury
vapor and one volume of oxygen in every three volumes of the es-
caping gases. (5) One volume of phosphorus vapor, together with
an equivalent quantity of oxygen, will give one volume of the vapor
of phosphorus pentoxide, all being measured at the same temperature.
In fact, whenever two vaporizable substances are amongst the factors
and products of a chemical change, their volumes thus are either
equal, or are to one another in the ratio of whole numbers.

Avogadro’s Hypothesis. — We have seen (p. 122) that the physi-
cal behavior of matter, and particularly of gases, may be explained
by the conception that matter is composed of molecules. Now
Gay-Lussac’s law is a chemical, and not merely a physical fact,
yet the molecular hypothesis can explain it also.

Since matter is composed of molecules, a chemical action between
two kinds of matter must consist really in an interaction of the
molecules of each kind. Molecules of the two kinds must meet and
they may then either combine to form a compound molecule, or they
may exchange material in some fashion. Since equal volumes are
often the exact quantitics required for the action, it appears most
likely that in equal volumes of different gases (at the same tempera-
ture and pressure) the numbers of molecules present are equal.
This addition to the molecular hypothesis was first suggested by an
Italian physicist, Avogadro (1811). When two gases interact in
equal volumes (like hydrogen and chlorine), one molecule of each
is all that is required for a small sample of the change in question.
Since two volumes of hydrogen are required to unite with one volume
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of oxygen (p. 166), clearly the interaction involves two molecules of
hydrogen for every one of oxygen. Since two volumes of steam are
produced, evidently the two molecules of hydrogen and one of oxygen
yield two molecules of water.

This hypothesis of Avogadro helps us to a clearer notion of how
these chemical changes take place. The idea that all gases contain
equal numbers of molecules in equal volumes also explains why all
gases behave alike when subjected to equal pressures, or to equal
changes in temperature (Boyle’s and Charles’ laws, p. 124). No
facts which conflict with this hypothesis are known, and all the
known facts confirm it. Hence, Avogadro’s hypothesis has been
accepted by chemists, and since 1858 has been the keystone of
chemical theory.

Meaning of Avogadro’s Hypothesis. — First, we must under-
stand clearly what is implied in the statement that: In equal volumes
of all gases, at the same temperature and pressure, there are equal
numbers of molecules. It means that, for instance, at 100° and 760
mm., in specimens of all gases, the average spacing of the molecules
is identical. This condition is independent of the nature of the gas —
for example, whether it is a simple or a compound substance, like
oxygen and carbon dioxide, respectively, or a mixture, like air. It
means that when, at some fixed temperature, we fill the same vessel
with a number of different gases or gaseous mixtures successively,
the number of molecules that it will hold at a pressure, say, of one
atmosphere will always be the same. If we take care to keep tem-
perature and pressure the same, the equality in the number of mol-
ecules that will enter the jar will take care of itself automatically.
In what follows, to avoid continual repetition, standard conditions
(0° and 760 mm.) are assumed unless other conditions are specifically
mentioned.

This statement would be strictly true only in the case of gases, if such existed,
which behaved in ideal accord with the laws of Boyle and Charles. Since, how-
ever, in all gases, with the exception of hydrogen, a certain tendency to cohesion
between molecules is distinctly noticeable and its amount varies from gas to gas,
the density with which the molecules are packed is not precisely the same in any
two of them (p. 126). Hence, Avogadro’s law is not perfectly realized in any
known gases. In the case of hydrogen, for example, a very slight divergence
from the behavior of an ideal gas exists, and in the case of chlorine it amounts
to about 1} per cent, and is quite conspicuous. This slight irregularity in the
packing of the molecules, however, does not interfere with the practical application
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The Standard or Unit Volume. — The volumes in the foregoing
paragraphs are simply relative, and the statements are true of gaseous
volumes of any actual dimensions (large or small), provided only they
bear the proper relationship, suchas2 :1,1:1, or 1: 5, in each case.
An actual value has been chosen,
however, for the volume which is
the standard or unit in chemistry.
This is the volume occupied by 32
grams of oxygen, which is 22.4 liters
at 0° and 760 mm. This volume is
equal to that of a cube about 11
inches in height (Fig. 87). At other
temperatures and pressures this vol-

ume, in order to contain the same
4_—_-___35_._2_<_:ﬁ.__-_-_—->_/ amount of material, alters its value,
Fia. 87. The Gram-Molecular Volume i gecordance with the laws of Boyle

and Charles (p. 118). The reason for
selecting this particular volume will be readily seen, so soon as we
shall have presented and discussed in detail the actual weights of
various materials which fill it.

22.4 LITERS

Consequences of Avogadro’s Hypothesis: Molecular Weights.—
Equal volumes of the same gas (at the same temperature and pressure)
have equal weights. But equal volumes of different gases have
different weights. The differences are often very great. Thus,
bulk for bulk, oxygen is sixteen times as heavy as hydrogen, and
mercury vapor one hundred times as heavy. Now, if equal volumes
of different gases contain equal numbers of molecules, these differences
must be due to the differing weights of the several kinds of molecules.
Thus, measuring the weights of equal volumes of different gases
will give us the relative weights of their molecules. For example,
since 22.4 1. of oxygen weigh 32 g., while the same volume of hydrogen
weighs 2.016 g. and of water vapor 18.016 g., and these are the weights
of equal numbers of molecules, the individual molecules must differ
in weight in the ratio 32 :2.016 : 18.016. These are the relative
weights of the three kinds of molecules. In chemistry the weights
in grams of 22.4 1. (at 0° and 760 mm.) of various gases are called
the molecular aveights of those gases. The unit volume, 22.4 1., is
called the gram-molecular volume (G.M.V.).

The number of molecules actually contained in the G.M.V. has
been determined by several independent methods, the agreement
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of the results obtained furnishing very strong support for the validity
of the molecular hypothesis. The value at present accepted as
most accurate is that of Millikan, 6.06 X 10%.* It is of importance
that the student should obtain some idea of the significance of this
stupendous number, in order to appreciate more clearly the detailed
discussion of the properties of gases in an earlier chapter (pp. 123-8).
Imagine a G.M.V. of a gas at 0° and 760 mm. to be divided equally
among the inhabitants of the United States (say 110,000,000).
Each person would receive about one-fifth of a cubic millimeter as
his share. Imagine, further, that the market price of a million
molecules of this gas was one cent. Few of the recipients would
think it worth while to cash in their microscopic sample; those doing
so, however, would benefit to the extent of over 50 million dollars!

A common question is: Do not molecules of different substances
differ in size, and will not the numbers required to fill the G.M.V.
therefore be different? The answer is that the molecules are all so
small compared with the spaces between them (at 760 mm.) that
the distances from surface to surface are practically the same as from
center to center. A G.M.V. of oxygen, when liquefied, gives less
than 32 c.c. of liquid oxygen, or less than 1/700 of the volume as gas.
It is only when gases are so severcly compressed that the nearness
of the molecules to one another approaches that found in the liquid
condition that the effects of the bulk of the molecules become con-
spicuous, and a difference in the behavior of different gases is notice-
able. But in the work discussed in this chapter, pressures over one
atmosphere are intentionally avoided.

The student is specifically warned against the very common error
of assuming that the size of the hydrogen molecule, for example,
is much less than that of the oxygen molecule, because its mass is
myuch smaller. There is no general connection between the weight and
the size of molecules. Whatever the weight, the actual size is in-
significant, under standard conditions, compared with the free space.

The molecular weight of a substance is mot the weight of a single mole-
cule. It is only the relative weight of the molecule of the substance. It is,
however, the weight in grams of a fixed number of molecules, for 22.4 liters

* This is the method used in physics and chemistry to express numbers so
large as to be cumbrous and incomprehensible if written in the ordinary way.
It means that the unit- is to be followed by the number of zeros in-
dicated by the exponent. In this case, the quantity written out at length woulds
be 606,000,000,000,000,000,000,000.
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(or any other volume) contains equal numbers of molecules of different gases.
The actual number, as first determined by Jean Perrin, using several experimental
methods, ranged between 5.9 X 102 (that is, 59 followed by 22 ciphers) and
6.9 X 108, Rutherford, using an entirely different plan, obtained 5.7 X 102
for the gas helium. This value was obtained by observing that 0.46 cubic milli-
meters of helium (0° and 760 mm.) were given off by 1 gram of radium (p. 520)
every 24 hours. Now the molecules of helium, when they strike a screen covered
with zinc sulphide, produce flashes of light. By counting the flashes appearing
in a certain restricted area in one minute, and multiplying by the proper factor,
to get the total number emitted on all sides during that time, and further multiply-
ing by 1440 minutes (= 24 hours), the number of molecules filling 0.46 ¢c. mm. was
obtained. From the result, the numbers in 1 c.c. and in 22.4 1. were calculated.
The value at present recognized as most accurate is that obtained by the use of a
still different method by R. A. Millikan, namely 6.06 X 10%.

Accepting one of these values, e.g., that of Millikan, we can evidently calculate
the weight of a single molecule of any gaseous or volatile substance. Thus, a
single molecule of oxygen must weigh 32/6.06 X 102 g., or 5.3 X 1073, or 0.053 g.

The Chemical Molecule. — It will be noted that we get definite,
quantitative information about individual molecules by the study of
gases. We shall find, later, that we can also obtain similar informa-
tion about molecules of substances in dilute solutions, because, in
that condition, the molecules are separated from one another and
scattered throughout a considerable space, much as they are in gases
(p. 123). Chemical molecules are the units of which gases, and
bodies in dilute solution, are aggregates. We have means of com-
paring, roughly, at least, the dimensions of the physical units in
gases and liquids, and find that in the liquid state the molecules arc
often multiples of the gaseous ones (compare water, p. 224). The
gaseous molecules are, therefore, our standard in chemistry.

Many authors discuss the breaking up of a solid, like salt or glass, until particles
are obtained which cannot be further split. They use this in the attempt to
make clear that there is a limit to pulverization, reached when the material
has been reduced to single molecules. Now, this process is purely imaginary,
and cannot actually be carried out. Chemistry is an experimental science, and
only the real experiments which lead to a given result should be described. This
statement about pulverization is disingenuous, to say the least, for there are no
facts behind it. Aside from that objection, no conditions are usually stated that
would prevent one from dividing the molecules into atoms, and the atoms into
electrons and positively charged nuclei (see Chap. XXVI). Since the process
is usually stated to be imaginary, there is no particle so small but that one can
(magine it being split into two, or even twenty parts, and there is thus no way of
stopping the imaginary splitting at the right point. An active imagination could



MOLECULAR WEIGHTS AND THEIR APPLICATIONS 195

split salt into small fractions of electrons, although we have no experimental
knowledge of the existence of such fragments. The imagination is of great value
in suggesting possibilities, to be tested experimentally, but it cannot be used,
alone, for ascertaining facts, and it is a crime against the spirit of true science to
suggest the contrary to a naturally confiding reader.

Molecular Weight, Measurement of. — The molecular weight
is measured by weighing any convenient volume of the gas (say 200
c.c.), according to the method described on p. 119, and calculating by
proportion the weight of 22.4 1. If the gas or vapor was not meas-
ured at 0° and 760 mm., the measured volume must be reduced by
rule to standard conditions before the weight of 22.4 1. is calculated.

For example, 190 c.c. of a gas at 0° and 760 mm. weigh 1.23 g.
If = be the weight of 22.4 liters (= 22,400 c.c.),

190 : 1.23 :: 22,400 : x (=145 g.).

Again, 210 c.c. of a vapor at 100° and 743 mm. weigh 1.12 g.
This volume at 0° and 760 mm. would become:

273 , 743
210 X 373 X 760 = 150.3 c.c.

and 150.3 : 1.12 :: 22,400 : x (=167 g.).

The various scales on which the densities* of gases may be cal-
culated, such as the weights of one liter of each gas, or the weights
of volumes equal to that of one gram of air, are illustrated in the
following table:

Weightt of . Molecular

One Liter, 0° Bins_lt{’ Weight,

and 760 mm. = Oxygen = 32
Hydrogen. . ...... 0.090 0.0696 2.016
Oxygen....... ...... . 1.429 1 105 32.00
Chlorine. .. ....... ... 3 166 2.449 70.92
Hydrogen chloride. . . . ... 1.628 1.259 36.468
Carbon dioxide. . .. ... . 1.965 1.520 44 00
Water .... ........ . 0 8045 0.622 18.016
Mereury. . . ...... 8 957 6.908 200.6
Mercuric chloride. . ... .. 12.121 9.354 271.52
Air .. . . 1 293 100 28 .955

*.To speak strictly, the density of a gas is the weight of 1 c.c. at 0° and 760 mm.
Its value for each gas is, therefore, obtained by dividing the numbers in the first
column by 1000. The numbers thus obtained are, however, ineonveniently small,
and, besides, the beginner usually measures the weight of a fiter of several gases in
the laboratory, and so is more accustomed to the unit employed above.

t These are not the observed weights. The values have been corrected fo?
the two deviations from the laws of gases (pp. 125-7).
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The values for water (b.-p. 100°), mercury (b.-p. 357°), and mer-
curic chloride (b.-p. 307°) are measured at high temperatures and
reduced by rule (p. 120) to 0° and 760 mm. All the numbers in the
first two columns, as they stand, are purely physical in derivation.
Those in the second column are obtained from those in the first by
using the proportion:

1.293 (wt. 11. air) : 1.00 (air = 1) ::wt.of 1. any gas :

(where x = density of that gas on scale air = 1). The values in
etther one of the first two columns represent the relative weights of
the molecules of the various substances. The values in the third
column, however, are of greater significance, in view of the fact that
they are based upon a definite chemical unit — the volume occupied
by 32 grams of oxygen at 0° and 760 mm., or the gram-molecular
volume. Our chemical scale of densities is therefore calculated to
the scale, density of oxygen = 32. The third column of the table
(p. 195) shows the results of recalculating the densities to this
chemical scale. The proportion used is:

Density of Oxygen : Density of Substance : : 32 : z.

Thus, if we take the densities from the first column, the value for
water is found by the proportion, 1.429 : 0.8045 :: 32 : 2 (=18.016).
That is, we multiply the weight of a liter of the gas by 32/1.429 to
get the molecular weight.

Since the gram is the unit of weight, 32 g. of oxygen, or 18.016 g.
of water vapor is called the gram-molecular weight of the substance.
The term gram-molecular weight being somewhat ponderous, we
abbreviate it to molar weight, and still further to mole. Thus, a
mole of chlorine is 70.92 g. of the element, and a mole of hydrogen
chloride is 36.468 g. of the compound.

In order to avoid the creation of unnecessary confusion in the mind of the
beginner, the weights of one liter of gas in the above table are, with the exception
of that of oxygen, all corrected for the deviations from the laws of Boyle and
Charles (p. 127). This enables us to show the process by which the molecular
weights are derived from the weights of one liter without the exhibition of arith-
metical discrepancies which might obscure the principle being explained. The
weights of one liter of the various gases, as we have given them, are based on
the assumption that the molecules are always packed uniformly in accordance
with Avogadro’s hypothesis. The actual, measured values are in most cases
vomewhat different from these, and we attribute the diver encies to the varying
Jegrees of cohesion between the molecules of different substances. Even the
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weight of one liter of the same gas, after reduction to 0° and 760 mm., 18 found to
vary with the temperature and pressure at which it was examined. This is but
natural, since changes in these conditions alter the effects of cohesion. The
following table gives the actual weights of one liter of the same gases, with a few
additional ones, and a comparison will show the extent of the divergencies. The
most interesting case perhaps is that of oxygen and hydrogen. The chemical
combining weights of these substances are in the ratio of 15.88 : 1.00, while a
slight excess of cohesion in oxygen gives the ratio of their densities the value
15.90 : 1.00. These numbers are in both cases based upon Morley’s results
(compare pp. 93, 165).

