ANALYTICAL CHEMISTRY

JBased on the German text

OF

F. P. TREADWELL, P=u.D.,

Professor of Analytical Chemistry at the Polytechnic Institute of Zirich

TRANSLATED AND REVISED

BY

WILLIAM T. HALL, S.B.,

Asststant Professor of Analytical Chemistry, Massachusetts Institute of Technology

Voruome 1

QUALITATIVE ANALYSIS

FOURTH ENGLISH AFTER THE EIGHTH GERMAN EDITION
TOTAL ISSUE, TWENTY-ONE THOUSAND

NEW YORK |
JOHN WILEY & SONS, Iwo.
Lonpon: CHAPMAN & HALL, LiMiTED



Copyright, 1903, 1906, 1913, 1916
BY
WILLIAM T. HALL

First and Second _Editions Entered at Stationers’ Hall

PRESS OF
BRAUNWORTH & CO,
3/20 BOOK MANUFACTURERS
BROOKLYN, N. Y.



PREFACE TO THE FOURTH ENGLISH EDITION

THE German text upon which this book is based was written by
an American who has taught for many years at Zurich. The first
English edition appeared as an authorized translation by one who had
been teaching analytical chemistry for only three years at that time.
It was translated largely as a result of a chance remark of his assist-
ant, R. W. Balcom, who deplored the fact that the students could not
read German readily enough to make use of the German text as a
reference book. At that time, the translator was using, as he has
always used, the excellent book of A. A. Noyes as a laboratory
manual in Qualitative Analysis and the extremely useful text of
H. P. Talbot for the preliminary work in Quantitative Analysis. The
results obtained by asking the students to purchase both volumes
of this book in addition have been exceedingly gratifying. Better
examination papers have resulted and there have been fewer unneces-
sary questions asked in the laboratory.

Recently Professor Noyes has greatly changed his text on Quali-
tative Analysis and this has unquestionably had considerable influence
upon the preparation of the fourth English edition of this book. It
has been so thoroughly revised and so largely rewritten that it is no
longer fair to Professor Treadwell to publish the book as a literal
translation, although the writer remains in thorough sympathy with
Professor Treadwell’s views and does not wish, in any way, to dis-
claim the great benefit and inspiration he has derived from close study
of the original text. He must, however, express his obligation to
other texts, particularly to those of Noyes, Stieglitz, Bottger, and
Ostwald, from which many of the ideas introduced into this text have
been copied. The general plan of the book has been kept the same,
but greater stress has been laid upon the theoretical side of the subject,
particularly with regard to the applications of the mass action prin-
ciple, the ionization theory, and the theory of oxidation and reduction. *

The translator wishes to acknowledge his indebtedness to Mr.
Donald Belcher, who has read all the proofs of this edition and
offered many valuable suggestions.

Wirniam T. HALL.
MAsSACHUSETTS INSTITUTE oF TECHNOLOGY,
February, 1916.
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PREFACE TO THE FIRST EDITION

Having been repeatedly requested by former pupils to publish
the lectures on Analytical Chemistry given by me at this Institute
since 1882, and not having time then to do it myself, I permitted
the “ Verein der Polytechniker "’ in 1885 to print in manuscript form
the notes of one of my students.

This output met with such a friendly reception that in 1888 a
second edition became necessary. Subsequently I decided to revise
the material thoroughly and publish it in book form; this text-book
of Analytical Chemistry represents, therefore, a somewhat amplified
repetition of my lectures.

The book is intended not only for laboratory use, but also for
self-study. With each element the mineralogical occurrence, crys-
talline form, and isomorphous réelations are briefly mentioned. Then,
after explaining the reactions, the methods of separation are given
in the form of tables; because, contrary to the views of many, I have
in this way obtained the best results in teaching. These tables are
summarized charts by which the student can quickly find his
bearings.

Much weight is placed upon the determination of the sensitive-
ness of the single reactions, as explained on page 75, because the
beginner becomes in this way at once familiar with the solubility
of the most important salts, and also with simple stoichiometrical
calculations. The approximate solubility of potassium chloroplatin-
ate, for example, is found from the following determination of the sen-
sitiveness of the reaction by which it is formed:

If 100 cc. of the solution contain 0.156 gm. potassium, one finds
that the formation of the chloroplatinate, at ordinary temperatures,
only takes place on addition of a little alcohol; but on increasing
slightly the amount of potassium in the solution, it takes place imme-
diately. We can, therefore, assume that the solution, which con-

v



vi PREFACE TO THE FIRST EDITION

tains 0.156 gm. of potassium per 100 cc. water, is saturated with chloro-
platinate; hence the amount of the latter may be calculated:

Kz : KoPtClg=0.156 : z;
78.3 : 485.8=0.156 : z;
r=0.97.

The result shows that 100 cc. of water, at ordinary temperatures,
dissolve 0.97 gm. of K2PtClg, while accurate determinations at 20° C.
have given the value 1.12. The difference, about 12 per cent, is
explained by the facts that we did not work at exactly 20° C., nor
with absolutely pure water; the solution also contains an excess of
chloroplatinic acid, whereby the solubility of the potassium chloro-
platinate is diminished; evidently the values obtained in this way
permit a very good comparison of the solubilities of the different
salts. From the sensitiveness of the reaction between a potassium
salt and tartaric acid, the solubility of the potassium acid tartrate
may be found to be 0.38; so that the solubility of the potassium
chloroplatinate is to that of the potassium acid tartrate as 0.97 : 0.38;
the potassium tartrate is about three times as insoluble as the chloro-
platinate, etc. .

The size of the book does not permit going into the microchemi-
cal detection of the different elements. We have, however, in the
excellent work of H. Behrens, ‘ Anleitung zur mikrochemischen
Analyse,” a reference book of the highest rank.

In publishing this, the first volume of the work, I beg of my col-
leagues and fellow chemists to kindly inform me of any errors or
omissions.

F. P. TREADWELL.
ZuricH, April 29, 1899,
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INTERNATIONAL ATOMIC WEIGHTS, 1916

Symbol evz?;“h'f Symbol evgénhl:
Aluminium. . ..... Al 27.1 Molybdenum.....| Mo 96.0
Antimony. ....... Sb 120.2 Neodymium...... Nd 144.3
Argon............ A 39.88 || Neon............ Ne 20.2
Arsenic........... As 74.96 || Nickel........... Ni 58.68
Barium.......... Ba 137.37 || Nitrogen......... N 14.01
Bismuth.......... Bi 208.0 Osmium. ........ Os 190.9
Boron............ B 11.0 Oxygen.......... (6) 16.00
Bromine.......... Br 79.92 || Palladium........ Pd 106.7
Cadmium. .. ..... Cd 112.40 || Phosphorus...... P 31.04
Caesium.......... Cs 132.81 || Platinum........ Pt 195.2
Calcium.......... Ca 40.07 || Potassium....... K 39.10
Carbon........... C 12.00 || Praseodymium.. .| Pr 140.9
Cerium........... Ce 140.25 || Radium......... Ra 226.0
Chlorine.......... Cl 35.46 || Rhodium. ....... Rh 102.9
Chromiumn.. . ..... Cr 52.0 Rubidium........ Rb 85.45
Cobalt........... Co 58.97 Ruthenium.. ..... Ru 101.7
Columbium.. .....| .Cb 93.5 Samarium........ Sa 150.4
Copper.. ......... Cu 63.57 || Scandium........ Se - 44.1
Dysprosium. . . ... Dy 162.5 Selenium......... Se 79.2
Erbium.......... Er 167.7 Silicon........... Si 28.3
Europium. . ...... Eu 152.0 Silver........... Ag 107.88
Fluorine.. ........ F 19.0 Sodium.......... Na 23.00
Gadolinium.. . .... Gd 157.3 Strontium........ Sr 87.63
Gallium.......... Ga 69.9 Sulfur........... S 32.06
Germanium....... Ge 72.5 Tantalum........ Ta 181.5
Glucinum 1. . ..... Gl 9.1 Tellurium. . . ..... Te 127.5
Gold............. Au 197.2 Terbium......... Tb 159.2
Helium........... He 4.00 || Thallium........ Tl 204.0
Hydrogen........ H 1.008 || Thorium......... Th 232.14
Indium........... In 114.8 Thulium........ . Tm 168.5
Iodine........... I 126.92 ||Tin............. Sn 118.7
Iridium.......... | Ir 193.1 Titanium........ Ti 48.1
Iron............. Fe 55.84 || Tungsten........ w 184.0
Krypton......... Kr 82.92 || Uranium......... U 238.2
Lanthanum.......| La 139.0 Vanadium . ...... \ 51.0
Lead............. Pb 207.20 Xenon........... Xe 130.2
Lithium.......... Li 6.94 || Ytterbium.......
Lutecium.. ....... Lu 175.0 (Neoytterbium) . Yhb 173.5
Magnesium.. . . ... Mg 24.32 || Yttrium......... Yt 88.7
Manganese. . ..... Mn 54.93 || Zinc............. Zn 65.37
Mercury......... Hg 200.6 Zirconium. . .. ... Zr 90.6

! Also called Beryllium, Be.
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QUALITATIVE ANALYSIS

PART I. GENERAL PRINCIPLES

By Chemical Analysis is understood all those operations which
are performed in order to determine the constituents of a chemical
compound (or a mixture of chemical compounds). Chemical Analysis
is subdivided into Qualitative Analysis and Quantitative Analysis.

Qualitative Analysis treats of the methods for determining the
nature of the constituents of a substance, while Quantitative Analysis
treats of the methods for determining in what proportion the con-
stituents are present in any compound or mixture of compounds.

In order to recognize a substance we change it, usually with the
help of another substance of known nature, into a new compound
which possesses distinctive properties. This transformation we
call a chemical reaction; and the substance by means of which the
reaction is brought about, the reagent.

We distinguish between reactions in the wef way and reactions
in the dry way.

I. REACTIONS IN THE WET WAY

For the purpose of qualitative analysis only such reactions are
applicable as are easily perceptible to our senses. A reaccion is
known to take place—(a) by the formation of a precipitate; (b) by
a change of color; (¢) by the evolution of a gas. In other words,
the sense of sight is used chiefly in qualitative analysis and most of
the reactions employed are visual ones. The sense of smell also
aids in identifying many substances. Thus the vapors of hydrogen
sulfide, hydrogen cyanide, bromine, carbon disulfide and a great
many other substances have very characteristic odors. Some of these
vapors are poisonous, so that in trying the odor it is best to gently
waft a little of the vapor, by a motion of the hand over the substance
to be tested, in such a way that the vapor reaches the nostrils greatly
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diluted with air. The sense of taste is sometimes useful, but is rarely
employed on account of the danger of poisonous effects. The sense
of touch sometimes furnishes a little aid; thus graphite has a peculiar,
greasy feeling, and paralysis of the tongue or eyelid is temporarily
imparted by the alkaloid cocaine and certain allied substances.

When an aqueous solution of -barium chloride is mixed with dilute
sulfuric acid, a white crystalline precipitate of barium sulfate forms:

BaClz4-H2S04 =2HCl14-BaSOs4.

A precipitate of identically the same chemical composition can be
formed from any other soluble barium salt or by using a solution of
any soluble sulfate instead of sulfuric acid. -

‘The addition of a little silver nitrate to an aqueous solution of
barium chloride causes the formation of a white, curdy precipitate
of silver chloride which darkens on exposure to light:

BaCla+2AgN0O3=Ba(NO3)2+2AgClL.

The same precipitate is formed when hydrochloric acid or any other
chloride is used instead of the barium chloride and when any other
soluble silver salt is used instead of silver nitrate.

In the same way there are certain properties which are shown by
aqueous solutions of all acids. Blue litmus is turned red, carbonates are
decomposed with effervescence, and metals are dissolved. These so-
called acid properties are due to the hydrogen of acids, which behaves
in an essentially different manner than the hydrogen of other com-
pounds.

Bases also show certain characteristic reactions .which can be
traced to the hydroxyl, OH, that they contain. An aqueous solution
of a base turns red litmus blue and reacts with the hydrogen of an acid
‘to form water.

The aqueous solutions of acids, bases and salts, therefore, show
reactions which are characteristic not so much of the dissolved sub-
stance as a whole as of its constituents. This is a very important
point. It enables us to test for the constituents of a solution more
or less independently of what other constituents may be present. We
can test for barium in just the same way whether it is present as
chloride or as nitrate, and we can test for chlorine by the same reagent
no matter whether the chlorine was originally present as hydrochloric
acid or as some other chloride. This is quite remarkable, because the .
chemical properties of a compound are usually quite different from the
sum of the properties of its constituents. The properties of the chemi-
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cal compound water show little similarity to the properties of either
hydrogen or oxygen gas. The properties of sodium iodide are quite
different from those of metallic sodium and of free iodine, and those of
potassium chlorate are quite distinet from the properties of the potas-
sium, chlorine and oxygen which it contains. Aqueous solutions of
acids, bases and salts, however, actually do show additive properties,
i.e., sodium chloride in solution shows properties which the sodium
of any other sodium salt will show, plus other properties which any
other chloride will show. This suggests the hypothesis that the
aqueous solution of an acid must contain the acid hydrogen, to some
extent at least, in the same condition as in the aqueous solution of
any other acid; that an aqueous solution of a base must contain a
part at least of its hydroxyl in the same condition as the aqueous
solutions of any otherbase; and that the metals and non-metals of salts
must be present in very much the same condition irrespective of the
nature of the original salt. This would mean that when the acid,
the base, or the salt is dissolved in water, it is decomposed .to some
extent into smaller units.