Weight of Observed .
: One Liter, | Density, Molecular ﬁd us:;zlzdr
0° and 760 | Air =1 Weight, v(‘)’e_c ht?
mm. Oxygen = 32 eig
Hydrogen...... .. 0 08987 0.0695 2.01 2.016
Oxygen.. ....... 1.429 1.105 32.00 32.00
Nitrogen. .. ... 1 2507 0 967 28.02 28 02
Chlorine . 3.220 2.490 72.01 70.92
Hydrogen chloride. .. 1.6398 1.269 36.72 36.468
Carbon dioxide. 1.9768 1.529 44 .28 44 .00
Hydrogen sulphlde. 1.537 1.189 34.43 34.076
Ammonia . . 0.7708 0.597 17.27 17.034
Sulphur dioxide 2.9266 2.264 65.56 64.06
Water . ... 0.8322 0.643 18.63 18.016
Mercury . 8.87 6.86 198 .4 200.6
Air. Lo . 1.293 1.00 28.955 [Mixture]

It is evident that the adjusted molecular weights will not all occupy exactly
equal volumes. They represent exactly equal numbers of molecules, and the
slight differences in the cohesive forces between the molecules (p. 126) will
cause the values of the molar volumes to differ from gas to gas. The values
of the volume actually containing equal numbers of molecules are as follows:
Hydrogen, 22.40; oxygen, 22.39; nitrogen, 22.45; chlorine, 22.01; hydrogen
chloride, 22.23; carbon dioxide, 22.26; water, 22.39; mercury, 22.55. The
average value of this volume in the case of the more nearly perfect gases is 22.4
liters, and this is, therefore, the number which we have used in our definition.

JusTIFIcCATION OF AToMIic WEIGHTS

Determination of the Atomic Weight of Each, Element. — If
the paragraphs dealing with combining proportions are now re-
read (pp. 49-53), it will be found that the foundations for a system)
of atomic weights were worked out, but that no basis for definitely
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fizing the individual values was discovered. At the time, the only
information we had was obtained by analyzing compounds and
reasoning about the results, and evidently something more was
needed for the absolute determination of the values. Later on,
(p. 158) it was pointed out that the equivalent weight, or any mul-
tiple of it by an integer, will serve for expressing the proportions used
by the element in combining with other elements. We are now
approaching the question of units, in which to express combining
proportions, from a different viewpoint. We were then assigning
numbers for the quantities of the constituent elements of a compound
without any consideration of the magnitude of the total weight of the
constituents. At that time, we had no reason before us to indicate
that this total might require consideration. We now start by deter-
mining and assigning the total weight of the compound, and it is our
next task to consider the subdivision of this total amongst the con-
stituents. Evidently, if the unit quantity of the compound has been
properly chosen, it must be sub-divisible into one or more unit quan-
tities, of suitable dimensions, of each element in the compound.

To determine the atomic weights, the plan of procedure is per-
fectly simple. In the preceding sections we settled upon the chemi-
cal unit quantity of each substance. This is the quantity which, in
the gaseous condition, would fill the G.M.V. (22.4 liters) at 0° and
760 mm. Now, we seek the chemical unit quantities of the elements
combined in each substance. Evidently the logical and consistent
plan must be to take the amount of each substance which fills the
G.M.V. and find out how much of each element present is contained
in this unit amount of the substance. In other words, to put the
matter concretely, we imagine ourselves filling the cube (Fig. 87)
with one compound after another, and in each case determining by
analysis the weight of each constituent element present in a cube-
full of the substance. To carry out this plan, two experimental
operations are necessary with each substance:

First we determine the density, and this gives us the gram-molec-
ular weight, 7.e., the amount filling the cube. This shows the rela-
tive weight of a molecule of the substance, as compared with that of
one molecule of oxygen.

Second we analyze the substance, and this gives us the quantity
of each constitwent in the total gram-molecular weight, i.e., in the
material filling the cube. This, in turn, shows the weight of the
quantity of each element present in each molecule, relative to the
weight of a molecule of oxygen.
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For example, the cube holds 36.468 g. of hydrogen chloride, and
this amount, when decomposed, yields 1.008 g. of hydrogen and
35.46 g. of chlorine.

Finally, to determine the best unit weight for a given element,
we repeat the two foregoing operations with as many different com-
pounds of the element as possible, and then we examine the various
quantities of the element found in the G.M.V. of the various com-
pounds. From inspection of these quantities we quickly select the
value of which all are multiples, by unity or some integral number.
This value for the unit weight is the one accepted as the atomic
weight. This is the weight of one atom of the element, compared
with the weight of a molecule of oxygen, and molecules containing
more than this proportion contain two, three, or more atoms of the
element.

For example, if we are seeking the atomic weight of chlorine, we
sct down the result for hydrogen chloride just given. Then we take
another compound of chlorine, say phosphorus oxychloride (a liquid).
We determine the weight of a measured volume of its vapor, at a
properly chosen temperature and pressure, and the result gives us,
by calculation, the molecular weight, viz. 153.41. That is, 153.41 g.
of the substance would fill the cube, if it could be kept as vapor at 0°
and 760 mm. And this amount of the substance contains 31.03 g. of
the element phosphorus, 16 g. of the element oxygen, and 106.38 g.
of the element chlorine. We then continue the processes described,
using all the volatile compounds of chlorine. The more involatile
compounds (like common salt) may be set aside, for they cannot be
vaporized except at very high temperatures, and therefore their
molecular weights cannot be readily determined by this method.
When we have studied as many compounds as possible in this way,
we find that there are different quantities of chlorine in our list,
but they are all integral multiples of 35.46 g. In phosphorus oxychlo-
ride, for example, the quantity was 106.38, or 3 X 35.46. Hence
35.46 g. can be taken as the unit quantity, the atomic weight of the
element chlorine. This is the relative weight of an atom of chlorine,
as compared with the weight of a molecule of oxygen, when the value
32 is assigned to the latter.*

* It should be noted that there is another unit quantity of chlorine, namely the
molecular weight, or weight of the G.M.V. of the substance.® This is the unit
quantity of free chlorine. -But we are dealing now with compounds, and propor-
tions in combination, so that free, uncombined chlorine, and other elements ir»
free condition do not interest us at preseat, and will be taken up later.
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Weights of Constituents in
olar Weight
Substance Vl&\;fe(:lg‘gt g P a ] a b % P

g | £ |&| £ |2 z

2 F & %85| &

= o 1°l A = S8
Hydrogen chloride 36.468 | 1 008| 35.46| .| ... . HCl
Chlorine dioxide. . | 6746 |...... 35 46{ 32[.. .. . | ClO;
Phosphorus trichloride | 137.41 | . 106 38| .| 31.03 . PCl,4
Phosphorus oxychloride | 153.41 ... |106.38] 16/ 31.03| .. ..| POCl,
Phosphorus pentoxide.. | 284.12 | . 160|124.12| ..[. . .| PO
Phosphine. .. . 34.054 | 3 024 . . 43103 ... PH;,
Water. . R .. 18.016 | 2 016] . 16 .. H,0
Methane. ... ... . 16.032 | 4 032 ..... e . (12.0f CH,
Acetylene ......... 26.016 | 2 016] ..... . . 124.0| . C.H,
Propane .. . . . . ... 44.064 | 8 064 . g 360 . |Cs;Hg
Formaldehyde. .. 30.016 | 2 016 .. 16| 12 0 .| CH:0O
Acetic acid.. ... . 60 032 | 4.032 32 24 0 C,H,0,
Mercurous chloride .. | 236 06 35.46 200.6| HgCl
Mercuric chloride 271.52 .| 70 92 200 6| HgCl,

In the preceding table a few sample results of the process just out-
lined are given. The first column contains the molar weight, .e., the
weight of the substance which occupies the G.M.V. cube. In the
other columns are entered the weights of the various elements which
together make up the total molar weight.

To contain similar data for all the volatile compounds of every
known element, a huge table, of which this might be a small corner,
would be required. With such a table at hand the atomic weight
of each element could promptly be picked out. Thus, in the carbon
column it would be found that all the weights of carbon were either
12.0 or integral multiples of 12.0, and this is therefore the atomic
weight of carbon. Similarly the atomic weight of oxygen is 16,* of
phosphorus 31.03, of mercury 200.6, and so on.

When the atomic weights have finally been selected, we can go
through the table and change all the numbers into multiples of the
chosen atomic weights. Thus, for 70.92 we write 2 X 35.46, and
for 106.38 we write 3 X 35.46, and so forth. The reader should pre-
pare such a medification of the table. With this new form of the

¢ * The difference between the unit quantity of oxygen in compounds (namely,
16) and the unit quantity of free oxygen (32) will be discussed presently.
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table before us, we can, finally, replace the atomic weights by the
symbols which stand for them, writing, for 35.46, Cl, for 2 X 35.46,
Cl;, and so forth. The results of doing this in each line, 7.e., for each
substance, are collected at the ends of the lines in the last column
of the table. The reader should himself repeat the substitutions
of the symbols, and so verify the formule given. These formule,
since they are based on the molecular weights, in such a way that
when the numerical values are substituted for the symbols the total
restores to us the molecular weight, are called molecular formule
(compare p. 77).

The mode of derivation makes all the quantities of any one ele-
ment in the above table integral multiples of the smallest. Of
course, an element might be found of which no volatile compound
containing the unit weight was yet known. If methane and formal-
dehyde were still undiscovered, and only the other three compounds
containing carbon in the above table were available, we should then
take the greatest common measure of 24.0 and 36.0, namely 12.0, as
the unit.

The chemical unit weight or atomic weight of an element may
thus be defined as: The G.C.M. (greatest common measure) of the
weights of that element found in the molar weights of all its volatile
compounds so far as these have been examined.

Atomic Weights and Equivalents. — It will now be seen why
the equivalents (p. 155) were multiplied by various integers in making
the final chemical units. The equivalent of carbon was 3. That
is to say, carbon and oxygen combine in the ratio 3 : 8 (in carbon
dioxide), and carbon and hydrogen in the ratio 3 : 1.008 (in methane).
But there is no compound of carbon whose molecular weight con-
tains less than 12 parts of the element. It would thus lead to need-
less complication to take 3 as the unit amount of carbon, for every
molecule would then contain four units, or some multiple of four,
and every formula C, or some multiple of C;. We choose the largest
numbers for the unit amount of each element that we possibly can,
in order that the coefficients may be the smallest possible, and the
resulting formule the simplest possible. Naturally the actual ratios
remain the same. Thus, for carbon dioxide the ratio 3 : 8 is replaced
by 12 :32, or 12 : 2 X 16, or C : 20, which has the game value.

Since the atomic weight is thus always a multiple of the equivalent
weight (by unity, or some other integer), it might also be defined as;
The largest integral multiple of the equivalent which can be containe(f
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in the molecular weights of all the volatile compounds of the element.
The complete list of accepted atomic weights is printed on the inside
of the cover at the back of this book.

The conclusion that C = 12 is the most convenient value is
reached also by studying the chemical interactions of carbon com-
pounds. If the symbol C stood for three parts (the equivalent) of
carbon, methane would receive the empirical formula CH, the propor-
tion of its constituents by weight being 3 of carbon and 1 of hydrogen.
But, when we mix this gas with chlorine and expose the mixture to sun-
light, no less than four different compounds are produced (compare p.
274). With C = 3, their empirical formule would be C,H,Cl, C,HC],
CHCl;, and CCl, the carbon being univalent. The relations of these
substances are much simplified when we change to molecular formule
and substitute C = 12 for C4 = 12, making the carbon quadrivalent.
We then perceive that we are displacing successively the four hydro-
gen units in one molecule, and that the substances are CH,, CH;Cl,
CH,Cl;, CHCl;, and CCl,. The whole prodigious growth of the
chemistry of the compounds of carbon, which has taken place during
the last half century, has been the result of the employment of this
seemingly slight improvement by Gerhardt and Laurent, and by
Williamson, and its enforcement and extension by Kekulé and Cou-
per, independently of one another, in 1858. Thus, quite aside from
the molecular theory and Avogadro’s addition to it, we have now
found ample independent justification for the multiplication of the
equivalents by integers and for the conception of valence which
results from this.

Further Comments on Atomic Weights. — The fact that all
the numbers in any one column of the table (p. 200), turn out to
be even multiples of a single number need not seem mysterious.
The molecule of every compound containing chlorine must contain
one, two, three, or some other whole number of chlorine atoms, for
chlorine atoms, like other atoms, do not furnish fractions of atoms
in any cases of combination. Now, the weight of chlorine in 6.06 X
10% atoms, assuming one atom of chlorine to each molecule in 22.4
liters, must be 35.46 g. Hence, if the weight of chlorine in 22.4 liters
(6.06 X 10% molecules) of the compound differs from 35.46 g., it can
do so only because there are two atoms of chlorine per molecule, giving
2 X 35.46 g., or three atoms giving 3 X 35.46 g. of chlorine, and so
forth. Thus the quantities of chlorine in the G.M.V. of all compounds
of chlorine must be multiples of 35.46 by unity or some other integer.
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It is hardly necessary to add that the atomic weights, found as
described above, are equally serviceable in expressing the composi-
tions of compounds which are not volatile. The atoms in non-
volatile compounds are identical in properties with the atoms of the
same elements in volatile compounds. If an element gives no vola-
tile compounds, other methods of fixing its atomic weight are avail-
able (see Dulong and Petit’s law, p. 58).

Advantages of Atomic Weights. — Although the method of
selecting atomic weights involves rather complex reasoning, these
weights repay the trouble, because they represent the relative
weights of the atoms themselves. They are thus much more val-
uable in helping us to understand chemical behavior and in enabling
us to classify the phenomena of chemistry than would be any other
units of weight we might have chosen. The following are some of
the advantages they offer:

1. The atomic weight of an element has but one value, and this
value is definitely determinable.

2. The atomic weight of an element has a valence (p. 150), while
equivalents are equi-valent. While valence is a helpful conception
in all branches of chemistry, organic chemistry is especially indebted
to the conception of the quadrivalence of carbon for much of its de-
velopment and most of its organization. The full illustration of
this point is beyond the limits of the present book.

3. The periodic system (p. 507), the basis of a plan for classifying
the properties of all chemical substances, is founded upon the atomic
weights.

4. Dulong and Petit’s law is based upon atomic weights. This
law furnishes also an alternative means of determining atomic weights
that has frequently rendered valuable service, and on this account
thé student should refer back to the discussion on the law (p. 59)
at this point and re-read the argument carefully.

It will be seen that the law of Dulong and Petit does not supply us with a
method of ascertaining chemical unit weights independently of any chemical
experiment. We cannot measure the specific heat and use the quotient from
division of this number into 6.4, for we do not know in advance that the product
for the element will have exactly this value. It may be below 6, or it may be as
high as 7. In the case of calcium, for example, 6.4 + 0.17 = 37.65. Now
37.65 is 5 per cent below the real value of the chemical unit, and even the roughest
measurement of a chemical combining weight need never be more than 1 per cent
in error. Hence the atomic weight must be founded upon the determination of
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the equivalent, which can be measured with accuracy. The rule discussed in
this section can be used only to ascertain what multiple of the equivalent shall
be accepted as the atomic weight after the equivalent itself has been measured
with care. In other words, this is a method of adjusting the result of chemical
experimentation, and cannot supersede it altogether.