Not only the chemical behavior of aqueous solutions of acids,
bases and salts indicates that the constituents are present in a con-
dition such that they may react independently, but also the physical
behavior of the solutions. The boiling-point of a solution of sugar
in water is higher and its freezing-point lower than that of pure water.
It has been found that the rise in boiling-point and lowering of the
freezing-point is proportional to the number of molecules of dissolved
substance present. This rule holds so exactly for solutions of organic
substances dissolved in organic solvents that it serves for the deter-
mination of molecular weights. When, however, it is attempted to
determine the molecular weight of an acid, a base, or a salt, by deter-
mining the boiling-point or the freezing-point of its aqueous solution,
it is found that the molecular weight thus found is always too small.
In other words, a study of the boiling-point or freezing-point of acids
bases and salts indicates that the original molecules of the acid, base
or salt have been more or less split up into units smaller than the orig-
inal molecule.

Finally the electrical behavior corroborates this view. It is well
known that substances behave differently toward the electric cur-
rent; some are conductors of it and others are non-conductors.
Metals are good conductors and sulfur is a non-conductor. Again,
the conductors are divided into two classes. Metals belong to the
first class and conduct electricity without experiencing any change
except that they become warmer. Conductors of the second class
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are chiefly aqueous solutions of acids, bases and salts. Simultaneous
with the conduction of the current they undergo a chemical change,
and decomposition products are obtained at each electrode.

Theory of Electrolytic Dissociation

If we insert between the poles of an electric battery a piece of
rock salt or some pure distilled water, there will be no electric
current in the circuit; a piece of fine platinum wire placed in the
circuit will not be made to glow. The solid rock salt and the dis-
tilled water are non-conductors of electricity; they are non-electro-
lytes. If, however, we dissolve rock salt in distilled water, and then
insert the solution between the poles of the electric battery, the
platinum wire will be brought to a bright glow, showing that the
salt solution is a good conductor of electricity— it is an electrolyte. It
is thereby proved that by dissolving the non-conducting rock salt
in non-conducting water an essential change of the former has taken
place. We can make the same observation with all acids, bases
and salts. In an anhydrous state they are non-electrolytes, while
in aqueous solution,* on the other hand, they are electrolytes. These
phenomena are readily explained by the theory of electrolytic dis-
sociation proposed by Arrheniust in 1887. According to this
theory, all electrolytes are partially decomposed in aqueous solution
into electrically charged atoms or atom-groups called fons; and the
extent of this dissociation increases with dilution, until with very
great dilution it is practically complete. For every degree of dilution
there exists a certain state of equilibrium between the ions and undis-
sociated molecules.

When the non-electrolyte rock salt is dissolved in water, it breaks
up, according to the equation

NaCl 2 Nat+4-Cl™

into positively charged sodium ions and negatively charged chloride
10ns.1

All salts, acids, and bases behave like rock salt. Thus sodium
sulfate decomposes according to the equation

NaSOs Na++Na++SO4=,

* They are also electrolytes in the fused state.

t Z. phys. Chem., 1, 631.

1t Many chemists prefer to designate the positive ions by small dots and
the anions by small inclined dashes. The above equation is then written:
NaCl 2 Na4-Cl". :
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and sodiurn hydroxide into
NaOH <= Nat+OH™.

By this theory of electrolytic dissociation the phenomena of elec-

trolysis may be explained very simply: If we insert the two poles of a
" source of electricity into an electrolyte, one of the poles, the anode,
is charged with positive electricity, and the other, the cathode, with
_negative electricity. The electro-positive anode repels the electro-
positive ions (cations) and attracts the electronegative ions (anions);
and the latter, as soon as they come in contact with the anode, give
up their negative electricity, become neutral and separate out.* The
same thing happens at the cathode, where the electro-positive ions
(cations) are discharged. The amounts of electricity which are neu-
tralized at the electrodes are always renewed by the source of the
current, so that the process is continuous.

The electric charge on one atomic weight in grams of a univalent
ion is 96,500 coulombs ;f on an atomic weight in grams of a biva-
lent jon the charge is twice as much, and on a trivalent ion three
times as much. To deposit one atomic weight in grams of silver at
the cathode, therefore, it is necessary for 96,500 coulombs of elec-
tricity to pass through the solution, and there will be a simultaneous
discharge of an equivalent weight of anion at the anode. One
coulomb is the quantity of electricity which is represented by the
flow of 1 ampere for one second, 96,500 coulombs, therefore, represent
96,500 ampere seconds or 26.8 ampere hours.

The transport of electricity in aqueous solutions takes place only
by means of the ions; the undissociated molecules take no part in the
process. The concentration of the ions and the conductivity of the
solution are quantities which are proportional to one another. It
is possible, therefore, to determine the extent to which a solution is
dissociated into its ions by measuring the electrical conductivity of
the solution.

The laws governing electrolysis were well understood by Michael
Faraday in 1834, and he gave the name of ions to those parts of the
solution which migrate toward the electrodes (cf. p. 10). The
positive electrode is called the anode and the negatively charged on
which is attracted toward it is called the anion; the negative electrode
is called the cathode and the positively charged ion which is attracted

* In many cases the discharged substance at once reacts with the water, forming
ions again with evolution of either hydrogen or oxygen gas; these gases are, there-
fore, secondary products of electrolytic action.

t This quantity of electricity is called one Faraday.
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toward it is called the cation. In Faraday’s time it was thought
that the first action of the electric current was to decompose the
molecules of the substance into the ions. About 1885 Arrhenius
made the simple observation that all those solutions in which the
dissolved substances have abnormally low molecular weights, as deter-
mined by boiling-point elevation, by freezing-point lower'ng, or by
some similar method, are solutions which.permit the passage of the
electric current—they are electrolytes; while solutions which give nor-
mal results in'the determination of the molecular weight of the dis-
solved substances are non-electrolytes. Since 1885, therefore, it has been
believed by most chemists that electrolytic dissociation, or ionization,
takes place when an acid or a base or a salt dissolves in water,

This accounts for the fact that aqueous solutions of all silver salts
show similar reactions. They all contain the silver cation, and the
silver cation is different from ordinary metallic silver chiefly on account
of the fact that it bears a large electric charge. Most of the reac-
tions of qualitative analysis are carried out in aqueous solutions with
electrolytes. Most of the separations employed and most of the tests
are by means of reactions which are characteristic of the ions. For
this reason, a proper understanding of the theory of electrolytic dis-
sociation is necessary in the study of qualitative analysis.

Let us interpret the action of a dilute solution of an acid upon a
dilute solution of a base. In a dilute solution of hydrochloric acid,
for example, the hydrogen chloride is almost completely ionized, and in
a dilute solution of sodium hydroxide the base is also almost com-
pletely ionized. Hydrochloric acid and sodium hydroxide react
together to form water, which is itself but very slightly ionized. The
reaction between the dilute solutions of hydrochloric acid and sodium
hydroxide may be written:

HY+Cl +Nat4+0H  =H;0+Nat+4Cl™.

By subtracting the ions which appear on each side of the equality
sign, the equation becomes:

H*+O0H ™~ =H0.

According to this, the neutralization of a dilute solution of an acid by
a base is merely the reaction of hydrogen ions with hydroxyl ions to
form undissociated water. This is known to be true, because if the
reaction takes place with 1 gm. of hydrogen and 17 gms. of hydroxyl the
heat evolved is 13,700 calories. This same amount of heat is evolved
when an equivalent amount of a dilute solution of hydrochloric acid
is neutralized by a dilute solution of potassium hydroxide, or when
the hydrochloric acid is replaced by another acid such as nitric acid;
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it represents merely the heat of formation of a molecular weight in
grams (one mole) of water from hydrogen ions and hydroxyl ions.

Similarly it can be shown that when an acid acts on a metal with
the formation of a salt and liberation of hydrogen gas, the quantity
of heat which is developed depends only on the nature of the metal
and is independent of the acid. The anion of the acid really does
not take part in the reaction at all.

The main assumptions of the Arrhenius theory of electrolytic dis-
sociation are as follows: When an acid, a base or a salt dissolves in
water its molecules are immediately dissociated to some extent into
smaller fragments called ions. These ions are charged with electricity
and the sum of the positive charges residing on the cations is exactly
equal to the sum of the negative charges residing upon the anions
and the whole solution is electrically neutral. The dissociation is a
reversible reaction and all electrolytes may be considered to be com-
pletely ionized at infinite dilution. Except for the dependence
resulting from the electrical charges and the consequent attractions
and repulsions between ions, the ions may be regarded as independent
constituents with individual and specific chemical and physical proper-
ties. When a substance dissolves in water and is only partly dis-
sociated, then when the ions are removed, either by electrolysis or
as a result of chemical reaction; the substance will at once dissociate
again to form new ions.

While it is true that nearly all acids, bases and salts are ionogens,
yet the extent to which the ionization takes place when the substance
is dissolved in water varies greatly. Thus a molecular weight in
grams of hydrochloric acid dissolved in 10 liters of water yields about
seventy times as many hydrogen ions as an equivalent quantity of
acetic acid; a similar comparison can be made with regard to sodium
hydroxide solution and ammonium hydroxide. In round numbers,
‘hydrochloric acid is about seventy times as strong an acid as acetic
acid and sodium hydroxide or potassium hydroxide is nearly seventy
times as strong a base as ammonium hydroxide. =

On the other hand, a molecular weight of acetic acid will neutralize
the same weight of sodium hydroxide that a molecular weight of hydro-
chloric acid does, and a molecular weight of ammonium hydroxide will
neutralize the same weight of acid that a molecular weight of sodium
hydroxide does. In a solution of sodium hydroxide and of hydro-
chloric acid of the above concentration the original molecules are
about 90 per cent ionized, and when the acid and alkali are mixed
the principal change is the union of hydrogen ions and hydroxyl ions
to form water. When acetic acid of the same concentration is used,
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there is present at the start only 1.3 per cent of all the hydrogen in the
form of ions. These ions will at once react with hydroxyl ions
to form water, but there is always a tendency for the acetic acid to
dissociate, and when the ions disappear as fast as they are formed
the ionization continues and soon all of the molecules of acetic acid
will have dissociated. In the neutralization of acetic acid with
sodium hydroxide, the final heat effect will not be simply that of the
union of hydrogen ions with hydroxyl ions, but will also involve the
energy required to cause the acetic acid to dissociate. When a sub-
stance ionizes as soon as it dissolves, the heat effect of ionization cannot
be distinguished easily from the heat of solution. Just as some sub-
stances dissolve with absorption of heat and some with evolution of
heat, so it is found that the ionization process may likewise be asso-
ciated with either an absorption or evolution of heat.

It is interesting to note, and this is a matter of considerable
importance, that the salts of weak acids and of weak bases are usually
ionized nearly as much as the salts of strong acids or of strong bases.

When a bivalent acid dissolves in water, the two hydrogen atoms
do not dissociate to an equal extent. The ionization takes place in
two stages. Thus with sulfuric acid the first stage takes place in the
sense of the equation:

H.804 2 HY+HS04™.

The fact that the reaction does not necessarily take place completely
is indicated by using the double arrow sign instead of the equality
sign. When the above reaction stops there is a state of equilibrium
between the three substances H»SO4, H* and HSO4~. The HSO4~
undergoes a secondary dissociation as follows:

HSO4s~ =2 HY+80,4~.

The extent to which these reactions takes place depends entirely

upon the dilution. If half a molecular weight in grams of sulfuric

acid is dissolved in 10 liters of water, the primary dissociation will

take place to about 90 per cent of the entire quantity of acid present .

and the secondary dissociation to less than 50 per cent. If the solution

is extremely dilute, both reactions will take place almost completely.
In the case of carbonic acid, the primary stage

H,CO3; 2 Ht*+HCO;~

ordinarily takes place only to a fraction of 1 per cent and the second
stage .
HCO; 2H++CO3=
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to an inappreciable extent (cf. p. 10). With hydrogen sulfide the
relations are similar.

On the other hand, the salts of these weak acids will dissociate
almost completely as follows:

N2,CO; 2 Nat+4Nat+C0s=
NazS = NaT+Nat+4+8-.