The existence of the law of Dulong and Petit and the periodic law, together
with the services of structural formulee to organic chemistry, all demonstrate that
atomic weights are of vastly greater significance in the science than are equivalent
weights. And there are other immense ranges of facts, aside from those covered
by these conceptions, which are all dependent upon the atomic weights. That
almost the whole systematization that has been secured in chemistry should thus
center in this one point, furnishes the strongest circumstantial evidence that
Avogadro’s law is in accord with the facts. This independent inductive evidence
in favor of Avogadro’s principle is especially worth noting because the deduction
of the principle from the data of the kinetic-molecular theory is not absolutely
rigid. It involves certain assumptions which, while they are plausible enough,
are still assumptions.

Historical. — The idea that matter is composed of small par-
ticles is a very ancient one. Not even Dalton (1805), however,
although he used this conception continually as a means of thought
about chemical and physical phenomena, made any distinction be-
tween atoms and molecules. This distinction was introduced later
by Avogadro (1811). Yet, without this refinement, continual
thought of the behavior of matter as consisting in transactions be-
tween small particles led Dalton to see that it was probable that
individual unit weights for each element must exist. The discovery
that they did exist soon followed. The numbers which Dalton
actually gave out, aside from the considerable experimental inacecu-
racies attached to them, were often cquivalents and not modern
atomic weights. It was after the publication of Dalton’s ideas that
Gay-Lussac discovered the law of combining volumes (1808), and
until this law was discovered there was no criterion for fixing the
values of the atomic weights. Gay-Lussac, at the end of his paper,
pointed out that his discovery formed an important confirmation
of Dalton’s views. Strange to say, Dalton himself refused to accept
Gay-Lussac’s law, and so rejected the very means by which his own
principle of chemical unit weights came eventually to be acknowl-
edged as one of the foundation stones of the science. On the other
hand, Dalton’s*fellow countrymen and contemporaries accepted the
principle of unit weights, but rejected the atomic hypothesis by the
*help of which Dalton had reached them! Thus Sir Humphry Davy
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called them “ proportions ”” instead of atomic weights, and Wollaston
preferred thé word “ equivalents.”

Gerhardt and Laurent, and Williamson used Avogadro’s law long
before 1858, and employed correct atomic weights, so far as the ele-
ments possessed volatile compounds. But there was much differ-
ence of opinion about the best atomic weights for the other elements,
and some difference even in regard to elements like oxygen. Thus,
many still wrote the formula of water HO, where O = 8. It was
only after Cannizzaro (1858) demonstrated the value of Dulong
and Petit’s law (discovered forty years before) for settling the
atomic weights of elements, like calcium and iron, which gave no
sasily volatile compounds, that rapid progress towards complete
agreement was made.

Many chemists have contributed to the determination and revision
of the atomic weights. The Swedish chemist, Berzelius, devoted
many years to the accurate measurement of combining proportions.
Stas, a Belgian (1860-1870), made a number of determinations with
great exactness. Morley’s (1895) value for combining propor-
tions of hydrogen and oxygen alone represented twelve years of
work. T. W. Richards of Harvard University has carried many of
the values to a higher degree of accuracy.

Distinction between Atoms and Molecules. — At this point it
is profitable to attempt to remove any confusion which the student
may have in his mind with respect to the two conceptions of atoms
and of molecules, as applied to elementary substances such as oxygen.
In the kinetic-molecular hypothesis we defined the molecules of a
Zas as exceedingly small particles, all alike in mass, separated from
one another and in rapid motion. In the atomic theory, atoms are
defined as the ultimate particles of an element, also all alike in mass,
by the co-ordination of which with the ultlmate particles of other
slements compounds of definite composition are produced.

That the atom and the molecule are not identical in the case of
zaseous oxygen will be evident from the fact that, in the development
»f molecular weights, we employed oxygen = 32 as our standard,
while for the atomic weight of oxygen we have arrived at the value 16.
[n other words, while 22.4 liters of oxygen at 0° and 760 mm. weigh
32 grams, volatile compounds of oxygen (such as pRosphorus oxy-
chloride and water) are known, which contain as gases only 16
erams of oxveen in 22.4 liters (reduced to 0° and 760 mm.). Now.
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numbers of molecules (Avogadro’s Law). Hence we are forced to
the conclusion that the weight of oxygen in a molecule of oxygen
must be twice the weight of oxygen in a molecule of vaporized phos-
phorus oxychloride or water. But the molecules of these compounds
must contain at least one atom of oxygen, since atoms are indivisible.
Consequently the molecule of oxygen in the gaseous state must
contain at least two atoms of oxygen. We have no reason for be-
lieving that it contains more than two, since we know of no volatile
compounds which contain less than 16 grams of oxygen in their
gram-molecular volume. The molecule of oxygen is therefore
regarded as diatomic, or as consisting of two atoms in intimate con-
junction.

This example, to which we shall return later (see p. 210), will be
sufficient for the present to indicate the essential point of distinction
between atoms and molecules. The atoms are the ultimate particles
of an element, but the element in its free state does not necessarily
exist in its ultimate state of subdivision. In some cases we shall
find that it does, but in most of the common gaseous elements (such
as hydrogen, oxygen and chlorine), the atoms are held together in
pairs to form molecules. With some elements in the gaseous state,
the molecules are even more complex units. In the definition of a
molecule, although we recognize that it is an exceedingly small par-
ticle, we do not pay any attention at all to the question of further
divisibility. The molecule is a unit which is now based directly
upon experimental data — in a perfect gas at 0° and 760 mm., 6.06 X
102 molecules occupy 22.4 liters (see p. 193). Whether each of these
6.06 X 10% discrete particles existent in the gram-molecular weight of
a gas is further divisible or not is of no immediate significance. Each
molecule may contain only one atom, or it may consist of a group
of atoms. That is something which will depend upon the particular
substance under examination, but the behavior of the gas, so far as
laws founded on molecular relationships are concerned, will be
exactly the same in all cases.

When we come to compounds, of course, the distinction between
atoms and molecules is much more evident.

The molecule is here necessarily a complex unit, built up by the
association of the atoms of the constituent elements into definite
groups. Each group contains a fixed integral number of the atoms
of each element, and the proportions in which these integers stand
in any given compound may be calculated from the composition of
the compound bv weight (p. 76). To find the actual molecular
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!mit (t.e., the absolute number of atoms of each element contained
in the moleeule) a molecular weight determination is necessary, as
will be illustrated in a later section (p. 209).

Although in the above discussion, as well as elsewhere, we have emphasized
the fact that atoms are not divided into parts, this must not be taken to mean
that atoms are quite incapable of being disrupted. It means only that in ordi-
nary chemical changes, the atoms combine and separate as wholes. Indeed, we
now know that the atom of radium (compare p. 522) gives off atoms of helium,
and leaves an atom of lead, and that the atoms of several other elements
disintegrate in a similar way. Rutherford’s recent success in breaking up certain
more familiar kinds of atoms has also been mentioned in a previous connection
(p. 24). ‘

MoLEcUuLAR FOorRMULE

Significance and Use of Molecular Formulee. — In an earlier chap-
ter (p. 75) we have already made particular note of the fact that the
formula must represent the weight of the chemical unit quantity of
the substance, as well as its composition. We now see that the total
weight, for which the symbols in a formula stand, must be equal to
the weight of the substance occupying the gram-molecular volume.
In other words, the formula-weight must represent one cube-full
(Fig. 87, p. 192) of the substance. This is true, as we have seen, of
the formule H,O and HCI (see p. 200).

In the cases of tin oxide (SnO,) and ferric oxide (Fe,0;), we have
substances which cannot be converted into vapor or dissolved
(see p. 236), so that their molecular weights are unknown. In such
cases, we use the simplest formula that will show the correct propor-
tions.

Molecular Formule of Elementary Substances. — Some fur-
ther explanation may still be required, to the end that the reader may
be reconciled to accepting the formule Cl, O,, and so forth, deduced
from the table on p. 197. In the first place, he should note how these
formule arose. If we accept Avogadro’s law, and the inference from
it to the effect that the weights of equal volumes of gases are in the
same ratio as the weights of their individual molecules, then we can-
not escape the conclusion to which measuring the rejative densities
of free chlorine and hydrogen chloride, for example, leads. The
ratio of their densities is 70.92 : 36.46. That is to say, the relative,
weights of a molecule of chlorine and a molecule of hydrogen chloride
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stand in this ratio. The molecule of chlorine is nearly twice as
heavy as the molecule of the compound, and there cannot therefore
be a whole molecule of chlorine in a molecule of hydrogen chloride.
In fact, we perceive at once that the molecule of hydrogen chloride
must contain only half a molecule of chlorine (35.46), together with
half a molecule of hydrogen (1). In other words, if the molecule of
free chlorine were to be taken as the atom of the element, then the
molecule of hydrogen chloride would contain only half an atom of
chlorine, which would be contrary to our definition to take as atom.s
quantities which are not divided. So we choose the other horn of the
dilemma, and say that the specimen of chlorine in the molecule of
hydrogen chloride is a whole atom and that therefore the amount
of chlorine in the molecule of free chlorine is two atoms, and its
formula Cl,. Similarly, the weight of hydrogen in the molecule of
hydrogen chloride is 1.008, while that of the molecule of hydrogen
is 2.016, so that there are two atoms in the molecule of free hydro-
gen and its formula is H;. Reasoning in like manner from the molec-
ular weights of oxygen (32) and water (18) we reach the conclusion
(compare p. 206) that the molecule of oxygen is diatomic (O.).

The simple fact that hydrogen and oxygen, when mixed, do not
combine (p. 143) may assist in reconciling us to the diatomic nature
of their molecules Some part of the mixture has to be heated
strongly to start the interaction. Now the molecular formule,
H, and O,, suggest that each gas is really in combination already
(with itself), and they therefore explain to some extent the indiffer-
ence of the gases towards one another. If the molecules were free
atoms, they could not encounter one another continually as they
move about, and yet escape combination as we observe that they do.
We may imagine that the primary effect of heating is to decompose
some of the molecules, and liberate hydrogen and oxygen in the
atomic condition, and that the combination of these atoms starts
the explosion of the whole mass.

In the case of hydrogen, the diatomic nature of the molecules
has been demonstrated by an entirely different method by Lang-
muir. It has long been known that the conduetivity of hydrogen
for heat is greater than that of any other elementary gas. Thus,
a wire raised to a white heat in air by means of an electric current,
cannot be kept at a red heat, even, by the same current in hydrogen.
In air, heat from the hot wire is used up solely in accelerating the
motion of the molecules of the gas. Langmuir has shown, however,
that in hydrogen, additional heat is consumed in causing decomposi-



MOLECULAR WEIGHTS AND THEIR APPLICATIONS 209

tion of many of the diatomic molecules into single atoms:
H, = 2H.

He has measured the percentage of molecules dissociated (at 760
m.), and found that it varies from 0.33 per cent at 2000° to 13
per cent at 3000° and 34 per cent at 3500°. When the temperature
falls, the atoms re-combine to diatomic molecules.

Molecular Formule of Compounds. — If the molecular for-
mule deduced for the compounds in the table on p. 200 be now ex-
amined it will be observed that several of these also are not in their
simplest terms. Thus, the formula of acetylene is C,H,. The
formula CH would represent the composition of the substance
equally well, for 12.0: 1.008 is the same as 24.0:2.016. But the formula
CH gives a total of only 13.008, while C,H; shows the total weight
of the molecule to be 26.016 and is in accordance therefore with
the weight of the G.M.V., as well as with the composition of the sub-
stance. Similarly the molecular formula of acetic acid is C,H,0,,
and not the simpler, identical proportion CH,0. The latter is the
molecular formula of a totally different substance, formaldehyde,
now much used as a disinfectant. The vapor of this substance has
only half the density of acetic acid vapor, and this fact, recorded ir
the formula, helps to remind us that the substances are different.
Still another substance of the same composition is grape sugar (dex-
trose), CeH120s.

Molecular formule like C:H, and C,H,O, are easily interpreted
in terms of the atomic hypothesis. C represents one atom of carbon
and H one atom of hydrogen. But there is no reason why a molecule
of acetylene should not contain two atoms of each kind. Simi-
larly, the molecule of formaldehyde contains four atoms (CH:0),
and one of acetic acid eight atoms (C.H,0,), and one of dextrose
twenty-four atoms (CeH;:0s), although the relative numbers of
each kind are the same. Indeed this hypothesis helps to clear the
matter up, for chemists go so far as to account for the chemical
behavior of the substances by an imagined geometrical arrangement
of the atoms in their molecules, and these three kinds of molecules
are supposed to differ in structure as well as in the number of atoms

they contain.

Applications: Interactions Between Gases. — According to Avo-
gadro’s law, if we filled a succession of vessels of equal dimensions
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with different gases, and could arrest the motion of the particles and
observe their disposition, we should find that the average distance
from particle to particle would be the same in all cases. This would
be true whether our vessels were filled with single gases, with homo-
geneous mixtures, or with gases in layers. Such being the case,
if any chemical change is brought about in the mass which results
in a multiplication of the molecules, it is evident that the volume will
have to increase in order that the spacing may remain the same as
before. If any chemical action results in a diminution of the number
of molecules, then a shrinkage must take place in order that the
spacing may be preserved as before. Thus, in a mixture of hydrogen
and oxygen, according to our hypothesis, when the interaction occurs,
the following change takes place between neighboring molecules:

HH + OO0 4+ HH becomes HOH 4 HOH.

Since the oxygen molecules, which form a third of the whole, dis-
appear into the molecules of hydrogen, the tendency to preserve
spacing results in a diminution of the volume by one-third (p. 166).
Thus Gay-Lussac’s law would have followed as a natural inference
from Avogadro’s law, if the former, being more obvious, had not been
discovered first.

If each of the following squares represents a small volume con-
taining 1000 molecules of gas, then 2000 molecules of hydrogen
and 1000 molecules of oxygen give 2000 molecules of water vapor.
We may note again, in passing, that, since each molecule of water
must contain at least one atom of oxygen, at least 2000 atoms of
oxygen were required, and must have been furnished by the 1000
molecules of oxygen. Each of these molecules must therefore have
split into two atoms.

Water Water
I | 4+ | oos™ | + | 1 vepor | | vapor
mols. mols. mols. mols. mols.

This method of looking upon chemical interactions between gases
gives us the nearest sight which we can have of the behavior of the
molecules themselves. We cannot perceive the individual molecules,
but, in conseqqence of the spatial arrangement which they observe,
the change in the whole volume of a large aggregate of molecules
enables us to draw conclusions at once in regard to the behavior of
the single molecules in detail.
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Applications: Molecular Equations. — To utilize the foregoing
considerations, chemists always employ in their equations the
molecular formulee for the gases and the easily vaporized substances
concerned. Thus, if we used the equation:

2H + 0 —» H,0
WEIGHTS: 2 X 1.008 16 18.016

the information it contained would be exhausted when we had
placed below the symbols the weights for which they stood. But
the molecular equation is much more instructive. The following
shows the interpretations to which the molecular equation is subject:

* 2H2 + 02 - 2H20

WEeIGHTS: 2 X 2.016 g. 32g. 2 X 18.016 (= 36.032) g.
VoLUMES: 2 X 2241 2241 2 X 2241,
MOLECULES: 2 1 2

The weights, although doubled, show the same proportions, so
that questions of weight are answered as easily as before. These
weights, however, being molecular weights, or multiples thereof,
can be translated at once into volumes, and questions about volumes
can also be answered. Finally, the relative numbers of each kind
of molecules can be read from this equation, for the coefficients in
front of the formule represent these numbers. Where no coefficient
is written, 1 is to be understood.*

Applications: To Cases of Dissociation. — Certain gases or
vapors yield abnormally small values for their densities, and there-
fore for their molecular weights derived by reducing these density
values to standard conditions (22.4 1. at 0° and 760 mm.), when
examined at higher temperatures. This indicates that the molecules
have become lighter, and can only mean that decomposition has
taken place in consequence of the heating. Behavior of this kind
is shown both by compounds and by simple substances.

For example, phosphorus pentachloride PCl;, although a solid,
can be converted into vapor without much difficulty. Its molec-
ular weight, if it underwent no chemical change during the vola-
tilization, would be 31 + 177.3 = 208.3. The density actually
observed at 300° and 760 mm. pressure gives by ca.lcul.ation a molec-

* The application of these properties of molecular equations is illustrated in
Chap. XIV (pp. 280-2). If desired, these applications may be taken up after

the next. section.
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ular weight not much more than half this value. The direct inference
from this is that the molecules have not much more than half the
(average) weight that we expected; or, in other words, are almost
twice as numerous as we expected. The explanation is found when
we examine the nature of the vapor more closely. We find that it
actually contains very little phosphorus pentachloride, but is almost
entirely a mixture of phosphorus trichloride and free chlorine, result-
ing from a chemical change according to the equation: PCl; =2 PCl,
+Cl,. The low value of the density thus tells us that dissociation
has taken place. From the value of the density at various tempera-
tures and pressures, we may even calculate the proportion of the
whole material which is dissociated under any given conditions.
At 300° it is 97 per cent; at 250°, 80 per cent; and at 200°, 48.5 per
cent (under a pressure of 760 mam.). Thus, when the temperature
is lowered, progressive recombination takes place and the proportion
dissociated becomes less. Finally the vapor condenses and yields
the original solid.

Again, sulphur boils at 445°, but can be vaporized at a tempera-
ture as low as 193° under very low pressure. At this temperature
the density of the vapor gives the molecular weight 256 (=8 X 32)
and the molecular formula S;. At 800°, however, the molecular
weight indicated by the density is only one-fourth as great, and the
molecular formula is accordingly S,. At 1700° the molecular formula
is still S,, so that this represents the limit of dissociation: S 48S,.
‘When the vapor is cooled, the molecular weight derived from density
determinations increases once more and at 193° recovers completely
the greater value. Similar observations show that phosphorus vapor
at 313° is all Py, but at 1700° and 760 mm. one-half of the molecules
are P,. Iodine vapor, up to 700° is all I. Beyond this temperature
the density diminishes abnormally, and when 1700° is reached the
vapor is all I.  Thus the molecules are diatomic at low temperatures
and monatomic at high ones. The densities of oxygen, hydrogen,
and chlorine vary quite normally, in accordance with the gas laws,
on heating to 1700°, so that their diatomic molecules exist from tem-
peratures far below 0° up to 1700°, and are evidently very stable.
For observations on hydrogen above 1700°, however, see p. 209.

Finding the Atomic Weight of a New Element. — By way of
reviewing the fundamental principles explained in this and pre-
. ceding chapters, let us apply them to the imaginary case of a newly
discovered metallic element. The bromide of the element is found



MOLECULAR WEIGHTS AND THEIR APPLICATIONS 213

to be easy of preparation and to be volatile. The bromide contains
30 per cent of the element (and therefore 70 per cent of bromine),
and its vapor density referred to air is 11.8. The analysis can always
be made much more accurately than the measurement of vapor den-
sity, so that the former number is more trustworthy than the latter.

To find the equivalent of the element, that is, the amount com-
bined with 79.92 parts (the atomic weight) of bromine, we have the
proportion 70 : 30 ::79.92 : z, from which z = 34.3. The atomie
weight must be this, or some small multiple of it.

The G.M.V. of air weighs 28.955 g. (p. 195). Hence the same
volume of the vapor of this bromide, which is 11.8 times as heavy
as air, will weigh 28.955 X 11.8 or 341.67 g. This is therefore the
molecular weight of the compound, and 30 per cent of this is the new
element:

341.67 X 30 + 100 = 102.5.

Now 34.3 parts of the element combined with 79.92 parts of
bromine. Evidently the atomic weight of the element is 3 X 34.3
= 102.9, the difference between this and 102.5 being due to error in
determining the density, or to deviation from the gas laws (compare
p. 197). So long as no other volatile compound is known, then, we
adopt 102.9 as the atomic weight. The rest of the molecular weight
(238.8 parts = 3 X 79.92) is bromine. Thus the formula of the com-
pound is ElBr;, and from this we see that the element is trivalent.

In case no volatile compound of the element can be formed, the
weight combining with 79.92 parts of bromine is measured as before.
Then some of the free simple substance is made, say by electrolysis,
and its specific heat is determined. The sp. ht. is about 0.063.
Application of Dulong and Petit’s law then gives the atomic weight.
The product 34.3 X 0.063 is equal to 2.161. Hence, the equivalent
must be multiplied by 3 to give the atomic weight, for this raises the
product to 6.48, which is within the limits indicated by Dulong and
Petit’s law. Thus the value of the atomic weight is 102.9, as before.

To avoid a common error, the reader should note once more that
to learn the atomic weight of an element, we do not measure the
molecular weight of the simple substance. The molecular weight
of the elementary substance may be a multiple of the atomic weight,
and we find out whether it is such a multiple only after the atomic
weight has been determined. The atomic weight is the unit weight
used in compounds, and can, in general, be ascertained only by a
study of compounds (see, however, argon, p. 559). The molecular
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weight of the free element gives us only a value which we know
must be a multiple of the atomic weight, by 1 or some other in-
teger. Mol. Wt. = At. Wt. X z, where z is 1 or some other integer.

The most general method for the determination of atomic weights
is clearly indicated in the definition of the atomic weight of an
element as the smallest of the weights of the element found in the
molecular weights of all its volatile compounds, so far as these have
been examined.

Exercises. — 1. State the change which takes place in the total volume of
the gases or vapors in each of the six actions mentioned, p. 189.

2. If 1liter of nitrogen at 0° and 760 mm. weighs 1.251 g., what is the molecular
weight?

3. Calculate the molecular weight of a gas, 200 c.c. of which at 0° and 760
mm. weigh 2.1 g.

4. Find the molecular weight of a gas, of which 250 c.c. at 18° and 752 mm.
weigh 2.5 g. (p. 195).

5. The weight of 1 c.c. of sulphur dioxide is 0.00286 g. at 0° and 760 mm.
What is its molecular weight?

6. The density of a gas, air = 1, is 2.3. What is its molecular weight?

7. What would be the volume of the G.M.V. under the following conditions:
(a) 100° and 760 mm., (b) 0° and 380 mm., (c) 68° F. and 770 mm., (d) 0° Abs.
and 760 mm.?

8. A bulb containing air at 0° is evacuated by means of a series of pumps until
the pressure is reduced to one-millionth of a millimeter. How many molecules
remain in 1 c.c. of the ‘ vacuum ”’ thus produced?

9. What will be the volume occupied by 1 g. of carbon tetrachloride (mol. wt.
153.84) in the vapor state at 0° and 760 mm.?

10. 287.5 c.c. of benzene vapor, measured at 100° and 752 mm., weighed 0.725
grams. What is the molecular wt. of benzene?

11. 0.454 g. of acetone vapor were found to occupy a volume of 265.4 c.c.
at 75° and 640 mm. pressure. What is the molecular wt. of acetone?

12. A test tube containing potassium chlorate weighed 30.364 g. The oxygen
driven off on heating displaced 380 c.c. of water. The temperature was 20°
and the barometric pressure 750 mm. What should be the weight of the tube
after heating? Assuming that decomposition was complete, what weight of
potassium chlorate did the tube contain?

13. If the molecular weight of oxygen had been taken as 100, what would be
the volume of the G.M.V. at 0° and 760 mm.?

14. If you were to take a liter flask full of water, tag all the water molecules,
empty the flask into the ocean, wait until its contents had become thoroughly
mixed with all the water in the world, fill the flask again with water, and count
the number of tagged molecules present, how many would you find? For the
amount of water in the world the approximate value 1.5 X 10* c.c. may be
employed.
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15. The chloride of a new element contains 38.11 per cent of chlorine and
61.89 per cent-of the element. The vapor density of the compound referred to
air is 12.85. What is the atomic weight of the element, so far as investigation of
this one substance can give it (p. 213)? What is its valence?

16. What is the number of atoms in the gram-atomic weight of an element?

17. There are 50 billion atoms of gold in a drop of sea-water! Assuming that
30 drops of sea-water weigh a gram, calculate the weight of gold present in a
metric ton (1000 kg.) of the ocean.

18. The following are the molecular weights of some compounds of sulphur,
with the percentage by weight of sulphur in each:

Compound Mol. wt. Percentage sulphur.,
Hydrogen sulphide 34.08 94.06
Sulphur frioxide 80.06 40.04
Sulphur monochloride 135.04 47 .48
Carbon disulphide 76.12 84.24
Mustard gas (p. 849) ' 158.98 20.16

Calculate the atomic weight of sulphur from these data.
19. The density of rock salt at 20° is 2.17. What is the exact distance between
the centers of adjacent atoms in its crystal lattice (see p. 69)?



CHAPTER XII
SOLUTION

The property that many substances have of dissolving in others
is a most interesting and valuable one. The value lies chiefly in
the fact that some substances are easily soluble in a given liquid
and others are, practically, not soluble in it at all. These differences
in solubility enable us to accomplish, both in the laboratory and in
chemical industry, many things otherwise impossible. Thus, we
separated sulphur from iron (p. 20), by using carbon disulphide
(CS;) to dissolve the former. In the same way the refining of silver
(its separation from the lead in which it is contained) is carried out
on a large scale in actual practice by the use of molten zinc as a solvent.
We must first learn precisely what is meant by a solution, and then
we shall be ready to understand the uses and properties of solvents
and solutions.

Solution. — We distinguish carefully between a solution and a
mere mixture, also between a solution and a compound.

A mechanical mizture, such as that of iron and sulphur, ean never
be perfect, as will be evident from what has been said in an earlier
chapter (p. 193) regarding the size of molecules. However finely
we may powder up such a mixture, we cannot possibly bring about
a sufficiently intimate dispersion of the particles of its components
among one another to justify us in believing that the whole mass has
become homogeneous in its ultimate structure. In any true solu-
tion, however, intermingling of the particles of the separate com-
ponents down to molecular magnitudes has actually been accom-
plished. In a solution of salt in water, for example, the dissolved
substance is completely and permanently dissipated throughout the
liquid. However long the solution is allowed to stand, salt never
settles out. Only by evaporating off all the water can a complete
separation be effected.

Practically speaking, there is no limit to the amount of dissipation
which may thus be produced. Thus a single small crystal of potas-

‘sium permanganate, a common disinfectant which gives a very deep
purple solution in water,may be dissolved in a liter or even in a hun-
216
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dred liters of water, and the purple tinge which it imparts to the
liquid will still be perfectly perceptible in every portion of the solu-
tion. We may note here the distinguishing characteristic of a solu-
tion as opposed to a compound. Compounds contain definite pro-
portions by weight (p 42) and simple atomic ratios (p. 56) of their
constituent elements. The composition of a solution, on the other
hand, can within certain limits (see p. 219) be varied continuously.

Sometimes, when we shake up a finely-divided solid with a liquid,
the latter becomes dull, or cloudy, or muddy. The solid particles
are here simply suspended in the liquid, not dissolved, and will
eventually settle out. Sand, shaken with water, settles at once.
Flour, mixed with water, settles more slowly. The particles of
flour can be readily separated from the water, however, by filtration
(p. 20), the flour remaining on the paper while the water runs through.
Such mixtures are called suspensions.

In exceptional cases, the subdivision of a suspended substance
in a liquid, while not approaching molecular magnitudes, is so minute
as to make its retention by filter-paper impossible, or even to pro-
hibit it from settling out in any reasonable time. Solutions of soap,
starch and gelatine in water are of this nature. Such suspensions
are known as colloidal suspensions. To the unaided eye they appear
to be true solutions. Their main properties, however, are essentially
different from those of true solutions, as will be seen later (pp. 788-
90).

Milk owes its cloudy, white appearance largely to droplets of oily
matter, which reflect much light from their surfaces. They pass
easily through filter-paper. But when milk is allowed to stand
they slowly rise to the top, being lighter than the water in which
they are not dissolved, but suspended. A mixture of two liquids
of this nature is called an emulsion.

The characteristics, therefore, of a true solution are absence of
settling or separation, homogeneity, and extremely minute subdivi-
sion (down to molecular magnitudes) of the dissolved substance.

The Scope of the Word. — The word solution is used for other
systems than those containing a solid body dissolved in a liquid.
Thus, liquids also may be dissolved in liquids, as alcohol in water.
Again, if we warm ordinary water, bubbles of gas.appear on the
sides of the vessel before the water has approached the boiling-
point. They are found to be gas derived from the air. Agitation,
of any gas with water results in the solution of a large or small
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quantity of the gas, and heat will usually drive the gas out again.
It appears therefore that solids, liquids, and gases can equally well
form solutions in liquids.

The adsorption of hydrogen by palladium (at all events after a
certain point), and by iron, takes place in accordance with the same
laws as the solution of solids in liquids, and the results may be de-
scribed therefore as true solutions. Liquids are in some cases
absorbed by solids, and homogeneous mixtures of solids with solids
are perfectly familiar. The sapphire is a solution of a small amount
of a strongly colored substance, in a large amount of colorless alu-
minium oxide. It may therefore be stated that solution of gases,
liquids, and solids in solids appears to be possible.

Chemists commonly call the dissolved substance the solute and
the substance in which it is dissolved the solvent. In many cases,
however (when we take two liquids such as alcohol and water, for
example), the terms solvent and solute are interchangeable. Gases,
liquids, and solids may all be solutes, and dissolve in suitable gaseous,
liquid, or solid solvents. In the present chapter only liquid solvents
will be considered, and most attention will be paid to water.

Solvents. — Water is by far the commonest and most useful
solvent. Very many inorganic substances dissolve in it easily.
The fact that many (like sulphur and sand) do not, enables us to
separate the components of a mixture containing a soluble and
an insoluble substance.

Many organic substances, such as fats, paraffin, petroleum, tar,
rubber, cotton, paper, shellac, and so forth, do not dissolve to any
measurable extent in water. But fats dissolve readily in ether
(C4H00), in carbon disulphide (CS,), in carbon tetrachloride (CCly),
and in chloroform (CHCI;). For this reason these substances re-
move grease which has accidentally got into cloth. Paraffin, petro-
leum, and tar dissolve in gasoline (petrol), and in benzene (CsHs).
Cotton and pure paper (like filter paper) will dissolve in concentrated
sulphuric acid. Alcohol (C,H¢O) dissolves shellac (to make varnish).

Again, water dissolves little carbon disulphide, chloroform, carbon
tetrachloride, gasoline or benzene. But it dissolves alcohol in any
amount, and ether in limited quantity. Some organic substances,
like sugar, disgolve easily in water, but hardly at all in the other
solvents just mentioned. Hence candy or molasses can be taken
aut of cloth by water, but not by solvents for fats.

Chemists have not yet succeeded in explaining fully these differ-
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ences in solubility, which are often so surprising. Thus, guncotton
(cellulose nifrate) is soluble in a mixture of alcohol and ether, but
not in these liquids separately. On the other hand, cellulose acetate,
an allied substance, used in making bristles for brushes and artificial
horsehair, is soluble in these liquids separately, but not in the mix-
ture! Again, silver fluoride is extremely soluble in water, while the
allied chloride, bromide, and iodide of silver are very insoluble (see
Table, inside front cover). Conversely, calcium fluoride is very
insoluble, but the chloride, bromide, and iodide are quite soluble.