The fact that the extent to which a substance ionizes is dependent
upon the concentration of the solution has already been indicated
(p. 4) and will be demonstrated mathematically a little farther on
(p. 18). The concentration of a solution shows the quantity of dis-
solved substance present in a unit of volume, and the numerical
value representing this concentration depends entirely upon the
units in which the mass of the dissolved substance and the volume
of the solution are expressed. If w represents the mass of .dis-
solved substance in grams and » is the volume of the solution

expressed in liters, then ;w is the concentration of the solution

in grams per liter. Concentrations are often expressed in these
units, but the weight is not the most convenient unit for ex-
pressing the mass, especially in matters of theoretical discussion.
A solution containing 1 gm. of dissolved substance A is rarely equiv-
alent to one containing the same weight of a substance B. It is much
more convenient to measure the mass of the dissolved substance in
terms of the number of molecules present. According to the sug-
gestion of Ostwald, the term mole has been given to the molecular
weight of a substance in grams, and when the concentration of a solu-
tion is expressed in the number of moles present in a liter, the so-
called molal concentration is obtained. The objection still remains,
however, that one molecule of a substance A (e.g., hydrochloric acid)
is not always equivalent to one molecule of a substance B (e.g., sul-
furic acid). To overcome this difficulty, concentrations are often
expressed in gram equivalents per liter, using the univalent substances
as the standard. Thus a mole of hydrochloric acid is one equiva-
lent weight in grams and half a mole of sulfuric acid is one equiv-
alent weight in grams. A solution which contains one equivalent
weight in grams of dissolved substance is called a mormal solution;
one containing two equivalents in a liter is a twice-normal solution;
and one containing half an equivalent is a half-normal solution. All
things considered, this is the best way of expressing concentrations.
The following table will be found useful in studying the disso-
ciation of electrolytes. It gives the approximate percentage ioniza-
tion of substances present in 0.1 N solution at 25°. In the case
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of polybasic acids, the value opposite the formula of the acid shows
the fraction of the whole molecule which undergoes the primary
dissociation into one hydrogen ion, that opposite an ion with a
univalent charge shows the extent to which this ion undergoes a
secondary dissociation, and that opposite an ion with a bivalent charge
shows the extent to which it undergoes a tertiary decomposition,
forming a third hydrogen ion from the original neutral molecule of the
acid,

Ionization Values of Common Electrolytes*

In 0.1 normal solution

Per Cent
Salts of the type BtA— (e.g., KNOg) .. .. ..o, 84
Salts of the type B,7A= or B+ TA,~ (e.g., KsSOs0or BaCl)t............. 73
Salts of the type B;tA=, or B¥ ++A;~ (e.g., KiFe(CN)s or AICL;)........ 65
Salts of the type Bt tA= (e.g. MgS0Ous)ue. oo v 65
KOH, NaOH. . ..ottt iiiit i e e 90
NG U 80
NHOH . . o e e e 1.3
HCI, HBr, HI, HSCN, HNO,, HCIOs, HCIO,, H:SO,, HyCrOq. . ... ... 90
H3P04, HsASO4, HzSOa, HzCzOq, HSO[‘ .............................. 20-45
HNOg, HE. . . .+ oo oot e e e e 7-9
HC2H302, HCQO4—, HSO3 e o 1-2
H,S, HyCOs, HoPOs ™, HCrOs ™o oo 0.1-0.2
HBO,, HAsO;, HCN, HCOs ™. . . oove i U 0.002-0.008
HS™, HPOU . « oo oo e 0.0001-0.002
HOH (85 250+« v v e n e e e e e e e e 0.Q000002

Nomenclature of the Ions

As already mentioned (p. 5) Faraday in 1834 was the first to use
the words ion, cathode, cation, electrode, anode, etc. These names are
all derived from Greek roots. Faraday’s idea was that the electricity
entered the solution at the positive pole and passed down to the
negative pole. The word 7on is the Greek word for wanderer or traveler
spelt in Latin letters. Anode is from the Greek évd (ana) up; 68ds
(odos) a path. Cathode is from the Greek xard (kata) down; 638ds
(odos) a path. The two electrodes are considered as the doors or
paths by which the current enters and passes out of the solution.

Two methods are in common use for designating the ions. Thus
the ions of hydrochloric acid are designated as H* and Cl~ or as H'
and Cl'.  Small plus and minus signs are used in this book rather than

*From A. A. Noyes, Qualitative Chemical Analysis.
tExceptions: CdCl; ionizes to about 47 per cent, HgCl to about 0.01 per
cent, and HgBr,, Hgl,, and Hg(CN), less tha1_1 HgCl,.
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the dots and dashes simply because this is the present practice in
the journals published by the American Chemical Society. Many
writers prefer to use the other system because it takes up less room;
in the case of the polyvalent ions the use of the plus and minus
signs is often very cumbersome.

Purely as a matter of convenience, an attempt has been made
to devise a system of rational nomenclature for the ions. This method
has been adopted in a number of excellent text books but it is not
in common use. According to this system, the names of the cations
are obtained by adding the termination -ton to the stem of the name
of the corresponding metal, using the Latin name whenever possible.
When a substance forms several ions differing from one another only
in valence, the names of such ions are designated by Greek prefixes
indicating the number of charges residing on the ion. The names of
the anions are derived from the names of the salts. If the name of
the salt ends in -afe, these last three letters are replaced by the ending
-anion, except in the case of the carbonate ion, which is called carbanion.
The names of anions from salts ending in -ite are formed by replacing
these three letters with -osion. The anions from salts whose names
end in -ide are obtained by replacing these letters with the ending
-idion. The hydrogen ion is called hydrion and the hydroxyl ion is
called hydrozidion. The following table illustrates the use of this
system which was proposed by Walker:

Names oF CERTAIN Ions

Symbol. Name. Csaﬁgsnoc;f Symbol. Name. Anion of
Agt Argention Silver Cl— Chloridion Chlorides
Cat+ Calcion Calcium ClO~ | Hypochlor- | Hypochlorites
Cut+ Dicuprion Cupric copper osion
Fet+ Diferrion Ferrous iron Cl0;~ | Chlorosion Chlorites
Fet++ | Triferrion Ferric iron ClO;~ | Chloranion Chlorates
H+ Hydrion Hydrogen ClOs~ | Perchloranion | Perchlorates

. (Acids) S= Sulfidion Sulfides
K+ Kalion Potassium S0~ Sulfosion Sulfites

Na*t Natrion Sodium SO Sulfanion Sulfates

NH.* Ammonion | Ammonium NO;~ | Nitranion Nitrates
OH— Hydroxidion | Hydroxides
(Bases)

Equilibrium between a Solid and a Liquid

Most of the reactions used in analytical chemistry involve either

the solution or the precipitation of some substance,

It is important,
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therefore, to consider briefly the relations which exist between a solid
and its solution.

Potassium nitrate on being brought into contact with water at once
begins to dissolve. The rate of solution is influenced somewhat by
the amount of surface exposed by the salt, a fine powder dissolving
more rapidly than a single large crystal. At first the substance dis-
solves quite rapidly, particularly if the liquid is kept stirred, but
gradually the speed slackens and finally a time comes when the water
at a given temperature will dissolve no more of the salt. The solu-
tion is then said to be saturated with the salt and it makes no differ-
ence how much potassium nitrate is available in excess of the amount
required to form a saturated solution, the solution when once satu-
rated at any temperature will dissolve no more salt.

The quantity of salt required to form a saturated solution varies
with the temperature, more so with potassium nitrate than with
many other salts. At 0° the saturated solution contains only 1.3 moles
of potassium nitrate, whereas 2.7 moles dissolve at 20° and 25 moles
dissolve at 100°.

If a solution of 5 moles potassium nitrate is prepared by dis-
solving the salt in hot water and the solution is then cooled to 20°,
we obtain what is called a supersaturated solution. A state of super-
saturation can be maintained for some time provided care is taken
not to disturb the solution in any way. If the supersaturated solu-
tion is agitated, or, better, if a tiny fragment of potassium nitrate is
thrown into it, crystallization starts and continues until finally the
solution only contains 2.7 moles of the salt, which is the quantity of
potassium nitrate required to form a saturated solution at 20°.

The solubility of a substance at any temperature is usually deter-
mined by two methods: first, by shaking up the salt with water until
a saturated solution is obtained; second, by forming a supersaturated
solution and allowing the excess of the salt to crystallize out. Usually
the values obtained by the former method are a little lower than the
values obtained by the latter method; a slightly undersaturated solu-
tion is obtained in one case and a slightly supersaturated one in the
other.

When a solution of potassium nitrate is brought into contact with
more of the salt, whether more of the salt will dissolve or not is
determined solely by the concentration of the solution. If it is
saturated already with potassium nitrate, no more of the salt will
dissolve; if unsaturated, more salt will dissolve to form a saturated
solution. The equilibrium between a liquid and a solid which is
soluble in it is determined solely by the concentration of the solution.
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The absolute quantity of substance and the absolute quantity of solu-
tion have no effect upon the final equilibrium.

Chemists prefer to look upon a state of equilibrium as a condition
of dynamic equilibrium rather than as one of static equilibrium.
Instead of thinking of the saturated solution of potassium nitrate as
one which has no tendency to dissolve more potassium nitrate, it is
preferable to consider the solution as one in which the tendency to
precipitate potassium nitrate is exactly balanced by the tendency
to dissolve potassium nitrate. When the solution is undersaturated
and more salt is available, the tendency to dissolve is greater than the
tendency to precipitate and when the solution is supersaturated the
tendency to precipitate is greater than the tendency to dissolve.

The equilibrium principle is the same in the case of difficultly
soluble substances. It requires only 0.0015 gram (=0.01 millimole)
of silver chloride to form a saturated solution in water. If more
than this quantity of silver chloride is produced as a result of a
chemical reaction taking place in an aqueous solution, all the excess
silver chloride will be precipitated. The solubility is so slight that
the precipitation is practically complete.

Chemical Equilibrium and the Mass Action Law

If hydrogen sulfide gas is passed into a solution containing zinc
chloride, a white precipitate of zinc sulfide is formed:

ZnCl24-H2S =ZnS+4-2HCI.

If the precipitate of zinc sulfide is filtered off and treated with hydro-
chloric acid it will dissolve:

ZnS+-2HCl =ZnClzs+Ho,S.

Similarly, the addition of ammonium carbonate to a solution of
calcium chloride in water causes the formation of a white precipitate
of calcium carbonate:

CaClz + (NH4)2CO3 = CaCOa +2NH4CI.

The precipitate can be dissolved, however, by boiling it with ammonium
chloride solution.

In each of the above cases, there are evidently two opposing
tendencies—the tendency of zinc sulfide to precipitate and the tend-
ency of zinc sulfide to dissolve; the tendency of calcium carbonate
to precipitate and the tendency of calcium carbonate to dissolve. To
express the fact that the reaction may go in either direction it is cus-
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tomary to write the symbols separated by a double arrow instead of
by an equality sign (cf. p. 8):

ZnCla+-H,S 2 ZnS+-2HCl,
CaClz2+(NHg)2CO3 2 CaC03+4-2NH,4Cl.

Such reactions are called reversible. It was once thought that
reversible reactions were of rare occurrence, but it is now customary
to consider all chemical reactions as reversible, although in many
cases and especially in most reactions used in analytical chemistry,
the reaction goes so completely in one direction that only a negligible
quantity of one or more of the initial substances remains unchanged.
In general, when two substances A and B react with one another at a
constant temperature to form C and D, then, to some extent at least,
C and D react to form A and B, and equilibrium is reached when the
ratio of the product of the concentrations of A and B to the product
of the concentrations of C and D has a definite, constant value. This
value is characteristic of the equilibrium between the compounds
involved.

In the above case, the reaction may be expressed as follows:

A+B=C+D,

in which A, B, C and D represent four different substances reacting
in the molecular proportions indicated by their symbols. The condi-
tions of final equilibrium is expressed by the mathematical equation:

[A1X[B] _
[CTX[D] ™

in which [4], [B], [C], and [D] represent the final concentrations of the
four reacting substances and % is some definite number called the
equilibrium constant. The value k varies with the temperature.

If more than one molecule of substance takes part in the reaction,
the conditions are somewhat more complicated. This is expressed by
the general equation '

mA +nB 2 pC+¢D
and the final equilibrium is expressed mathematically
[AI"X[BP" _,
[CIPX[D)*
in which [A], [B], [C], and [D] represent, as before, the concentrations
when equilibrium is reached.
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This is the so-called law of mass action, which was discovered by
Guldberg and Waage in 1867. It is to be noted that it is the concen-
trations, or masses present in a unit of volume, rather than the actual
masses of the substances, which find expression in this law.

This law applies to a state of homogeneous equilibrium. A homo-
geneous system is one in which every part of it is like every other
part. A mixture of two solid substances. is not homogeneous. A
solution, on the other hand, is homogeneous when it is thoroughly
mixed, as it is impossible to distinguish any difference between differ-
ent portions of the solution. Similarly a mixture of gases represents
a. homogeneous system. Such homogeneous systems are called
phases. A mixture of a solid, a solution and a gas represents three
phases; two solids, two phases; two immiscible liquids, two phases.

In the case of the reactions between zine chloride and hydrogen
sulfide and between calcium chloride and ammonium carbonate a
precipitate was formed in each case. The mass-action law applied
only to the zinc sulfide and to the calcium carbonate that remained in
solution. The fact that these substances are only very slightly soluble
in water favors the progress of the reaction in the direction by which
these substances are formed. The mass-action law shows that when
the concentration of any substance participating in a chemical reac-
tion is increased, this tends to increase the tendency for the reaction
to take place in the direction by which this substance is decomposed;
when any substance formed by means of a chemical reaction is removed,
this increases the tendency for the reaction to proceed in the direction
by which this substance is formed. The formation of a precipitate
or the escape of a gas, as fast as the substance is formed by means of
a chemical reaction, tends to make the reaction take place more com-
pletely. If the gas is all boiled off the reaction by which it is formed
will take place completely. Similarly if any precipitate were absolutely
insoluble in water, the reactions by which this substance is formed
would take place completely.

This law of mass action embodies one of the most important
principles utilized in analytical chemistry. It enables one to under-
stand why most of the reactions take place and to establish conditions
under which these reactions will occur to the best advantage. The
law has been verified by a great many quantitative as well as
qualitative experiments. It has been studied, for example, in
connection with the formation and decomposition of phosphorus
pentachloride.

When chlorine gas reacts with cold phosphorus trichloride, the solid
pentachloride is formed; but if this substance is heated, it breaks
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down into its constituents. The reaction is reversible and may be
expressed as follows:
PCls; 2 PCls+Cle.

At any given temperature an equilibrium exists which can be expressed
mathematically, according to the mass-action law,
(PCls] X[Cly] _ &
[PCls] !

in which [PCls], [Clz] and [PCls] représent the concentrations at the
time when equilibrium has been reached.

If we desire to volatilize phosphorus pentachloride so that the
least possible dissociation will take place, the above equation shows
us how this may be brought about.

If either [PClg] or [Clg] be increased, then in order that the value
of the fraction

[PCl3] X[Clg]
[PCls]

remains constant, it is evident that the concentration [PCls] must
become greater; or, in other words, the dissociation of the penta-
chloride becomes less and there will be practically no dissociation if
the pentachloride is volatilized in an atmosphere of phosphorus tri-
chloride or of chlorine. In this way, Wurz obtained for the density of
phosphorus pentachloride 6.80-7.42, instead of the calculated value 7.2.

At Stassfurt the mineral carnallite (MgClz-KCl-6H20) occurs and
was evidently formed by precipitation from solutions containing the
chlorides of magnesium and potassium. This double salt is less soluble
than pure magnesium chloride and more soluble than pure potassium
chloride. If carnallite is dissolved in water and the solution allowed
to evaporate until crystals are deposited, it will be found that the
crystals consist of potassium chloride. When the carnallite dissolves
in water, the double salt is decomposed, more or less completely accord-
ing to the dilution,

MgClz- KCl 2 MgCl:+KCl,

and for every concentration the equation holds:

(MgCla] X[KCl]

“[MgClp-KCI] — 2 constant.

If we wish to recrystallize the carnallite, the breaking down of the double
salt must be prevented as much as possible, and to do this it is merely
necessary to add an excess of MgCls. As a matter of fact, the mineral
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is recrystallized at Stassfurt from a 23 per cent solution of magnesium
chloride.

This law of mass-action applies to all cases of chemical equilibrium
that. takes place in a homogeneous phase, i.e., it can be applied to
all reactions which take place between gases and to all reactions that
take place in solution.
~ The law of mass action applies to the equilibrium between an ion-
ogen and its ions. In this connection, the law is of particular impor-
tance in the study of analytical chemistry.

Equilibrium between a Solid and Two Liquids

Although water, either pure or containing dissolved acid, is the
solvent most used in analytical chemistry, it often happens that a
substance is more soluble in some other liquid. Thus free iodine
is about 400 times as soluble in carbon disulfide as it is in water.
When iodine is in contact with both carbon disulfide and water, and
these two liquids are only slightly soluble in one another, it will dissolve
chiefly in the carbon disulfide. Moreover, if an aqueous solution of
iodine is shaken with carbon disulfide, the latter, when it separates
out beneath the water, will contain nearly all of the iodine. A state of
equilibrium then exists between the solution of iodine in water and the
solution of iodine in carbon disulfide. Such an equilibrium is governed
by the so-called distribution law or law of partition. If C, represents
the concentration of a substance in a solvent A and Cp is its con-
centration in a solvent B, equilibrium is reached when

Ca

o
This is the mathematical expression of the distribution law. The con-
stant, k, is called the distribution coefficient. In this simple form,
it is important to note that the law holds only when each concentra-
tion is expressed in terms of the same molecular species. Thus if a
substance is dissociated to a large extent in one solvent and scarcely
at all another, the concentrations involved must be those of the un-
dissociated salt in each case. It is quite common to find that the
tons of a substance are much more soluble in water than in any other
solvent whereas for the undissociated substance the relations -are
reversed. Iodine dissolves to a greater extent in a solution of potas-
sium iodide than it does in pure water, owing to the formation of KI3.
In such a solution the following equilibrium exists:

KI+I; 2 Kls.

k.
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If such a solution is shaken with carbon disulfide, the distribution
law holds only for the free iodine held in solution as such in each
solution.

For iodine in pure water and iodine in carbon disulfide, the dis-
tribution coefficient is ;5. Theoretically it is impossible to remove
all the iodine from water by shaking with carbon disulfide, but if the
carbon disulfide is removed, with the aid of a separatory funnel, and the
aqueous solution is shaken with fresh carbon disulfide, it is evident
that the quantity of iodine remaining with the water is negligible,
or can be made so by repeating the operation.

Sometimes in testing for the halides it is desirable to remove free
halogen from the aqueous solution; to accomplish this, the distribu-
tion principle is utilized. Ferric chloride is much more soluble in
ether and hydrochloric acid than it is in water and hydrochloric acid;
to detect the minor constituents of iron or steel, a large sample of the
original material is taken and the ferric chloride removed by shaking
the hydrochloric acid solution with ether. Perchromic acid is more
soluble in ether than it is in water; by shaking the dilute aqueous
solution with a little ether, a concentrated solution in the latter is
obtained and the presence of the chromium shown by the beautiful
blue color.

Influence of Changes in Concentration upon the Ionization of
Electrolytes

If we assume 1 gm. molecule of a weak electrolyte, such as ammo-
nium hydroxide, to be dissolved in v liters of solution, the original
substance will be partly dissociated according to the equation

NH,OH =2 NH, +O0H"

into ammonium and hydroxyl ions. If « gram molecule of the base
is dissociated in the sense of the above equation, then the undisso-
ciated part will amount to 1—a.
The concentrations per liter are
‘ undissociated dissociated
NH4OH 2 NH4++O0H-
l—¢ & @
v v v
and according to the mass-action law
k.l_—‘f‘_=a_2
v v?
o2
T (1—a)
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The constant % is known as the ionization- or affinity-constant;
it is independent of the dilution and is characteristic for every elec-
trolyte. The expression shows, however, that by increasing v, or
diluting, the fraction of the molecule dissociated (@) will be made
larger.

If to the solution of the base we add » additional ammonium ions,
by adding solid ammonium chloride, then if n is considerably larger
than a the degree of dissociation of the base will be greatly diminished,
namely, from « to a1, a value which can be readily computed as follows:

In the solution there is present per liter

undissociated dissociated

NH4OH 2 NH4t+-0OH~

-1 a1tn at
v v v’
therefore

_(a14n)ay
k= (l—al)v :

If & and n are known, oy can be computed:

_ —(n4vk)£EV (n+vk)é+4vk
a1 = 5 .

In the case of 0.1 N ammonia solution the ammonium hydroxide
is dissociated only to an extent of 1.32 per cent, the dissociation con-
stant being 0.000018. If we add to 10 liters of this ammonia solution
2 gram-molecules of ammonium chloride (107.08 gms.), then since the
ammonium chloride is 93 per cent dissociated at this dilution, we are
adding 2X0.93=1.86 NH4 ions. If this value be inserted in the
above equation, a; becomes 0.00009; in other words, the dissociation
of the ammonium hydroxide is diminished by the addition of the am-
monium chloride from 1.32 to 0.009 per cent. The solution now
contains so few hydroxyl ions that it will not cause precipitation in
solutions of magnesium salts (cf. pp. 46, 94).

Similarly the dissociation of weak acids is lessened by the addi-
tion of their salts. In the case of the stronger acids and bases, the
effect of adding a neutral salt to the solution is not so remarkable,
because the stronger acids and bases are dissociated to about the
same extent as their salts.

Solubility Product

Silver chloride is slightly soluble in water; 0.00001 mole (1.5
mgs.) of the solid dissolves in 1 liter of the solvent. When water
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is placed in contact with an excess of silver chloride, a state of
equilibrium is soon reached between the solid and the solution. If
more than this quantity of dissolved substance is present at any time,
the solution is supersaturated and tends to precipitate silver chloride;
if less, then more silver chloride will be dissolved. When equilibrium
is reached the tendency of the salt to precipitate is equal to the tend-
ency of the salt to dissolve.

The dissolved silver chloride also exists in a state of equilibrium
between the ionogen and the ions. This equilibrium apparently
takes place almost instantly, whereas the equilibrium between the
solid and the solution is established more slowly. For all concen-
trations of such a slightly soluble substance as silver chloride, it is fair
to assume that the mass action law holds rigidly. Applied to the
reaction

AgCle Agt+4-ClI™

and denoting the concentration of non-ionized silver chloride as [AgCl],
of silver ions as [Ag], and of chlorine ions as [Cl], the law is expressed
as follows:

[AgIx[Cl_
[AgCl]

In this equation k has a definite value, called the 7onization constant,
which varies with the temperature but has otherwise a definite value
for every substance. When the solution is saturated with silver
chloride the value of both numerator and denominator has reached
the saturation value. If the value of [AgCl] is made greater than
corresponds to this saturation value, the solution is supersaturated
and is no longer in equilibrium with undissolved solid. The value
[AgCl] could be used for expressing the solubility of the substance,
but it is often more convenient to use the ion concentration product
[Ag] X[Cl] which is called the solubility product. In general, if the sub-
stance A,,B, ionizes into mA and nB ions, the solubility product,
Sy, is found by the following equation:

Sp=[A]"X[BI"=k[4,B,],

in which k is the ionization constant and the concentrations are those
of a saturated solution. ,

Experience has shown that the conditions are somewhat more
complicated in concentrated solutions such as are obtained with the
very soluble substances. In future discussion, therefore, the solu-
bility will be expressed, as a rule, in terms of the solubility product



SOLUBILITY PRODUCT 21
only when the substance does not dissolve to a greater extent than
0.01 mole per liter. The table on page 10 shows that’ binary salts
of the type represented by AgCl are ionized to about 84 per cent
in 0.1 N solution, and we have seen on page 19 that the ioniza-
tion increases as the solution is diluted. In the case of such a dilute
solution as that of silver chloride (0.00001 normal) the ionization
is nearly 100 per cent. It is therefore logical, in such cases, to express
the solubility in terms of the ions, whereas in the case of the very solu-
ble substances it is better to measure the solubility in terms of the
. mass of dissolved substance.

The numerical values of the ionization constant and of the solubility
product depend upon the units used in measuring the mass of the
dissolved substance or ions and in measuring the volume of the solu-
tion. It is customary, in this case, to express the concentration in
moles per liter (cf. p. 9). In the following table the solubility of the
substance is expressed in three ways: in grams of dissolved substance
per liter, in moles per liter and, finally, in terms of the solubility prod-
uct, using moles per liter. The solubility of most ot the substances
‘given in the table is so slight that the quantity dissolved is negligible
for most purposes. Whenever the word insoluble is used in this book
it is with the understood limitation that no substance is absolutely

insoluble in water.
SOLUBILITIES AND SOLUBILITY PRODUCTS AT ROOM

TEMPERATURE

Substance. Gr%%gb;lé:yﬁi?er. M%(l’é‘sﬂ;;t}iiltner. Solubility Product.
AgBr......... 1.1X10-¢ 5.9X10-7 [Ag]X[Br]=3.5X10-13
Ag(CN)s.. . ... 4.3X10-% 1.6X10-7 [Ag] X[Ag(CN),|=2.6X10-14
AgCNS....... 1.4X10-4 8.4X10-7 [Ag] X[CNS]=7.1X10-13
AgCl......... 1.5%X10-3 1.1X10-5 |[Ag]X[Cl]=1.2X10-10
AgCrOy.. . .... 2.5X10-2 7.5X10-5 [Ag]2X[CrO4=1.7Xx10-12
Ag.Cry07. ... .. 8.3X10-? 1.9X10-* [Ag]2X[Cr04]=2.7 X101t
AgO........ <. 2.1X10-2 9.0X10-8 [Ag] X[OH]=1.9X10-8
Agl........... 3.0X10-¢ 1.3X10-8 [Ag]X[I]=1.7X10-16
AglOs......... 4.4X10-2 1.5X10-* [Ag] X[I0s]=2.3X10-8
AgiPOy. ... 6.5X10-3 1.6X10-% [Ag]PX[PO,=1.8X10-18
AgSO4. ov v vt 8.0 2.6X10-2 [Ag]2X[SO4=7.0X10-5
BaCOs........ 1.3X10-2 4.3X10-5 [Ba] X[COs5]=1.9X10-?
BaCrOq. ...... 3.8X10-3 1.5X10-5 [Ba] X[CrO4=2.3x10-10
BaSOy4........ 2.5X10-3 1.1X10-8 [Ba] X[SO4=1.2Xx10-10
BaF,.......... 1.3 7.5X10-3 [Ba] X[F]2=1.7X10-¢8
CaCOs........ 1.3X10-2 1.3X10-* [Ca] X[COs]=1.7X10-8
CaCyOy4en.n. .. 8.0X10-3 6.2X10-5 [Ca] X[C04=3.8X10-9
CaCrOq. . ..... 23. 1.5X10-! [Ca] X[CrO4)=2.3X10-2
CaFoo. ... ... .. 1.6X10-2 2.0X10-+ [Ca] X[F]2=3.4X10-11
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SOLUBILITIES AND SOLUBILITY PRODUCTS AT ROOM
TEMPERATURE—Continued

Substance. Gg‘;}]‘gbﬁgﬁfi‘t‘er. Mﬁ‘l’;;";‘;‘r"ii‘;‘er‘ Solubility Products.
CaSO4..vv.... 2.0 1.5X10-2 [Ca] X[SO4=2.3 X104
Cuy(CNS);.....| 5.0X10-4 2.1X10-¢ [Cu] X[CNS]=1.7Xx10-1*
CuCl. .. ..... 1.2X10-1 6.0X10-% | [Cu]X[Cl]=1.4X10-°
Culp. oot 3.0X10-4 8.0X10-7 [CulX[I]=2.6X10—12
CuS.......... 8.8 X102 9.2X10-23 [Cu]X[S]=8.5X10-145
CdS.......... 8.6X10-13 6.0X10-15 [Cd] X[S]=3.6X10-2°
Fe(OH)zeo oo il vovenean | o co... | [Fe]X[OH]2=1.6X10—*
FeS....covonn. 3.4%10-% | 3.9X10-10 |[Fe]X[S]=1.5X10-1®
Fe(OH)ao. oo oo o] v | oo [Fe] X[OH]*=1.1X10-36¢
Hg,Bre........ 3.9X10-8% 6.9X10-8 [Hg:] X[Br]*=1.3 X10—2*
HgCl........ 3.8X10-* | 8.0X10-7 |[HgX[Cl]?=2.0X10-18
Hgly.ooonn... 2.0X10-7 | 3.1X10-1 |[Hg)X[=1.2X10-18
HgO. ool oo L [Hg] X[OHJ*=4.3X10- 167
HES. ool i i (Hg] X[S]=4.0X10 -5
K,PtClg. . ..... 11 2.3X10-2 [K]2X[PtClg] =4.9X10-5
MgCOs........ 4.3%10-1 | 5.1X10-3 |[Mg]X[COs=2.6X10-5
Mg(OH).. . ... 1.2X10-2 | 2.0X10-¢ |[Mg]X[OH]?=3.4X10-11
MgNH,PO, 8.6X10-3 | 6.3X10-5 |[Mg]X[NH{X[POJ=2.5X10-13
MnOH)s. .o o] oo | [Mn] X[OH]2=4.0 X101 :
MnS.......... 3.3X10-¢ 3.8X10-8 [Mn]X[S]=1.4X10-1
NiS lsesoluble |7 03%10-11 | 1.2X10-1 | [Ni]X([S]=1.4X10-2*
PbBry........ 9.7 2.7%10-? | [Pb]X[Br]?=7.9X10-5
PbCly......... 11. 3.9X11-2 [Pb] X[Cl]2=2.4X10-*
PbCO;z........ 1.1x10-3 4.1X10-¢ [Pb] X[CO3]=1.7X10-11
Pbly.......... 6.8X10-1 1.5X10-3 [Pb] X[I]2=1.4X10-8
Pbs(POs)s.. .. .. 1.4X10-4 1.7X10-7 | [PbPX[POgJ2=1.5X10-3
PbSO4. . ...... 4.2X10-2 1.5X10-* [Pb] X[SO4=2.3X10-8
PbCrOy. . ..... 4.3X10-5 1.3X10-7 [Pb] X[CrO4=1.8X10—14
PbS.......... 4.9%X10-12 2.0X10-14 [Pb]X[S]=4.2X10-28
Sl‘CzO.; ........ 66)(10”2 3.8X10-* [SI‘]X[CzO4]=14X10_7
SrCOs.. v vnn ... 1.0X10-2 6.8X10-5 [Sr] X[CO;]=4.6X10-°
SrFe. ... 2.3X10-1 1.8X10-3 [Sr]X[F]2=2.5X10-°
Sr804. ..o a. .. 1.1X10-t 6.0X10-4 [Sr]X[S0O4=3.6X10-7
TIBr.......... 4.8X10-! 1.7X10-3 [T1] X[Br]=2.9X10-6
TICNS........ 3.2 1.2X10-2 [T1) X [CNS]=1.4X10-4
TICl.......... 3.4 1.4X10-2 [T} X[Cl]=2.0X10—14
TH........... 6.4X10-2 1.9X10-¢ [TI]X[I]=3.6X10-8
ZnOH)sn o oo | oo | (Zn] X[OH?=1.8X10-14
ZnS........... 3.3X10-10 3.5X10-12 [Zn] X[S]=1.2X10-23