Saturation. — As a rule, not more than a certain amount of a
large bulk of“solute is dissolved by a given limited quantity of the
solvent. By shaking excess of the solute in a finely divided state
with the solvent for a sufficient length of time, this maximum amount
will finally be dissolved. The solvent is then said to be saturated
by the solute in question. Thus, 100 c.c. of water at 18° will dissolve
as much as 6.6 g. of potassium chlorate, but not more. The same
amount of water will dissolve 213.4 g. of silver nitrate, however,
before the solvent becomes saturated. On the other hand, a saturated
solution of chalk (calcium carbonate) in water will contain only 0.0013
g. in 100 c.c.

To describe these cases we should say that potassium chlorate
is only moderately soluble in water, silver nitrate very soluble,
and marble insoluble. No substance is absolutely insoluble, but
for the sake of brevity we call substances like chalk ‘ insoluble ”’
because in most connections they may be so considered.

The number of grams of the solute required to saturate a fixed
volume or a fixed weight, say 100 c.c. or 100 g., of the solvent we call
the solubility of the substance (at the existing temperature). The
solubilities at 18° of one hundred and forty-two substances in 100 c.c.
of ‘'water are given in a table printed inside the cover, at the front of
this book. A few additional examples are given below (p. 226).

In some cases there is no limit to the solubility, and therefore no
possibility of the solution reaching saturation. Thus alcohol or
glycerine and water will dissolve in one another in any proportion.
Such pairs of substances are said to be miscible in all proportions.

As there is danger of confusion arising, we may repeat that a compound is
homogeneous and its composition is expressible in integral multiples of the chemical
units of weight (atomic weights); a saturated solution is homogeneous but its con-
centration varies gradually with temperature (see p. 225) so that integral multiples,
of the chemical units cannot be used to describe its composition; a mixture of
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two solids or an emulsion of two liquids is neither homogeneous nor in any way
definite in composition.

Dilute and Concentrated Solutions. — A dilute solution is one
containing little dissolved matter, whether the matter is naturally
very soluble or not. A concentrated solution is one containing
much of the dissolved substance, and such a solution can be made
with very soluble solutes only.

The only method of recognizing with certainty whether a non-
volatile solid is soluble in a liquid or not is to filter the mixture and
evaporate a few drops of the filtrate on a clean
watch-glass. For learning how much of the
substance is contained in a given solution, a
weighed quantity of the solution is evaporated
to dryness and the weight of the residue de-
termined. When the dissolved substance is
volatile, its presence is often shown by some
chemical test (p. 96).

Ether and water is a case typical of the
behavior of two liquids, each somewhat soluble
in the other. After being shaken together,
they seem to separate again completely into
two layers (Fig. 88), with the ether uppermost.
If, however, the water is withdrawn from be-
neath the ether, we find that, when heated, it
gives off quantities of ether vapor which can
be set on fire. Conversely, the addition of
anhydrous cupric sulphate to a sample of the
ether shows the presence of water in the latter,
for the blue hydrated form of the substance
is at once produced. In some common cases
the maximum solubilities at room temperature are as follows:

F1c. 88. Partial Miscibility
of Ether and Water.

Vol. in 100 | Vol. Aq. in || Grams in | Grams Aq.
Substance Vols. Aq. | 100 Vols. | 100g Aq. | in 100 g,
Alcohol. . ..... et No limit No limit No limit No limit
Ether............... 8.11 2.93 5.97 3.98
Chloroform.......... 0.42 0.15 0.66 0.10
(Carbon disulphide. . .. 0.17 0.96 0.22 0.74
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It must be stated explicitly that in going into solution, as we have
used the term, a compound dissolves &as a whole and, if the compound
is pure (p. 6), any residue has the same chemical composition as the
part which has dissolved. If the residue is a different substance,
a chemical interaction with the solvent has occurred. If, on evapora-
tion, a different substance remains, there has also been chemical
action.

The amount of the substance which has been dissolved by a given
quantity of the solvent is described as the concentration of the
solution. The partial removal of the solvent (as by evaporation)
is called concentrating, its total removal evaporating to dryness.
Note that a saturated solution need not also be a concentrated one.
It will be very dilute, if the solute is but slightly soluble.

The term “ strength ” is too indefinite for scientific purposes. It may imply
activity, or power of resistance, or pungency (in an odor), or, as in the case of
solutions, it may be a measure of quantity. The amount of the substance which
has been dissolved by a given quantity of the solvent is therefore described,
in scientific work, as the concentration, rather than the strength of the solution.
The terms “ weak ”’ and “ strong ”’ as applied to substances in solution have a
connotation in chemistry entirely distinct from concentration, as will appear later
(p. 364).

Units Used in Expressing Concentrations. — The concentrations
of solutions, saturated and otherwise, are sometimes expressed in
physical, and sometimes in chemical, units of weight. When physical
units are employed, we give the number of grams of the solute held in
solution by a fixed quantity, usually 100 grams or c.c. of the solvent.

When chemical units of weight are employed, two different plans
are possible, and both are in use. Either the equivalent (p. 155)
or the atomic weights may be taken as a basis of measurement.
In the former case, the solutions are called normal solutions, and in
the latter, molar solutions.

A normal solution contains one gram-equivalent of the solute
in one liter of solution (not in 1 1. of solvent). The word “ equiva-
lent ” has been used hitherto only of elements, and this application
of the expression involves an extension of its meaning. An equivalent
weight of a compound is that amount of it which will interact with
one equivalent of an element. Thus, a formula-weight of hydrochlo-
ric acid HC] (36.468 g.) is also an equivalent weight, *for it contains
1.008 g. of hydrogen, and this amount of hydrogen is displaceable,
by one equivalent weight of a metal. A formula-weight of sulphunc
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acid H,80, (98.076 g.), however, contains two equivalents of the
compound, and a formula-weight of aluminium chloride AICl,
(133.35 g.) threc equivalents. Hence normal solutions of these
three substances contain, respectively, 36.468 g. HCI, 49.038 g.
H.S0,, and 44.45 g. AlICI; per liter of solution. The special property
of normal solutions is, obviously, that equal volumes of two of them
contain the exact proportions of the solutes which are required for
complete interaction. Solutions of this kind are much used in
quantitative analysis. We frequently use also decinormal or one-
tenth normal solutions (0.1 N or N/10), and seminormal (0.5 N
or N/2), and six times normal solutions (6 N), and so forth.

A molar solution contains one mole (gram-molecular weight) of
the solute in one liter of solution (not in 1 I. of solvent). When
molecular formule (p. 201) are used, this means one gram-formula
weight per liter. In the cases cited above, the molar solution con-
tains 36.468 g. HCI, 98.076 g. H,SO,, and 133.35 g. AlICl; per liter.
As will be seen, the concentrations of molar and normal solutions
are necessarily identical when the radicals are univalent.

Weight-normal and weight-molar solutions are occasionally em-
ployed in the study of certain physical properties of aqueous solu-
tions (see pp. 232-8 below). These contain one gram-equivalent
weight and one gram-molecular weight, respectively, of solute in
1000 grams of water.

Densities of Solutions. — The density or specific gravity of
an aqueous solution is usually greater than that of water and, in
each case, varies with the concentration. For commercial purposes,
the concentrations of solutions are commonly defined by the specific
gravity. Thus, we purchase ammonium hydroxide solution of
“0.88 sp. gr.,” containing 35 per cent of ammonia, or sulphuric
acid of ““ 1.84 sp. gr.,”’ containing 94.8 per cent of the acid.

The commonly greater density of a solution is utilized in making
solutions in chemical factories. Shaking several tons of the mixture
is out of the question, and stirring costs money. If the solid is
placed in the bottom of the tank, under water, a saturated solution
is formed in the lowest layer of the water, and passage of the dissolving
substance into the upper layers, by diffusion, would take months or
years. Hence,most of the solid would remain undissolved. But
when the solid is placed on a shelf near the surface of the water,
the solution sinks through the water, fresh water rises to the shelf,
and a circulation is started. This results in the dissolving of the
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whole material in a surprisingly short time, with no expenditure
of labor whatever.

‘Diffusion in Solution. — It was mentioned in the preceding
paragraph that diffusion of a dissolved substance in aqueous solution
was an exceedingly slow process. Nevertheless, it is easy to show
that, if we place a quantity of the pure solvent (Fig. 89) above a
concentrated solution of a sub-
stance, and then set the ar-
rangement aside, the dissolved
body slowly makes its way
through the liquid (Fig. 90),
obliterating the original plane
of separation. Eventually the
dissolved body scatters itself
uniformly through the whole.
In other words, the molecules
of the dissolved substance
must be in rapid motion in
the solution, although their
rate of dispersion is much im-
peded by the close packing of
the solutemolecules with which
F10.89 Copper Sulphate they are contlnua’ny colhdmg. F1a 90. Copper Sulphate

Solution and ater These solvent molecules are  Solution and ater

(before Dffusion). . . . . (after Diffusion).

also in rapid motionin the solu-

tion, as we saw in the discussion of the properties of liquids in the light
of the kinetic-molecular hypothesis (p. 174). A careful consideration
of the ultimate structure of solutions shows, indeed, that the char-
acteristics of solvent and solute molecules while in the solution are
in no way different (as may best be seen by taking the case of a solu-
tion with two liquid components, such as alcohol and water), and
we may therefore regard the molecules of a substance dissolved in a
liquid as themselves also existent in the liquid state. This con-
ception, we shall find, will be of considerable assistance to us in
discussing other physieal properties of solutions.

Is Dissolving a Physical or a Chemical Change? — This is a'
question still much discussed amongst chemists (see p. 37). The
general view is that in the most simple cases, like dissolving paraffin '
in gasoline or benzene, the process must be considered purely physical
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and the solution contains both components in unchanged chemical
condition.

This opinion is based upon the fact that, when the two components of the
solution are mixed in the liquid state, there is no observable heat effect or volume
change on admixture, and the properties of the solution are all intermediate be-
tween those of the two pure substances, exactly as in the case of mixtures (p. 6).
If one of the substances is added to the other as a solid or a gas, then the heat
absorbed or evolved is practically identical with the heat required to melt the
same quantity of the solid, or with the heat liberated in the condensation of the
same quantity of the gas. Such solutions are called ideal solutions (see p. 234).

On the other hand, when water is used, as it is more frequently than
any other solvent, chemical changes undoubtedly take place in addi-
tion. The water itself, at least, is always changed. Water in the
liquid state is not simply H,O. Its physical properties indicate that
it is an assoctated liquid, extensive combination having taken place be-
tween simple H,O molecules to form more complex molecules with
the general formula (H,0),. Dissolving any substance in water must
upset the equilibrium (p. 175) amongst these different kinds of mol-
ecules:

(H:0)s 2 nH,0

and produce more of one and less of the other kind. This is the
extent of the chemical change in the water alone.

The dissolved substance combines also, in the majority of cases,
with part of the water. In a great many instances certain of the
compounds formed can be definitely isolated from the solution, as,
for example, in the case of hydrates such as Na,S0,10H:0 or CuSO,,
5H;0. In other examples the exact nature of the compounds present
in solution is often more difficult to determine, and no simple state-
ment can as yet be made about them. But the compounds, what-
ever they are, are physically dissolved in the rest of the water and
may be regarded as existent in the solution in the liquid state, just
like any unchanged solute.

Dissolving, therefore, is generally partly a chemical, and only
partly a pure physical process. The striking differences in solubility
already mentioned (p. 218) may consequently be accounted for
partly on a chemical, and partly on a physical basis. The main
chemical factor is compound formation between the components
of the solution. The more extensive this is, the greater, in general,
is the solubility. Thus substances which form definite hydrates
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with water are mostly extremely soluble, while substances which
are only difficultly soluble in water invariably crystalhze out from
an aqueous solution in an anhydrous state. The main physical
factor is the relative magnitude of the cohesive forces between the
various types of molecules present in the solution. Thus in the case
of water and benzene, the water molecules attract one another
much more strongly than they do the benzene molecules. Mol-
ecules of benzene endeavoring to intermingle with water molecules
encounter, therefore, very considerable resistance, and are almost
certain to be squeezed out. The two liquids, indeed, are found to be
practically immiscible.

Influence of Temperature on Solubility. — The quantity of a
substance which will dissolve in a fixed amount of a given solvent
depends very largely upon the temperature. Usually the solubility
of solids in liquids increases with rise in temperature. Measure-
ments may be made by the method described before (p. 220), using
excess of the finely powdered solute with different portions of the
same solvent in vessels kept at different temperatures. The most
useful way of representing the results is to plot them graphically.
The diagram (Fig. 91) shows the curves for a few familiar substances.
The ordinates represent the number of grams of the anhydrous com-
pound which is dissolved by 100 g. of water in each case. The ab-
scissee represent the temperatures. The concentration for any
temperature can be read off at once. Thus, 100 g. of water dissolve
13 g. of potassium nitrate at 0° and 150 g. at 73°. The increase in
solubility is here enormous. On the other hand, the same quantity
of water will dissolve 35.6 g. of sodium chloride at 0° and 39 g. at
100°. The difference is shown at once when we examine the curves
and observe that the line representing the solubility of sodium chlo-
ride scarcely rises at all between 0° and 100°, while that of potassium
nitrate is extremely steep.

Cases in which the solubility of solids in liquids decreases with
rise in temperature are less common. The solubility of slaked
lime (calcium hydroxide Ca(OH)., used to make lime-water) is
0.175 g. at 20° and 0.078 g. at 100°. Anhydrous sodium sulphate
Na.S0, (Fig. 92, p. 229) is another illustration of this type.

When two liquids are not completely miscible, their solubilities
in each other are also found, in the majority of cases, to increase
with rise of temperature. Thus 100 g. of water will dissolve only
8 g. of phenol at 10°, and 100 g. of phenol will dissolve only 33 g.
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of water at the same temperature, but above 68.3° the two liquids
are miscible-in all proportions. In a few cases, however, the solu-
bility increases with decrease of temperature. For example, 100 g.
of water will dissolve only 5 g. of ether at 30°, but at 0° the solubility
has risen to 13 g.

The solubility of gases in liquids always diminishes with rising
temperature. This may be illustrated by heating cold tap-water
in a beaker, when the dissolved gases, originally obtained from the
air, are driven out in bubbles as the boiling-point is approached
(compare p. 217).

Crystallization. — If the solvent has been saturated while warm,
and the dissolved substance is one that is less soluble at lower tem-
peratures, then, when the temperature is allowed to fall and the
merest trace of solute is introduced, the solute begins to come out
of solution. The amount appearing, of course, is only the excess
beyond what is needed to saturate the solvent at the lower tempera-
ture.

If the solute is a liquid, it appears at first as a cloud of drops,
rendering the solution milky. This may be shown by cooling a
solution of phenol in hot water.

If the solute is solid, then the particles, as they appear, take the
form of crystals (p. 60). These grow by taking on more of the
separating solute. If the cooling goes on slowly, very large crystals
can finally be obtained. On the other hand, with rapid cooling,
new crystals are continually formed, and a fine crystal-meal falls
to the bottom of the solution. The crystals in this meal, however,
when viewed through a lens, are seen to be just as perfect as the larger
ones.

When a more dilute solution is used, instead of a saturated one,
crystals may still be obtained. A part of the solvent must first be
removed, however. This may be done, either by boiling the solution
for some time, or by leaving it to evaporate in a wide dish in which
a large surface is exposed.

When the dissolved substance forms a compound with the solvent
(e.g., a hydrate, see p. 182) which is less soluble than the original
solute at the temperature of crystallization, the crystals are com-
posed of this compound.

The whole of the solvent may be boiled off. But in this case good
crystals of the solute are never obtained — the residue is usually a
crust composed of imperfect crystals.
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When the substance is more soluble in cold than in hot water,
then crystallization is produced by raising the temperature of the
saturated solution.