The above table is prepared from many sources, and the values
are based, in some cases, upon solubility determinations by methods
which are now considered inaccurate. The table gives a good idea,
however, of the relative order of magnitude. For copper sulfide,
the table states that 8.8X10~2 gms. dissolve in 1 liter of water.
Obviously, the experimental determination of such a small value is
fraught with difficulty and the probable error is large. For most
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purposes such a value represents a negligible quantity and the state-
ment is often made that copper sulfide is insoluble in water. It is
instructive, however, to compare the solubility products of the various
sulfides and important methods of separation have been based upon
such studies. Only two significant figures have been given in the
table, although it is obvious that more would be justifiable in the
case of the more soluble substances, while even the first figure is doubt-
ful for the very insoluble substances. The values are affected to
different degrees by changes in temperature and the presence of
other substances in solution. A careful, critical study of all the experi-
mental data would be necessary to give the proper number of signifi-
cant figures and it would be necessary to give the exact temperature.

- In computing the solubility products, the assumption has been
made that the ionization is complete. Such an assumption is not
permissible with a substance such as ferric hydroxide, and in such
cases only the approximate value of the solubility product is given;
the molar solubility and the grams per liter are not stated. In other
cases the ionization is abnormal as noted.

Two examples will be given to illustrate the method of computing
the molar solubility, S, and the solubility product, S,. A saturated
solution of silver iodide contains 3.0X10-% gms. (=0.0030 mg.)
per liter. The molecular weight of silver iodi(}ie is 234.8. The satu-
3.0X10~ .
— o35 =1.3X10"8. At this
dilution the dissolved silver iodide can be assumed to be completely
ionized:

rated solution, therefore, contains

Agl 2 Agh+17,

and since 1 mole of silver iodide furnishes 1 mole of silver ions and 1
mole of iodine ions, it is evident that the solubility product, S,, is for
[Ag]X[1]=[1.3X10-8] X[1.3X10-8] =1.7X10-16=8,

A saturated solution of silver phosphate contains 6.5X10-3 gms.
(=6.5 mgs.) per liter.: The substance is much more soluble in water
than silver iodide, but its solubility product is smaller. The molecular

weight of silver phosphate is 418.7. The saturated solution, there-
6.5x103

419
can be assumed to be completely ionized:

AgzPOs 2 3AgT+POS,
1 mole of silver phosphate yielding 3 moles of silver and 1 mole of
phosphate ions. The solubility product is ‘

[Ag]B X[PO4]=[3X1.6X1075]3X[1.6 X10-5]=1.8 X 10-18 =8,

fore, contains =1.6X10-% moles of silver phosphate which
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Complex Ions

Silver chloride is slightly soluble in water; 1 liter dissolves about
1.5 mgs. It dissolves very readily in dilute ammonia. The following
reaction takes place:

AgCl+2NH;3 2 Ag(NHj3)oCl.

A study of the properties of this new substance shows that it dis-
sociates in aqueous solution chiefly in this way:

AgNH;Cl 2 Ag(NH;s)o*+CI-.

The ionic changes involved in the last two equations may be
expressed thus: .
Ag*+2NH; = [Ag(NHs)]*

and, in accordance with the law of mass action, the greater the con-
centration of the ammonia, the greater the extent to which the reac-
tion takes place in the direction left to right. In a normal solution
of ammonia, the ratio of the concentration of the [Ag(NHjs)e] ion to
that of the simple Ag ion is about 107 : 1. The [Ag(NHj3)2] ion differs
from the simple Ag ion in much the same manner as the ClO, ClO2, or
ClOg3 ion differs from the simple Cl ion. It is called a complexr cation.

When potassium cyanide is added to silver nitrate solution a white
precipitate of silver cyanide is formed:

KCN+AgNO3=KNOs3+AgCN,
but if an excess of potassium cyanide is used the precipitate dissolves
AgCN+KCN =KAg(CN)s.
In this case the ionic changes may be expressed as follows:
Agt+CN~ 2 AgCN,
AgCN+CN™ 2 [Ag(CN)q]™

and the silver has become a part of the anion. In this case the value
of the ratio of complex ion to simple ion is even larger than in the case
of the silver ammonia cation.

Similarly, when insoluble ferrous cyanide is treated with an excess
of potassium cyanide, it dissolves, forming potassium ferrocyanide,

Fe(CN)2+4KCN = K4[Fe(CN)g).

This salt gives none of the ordinary reactions of ferrous ions. The
iron forms an integral part of the complex ferrocyanide ion which has
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1ts own characteristic reactions, and during electrolysis alwavs migrates
toward the anode:

K4Fe(CN)g] 2 4K*+Fe(CN)g~".

It is, in fact, quite common to find that simple salts, particularly
in concentrated solutions, are capable of forming such complex com-
pounds. The simple ions can unite with neutral molecules, or with

" ions of opposite charge, to form complex ions. If a simple ion adds
to itself a neutral molecule, such as HoO, H202, NH3 or organic radicals,
then neither the original valence nor the electric charge is changed.
Thus the trivalent cobalt ion is capable of forming a deep red ion with
6 molecules of ammonia and this complex ion has a trivalent charge
like that of the original simple ion.

Cot**4+6NH;3 = [Co(NHs)glt+.

If, in such a complex ion, one or more of the ammonia groups is
replaced by a negative univalent ion, the valence of the complex ion
is reduced one for each atom of negative ion thus entering into the
complex.
e, ++, (NO2)2] [ (NO2)3]
(Co(NHa)al* ++; [Co(NHy)s-NOat*+; [Cof{E2|"; [co{Rner

In the presence of potassium cyanide, the trivalent cobalt ion
unites with six CN ions to form a complex which has, in accordance
with the above rule, a triple negative charge. The valence or eleciric
character of a complex ton s the algebraic sum of the valencies or elec-
tric charges of the constituents.

As already indicated, the stability of these complex ions varies.
When the complex is very stable, the common reactions of the con-
stituents are not shown.

Besides these complex ions certain double salts are known. Thus
potassium and aluminium sulfates crystallize together, forming -an
alum, X2S04-Al2(S04)3-24H20. When this salt is dissolved in
water, the solution shows all the reactions for potassium, aluminium
and sulfate ions, and there is little evidence of the formation of a
complex ion. To determine, in a given case, whether a substance
is a double salt or a complex salt, it is customary merely to see whether
the characteristic reactions of the simple ions are shown. A salt
exists which has the symbol KCr(Cz04)2:-5H20. An aqueous solu-
tion of this salt readily shows the reactions for the potassium ions,
but reacts sluggishly when tested for chromium cations or for oxalate
anions. Evidently the chromium and the oxalate have united to form
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a complex anion with a negative valence of one, but this complex is
not as stable as some of the others that have been mentioned. It is
probable that there is no sharp distinction between the double salts
and the complex salts and probably the double salts are most logic-
ally to be classed as complex salts of which the complex ion is not
very stable. As a general rule, those complex salts which are composed
of neutral salts of strong acids yield complex anions which are largely
dissociated into simple ions in dilute solution. On the other hand,
complex ions composed of positive ions and anions of weak acids are
usually very stable.

Reactions of the Ions

As already indicated, most of the reactions used in qualitative
analysis involve reactions between ions. We have seen that, in prin-
ciple, all reactions are reversible and have learned to understand
some of the laws which govern these reversible reactions. In analyti-
cal chemistry, it is necessary for the most part to employ reactions
which take place almost completely in the desired direction. Unless
a reaction can be made to go nearly to completion in a given direction,
it is of little value either as a sensitive test or for furnishing a method
of separation. The useful reactions of qualitative analysis, namely
those which apparently go to completion, may be brought into four
classes:

(1) Reactions in which a gas is formed.

(2) Reactions in which a precipitate is formed.

(3) Reactions in which a non-ionized substance is formed.

(4) Reactions of oxidation and reduction.

When a gas is formed as a result of a chemical reaction and the
gas escapes, the reaction will go to completion. All gases can be
boiled out of solution and thus all reactions of this type can be made
to go to completion. The reaction can be stopped by preventing
the escape of the gas; this shows that the reaction is inherently a
reversible one.

Whenever a substance which has a very small solubility product
is formed by means of a chemical reaction, the greater part of the sub-
stance will leave the solution in the form of a precipitate and the
reaction will go practically to completion. The table on page 21
-shows that the saturated solution of silver chloride contains only
about one hundred-thousandth of a mole (=0.01 millimole) of solid
salt per liter. The table also shows that when the product obtained
by multiplying the concentration of the silver ions by the product
of the concentration of the chlorine ions in any aqueous solution is



OXIDATION AND REDUCTION 27

equal to 1.3X10-10 the solution is saturated with silver chloride.
By adding an excess of chlorine ions to a solution containing silver ions,
it is possible, therefore, to precipitate nearly all of the silver. It is
evident that it will take less silver ions to give the solubility product
when an excess of chlorine ions is used than is necessary when pure
silver chloride is dissolved in water.

The precipitated silver chloride will dissolve completely in potas-
sium cyanide, because the silver ion forms with the cyanide ion a
complex which is ionized to such a slight extent that the solubility
product of silver chloride is no longer reached, even although all the
chlorine is present in the ionic condition.

The formation of a non-ionized substance also causes a reaction to
go to completion. The table on page 10 shows the ionization values
of a few common substances. This table may be used cxactly like that
of the solubility products to enable one to predict whether a reaction
is likely to go in a given direction. The equilibrium hetween water
and its ions H and OH has been discussed on page 6. The same
reasoning may be applied to the equilibrium between any other slightly
ionized substance and its ions; whenever the ions are added sepa-
rately to a solution, some of the non-ionized substance is at once
formed. Thus when any acid is added to the solution of a sulfide
a reaction takes place, partly because the hydrogen sulfide is a very
weak electrolyte and partly because the substance is a gas. Sim-
ilarly calcium phosphate dissolves in hydrochloric acid because
more PO4~ ions are formed from dissolved calcium phosphate than
are formed from HsPO,4~ ions in the presence of an excess of H* ions
from the hydrochloric acid; the reaction takes place because of the
formation of a non-ionized substance.

Finally, many reactions of oxidation and reduction take place nearly
to absolute completion, although all these reactions can be shown
to be inherently of a reversible type. To understand such equilibria,
however, it is necessary to discuss oxidation and reduction at greater
length.

Oxidation and Reduction

The term ozidation, in its narrowest sense, signifies the taking
up of oxygen by an element or compound. Thus ferrous oxide, on
being heated in the air, is converted into ferric oxide and the reaction
is called an oxidation. Since, however, ferric chloride bears the same
relation to ferrous chloride that ferric oxide bears to ferrous oxide,
it is customary to call the change of ferrous chloride into ferric chloride
an oxidation, although it is not necessary to think that oxygen takes
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part in the reaction at all. This is an interesting example of a word
in common use which has come to mean a great deal more than it
originally meant. Indeed, chemists have departed so far from the
original meaning of oxidation that sometimes the word seems inappro-
priate, and the use of another word, such as adduction, has been sug-
gested. Reduction is the exact opposite to oxidation, and whenever
one substance is oxidized some other substance is reduced. Hydrogen
was formerly considered to be the typical reducing agent, so that the
definition for oxidation used to read something like this: Oxidation
is the addition of oxygen (or its equivalent) to an element or com-
pound or the taking away of hydrogen (or its equivalent).
The reaction between ferrous chloride and chlorine:

2FeCle+Cle = 2FeCl3,
expressed in terms of the ionic theory becomes,
2Fe**++Cly=2Fet**4+2C1

In other words, the diferrton has been converted to iriferrion and the
neutral chlorine molecule has become changed to negatively charged
chloride ions. In all other reactions in which a ferrous salt is oxi-
dized, the valence of the iron is increased one, and the modern concep-
tion of oxidation and reduction is summed up very simply as follows:

Ozxidation is the tncrease in the valence of an element or radical in the
positive direction; reduction is the increase in the valence of an element
or radical in the negative direction. Oxidation involves the assumption
of positive charges or the loss of negative charges and reduction in-
volves the loss of positive charges or the assumption of negative charges.

According to the electronic conception of the constitution of matter,
the atom of an element consists of positively charged corpuscles and
negatively charged corpuscles or electrons. The mass associated
with the positive electricity is much larger than the mass associated
with the equal charge of negative electricity. The number of positive
and negative electrons which make up the atom is probably a very
small multiple of the atomic weight of the element. The mass asso-
ciated with a unit negative charge is so small that it may easily be lost,
but only under conditions such that it is accepted by some other atom.
The originally neutral atom which loses the electron thus becomes
positively charged and the atom which accepts the negatively charged
electron becomes negatively charged, and a tube of force holds the
two elements together in a so-called chemical compound. In the light.
of the electron theory, therefore, an element is oxidized when it loses
an electron and an element is reduced when it receives an electron.
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This is the simplest, and at the same time most comprehensive theory
of oxidation that has ever been suggested.

Oxidation, according to this conception, is essentially an electric
phenomenon. This theory suggests the thought that it ought to
be possible to accomplish oxidation and reduction simply by means of
electric energy. As a matter of fact probably every oxidation and
reduction can be brought about in the electrolytic cell if the proper
conditions be maintained. Using the conventional symbol @& to
designate a unit charge of positive electricity and (¢) to designate a
unit charge of negative electricity, but bearing in mind that the nega—
tive electricity is alone transferred and that the only way an element
can gain in positive charge is by losing one or more negative electrons,
we may express oxidations in the electrolytic cell as follows:

Fet++ @ — Fet*+, or Fett—(@©—ict*™

Such oxidations take place at the electrode called the anode. Con-
verscly, at the cathode, ferric salts can he reduced to the ferrous
wondition:

Fet+ +_|_®_) Fett.

Not only may all oxidations and reductions be accomplished with
the aid of the electric current, but, vice versa, an electric current may
be produced by a proper arrangement of the components of any reac-
tion of oxidation and reduction. Thus some ferric chloride and sodium
chloride solution in a small beaker may be connected with a second
beaker containing sodium chloride by means of a U-tube filled with
dilute salt solution. If a platinum electrode is placed in each beaker
and the terminals are connected with a sensitive voltmeter, no cur-
rent will pass through the wire. On pouring some hydrogen sul-
fide water into the beaker containing sodium chloride, a decided deflec-
tion of the voltmeter needle is at once observed, showing the passage
of an electric current. The negative current enters the voltmeter
from the solution containing the hydrogen sulfide and passes on to
the ferric chloride solution and back, through the salt-bridge, to the
hydrogen sulfide solution. The chemical reaction that takes place is,

Fett+4+8= — 2Fet t4-8.

The electric current is produced as a result of the oxidation of the
sulfide ions and reduction of the ferric ions.

Oxidation and reduction reactions are inherently rever51ble reac-
tions, like all other chemical reactions, and are effected by the concen-
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trations of the reacting substances. Thus, in the above experiment
the intensity of the electric current can be greatly increased by using
a soluble sulfide instead of hydrogen sulfide, the former being more
largely dissociated and yielding a larger concentration of sulfide ions.
Or, by adding a fluoride to the solution of ferrie chloride, a fairly stable
complex ion, FeF¢~, is formed and the current slackens, owing to the
decreased concentration of the ferric ions.

The most important oxidizing agents used in analytical chem-
istry are the halogens, nitric acid, potassium permanganate, potassium
dichromate and hydrogen peroxide.

The ‘most important reducing agents are mascent hydrogen and
metals, sulfurous acid, hydrogen sulfide, stannous chloride and hydri-
odic acid.

The oxidizing action of halogens depends upon the conversion
of the neutral halogen into halogen anions.

The oxidizing action of halogen upon ferrous ions results in the
formation of ferric ions and of halide ions:

9Fe**+Cly — 2Fe*t+++2CI-,
or
2FeCly+Clp = 2FeCls.

The action of. halogen upon hydrogen sulfide is interesting. First
of all, the sulfid-ion is oxidized to free sulfur,

HoS+Bre — 2HBr+-S,

but, if the bromine is fairly concentrated, the reaction may go farther
and the sulfur be converted into sulfuric acid, the whole reaction being

H>S+4Bre+-4H20 = H2S04+8HBr.

It will be noticed that it is very easy to balance equations of
oxidation and reduction by noticing the change in valence. In this
last equation sulfur goes from a negative valence of two to a positive
valence of six, making an algebraic change of eight, which corresponds
to the loss of eight electrons by the sulfur atom.

The oxidizing action of nitric acid depends upon the reduction
of the nitrogen. The extent of the reduction depends upon the con-
centration of the nitric acid and the nature of the substance oxidized.
The more concentrated the nitric acid, the less it is reduced; the more
concentrated the reducing agent and the stronger its reducing power
the greater the reduction of the nitric acid. Nitric oxide, NO, is
commonly formed, but often other products such as nitrogen peroxide,
nitrous oxide, nitrogen and even ammonia are produced.
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In nitric acid, the nitrogen atom has five positive electric charges
residing upon it. When it is reduced to nitric oxide, NO, it has only
two positive charges, the nitrogen having accepted three electrons.
The reaction between a ferrous salt and nitric acid is,

3Fett*+NO3; +4Ht—3Fet T+ NO+2H-0,
or
6FeS04+2HNO3+3HS04 =3Fe2(S04)3+2NO+4H:0.

The reaction is doubled in the last instance simply to get an even
number of molecules of Fez(SO4)s. The addition of sulfuric acid is
unnecessary, as the nitric acid can also act as an acid, in which case
a mixture of ferric sulfate and nitrate is formed:

3FeS04+4HNO3z =Fe2(504)3+Fe(NO3)s+NO-+2H-0.

The action of nitric acid on a sulfide is interesting. If the nitric
acid solution is cold and dilute (0.3 N) there is hardly any oxidation
of the sulfur:

MnS+2HNO3; =Mn(NO3)2+HsS.

If the nitric acid is more concentrated (e.g., 2 N) and the solu-
tion is heated, the sulfide is changed to nitrate and free sulfur is
formed. Thus for the reaction between copper sulfide and hot nitrie
acid, each atom of copper requires two nitrate ions, each atom of sul-
fur loses two electrons and, in accomplishing the oxidation, each atom
of nitrogen gains three electrons. The reaction may be expressed
thus: :

3CuS+8HNO3 =3Cu(NO3)2+4H20+435+2NO,
or '

3CuS+8H"+2N05~ — 3Cut t*+4H0+3S+2NO.

If the nitric acid is very concentrated, the greater part of it is
reduced only to NOz and the sulfur is oxidized to sulfuric acid. The
reaction may then be written:

CuS+8HNO3 =CuS04+8N02+44H0.

The oxidizing action of permanganate depends upon the readi-
ness with which the manganese is converted into a manganese com-
pound of lower valence. In the permanganate anion, MnO4~, the
manganese has a positive valence of seven. Ordinarily, in acid solu-
tlon, the permanganate is reduced to bivalent manganese cation,
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corresponding to a loss of five positive charges, or acceptance of five
electrons:
MnO4 +5Fet t4+8H=Mnt*+45Fe* + *+4H,0;

2MnO4 +5H2S+6H" =2Mn* *+58+8H,0;

++ ‘
2MnO4+58n* ++16H* = 2Mn* *+5Sn* *+8H,0;
2MnOs +10HI+6H* =2Mn* *45I,48HO0.

The oxidizing action of a chromate or dichromate ordinarily
depends upon the formation of trivalent chromic ions. In the chro-
mate and dichromate ions the chromium atom has a positive valence
of six, so that for each atom of chromium the reduction corresponds to
a loss of three positive charges, or gain of three electrons. Potassium
chromate in acid solution is in equilibrium with the dichromate:

2CrOs~+2H* — 2HCrOs~ — Hy0+Cr:07=.

In balancing equations, therefore, it makes little difference whether
we start with the chromate or dichromate, except with respect to
the quantity of acid required:

Cr207~+6Fet T +14H* — 2Crt ¥ *4-6Fet * *+7H,0;
Crz05=+38+ 14H* — 2Cr**++ 438 +7TH;0;

++
Cre07~+3Sntt+14H* — 2Crt "+ 4-38n* *+7H,0;
Cr207;~+61"4+14H* — 2Cr* *t 431, +7H,0.

Hydrogen peroxide acts both as an oxidizing agent and as a
reducing agent. It oxidizes ferrous chloride to ferric chloride and
it is capable of reducing permanganate to manganous salt. This
anomalous behavior has been the cause of considerable discussion
in the literature. It is unnecessary to go into the details of such a
discussion, but a simple explanation of this behavior will be suggested.
In all the other compounds of hydrogen and oxygen that we shall
study, hydrogen has a positive valence of one and oxygen a negative
valence of two. With hydrogen peroxide, also, it is best to assume
that the hydrogen has its normal valence corresponding to one posi-
tive charge. Two structural formulas are at once suggested for hydro-
gen peroxide,

H H—-0
H>O:0 or T.
H—-0
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Each of these formulas gives to one atom of oxygen its normal negative
charge of two units of electricity and each gives to one atom of oxygen
an equal number of positive and negative charges. It is unnecessary,
therefore, to attempt to decide which of these formulas is the more
appropriate.

The characteristic behavior of hydrogen peroxide may be traced
to the presence of the atom of oxygen which has an equal number of
positive and negative charges. In alkaline solution, hydrogen
peroxide decomposes spontaneously and oxygen is evolved. This
spontaneous decomposition, with the formation of neutral oxygen, is
easy to understand on the basis of the assumption that the original
molecule already contains the atom of oxygen in a very unstable con-
dition of neutrality.

The oxidizing power of hydrogen peroxide is due to this atom of
oxygen. In acid solutions ferrous iron is converted by it to the ferric
condition. The peculiar atom of oxygen loses its positive charge and
receives in its place a negative charge; the total change corresponding
to the acceptance of two electrons:

2Fet -+ Hy05+2H" — 2Fet +++4+2H,0.

The reducing power of hydrogen peroxide also depends upon the
presence of this atom of oxygen. When in contact with a powerful
oxidizing agent, such as permanganate or another peroxide; a reac-
tion takes place and oxygen gas is evolved. It has always been
assumed, since the classic experiments of Schonbein, that half of the
evolved oxygen comes from the oxidizer and half from the hydrogen
peroxide. It is simplest to assume, therefore, that the oxygen is
momentarily changed to an atom with two positive charges which at
once unites with negatively charged oxygen in the oxidizer; or, this
oxygen in the hydrogen peroxide may unite with similarly charged
oxygen in another peroxide.

2MnO4 +5H202+6H* — 2Mn* *+4-8H204-505;
MnO:+H302 429" — Mn*t *+2H2040s;
Co0203+H202+4Ht — 2Cot T +3H20+0s.

The characteristic action of the more important oxidizing agents
has now been considered briefly and it remains to describe the char-
acteristic behavior of the important reducing agents. Since every
oxidation involves a simultaneous reduction, all of the above reac-
tions can be used to illustrate reduction as well as oxidation.

The reducing action of nascent hydrogen and of metals depends
upon the conversion of the neutral hydrogen or metal into positively
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charged cations. Such a reduction may take place in acid, alkaline,
or neutral solution.

(a) In acid solution, by the+employment of zinc, ete.:

Zn -I— H2804 = ZDSO4 + Hz
or
Zn4-2H" — Znt T+ Ho,.

This reaction in itself represents both an oxidation and a reduction,
inasmuch as the metallic zine, which is electrically neutral, becomes
changed into zinc with two positive charges and, on the other hand,
the hydrogen in sulfuric acid has lost two charges and become electric-
ally neutral hydrogen.

Now this nascent hydrogen, as fast as it is formed, may act as a
reducing agent and serve for effecting the reduction of some other
element, e.g., ferric chloride; in which case the final changes are the
oxidation of the zinc and the reduction of the iron:

2Fet*++Zn=7n"t+2Fet ™.

In such cases it is doubtful whether the reduction process really goes
through the stage of forming nascent hydrogen.

By the action of zinc and very dilute sulfuric acid, it is easy to
transform silver chloride into metallic silver:

2Agt+Zn — Znt T 4-2Ag,
or an arsenite into arsine:

AsO3=+3Zn+9H* — 3Znt t4-3H0+AsHs.

The result of this last equation is the oxidation of zinc from the metallic
condition to the bivalent state and the reduction of the arsenic, which
is given three negative charges in place of the three positive valences
that each arsenic atom has in AsOs~. Thus each As atom loses six
charges of electricity and each Zn atom gains two, so that it takes
three Zn atoms to reduce one AsOs~ anion. .

() In alkaline solution, by means of zine, aluminium, sodium
amalgam, or by Devarda’s Alloy (Cu=50, Zn=5, Al=45). This
reaction also is sometimes attributed to nascent hydrogen:

Zn+2NaOH = NaeZnOz+Hy or Zn+20H ~— ZnO2~ +Hp
2A14+2NaOH+2H:0 =2NaAlO2+3Hs or 2A14-20H ~+2H,0
— 2A102 " +3Ho.
In the case of Devarda’s Alloy, the reaction is completed much more
qrickly than by the use of either zinc or aluminium alone. Nitrates
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and chlorates may be reduced in a few minutes by means of Devarda’s
Alloy and a few drops of sodium hydroxide; the reaction also takes
place in neutral solution, but it takes considerably longer:

NO3™+4Zn+70H™ — 4Zn0;~4+2H,0+NH;
ClO3™+3Zn+60H™ — 3Zn02=+3H0+Cl™.