Crystallization from a Melted Mass. — In this connection, it
should be noted that there is another way of obtaining crystals.
This is to melt the substance (without any solvent), and allow the
mass to cool slowly. When a part has solidified, the rest of the
liquid is rapidly poured off. Metals and many other fusible sub-
stances give good crystals in this way. Water itself, when it freezes,
deposits radiating, hexagonal crystals of ice.

Supersaturation. — When a hot, saturated solution is cooled in
the absence of any undissolved solid, there is quite commonly some
delay before the crystals begin to appear. The solution, pending
the appearance of the crystals, is then said to be supersaturated.
In most cases the crystals soon appear in due course, especially if
the liquid is shaken or stirred. But certain substances have a
tendency to remain indefinitely in the state of supersaturated solution.
The hydrates of sodium sulphate (Glauber’s salt Na,SO,10H,0)
and of sodium thiosulphate (photographers’ “ hypo ”’ NayS;0;,5H,0)
give solutions in water of this nature. The addition of a minute
crystal of the substance concerned (‘‘inoculation ), however,
always starts the crystallization.

Many pure liquids, similarly, when cooled below their freezing-
point, do not always crystallize out at once. Thus water can be
taken down to —10° without the appearance of ice. In this con-
dition it is said to be supercooled. Shaking, or stirring, or (better
still) tnoculating with a fragment of ice, induces crystallization in
this case also. It may be noted that the opposite phenomenon has
never been observed; ice invariably melts sharply at 0° under atmos-
pheric pressure.

A very striking illustration of crystallization from a supersaturated
solution may be obtained by saturating water with anhydrous sodium
sulphate Na,SO, at, say, 50°, at which temperature 100 g. of water
take into solution 50 g. of Na,SO, (Fig. 92). The excess of the solid
is carefully and completely separated from the liquid, and the latter
is allowed to cogl, say to 15° in a flask loosely stoppered with cotton.
The solution now contains a much smaller amount of sodium sul-
})hate (Na,S0,) than at its present temperature it could acquire
rom contact with anhydrous sodium sulphate (62 g. at 15°, see
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dotted curve in the diagram). It is, therefore, impossible for the
solution to deposit crystals of this substance, with respect to which
it is now unsaturated. On the other hand, it contains a much larger
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F1a. 92. Solubility Curves of Hydrated and Anhydrous Sodium Sulphate in Water.

amount than it could acquire from contact with crystals of hydrated
sodium sulphate Na,SO0410H,O (13 g. at 15°). It is therefore
highly supersaturated with respect to this sub-
stance. Yet in the absence of a crystal of the
hydrated salt, no deposition of the dissolved
substance begins. The solution may be kept
indefinitely without alteration. The introduc-
tion, however, of the minutest fragment of the
decahydrate at once starts the crystallization,
the added crystal forming the center of a radiat-
ing mass of blade-like crystal clusters, which
sprout with astonishing rapidity through the
liquid (Fig. 93).

Fia 93 Crystallisa- Metastable Condition. — The above phenom-
tion from a Super- enon is not an isolated or exceptional one in
aturated Solution. . . .

physical science. It is commonlysthe case that,
when the conditions for some physical change have been reached,
the beginning of the physical change is delayed or entirely fails.:

The system is then said to be in a metastable condition.
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It has already been mentioned that pure water may easily be cooled
several degrees below 0° without the appearance of any ice. In like
manner water may be heated to a temperature above 100° without
boiling. Drops of water, suspended in some oil of almost the same
specific gravity, may even be raised to 175° before the water turns
into steam. This is because there is no water vapor (but only oil) in
contact with the water. Similarly, air which is saturated with mois-
ture, if it contains no dust, may be cooled without the appearance
of fog.

Any system in the metastable condition may be transformed to
the stable condition mercly by addition of the minutest trace of the
more stable state, the appearance of which has been delayed.

Phenomena of supersaturation, of a temporary kind at least, are extremely
common in chemistry. Almost every delayed precipitation is a case of it. Ba-
rium sulphate, for example, is always slow in appearing in dilute solutions. So is
sulphur, set free from dilute sodium thiosulphate solution by the action of an acid.
In the latter case, instant re-neutralization with a base does not prevent the
ultimate appearance of the sulphur, showing that the cause does not lie 1n slow
interaction of the salt with the acid.

Heat of Solution. — The process of solution, in the case of most
solid substances, absorbs heat, so that the solution becomes cooler
as the crystals dissolve. Conversely the process of crystallization
usually evolves heat. Thus, in the cases of NaySO,10H,O and
Na,8,0;,5H,0 mentioned above, when the crystallization is brought
about in the cool, supersaturated solutions, the rise in temperature
is considerable.

This fact has been utilized in devising a sort of hot-water bottle.
The bottle is made of rubber and contains a supersaturated solution
of sodium acetate. Whenever the heat is wanted, the stopper is
taken out, rubbed with the finger, and screwed back. The rubbing
spreads on the inner surface of the stopper, next the liquid, some
of the crystals adhering to the screw, and so starts the crystalliza-
tion. The bottle then becomes warm and remains so for a consider-
able time. After it has cooled, it is placed, without being opened,
in boiling water to redissolve the crystals, and, when cold, is ready
for use again.

The solutiop of sulphuric acid in water is attended by an excep-
tionally large evolution of heat. One formula-weight of the pure

. acid, dissolving in a practically unlimited volume of water, liberates
39,170 calories. The solution of one formula-weight of sodium sul-
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phate decahydrate in water, on the other hand, under the same
conditions, absorbs 18,760 calories.

In both of the above cases, the magnitude of the heat effect varies
considerably with the concentration of the solution. This is due to
the fact that extensive chemical changes take place in the process
of solution. With some salts in water (sce cupric chloride, p. 323)
the heat effect may even change in sign as the solution approaches
saturation. Such solutions are evidently very far from ideal, since
the heat absorbed in dissolving a formula-weight of a solid in an ideal
solvent is identical with the molecular heat of fusion of the solid
(p. 224), whatever the concentration of the solution.

The heat change involved in dissolving one formula-weight of a
substance in a practically unlimited volume of its practically satu-
rated solution is, we shall find in a later chapter (p. 322), a very im-
portant quantity. It is known as the heat of solution.

The Physical Properties of Solutions. — The physical prop-
erties of a solution depend, in all cases, upon its concentration, i.e.,
upon the relative amounts of solvent and of solute present. The
more concentrated the solution, the more will its physical properties,
in general, differ from those of the pure solvent. The observed
changes may be divided into two classes.

In the first class, the amount of the change varies with the sub-
stance dissolved. Very striking and difficult to explain, for example,
are the erratic changes in volume which occur when solution takes
place. Specific effects of this class show that chemical changes often
accompany solution. For example, 58.5 g. of sodium chloride
(volume 27.5 c.c.) and 10,000 c.c. of water have, separately, a volume
totalling 10,027.5 c.c., but, when they are brought together, the
solution measures only 10,016.5 c.c. This is a very dilute solution
(about % per cent), so that the contraction of 11 c.c. is relatively
considerable. On the other hand, 214 g. of ammonium chloride
(volume 142.5 c.c.) and 843.5 c.c. of water have a total volume of
986 c.c., but when brought together give 1000 c.c. of solution. Here
there is an expansion of 14 c.c. In the case of table-sugar and water,
l.owever, there is almost no change in volume.

The heat effect in solution, discussed in detail in the preceding
section, is similarly an irregular quantity, dependent entirely (for
any given solvent) on the specific solute chosen. Another important
property of solutions in which the influence of the solute is specific is
conduction of electricity. Pure water is an exceedingly poor con-
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ductor. A solution of table-sugar in water is also practically non-
conducting. But when acetic acid is dissolved in water a solution
is obtained which conducts the current fairly well, while a solution
of sodium chloride is an exceedingly good conductor. The signifi-
cance of these differences in behavior will be taken up later (p. 333).

In the case of many properties of solutions, however, it has been
found that, in a given quantity of solvent, equal numbers of dissolved
molecules of different substances produce the same amount of change.
The effect appears here to be due essentially to physical causes, even
although the solutions may not be strictly ideal, and is discussed in
the following sections in the light of the molecular hypothesis. Before
attacking these sections, the student is recommended to refer back
to pp. 174-6 and read these pages through again carefully, noting
that the equilibrium relationships between liquid water and water
vapor, therein discussed, can obviously be extended to any volatile
substance in contact with its own vapor.

Vapor Tensions of Solutions. — When we take equal quantities
of a volatile liquid (e.g., benzene, C¢Hs) and add to each equal
weights of different non-volatile solutes (e.g., naphthalene, anthra-
cene, camphor; three organic solids which are relatively non-volatile
at ordinary temperatures) we find that the vapor tensions of all the
resulting solutions are less than that of the pure solvent, but the
depression is different in each case. But if, instead of adding equal
weights of the different solutes, we add equal numbers of molecules
(a8 we can do by dissolving, for example, 1 g. molecular weight of
each substance in 1000 g. of benzene), we find that the depression is
the same in every case. The depression is proportional, moreover, to
the fraction of solute molecules in the solution (Raoult’s Law), This
very striking fact is explained by the molecular hypothesis as follows:

Every molecule at the surface of a pure volatile liquid has an
equal chance to escape into the vapor above the liquid. But as soon
as we add to such a liquid a solute which is practically non-volatile,
we have a liquid in which some of the molecules have no tendency
to pass into the state of vapor, but are fized in the liquid state. Sup-
pose, for instance, we consider a solution in which one molecule in
every ten is non-volatile; the intensity of the hail of molecules leav-
ing the liquid,will evidently be reduced by one-tenth. Equilibrium
between liquid and vapor over such a solution will be re-established
only when the intensity of the hail of vapor molecules returning to
ibe liquid is also reduced by one-tenth, since otherwise more mole-
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cules will be returning than leaving. This means that the vapor
tension of the solution must be one-tenth less than that of the pure
solvent.

It is important to note that the nature of the solute is here im-
material, the essential factor is the number of molecules it furnishes
to the solution. We have here a method of determining the molec-
ular weights of non-volatile substances. By dissolving a known weight
of such a substance in a known weight of a suitable solvent and deter-
mining the relative depression of vapor pressure thereby produced,
we learn what fraction of the molecules in the solution belong to the
solute, and hence can calculate its molecular weight.

All aqueou§ solutions show a lower tension of water vapor than
does pure water. With conducting solutes (e.g., sodium chloride),
indeed, the vapor pressure depressions obtained are abnormally
large, and do not agree with the accepted molecular weights. This
is a point to which we shall return later (p. 334).

If a substance is very soluble in water, the solution may give a
vapor tension of water less even than that commonly present in
the atmosphere. Such a solution, placed in an open vessel, will not
evaporate. On the contrary, it will take up moisture from the air
and increase in bulk. For this reason very soluble substances are
commonly moist and, when ex-
posed to the air, extract water
from the latter and dissolve in
this water. This behavior is
called deliquescence, and is
shown, for example, by the
hydrate of calcium chloride
CaCl,6H:0 (p. 226).

The principle involved will be- -
come clear if we imagine two ;
vessels, one containing pure E

water and one an aqueous solu- =
tion, to be placed on a glass ¥ 9. Iustration of Vapor Pressure
plate and covered by a bell jar

(Fig. 94). Each liquid exchanges water molecules with the moist
air in the jar, but the solution gives off water more feebly than does
the pure water. The result is that the latter can produce a pressure
of water vapor higher than that which would be in equilibrium with
the solution. The solution, therefore, receives continuously more,
raclecules than it emits, and increases in volume. The pure water




234 INORGANIC CHEMISTRY

thus gradually passes through the vapor state into the solution
until it is all gone. If sufficient water was present, the process would
go on until the solution became infinitely dilute.

One of the oddities of chemical literature is the fact that most authors discuss
efflorescence (p. 183) and deliquescence in the same paragraph, if not in the
same sentence. Since these two topics are entirely unrelated, and belong indeed
to different chapters, this inappropriate juxtaposition is somewhat confusing.

Ideal Solutions. — The conception of an ideal solution (p. 224)
is one which it is essential for the student to grasp properly. The
simplest case of an ideal solution is expressed by Dalton’s law of
partial pressures (p. 118). The two components of the solution are
here in the gaseous state. Each behaves just as if the other were
absent and the pressure exercised by each is proportional to its
concentration.

Ideal liquid miztures behave in exactly the same way. The two
components do not affect each other’s properties at all, except in so
far as molecular concentrations are varied. Take, for example, a
cylinder half-filled with a mixture of benzene and of toluene (two
liquid carbon compounds, pp. 646-7) in equal molecular proportions.
The presence of the toluene molecules does not affect the behavior
of the benzene molecules, either in the liquid or the vapor state.
Neither does the toluene act any differently from what it would in
private. But there is one very important result of the fact that only
50 per cent of the molecules in the liquid state belong to each species:
The number of benzene molecules escaping into the vapor per second 13
only one-half of what it would be if the liquid were pure benzene. Simi-
larly the number of toluene molecules escaping into the vapor per
second is only one-half of what it would be if the liquid were pure
toluene. Evidently equilibrium between the liquid and vapor
states will be established only when the respective vapor concen-
trations are correspondingly reduced to one-half. That is, the
partial vapor pressure of benzene above the solution will be one-half
that of pure benzene; the partial vapor pressure of toluene above
the solution will be one-half that of pure toluene. More generally,
the partial vapor pressure of any component of an ideal solution is
proportional to the molecular fraction, z, of that component in the
solution. Thig is the most general form of statement of Raoult’s
Law. It is expressed graphically in Fig. 95.

« When only one of the components of a solution is volatile at
ordinarv temperatures. then the law mav be stated somewhat more
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gimply (p. 232). The vapor pressure lowering of a volatile solvent
on addition of a non-volatile solute is proportional to the fraction
of solute molecules in the solution.
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Fra. 95. Raoult’s Law for Ideal Solutions. Vapor pressure curves for benzene and toluene

given by mixtures of the two liquids at 50° C. The composition being expressed in terms
of mol. fractions, these curves are linear.

Heat of Solution Again. — When we dissolve a solid in a liquid
heat is generally absorbed, and the temperature of the solution falls.
When we dissolve a gas in a liquid heat is always evolved. The
resultant solution, in either case, behaves ideally (follows Raoult’s
Law, for example) only if the heat of solution is identical with the
heat involved in the change of physical state, 7.e., with the heat of
fusion or the heat of condensation respectively. We must therefore
regard both components of an ideal liquid mixture as existent in the
liquid state in the solution, whatever their original condition. It is
important to note this, since many chemists still cling to an old idea
that the solute in a dilute solution must be considered as existent
in the gaseous state. This conception has now been definitely
abandoned (p. 756).



)36 INORGANIC CHEMISTRY

Non-Ideal Solutions. — In very many cases, chemical reactions
indoubtedly occur in the process of solution. The heat of solu-
ion will of course be affected by the heat changes accompanying
uch reactions. The formation of new molecular species will make
Ml of our calculated molecular fractions erroneous, and exact agree-
nent with Raoult’s law cannot be expected. Nevertheless, we find
hat this law does apply quite satisfactorily for certain non-ideal
iolutions so long as one component is present in very great excess.
Che molecular weight of a substance such as sugar, for example, may
e determined with a high degree of accuracy by measuring the
rapor-pressure depression of a dilute aqueous solution, even although
ve know that this solution is not strictly ideal (p. 224). Methods
»ased upon two other properties which are intimately connected with
rapor-pressure lowering — boiling-point elevation (next section) and
reezing-point depression (p. 237) — are usually employed instead in
wctual practice, but merely because of greater experimental con-
renience.