In the nitrate-ion nitrogen has a positive valence of five; in
ammonia it has a negative valence of three. By the reduction with
zine, therefore, the nitrogen loses eight positive charges, or accepts
eight electrons. At the same time the zinc accepts two electrons,
forming, in a neutral or alkaline solution, the zincate-anion. Thus
one atom of nitrogen in the nitrate-ion requires four atoms of zinc to
convert it into ammonia.

Similarly, the chlorine atom in the chlorate-ton has a positive valence
- of five and is reduced to a negative valence of one by the reaction with
zince in neutral or alkaline solution. Thus one chlorate-ion reacts with
three atoms of zinc. Inspection of the above equilibrium expression
shows that one could predict that the reaction would take place best
in alkaline solution in accordance with the mass action law.

Reduction by means of sulfurous acid takes place in moderately
acid solution and depends upon the fact that sulfur is more stable
when it has six positive charges, as in sulfuric acid, than when it has
only four as in sulfurous acid. Ferric salts are readily reduced by
this reagent, and since the iron loses only one valence while the sul-
fur gains two, it is evident that one molecule of sulfur dioxide (the
anhydride of sulfurous acid) will reduce two atoms of iron in a ferric
salt:

Fez(SO4)3 +2H20+S()2 = 2H2804+2F€SO4,
or

2Fe+ + ++SO3= +H20 d 2Fe+ ++SO4=+2H+.

In a similar manner, the arsenate-ion and many other substances
are reduced very readily by means of SOz or SO3~:

AsO4~+S037—>As03~+S04~

An excess of aqueous sulfurous acid is added to the solution which is
to be reduced; it is then heated to boiling; and the boiling is contin-
ued while a stream of carbonic acid gas is passed through the solu-
tion until the excess of sulfurous acid is driven off.

Reduction by means of hydrogen sulfide, in which the sulfur
atom possesses two negative charges, depends upon its oxidation to
free sulfur, which is electrically neutral. Thus two atoms of ferric iron
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are reduced to ferrous iron by one molecule of hydrogen sulfide and
one molecule of potassium dichromate reacts with three molecules of
hydrogen sulfide:
2Fettt4+HoS — 2Fet t4-2HY+S
CI‘207=+3H28 +8H+ b d ZCI"" + +—|—3S +7H20.

One objection to the use of hydrogen sulfide as a reducing agent is
the difficulty involved in the subsequent removal of the precipitated
sulfur by filtration. Moreover, hydrogen sulfide is used in qualitative
analysis chiefly as a precipitant. If a solution contains an oxidizing
agent (such as nitric acid, chloric acid, chromic acid, ete.), the sulfide-
ion will be oxidized and there will be separation of sulfur. Any
sulfide obtained will be largely contaminated with sulfur, which renders
the subsequent examination more difficult. If the solution contains no
metal which is precipitated by hydrogen sulfide, but contains oxidizing
agents, it will still cause separation of sulfur. One is often in doubt
whether there is not some sulfide mixed with the sulfur, and is therefore
obliged to examine the precipitate further, which is often unnecessary if
the oxidizing agent is previously destroyed. Hydrogen sulfide reduces

Halogens: H.S+Cl =2HCI+S;

Nitric Acid: 2HNO3+3H.S =4H,0+2NO0+38S;
Chloric Acid: HCl0O3+-3H2S =3H,0+HCI1+38S;
Ferric Salts: 2FeCls+H,S =2HCIl42FeCl2+S;

~ Chromic Acid: 2Cr03;+3H.S+6HT =6H,0+2Cr*t+43S;
Permanganic Acid: 2HMnOs+5H28+4H+ =8H20+2Mn™ T+58;

and many other substances.

Reduction with stannous chloride takes place usually in acid
solutions. The reduction depends upon the fact that stannous ions
are readily changed to stannic ions:

SnClz +Clg = SIlCl4,
or ++
Snt++Cle=Sn*+42ClI",

Ferric salts, chromates, permanganates, mercuric salts, and many
others are reduced in this way:

++
2Fet+**48nt+ — 2FetT48n*t;
++
2Cr04~+3Snt T+ 16HT — 2CrT ++4-3Sn* t+8H,0;
++
2HgClo+Snt * — Sn*t++4Hg,Cl,+2Cl17;

++
Hg,Cly+-Snt+ — Snt*+4-2Hg+2C1™.
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Reduction with hydriodic acid depends upon the change of the
iodine anion into free iodine. Most substances that are capable of
being oxidized or reduced readily can be made to react with either
hydriodic acid or with free iodine. It is easy to detect the presence of
free iodine, and for this reason the iodometric reactions are extremely
important in the study of analytical chemistry. To prevent the
oxidizing effect of free iodine, an excess of potassium iodide is usually
required, and means are often taken to remove the iodine as fast as it
is formed; this is in accordance with the mass-action principle,

2MnQ4 +10I"4+16H* — 2Mn* *+48H,0 +51;
CroQ7~ 461"+ 14H* — 2Cr** *4+7H,0+431, ;
Fett+4+1~ — Fett+1.

Electromotive Series and Oxidation Potentials

If a substance like sugar lies as a solid on the bottom of a beaker
filled with water, the molecules of sugar tend to distribute themselves
throughout the solution; in other words the sugar dissolves. The
tendency of the solid molecules to pass into solution may be regarded
as the result of pressure and, in fact, it is customary to say that the
solid substance possesses a solution pressure.

If sufficient solid is present, eventually, with the aid of diffusion,
the liquid will reach a state of saturation. The liquid then contains
an equal quantity of sugar in all its parts and, at the prevailing temper-
ature, will not dissolve any more sugar. There must, therefore, be
some force which acts in opposition to the solution pressure and pre-
vents a saturated solution from dissolving any more of the solid
substance. This force is the osmotic pressure which the dissolved mole-
cules exert in the solution. In a saturated solution, the osmotic pres-
sure, which is itself determined solely by the number of molecules of
dissolved substance and the temperature, exactly balances the solu-
tion pressure of the solid substance. The process of dissolving a solid
substance involves no electrical effects. This is also true when the
dissolved substance is an ordinary electrolyte, because an equal number
of positive and negative ions is formed and there is no electric dis-
turbance. :

The metals themselves, though usually to a much less degree, also
show a tendency to dissolve when placed in contact with water. In
this case, however, an oxidation takes place, for, to the extent that it
dissolves, the metal is converted into electrically chargedions. The
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tendency of the metal to dissolve is called its electrolytic solution pres-
sure. Just as in the case of the sugar, the osmotic pressure of the
dissolved ion acts against the solution pressure. The electrolytic
solution pressure has a definite value which is characteristic of each
metal.

If a metal such as zine, which oxidizes fairly readily, is placed
in a saturated solution of zine sulfate, none of the metal dissolves. If
it is placed in contact with a dilute solution of zinc sulfate, the solu-
tion pressure of the zinc is greater than the deposition pressure and
some positively charged zinc ions pass into solution. Thereby, the
metal itself acquires a negative charge and the solution a positive
charge. As a result of the charge residing upon the zinc ions that have
gone into solution, an electrostatic force is produced which seeks to
force the ions back upon the metal. This electromotive force is added
to the osmotic pressure of all the zinc ions in solution and it increases
rapidly with the number of ions that dissolve from the metal. When
the sum of the osmotic pressure plus the electromotive force is equal
to the electrolytic solution pressure of the zine, the zine stops dissolving.

When a less-readily oxidizable metal, such as copper, is placed in a
copper sulfate solution the relations are reversed. In this case, except
in extremely dilute solutions, the osmotic pressure is greater than
the solution pressure and the metal does not dissolve; on the contrary,
a few of the copper iongare discharged on the metal, giving to it a posi-
tive charge while the solution becomes negatively charged. Equilib-
rium is established as soon as a few of the ions have been thus deposited.
The potential difference between the metal and its solution, or as it is
often called, the potential of the metal, is said to be positive when the
charge of the solution is positive; this is the case with the readily oxidiz-
able metals such as magnesium, aluminium, zine, iron, etc. On the
other hand, the potential of the metal is negative when it is difficultly
oxidizable; this is the case with copper, silver, platinum and gold.

Simple contact of a metal with a solution of its ions usually
results in a potential difference between the metal and the solu-
tion. Such a potential is determined by the relation that exists
between the electrolytic solution pressure of the metal and the
osmotic pressure of the solution. Equilibrium is soon reached in
most cases and the simple contact of a metal with a solution of its
ions is not a permanent source of electricity. If, however, two metals
of different potential are placed in contact with their respective solu-
tions, then electric charges of different potentials result, and if the two
metals are connected outside the liquids by a wire, an electric current
flows from the higher potential to the lower. Since the original differ-
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ences in potential between the solutions and the metals are constantly
being reéstablished, a permanent current results. This is the prin-
ciple of the Daniell cell, in which a normal solution of copper sulfate
is separated by a porous partition from a normal solution of zine
sulfate. A zinc rod is placed in the zinc sulfate solution and-a copper
plate in the copper sulfate solution; the current flows through the wire
from the copper to the zinc and through the solution from the zine
to the copper.

Nernst, who was the first to suggest the above explanation of the
origin of the electromotive force on the basis of the relations of osmotic
pressure, has worked out a formula for computing the potential differ-
ence which exists at the place of contact of a metal with a solution of
its ions. If E denotes this potential in volts, B the gas constant
expressed in voltsXcoulombs, F the electrochemical equivalent or
quantity of electricity borne by one equivalent weight in grams of the
ions of any metal, n the valence of the ions, P the electrolytic solu-
tion pressure, p the osmotic pressure, and T the absolute temperature
of the solution, the Nernst formula reads:

RT P
E= —F loge
Substituting the numerical values for R(S 32) and F(96,500), dividing
by 0.434 in order to use common logarithms, and assuming the ordinary
room temperature to be 18° C. (=291° absoluﬁe) the formula becomes:

0. 058 P

Ei.= log — volts.

Inasmuch as the osmotic pressure, p, depends solely upon the concen-
tration of the solution and the temperature, the. electromotive force
resulting by the contact of a metal with its ions is shown by the
formula to increase as the electrolytic solution pressure of the metal
increases and to decrease as the concentration of the ions increases.
Since multiplying a number by 10 simply raises its common logarithm
one whole unit, the formula also shows that increasing the concentra-
tion of the solution tenfold lowers the electromotive force in question
about 0.06 volt when the ions are univalent, 0.03 volt when the ions
are bivalent, and 0.02 volt when the ions are trivalent. Lowering the
concentration until it is one-tenth of its original value raises the elec-
tromotive force nearly 0.06 volt in the case of univalent ions, 0.03
volt with bivalent ions, and 0.02 volt with trivalent ions. The electro-
lytic solution pressure is a measure of the readiness with which a metal
can be converted into its ions; or, since the formation of the ijons
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involves an oxidation, it determines the readiness with which the ele-
ment undergoes oxidation. The electromotive force that results can
be appropriately called the oxidation potential. It is also a measure
of the force required to deposit a metal from solution by means of the
electric current.

It is now easy to understand what happens when a metal is placed
in a solution containing the ions of some other metal. It is a well-
known fact that the immersion of a strip of iron in a solution of copper
sulfate causes the deposition of metallic copper, while an equivalent
quantity of iron dissolves as ferrous sulfate. The copper is reduced
to the metallic condition by means of metallic iron and the latter is
oxidized by means of cupric ions. This is because the electrolytic
solution pressure of iron is so much greater than that of copper that a
condition of equilibrium is not reached until practically all of the copper
has been precipitated. The oxidation potential of metallic iron against
a molar solution of a ferrous salt is 0.43 volt and of metallic copper
against a molar solution of cupric ions is about —0.34; the minus sign
means merely that there is more tendency for copper ions to be de-
posited than for metallic copper to pass into solution. The greater the
positive value of the oxidation potential, the greater the electrolytic
solution pressure. As the copper is deposited from the solution, its
oxidation potential becomes gradually larger, and as the iron passes
into solution its oxidation potential becomes smaller and smaller. The
Nernst formula shows that the value for metallic copper against a
tenth-molar solution of its ions will be raised to —0.31 volt and
the value for iron against a solution of tenth-molar ferrous salt will
be 0.40 volt. It is evident that equilibrium between the iron and the
cupric solution will be reached only when the oxidation potential of
the iron is equal to the oxidation potential of the copper; before this
happens either the solution will become saturated with ferrous sulfate
or all but an infinitesimal quantity of the copper will be precipitated.

It is possible to arrange all the metals in a series according to their
electrolytic solution pressures. Such a series is called the electro-
motive series of the metals. It enables one to understand all the
reactions in which a free metal is involved either as an initial or
a final product. The entire chemical activity of the metals corre-
sponds fairly closely with such an arrangement. The members at the
top of the series are the most readily oxidizable; those following cop-
per do not oxidize or rust when exposed to the air.

.The electromotive series shows the relative value of the metals as
reducing agents. The metals at the top of the series are the best reduc-
ing agents. Thus the alkalies are such good reducing dgents that
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they will even decompose water at ordinary temperatures, reducing
the positively charged hydrogen to the neutral condition.

It is important to remember, however, that it is not alone the electro-
lytic solution tension which determines the oxidation potential. The
concentration of the solution also comes into consideration. If the
oxidation potentials are all measured against equivalent concentra-
tions, then the order of the metals arranged in the electromotlve series
will correspond exactly to the order of the metals when
arranged according to the values of their electrolytic ELECTROMOTIVE

. SERIES OF THE
solution pressures. METALS.