Elevation in the Boiling-Point of a Solution. — A solute lowers
he vapor tension of a solvent, not only at room temperature, but
1t all temperatures. Thus, at 100° a 7.5 per cent solution of potas-
sium chloride shows a vapor
tension of only 734.1 mm.,
while that of water is
760 mm. The lowering is
25.9 mm. Hence, the solu-
tion has to be raised
to a higher temperature
(100.96°) before it boils.

nm.
760

Vapor Tension

This conclusion may also be
reached graphically (Fig. 96).
The ordinates represent the
vapor tensions corresponding to
the temperatures shown by the

F1a. 96. Elevation of Boiling Point. abscissee. They increase in length

with rise in temperature. The

iorizontal dotted line shows the vapor tension of 760 mm., at which any liquid will
il under standard atmospheric pressure. The boiling-point of the solvent is
herefore the temperature at which its curve intersects this line. Since the vapor
ensions of the solution are all below those of the solvent, its curve lies below that
or the solvent, but ascends along with the latter. Hence, it also cuts the 760

Temperature
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mm. line, but at a point beyond the boiling-point of the pure solvent. Since,
for short lengths, the curves are very nearly straight lines, the distances from
boiling-point to boiling-point are very nearly proportional to the vertical dis-
tances between the curves. That is to say, the elevations in the boiling-point,
for dilute solutions, are proportional to the depressions in the vapor tension, and
therefore to the fraction of involatile solute molecules in the solution.

When different substances in the same solvent are compared,
equal molecular concentrations of the solutes give equal elevations
in the boiling-point. Thus, 1 gram-molecular weight of sugar
(342 g.), or of glycerine (92 g.), dissolved in 1000 g. of water, will
elevate the boiling-point from 100° to 100.52° (for exceptions, see
Chap. XVII)” When the effects of the same solute in different
solvents are compared, the scale of the elevation alone is different.

Molecular weights of non-volatile, non-conducting substances can
therefore be determined by finding out what weight of the substance,
when dissolved in 1000 g., is required to raise the boiling-point of
water from 100° to 100.52°,

Freezing-Points of Solutions: Freezing Mixtures. — Every
pure liquid has a definite temperature at which it freezes. Thus,
pure water freezes at 0° and benzene at 5.5°. The freezing of a
dilute solution consists, usually, in the crystallization of some of the
pure solvent only. The presence of a foreign, dissolved body tends
to prevent this freezing, and so solutions can be frozen only at tem-
peratures below the freez-
ing-point of the pure ™
solvent. Thus, sea-water
is harder to freeze than
fresh water. Also, the
ice formed in salt water
is free from salt. The
freezing-points of dilute
solutions of the same
substance are found to
be depressed below that Temp. 0°
of the solvent in propor- Fia. 97. Depression of Freezing Point.
tion to the molecular
fraction of the solute* (see Chap. XVII). This may be shown
graphically (Fig. 97). The ordinates represent vapor tensions cor-

vapor Tension

[
>

* Only when the solid which separates consists of the pure solvent, and the
solute does not enter into it, does this law represent the facts.
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responding to the temperatures shown by the abscissee. The rate at
which the former rise is greater for ice than for water, hence the ice
curve is steeper. At 0° ice and water can coexist permanently
(p. 168). By measurement, they have the same vapor tension
(4.6 mm.) at this point. Theoretically, if they had not, they could
not, coexist indefinitely, for the one with the greater vapor tension
would evaporate, and its vapor would condense on the other until
one of them alone remained.

Now the vapor tension of a solution is, at all temperatures, lower
(Fig. 97) than that of water. Hence, for a solution, the curve must
cut the ice curve below 4.6 mm. and therefore behind 0°. In other
words, ice and the solution cannot have equal vapor tensions, and
therefore coexist indefinitely, except at some temperature below 0°.
But the temperature at which ice can exist indefinitely in a solution
is the freezing-point. Hence, freezing-points of solutions are always
lower than those of the pure solvents.

By measuring the vapor tensions of the solution at several tempera-
tures, in order to see how far the curve for the solution is below that
of water, and then producing the curve for the solution backwards,
the intersection with the ice curve, and therefore the freezing-point,
may be obtained graphically. Direct measurement always confirms
the result.

Since the ice curve is, for a short distance, almost a straight line, it
follows that the depressions of the freezing-point are proportional to
those of the vapor tension, and these in turn are proportional to the
concentrations. From this relation we get the statement with which
this section opened. Numerically, in the case of water, a lowering
of the vapor pressure by 134 of its amount at each temperature sets
the freezing-point back 1.05°. One molecular weight of a substance
such as sugar (342 g.) or glycerine (92 g.), dissolved in 1000 g. of
water, will cause the water to freeze at —1.86° instead of 0°. Molec-
ular weights can thus be measured by this method also.

This fact likewise explains why salt, thrown on ice, causes the
latter to melt. A saturated solution of salt does not freeze until
cooled to —21° C. (—6° F.), and it then gives a fine mizture of pure
ice and pure NaCl,2H,0, misnamed a cryohydrate. Hence, ice
and salt cannot permanently exist together above that temperature.
When the outzside temperature is below —21°, salt will no longer melt
the ice. But calcium chloride, which is more soluble, will do so. A
mixture of ice and salt, giving the temperature —21°, is called a freez~
ing mixture. Such a mixture is used in freezing ice cream and ices.
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The melting of ice by contact with salt is sometimes explained as being due
to the heat given out when the salt dissolves. Direct experiment discloses,
however, that the heat of solution of salt is negative, 1180 calories being absorbed
when one formula weight of salt is dissolved in excess of water. The fact is that
any substance, provided it is soluble in water, when added to ice, will give a mix-
ture with a temperature below 0°. Whether the substance is sulphuric acid,
which gives out heat, or ammonium chloride, which absorbs it, makes no differ-
ence in the result. The solubility, in terms of the number of molecules that can
be dissolved in a given amount of water, alone determines the extent of the de-
pression in temperature (below 0°) which is produced. The temperature falls
because of the heat absorbed in melting the ice (ht. of fusion 79 cal. per 1 g.),
and, in spite of the warmth of surrounding bodies, the temperature thereafter
rises only very slewly (so long as the ice holds out), because it is at a very low
temperature alone that ice and a concentrated solution can coexist (p. 238).

Definition of a Saturated Solution: A Warning. — To avoid
a common misconception, it must be noted that solution is not a
process of filling the pores of the liquid. If that were true, approxi-
mately equal weights of all substances would find accommodation
in equal volumes of water. The fact is that, for example, 100 c.c. of
water will dissolve 195 g. of silver fluoride, but only 0.00000035 g.
of silver iodide, although the space available (if there ¢s any such
space) is the same in both cases.

The same conclusion is reached when we consider that a simple
salt and its various hydrates all have different solubilities, although
the solutions which they give in water are identical. Thus, at 20°,
the addition of excess Na,S0,10H,0 to water will give a solution
containing about 18 g. of Na,SO, to 100 c.c. of water. But excess of
anhydrous sodium sulphate Na,SO, at 20° gives a solution containing
59 g. to the same amount of water. The phrase, ‘“a saturated
solution of sodium sulphate,” is therefore devoid of definite meaning.
We must describe the liquid as a solution saturated by anhydrous,
or by hydrated sodium sulphate as the case may be.

The reader is also warned against the frequent definition of a
saturated solution as one containing all of the solute that it can hold.
A supersaturated solution evidently holds more. The saturated
solution under any given conditions is that solution which, when placed
an contact with excess of the solute, is found to be tn equiltbrium.

The molecular hypothesis may again be called to cur assistance
in this connection. When we have a solute (either crystalline, or
liquid, or gaseous) in contact with its saturated solution, and there-
fore in equilibrium with it, two opposing tendencies must balance
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each other at the surface of contact. One of these is the tendency of
the solute particles to escape into solution, the other is the tendency
of the solute particles already in solution to return back to the solute.
The first of these tendencies (the intensity of the hail of particles
thrown off from the surface of the solute into a given solvent, under
given conditions of temperature and pressure) we may regard as
constant. The second tendency (the intensity of the hail of particles
returning from the solution to the surface of the solute) will increase
steadily as the concentration of the solute particles in the solution
increases. At one definite concentration only, therefore, can these
two opposing tendencies counterbalance, namely that of the saturated
solution. The rate at which solute particles are returning from the
solution just equals, in this case, the rate at which they are entering.
With wunsaturated solutions, containing less solute, the number of
returning particles will be deficient, and the solute will continue to
dissolve until it all disappears or saturation is reached. With
supersaturated solutions, on the other hand, containing more solute,
the number returning will be in excess, and deposition of home-coming
particles on the solute surface will continue until this excess is wiped
out.

If, however, we have a supersaturated solution in which no free
solute is present, the solute particles in the solution have no home
to return to, no surface upon which they can deposit themselves.
They are therefore compelled to continue wandering around and
around in the solution, having lost their cquilibrium completely.
By violent shaking or stirring we may succeed in inducing crystalliza-
tion in such a solution, but the only certain means of establishing
equilibrium conditions is inoculation with a small fragment of the
solute.

Being different substances, the hydrated and anhydrous forms of a compound
must be investigated separately as to their solubility at various temperatures.
The results must give different curves, as for distinct substances.

Before referring again to the curves of the two sodium sulphates (p. 229), it
must be remarked that hydrates, in presence of their saturated solutions, decom-
pose into the anhydrous, or some less hydrated form at a definite temperature.
We cannot continue the observation of the solubility of the substance beyond
the temperature at which 1t ceases to exist. Thus the solubihity curve of a hydrate
comes to an gbrupt termination at the decomposition, or transition point.*

* These statements refer to stable conditions. In practice, by rapid work,
measurement of the solubilities of hydrates can usually be made over a short
interval in the metastable region above the transition pomnt also.
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Now the decahydrate of sodium sulphate decomposes at 32.4°, so that its solu-
bilities can be measured only from about 0° to 32.4°. The solubility of the
anhydrous form, however, can be investigated up to 100°, or beyond it, if necessary.
Not only so, but measurements can readily be carried out in the metastable
region below 32.4°. There is time to saturate the solution with the anhydrous
body, and decant the liquid for analysis, before the hydrate begins to crystallize out.

The solubility of the decahydrate (Fig. 92) rises rapidly between 0° and 32.4°
from 5 to 55 parts in 100. The solubility of the anhydrous sodium sulphate de-
creases steadily from more than 55 parts below 32.4° to 42.5 parts at 100°. The
character of the two substances, in the matter of solubility, is therefore entirely
different. The solutions themselves, as has been said already, are identical in
every way, when they have the same concentration, whether they have been made
from the one substance or the other. .

Let us return now to the proper use of the term “ saturated solution.” We
might say, correctly, that at 20° a solution made from hydrated sodium sulphate
and containing 18 parts of sodium sulphate in 100 of water was saturated.
This would not, however, be the maximum quantity which the same amount of
water could hold, for, with the help of the anhydrous compound, we could add an
amount equivalent to prolonging the ordinate at 20° until it intersected the curve
of anhydrous sodium sulphate at the value 59. Nor can we be sure that even
then the water would contain all the sodium sulphate which it could hold. It is
conceivable that, by presenting the substance in still some other form, even greater
solubility might be observed.

A saturated solution, if we fix our minds upon it simply as a solution, is not
different from any other solution. There is no feature in the properties of such
a solution, as a solution, which distinguishes it in the least from one containing
slightly less or one containing slightly more of the dissolved substance. In con-
tact with a crystal of the substance used to produce the saturation, however, the
saturated solution is found to be in equilibrium, while the unsaturated solution
takes up more of the substance, and the supersaturated solution at once deposits
the amount which it contains in excess of the saturated solution. The words un-
saturated, saturated, and supersaturated convey, therefore, no meaning unless we
add that the solution is so towards some specific form of material. These are
qualities of the system including the undissolved body, and not of the solution by
itself.

The fact that the hydrated and anhydrous sodium sulphates give saturated
solutions of the same concentration at 32.4°, so that the curves intersect at this
point, is a very significant one. This is the temperature at which the former sub-
stance turns into the latter. At transition points like this the values of solubility,
vapor pressure, and some other properties, are always the same for both forms

(see Freezing-points of solutions).
o

Conditions Affecting the Solubility of a Gas. — When the dis-
solving substance is a gas, led through or confined above the liquid
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at a definite pressure, the gas dissolves until a state of equilibrium
between dissolving and emission is reached, for example, Oxygen
(gas) =2 Oxygen (dissolved), and the liquid is then saturated with
the gas.

It is found, as the molecular theory would lead us to expect, that
the concentration of the saturated solution of a gas is proportional
to the pressure at which the gas is supplied (Henry’s law). Henry’s
law is clearly only a particular case of Raoult’s law, as developed in
detail for ideal solutions above (p. 234).

This equilibrium, Gas (gaseous) = Gas (dissolved), can be reached,
naturally, from the other direction, namely by starting with a solu-
tion of the gas and a space above the solution containing, at first,
none of the gas. The gas leaves the solution until the rates of
emission and return become equal. Hence, a gas may be entirely
removed from solution by bubbling a foreign gas through the liquid.
The bubbles furnish the space to receive the emitted gas, and have a
large surface, so that the process goes on rapidly. The bubbles also
escape, and carry with them the emitted gas, so that, in this case,
there is no re-solution. This is a case of nullifying one of the two
opposed tendencies (p. 176).

The solubilities of different gases, even when their pressures are
equal, vary enormously. One volume of water will dissolve 1300
volumes of ammonia at 0° and 760 mm., while it will dissolve only
about 0.02 volumes of hydrogen under the same conditions. In one
volume of alcohol, at 0° and 760 mm., 17.9 volumes of hydrogen
sulphide or 0.07 volumes of hydrogen may be dissolved. Henry’s law
describes the behavior of any one gas in non-ideal solutions with
exactness only when low gaseous pressures, or gases whose solubility
is small, are in question. Great solubility must be due, in general,
either to chemical union between a part, at least, of the gas and the
solvent, or to cohesive influences which the molccules exert upon each
other. Thelaw, and the kinetic-molecular explanation of the law, on
the other hand, consider only an ideal behavior involving complete
independence of the molecules.

When a mixture of two gases is in contact with the solvent, the
molecular viewpoint enables us successfully to foretell what will
happen. The quantity of each gas which can remain dissolved must
depend simply upon the frequency with which ¢ts own molecules
strike the liquid, and must be independent of the presence of the
other gas. Hence the solubility of each gas is the same as if it were
present alone at its own partial pressure (Dalton’s law, p. 118). In
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other words, each gas has the same pressure, and therefore the same
solubility, as it would possess if it alone occupied the whole space
above the liquid.

Air dissolving in water is an illustration of this principle. It does
not dissolve as a whole, but the oxygen and nitrogen dissolve each in
proportion to its intrinsic solubility and partial pressure.

It is easy, by the use of this law, to form an approximate estimate of the pro-
portion of oxygen to nitrogen in the dissolved gases. The air may be taken to be
at 760 mm., and its composition by volume roughly 1/5 oxygen and 4/5 nitrogen.
The separate solubilities of the gases at 760 mm. are, respectively, 4 and 2 vol-
umes in 100 voluipes of water. Their partial pressures being 1/5 and 4/5 of an
atmosphere, the amounts actually dissolved willbe4 X 1/5 = 0.8and 2 X 4/5 =
1.6 in 100 volumes of water. The ratio of free oxygen to nitrogen in the water
will therefore be 1 : 2. Thus, if we expel the dissolved gases by boiling the water,
we find that they contain 33 per cent oxygen by volume while air contains only
20 per cent.

Two Immiscible Solvents: Law of Partition. — An interest-
ing application of the same ideas may be made to a case which
occurs very commonly in chemical work. If we shake up a small
particle of iodine with water, we find that it dissolves slowly, giving
eventually a saturated but very dilute solution. In ether, however,
iodine is much more soluble. If, now, ether in sufficient quantity
be shaken with the aqueous solution, the greater part of the iodine
will find its way into the ether, and be contained in the brown layer
which rises to the top. The process of removing a substance prac-
tically from solution in one solvent and securing it in another is called
extraction. We find in such cases that neither solvent can entirely
deprive the other of the whole of the dissolved substance. A state
of equilibrium is finally reached: I. (m water) 2 I, (in ether). The
partltlon of the substance takes place in proportion to its solubility
in each solvent (law of partition). It is found that any amount of the
solute, up to the maximum the system can contain, provided the
solute exists in the same molecular state in either solvent, is divided
so that the ratio of the concentrations in the two solvents is always
the same. In the case of iodine divided between water and ether,
this distribution ratio is about 1 : 200.

This principle is used in Parke’s process for extracting silver from
molten lead, by means of molten zinc as the second solvent. It is
employed in separating interesting compounds from animal secre-
tions and vegetable extracts, and in purifying such compounds,
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Nicotine from tobacco and cocaine from coca leaves are secured in
this way.

The aqueous solution of potassium iodide has a very great power of dissolv-
ing iodine, and we find that in the presence of this salt the ether leaves a much
larger share of the element in the lower layer. A part of the iodine combines to
form KI,, however, so that this is not a case of simple solution, and the law of
partition does not hold. The chemical equilibrium (see Chap. XVI) between free
and combined iodine in the aqueous layer has to be considered.

Exercises. — 1. Give other examples of limited solubility in various solvents
(p. 219).

2. What weights of phosphoric acid (p. 181) and of sodium hydroxide, respec-
tively, are'required to make 1 liter of a normal solution?

3. Express the concentrations of solutions of ammonium chloride, saturated
at 0° (sp. gr. 1.076), and of potassium sulphate K.SO,, saturated at 10° (sp.
gr. 1.083), in terms of a normal solution (pp. 221, 226).

4. Express the concentration of a five per ceut aqueous solution of phosphoric
acid (sp. gr. 1.027), in terms of a normal and a molar solution, respectively.

5. Explain why, (a) pulverization and, (b) agitation hasten the dissolving of a
solid.

6. Read from the curves (p. 226) the solubilities of potassium nitrate at 15°,
of potassium chloride at 30°, of potassium chlorate at 45°. What are the relative
rates at which the solubilities of these salts increase with rise in temperature?

7. At what point in a tank of water should you introduce ammonia gas, in
order, with the least effort, to saturate the water? The sp. gr. of the saturated
solution is 0.88.

8. Give two ways of separating a mixture, consisting of a suspended solid and
a liquid (p. 217).

9. If you had a spot on your clothing consisting of: (a) grease, (b) sugar,
or (c) sugar and grease together, or (d) varnish, how should you proceed in each
case to remove the spot?

10. If chalk (5 g.) and potassium chlorate (5 g.) were mixed, how should you
separate them (p. 20)? Explain how you could secure each substance.

11. Could you make (a) a concentrated, (b) a saturated solution of chalk in
water (p. 219)? Of alcohol in water?

12. If you saturated 200 g. of water at 70° with (a) salt, or (b) potassium
nitrate, and then cooled the clear liquid to 20°, what weight of the solid substance
would separate out in each case (p. 226)?

13. To make as concentrated a solution of lime water as possible, should
you use hot water or cold (p. 225)?

14. Explain why boiled water has a slightly different taste from tap-water
that has not been boiled (p. 176).

16. If 100 g. of a non-volatile substance, dissolved in 1000 g. of benzene
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(CsHa), lower the vapor pressure from 74.8 to 68.0 mm., what is the molecular
weight of the substance? (Use Raoult’s Law, p. 232.)

16. Explain why potassium carbonate becomes wet, and finally dissolves,
when exposed to moist air. How must calcium chloride be preserved from be-
coming moist?

17. If 52 g. of a substance dissolved in 1000 g. of water gives a solution boiling
at 100.26°, what is the molecular weight of the substance (p. 237)?

18. If 68.5 g. of a substance dissolved in 500 g. of water gives a solution freez-
ing at —1.86°, what is the molecular weight of the substance (p. 238)?

19. Explain why: a sodium acetate hot-water bottle can be used over and over
again. What is the source of the heat it gives out each tume it is used?

20. If you were not permitted to evaporate sea-water to dryness, how should
you show that it was a solution and not a pure substance?

21. Reéxpress Henry’s law (p. 242) in terms of the volume of gas dissolved
at different pressures.

22. If hydrogen sulphide is diluted to ten times its volume with hydrogen,
what volume of it, estimated as pure gas, will be dissolved by 20 volumes of
alcohol at 0° and 760 mm. (p. 242)?

23. If the dissolved air, after being removed from water by boiling, were to be
shaken with water once more, in what proportions by volume would the gases
now dissolve (p. 243)?

24. When a solution of a very soluble substance, like zinc chloride, is evapo-
rated to dryness on a water bath, why is the escape of the last portions of the
solvent so much slower than is that of the first?

25. In order to make up 500 c.c. of a decinormal solution, how much of each
of the following substances would you need to weigh out: (a) NaCl; (b) Na,SOy;
(C) NMSOc,lOHaO; (d) Alz(SO4) s,lSHgO?

26. A saturated solution of thallous chloride TIC' in water at 18° contains
0.304 g. per liter. A saturated solution of thallous bromide TIBr contains 0.042
g. per liter. A saturated solution of thallous iodide TII contains 0.056 g. per liter.
Convert these values into normalities (p. 221).

27. The molar solubility of silver iodide in water at 25° is 1.5 X 1078. Con-
vert this first to g. per liter. Calculate next how many atoms of silver are present
in 1 c.c. of the saturated solution. Is silver iodide * insoluble "’ in water?

28. What is the concentration, in terms of a normal solution, of a saturated
solution of calcium hydroxide (a) at 20°, (b) at 100°? (p. 225, disregard density
deviations from unity.) 200 c.c. of a solution saturated at 20° are raised to 100*
and filtered. What weight of solid is retained by the filter?

29. What weight of anhydrous sodium sulphate must be added to 500 g. of
water at 75° to obtain a saturated solution (p. 229)? If the solution is cooled to
10°, and a minute crystal of the decahydrate added, what weight of the salt will
still remain in solution? What weight of the decahydrate will c1ystallize out?

30. Prove, in connection with Fig. 95, that the total vapor pressure above any
solution is expressed by the straight line joining the vapor pressures of the two
pure components.
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31. Two barometer tubes are set up. Into the vacuum above the mercury
in one a few c.c. of ether are introduced. Into the second a few c.c. of a con-
centrated solution of naphthalene (p. 232) in ether are introduced. What do
you obgerve? Explain.

32. Calculate the vapor pressure depression when 100 g. of diphenyl Ci.Ho
are dissolved in 1000 g. of benzene CgHs at 20°. The vapor pressure of pure
benzene at 20° is 74.8 mm., diphenyl is practically non-volatile at 20°, and the
solution is ideal.

33. Explain why only those substances which are very soluble in water deli-
quesce when exposed to the air under ordinary conditions.

34. Show that if the air is practically saturated with water vapor (as it is on
a damp, foggy day) even slightly soluble substances will begin to deliquesce.

35. In 1840, Dalton announced that he had discovered that salts have no
volume in solution up to the point of saturation. * The salt,”” he claimed,
‘“ enters into the pores of the water. The water and solid matter are the same
in bulk as the water itself. This fact was new to me and, I suppose, to others.
It 43 the greatest discovery that I know of, next to the atomic theory.” — What have
you learned in this chapter that leads you to conclude that Dalton was (a) a very
crude experimenter, and (b) not invariably right in his deductions?

36. From the following data, plot the solubility curves of calcium chromate
and its various hydrates in water. Solubilities are expressed in grams solute
per 100 g. water, a8 in p. 226.

T (¢ C. 0 18 30 50 75 100
CaCrOq 4.5 2.32 1.96 1.12 0.75 0.42
CaCrO,, $H,0 7.3 4.8 3.9 1.63 1.05 0.81
CaCrO,, H,O 130 10.6 9.5 7.2 4.8 3.2
CaCrOy, 2H;O (rhombic) 10.9 11.5 11.6

CaCrOq, 2H,O (monoclinic) 17.3 16.7 16.5 -

Discuss briefly the significance of the curves.
37. The following table shows the solubility figures for the system phenol-
water (p. 225):

T (C) 10 20 30 4 50 60 65 68.3
G. phenol [Aqueouslayer 7.5 83 8.8 9.6 12.0 16.7 21.9 33.4
per 100 g. | Phenol layer 75 72.1 69.8 66.9 62.7 55.4 49.2 33.4

Plot temperature against g. phenol in 100 g. solution, and fill in the curve,
38. Mixtures of propylene bromide C;HsBr, and ethylene bromide C,HBr;
at 85° show the following vapor pressures of each component:

Mol. fraction C;HBr; in mixture 0 0.2 0.4 0.6 0.8

1
Partial pressuge C;HBr; in mm. 0 34.4 69.0 102.5 147.8 172
Partial pressure CsHyBr; in mm. 128.0 102.8 76.0 50.9 25.6 0

Plot the partial pressure curves for the two components and also the total vapor
pressure curve of the mixture. Are the solutions ideal?

.0
.6
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39. The freezing point depressions obtained on addition of mannite to water
are as follows:

G. mannite to 1000 g. water 4.095 9.178 21.80 49.33 99.43
Freezing pt. depression, ° C. 0.0417 0.0931 0.2225 0.505 1.01¢

Plot the curve and extend it to —1.86°. What is the molecular weight (approxi-
mate) of mannite? Given that its percentage composition is carbon 39.55,
hydrogen 7.75, oxygen 52.70; derive its molecular formula.

40. The boiling point elevations obtained on addition of glucose (p. 748)
to water are as follows:

G. glucose to 1000 g. water 41.4 92.0 194.0
Boiling pt. gleva,tion, °C. 0.122 0.270 0.573

Plot the curve and determine from it the approximate molecular weight of
glucose. Given that its percentage composition is carbon 39.98, hydroger
6.72, oxygen 53.30; derive its molecular formula.



CHAPTER XIII
HYDROGEN CHLORIDE AND SODIUM HYDROXIDE

We have had occasion several times to mention common salt,
or sodium chloride NaCl. This is one of the most familiar chemical
substances. Large quantities of it are used in the household, in
cooking and in making freezing mixtures. Still larger amounts
are consumed in manufacturing washing soda, caustic soda, and
soap, for all of which it furnishes the necessary sodium. It is used
also in preserving fish and other foods. It supplies the chlorine used
in bleaching and in the sterilization of city waters. We shall con-
sider it first as a means of making hydrogen chloride and sodium
hydroxide, and shall take the opportunity in this chapter to develop
the properties of these two very important substances in some detail.

Preparation of Hydrogen Chloride HCI from Salt. — When a
few drops of commercial, concentrated sulphuric acid (H.SO4) are
poured upon common salt in an open dish, vigorous effervescence
begins. This indicates that a gas is form-
ing in bubbles upon the salt and that the
bubbles are rising through the layer of
acid and bursting. The gas is itself in-
visible, but when we breathe upon the
contents of the vessel, a heavy fog is
produced. This is due to condensation of
water vapor (in the breath) to droplets of
water, in which the gas has dissolved.
The fog is composed, in fact, of drops of a
golution of hydrogen chloride (HCl) in
water, which receives the name of hydro-
chloric acid (in commerce, muriatic acid,

Fia. O e Panation 1Y from the Latin muria, brine).

In order to handle the gas more readily,
the sulphuric acid may be allowed to fall from a funnel, drop by
drop, upon salt contained in a flask (Fig. 98). Soon the air in the
flask is all displaced by the gas, and the latter issues from the open
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delivery tube. If a U-tube containing some water is attached to
the delivery tube, the gas dissolves in the water as fast as it is
formed.

If the correct proportions of the materials are used, then, when
the action is over, all that remains in the flask is a white solid, differ-
ent from salt, and called sodium-hydrogen sulphate NaHSO, A
part of this may be in solution in a little water, contained originally
in the commercial sulphuric acid. The equation is easy to make
from the formulz given,

NaCl 4 H.80,— HCl 1 +NaHSO,, . (1)

and requires nd further balancing. (An arrow pointing upward is
used in equations to indicate that the substance to which it refers
removes itself from the reaction by escaping in the form of a gas.)

The action described is the one which occurs in the laboratory.
When a double proportion of salt and a high temperature are used,
a second action occurs:

NaCl + NaHSO, — Na,SO, + HC1 |

and sodium sulphate Na,SO, remains. In Europe this action is
employed, with furnace heat, in manufacturing sodium sulphate,
from which sodium carbonate is afterwards prepared. The hydrogen
chloride passes into a tower, down which water trickles over lumps
of coke, and is dissolved.

Other Sources of Hydrogen Chloride. — Chlorides of other
metals could be substituted for the sodium chloride in this action,
and all but the less soluble ones would give hydrogen chloride freely.
Common salt is employed because it is the cheapest of the chlorides.

While theoretically any acid would, like sulphuric acid, furnish
the required hydrogen, and liberate hydrogen chloride, yet in practice
no other acid works so well. Some, like phosphoric acid H;PO,,
act too slowly, because they do not dissolve sodium chloride so readily.
Others, like hydrofluoric acid HF, are too volatile, and the heat of
the action would send them over with the hydrogen chloride in the
form of vapor. Others, like nitric acid HNO;, would react chemically
with hydrogen chloride. Still others, like hydriodic acid HI, could
be used only in aqueous solution, and the water would, dissolve the
hydrogen chloride produced, and prevent its escape from the vessel.
Aside from these objections, all the other acids are more expensive
than sulphuric acid.
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If various chlorides are used with the same acid, it will be found
that the vigor of the actions is very different. In some, hydrogen
chloride will be produced copiously without the assistance of heat.
In others, there will be difficulty in showing that hydrogen chloride
gas is produced at all. 'We must not hastily assume that this is owing
to any greater chemical affinity in one case than another. More
extensive experimentation will show that the more soluble chlorides
as a rule give more vigorous effects than those which are less sc
(pp. 269, 316). Ammonium chloride with sulphuric acid would
represent the former variety, while mercuric chloride with the same
acid would represent the latter.

The Molecular View of the Interaction of Sulphuric Acid and
Salt. — One who has used the above described methods for making
hydrogen chloride without reflection would not realize the com.
plexity of the machinery by which the result is achieved. The
means are apparently very simple. Yet the mechanical features of
this experiment, when laid bare, are extremely curious and interesting,
A single fact will show the possibilities which are concealed in it.

If we take a saturated solution of sodium-hydrogen sulphate in
water and add to it a concentrated solution of hydrogen chloride
in water (concentrated hydrochloric acid), we shall perceive at once
the formation of a copious precipitate. This is composed entirely
of minute cubes of sodium chloride:

NaHSO, + HCl — H,80; + NaCl | . @

(An arrow pointing downwards is used in equations to indicate that
the substance to which it refers removes itself from the reactior
in the form of a precipitate). Now this action is nothing less thar
the precise reverse of (1), yet it proceeds with equal success. Ir
fact, this chemical interaction is not only reversible (p. 180), but car
be carried virtually to completion in either direction. It is only ir
presence of a very large excess of water, sufficient to keep both the
hydrogen chloride and the salt all in solution, that it stops midway
in its career and is valueless for securing a practical transformatior
in either direction:

NaHSO, + HCl 2 H.S0, + NaCl.

In an action which is reversible, if the products remain as per
fectly mixed and acoessible to each other as were the indtial sub-
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stances, their interaction will continually undo a part of the work
of t