We are now able to understand why the alkalies

. . Caesium
decompose water readily and why the quantity of Rubidium
zinc ions formed under similar conditions is very ~ Potassium

. . . . . Sodium
small. The oxidation potential of zinc against a molar Magnesium
solution of zinc ions is about 0.76 volt. Water, however, Aluminium
is' ionized very slightly; the table on page 10 gives Manganese
its ionization as 2X10~7 per cent. The oxidation ggl(fmium
potential of hydrogen against such a very dilute solu- Thallium
tion of hydrogen is not 0.0, as given in the table, but Iron
Lo . .. Cobalt
it is nearer the zinc value. If the ionization of water Nickel
were 10726, the value would be approximately that of Tin
zine. According to the oxidation potentials, therefore, Lead
we should expect zinc to decompose water with libera- Eggﬁgg;
tion of gaseous hydrogen. As a matter of fact zinc is Bismuth
oxidized somewhat by contact with water and the Arsenic
oxidizing agent is the hydrogen of water; but the ng Eﬁ;y
reaction does not take place to any extent. The Silver
primary products of the reactions are zinc ions and Palladium

Platinum

free hydrogen, but the escape of the hydrogen leaves Gold

free hydroxyl ions in solution and these are in equi-

librium with the zinc ions. The table on page 22 gives the solu-
bility product of zinc hydroxide as 1.8X107'%, The reason the zinc
does not decompose water, therefore, is because it is protected by
the film of insoluble oxide or hydroxide which quickly forms upon
it. On the other hand, when the hydrogen is present in the form of
an acid, with the anion of which zine forms a fairly soluble salt, the
oxidation of the zinc ordinarily continues at the expense of hydrogen
ions until all of the zinc is dissolved.

The electromotive series shows the oxidation tendencies of the
elements, but in attempting to predict what will happen in any given
case it is necessary to bear in mind that the concentration of the solu-
tion must be considered and the solubility relations.
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We have seen that the Daniell cell* is obtained by taking advantage
of a difference in oxidation potentials, and it was stated on page 29
that a similar cell could be formed by taking advantage of any reac-
tion of oxidation and reduction. All reactions of oxidation and reduc-
tion take place because of differences in oxidation potentials. Just
as the electromotive series of the metals helps one to predict whether
a metal will act as a reducing agent or not, so a complete table of oxida-
tion potentials will help one to determine whether any given reaction
of oxidation and reduction may be expected to take place in the desired
direction. Such a table of oxidation potentials is given on page 43.
The table shows the values referred to molar solutions, the value. of
normal hydrogen ions in the normal hydrogen electrode being taken
as 0. The positive value of the electromotive force shows that the
oxidation takes place very readily, the unchanged substance assuming
a negative charge; or, in other words, if a cell is constructed with
the normal hydrogen electrode, the direction of the current (positive
to negative) in the solution is toward the hydrogen electrode when
the element has a positive potential. The first column in the table
gives the original state of the element or ion, the second column shows
the change in charge that this element or ion undergoes, the third column
the oxidized condition and the fourth column the oxidation potential.

The electromotive force of any reaction of oxidation and reduction
is determined by the difference in the oxidation potentials. Thus
in the Daniell see using molar solutions of copper sulfate and zinc
sulfate, the electromotive force of the entire cell is the difference between
the oxidation potential of copper (—0.34 volt) and zinc (+0.76) =1.10
volts.

*Jn the well-known Daniell cell the zine, which is in contact with zine sulfate
solution, is the negative electrode, and the copper, which is in contact with
copper sulfate solution, is the positive electrode; zine passes into solution at one
electrode and copper is deposited at the other. Outside the ccll, the positive-to-
negative direction is from copper to zinc, but inside the cell it is from zinc to
copper. In measuring the single electrode-potentials of such a cell, all German
and many English texts assign a negative value to the potential of the element
which dissolves and a positive value to the element which is deposited. This is,
however, a purely arbitrary practice, and it seems more natural to assign the
positive and negative values in the opposite manner. It is rational, in the Daniell
cell, to assign a positive value to the electromotive force which measures the
tendency of zine to form zine ions, and a negative value to the tendency of cop-
per to form copper ions. In tracing the course of the current in the Daniell cell,
it is simplest to start with the zinc which forms zinc ions and pass through the
solution to the copper and back through the wire to the zine. In the cell, the
zine is positive with respect to the copper but in the wire the copper is positive
to the zinc.
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OXIDATION POTENTIALS

Original
State.

Increase in
Valence.
Increase in
Valence.

E.m.f,

in volts,

ngclz soln.
+2Cl—
I°4+0H~....

NHHENWNNNDNNDNNDNNNDNDNDNWN NN N - -

MIlOz +2H20

BI‘03_+3H+
Fet++, ...

Het+

2HCIO. . ...

MDO4_ +
SHT
MI]Oq_ +
4H+
H,0,+2H™ .
Cot+t+ .. ..
2Cl10~ 4+
2H+

.0
.8
8

--0.51
—0.52

—0.54
—0.60
-0.75
—0.80
—0.80
-0.80
—0.85

—0.86
.|—0.92
.08
.10
.19
.3

.35

.35
.44

.5
.51
.52

.63

.9
.96

The table of oxidation potentials will help to explain many of the
reactions used in analytical chemistry. All the metals above hydrogen
will replace the hydrogen of dilute acids; those below hydrogen will

not do so as a rule.

The oxidation of copper to cuprous ions, however,

corresponds to an oxidation potential of —0.17 volt. When the acid

is very concentrated and the cuprous solution very dilute, the oxida-
tion potential ‘of the copper to univalent copper will be above that of
hydrogen and consequently a little copper should go into solution as

cuprous salt.

In the presence of some oxidizing agent lower than
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hydrogen ions in the series, the copper will dissolve readily. Such an
oxidization agent is the ferric ion, for the table shows that the oxida-
tion potential of ferrous ions to ferric ionsis —0.75 volt; just as cupric
ions will oxidize metallic iron to the ferrous condition so will ferrie
chloride oxidize metallic copper to the cupric condition:

2Fet t+t4Cu — Cut t+-2Fe*+.

The table shows where interference is to be expected. Metallic
aluminium will precipitate iron from a solution of a ferrous salt. It
will not precipitate iron if an acid is present because, as the table shows,
iron will itself liberate hydrogen gas from hydrogen ions; on the other
hand, from the oxidation potential of ferrous to ferric ions, it is evi-
dent that metallic aluminium will reduce a ferric solution before
acting upon the hydrogen ions of the acid. It also shows that metallic
aluminium will precipitate copper completely even in the presence
of acid. '

Lead and tin occupy neighboring positions in the series. In a
neutral solution, therefore, lead will precipitate tin from a solution
containing stannous ions. As the concentration of the lead ions in-
creases and the concentration of the stannous ions decreases, the oxida-
tion potentials approach one another so that equilibrium is soon reached.
Conversely, when no stannous ions are present, metallic tin will pre-
cipitate a little lead from a solution containing lead ions, but the equilib-
rium will soon be reached. The presence of acid, however, will stop
both of these reactions. On the other hand, the oxidation potential
of stannous to stannic tin, although not given in the table, has a nega-
tive value, and the lead will reduce stannic ions even in the presence of
acid.

All reactions of oxidation and reduction represent reversible reac-
tions. The strong reducing agents on being oxidized become weak
oxidizing agents, and conversely the strong oxidizing agents on being
reduced become weak reducing agents. Ordinarily hydrogen is
considered a reducing agent, but when a metal replaces the hydro-
gen of an acid, hydrogen ions act as the oxidizing agent.

The mass action law holds for oxidation and reductions as for all
other chemical reactions that take place in solution; when the oxida-
tion voltages are far apart, however, the reaction of oxidation and
reduction will apparently go to completion. )

We shall now turn aside from reactions of oxidation and reduction
~ and consider some further applications of the mass-action law as applied
to reactions that are of importance in analytical chemistry.
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The Effect of a_ Common Ion

In all equilibrium expressions in which the concentration of an
ion is involved, the source of the ion is a matter of indifference. Thus
when sodium chloride and potassium chloride are both present in solu-
tion, the chlorine ion is common to each. The equilibria between
the salts and the ions are expressed as follows:

(Na*] X[CI7] _,. [KHXI[CIT] _
W =kyact  and W =kxan

In each of these equilibrium expressions the concentration of the
chlorine is the total concentration in the solution. It is evident,
therefore, that the addition of the extra chlorine ions from potassium
chloride tends to lessen somewhat the extent of the dissociation of
the sodium chloride and similarly the presence of the chlorine ions from
the sodium chloride tends to lessen somewhat the extent of dissociation
of the potassium chloride. Both sodium and potassium chloride belong
to the class of strong electrolytes and the dissociation remains con-
siderable even after the other salt is added. As far as the chemical
behavior of the salts goes, the effect is scarcely noticeable. Aslong as the
solution is reasonably dilute the dissociation of both potassium and so-
dium chloride will be considerable in spite of the presence of the other salt.

The relations are quite different when one of the original substances
is difficultly soluble or only slightly ionized. Thus when a precipitate
of silver chloride is formed, the solution is saturated with the salt and
the solubility product of the ions has been reached. . If now a small
amount of either chlorine or silver ions is added to the saturated solu-
tion of silver chloride, further precipitation of silver chloride should
take place. As a general rule, therefore, a slight excess of precipitant
will make a precipitate less soluble. There are exceptions to this
rule, however. The rule does not hold if the one of the ions from the
precipitate shows a tendency to form a soluble complex ion with the
excess of precipitant. Thus silver chloride is, in fact, less soluble in
very dilute sodium chloride solution than it is in water, but it dissolves
in a saturated brine solution more than in pure water, probably owing
to the formation of a complex ion. Barium sulfate is less soluble in
dilute sulfuric acid than it is in water, but concentrated sulfuric acid
dissolves it quite readily. Aluminium hydroxide is precipitated by
the very careful neutralization of an aluminium salt, but the hydroxide
dissolves in sodium hydroxide solution, forming sodium aluminate.
None of these examples is contrary to the mass action law, but they
show the need of considering all the possible reactions.

When a weak electrolyte is present in solution, the effect of the
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common ion is often quite remarkable. To illustrate this effect let
us consider the weak electrolytes acetic acid, hydrogen sulphide and
ammonium hydroxide. The table on page 10 shows that a 0.1 N
solution of acetic acid is dissociated to between 1 and 2 per cent. The
value of the ionization constant at 18° is about 0.000018. From this
value, the ionization (z) in 0.1 N solution can be computed as follows:
22

01—z
The table on page 10 shows that the salts of the type represented by
sodium acetate are dissociated to about 84 per cent. A liter of 0.1 N
sodium acetate solution contains, therefore, 0.084 mole of acetate ions,
whereas one of 0.1 N acetic acid contains only 0.0013 mole of acetate
ions. When enough solid sodium acetate is added to 0.1 N acetic
acid to make the solution 0.1 N with respect to both the acid and
the salt, the common acetate ion tends to repress the ionization of
both the original molecules; the total concentration of acetate ion
is increased only very slightly and we are justified in assuming that
0.084 represents with sufficient accuracy the concentration of the
acetate ion. The concentration of the hydrogen ions may be des-
ignated again as z and that of the non-ionized acetic acid as 0.1—z.
The ionization constant of acetic acid remains the same and the
mass action expression becomes

1871_-08_4;‘: 0.000018; 2=0.000021 =0.02 per cent.

=0.000018; 2=0.00134 =1.34 per cent.

By adding an equivalent weight of sodium acetate, therefore, the ioniza-
tion of 0.1 N acetic acid is changed from 1.3 per cent to 0.02 per cent.

The effect of ammonium salt upon the ionization of ammonium
hydroxide is similar. The table on page 22 gives the solubility
product of ferric hydroxide as 1.1X1073¢ and that of magnesium
hydroxide as 3.4X107!l. As the cube of the OH™ concentration is
taken in computing the solubility product of ferric hydroxide and
only the square of this concentration in the case of magnesium
hydroxide, the difference in solubilities is not as great as these
solubility products would indicate, but the values show that it takes
only an extremely low concentration of hydroxyl ions to satisfy the
solubility product of ferric hydroxide and many times as much to
satisfy that of magnesium hydroxide. Ammonium hydroxide added
to a solution containing ferric and magnesium ions will cause the pre-
cipitation of both iron and magnesium as hydroxide, but by adding
sufficient ammonium chloride to the solution, the ionization of the
base is repressed, exactly in the same way that sodium acetate acted



THE EFFECT OF A COMMON ION 47

upon acetic acid, to such an extent that none of the magnesium
is precipitated, although the precipitation of the iron remains
practically complete.

The effect of hydrogen ions upon the ionization of hydrogen sulfide
is similar. The solubility product of copper sulfide is 8.5X10-%5
and that of zinc sulfide is 1.2X10723. The precipitation of both cop-
per and zinc by hydrogen sulfide is practically complete in a solution
containing no excess hydrogen ions. As the metal precipitates, how-
ever, hydrogen ions are formed:

Zn+H,.S — ZnS+2HT.

The accumulation of these hydrogen ions serves to repress the ioniza-
tion of hydrogen sulfide and tends to stop the precipitation of the zinc.
If, therefore, we wish to precipitate copper and leave zine in solution,
all that is necessary is to add a little acid at the start; in 0.3 N
acid solution the precipitation of the copper as sulfide is practically
complete, while little if any zinc sulfide is precipitated. On the other
hand, if some sodium acetate is added to the solution, non-ionized
acetic acid is formed and the accumulation of the hydrogen ions is
prevented. This effect is so remarkable that it is easier to precipi-
tate zinc sulfide from a solution containing acetic acid and sodium
acetate than from a solution of zinc chloride in water. The concen-
tration of hydrogen ions is kept very low, even although the solution
may smell strongly of non-ionized acetic acid.

The common ion effect is also involved in the solution of precipi-
tates. The effect is shown, for example, in the solution of calcium
phosphate. The table on page 10 shows that the tertiary ionization
of phosphoric acid is about the same as the secondary ionization of
hydrogen sulfide and the secondary ionization is comparable to the
primary ionization of hydrogen sulfide. If considerable hydrogen
ion is added in the form of a mineral acid, the ionization of HPO4~
and of HaPO4~ becomes extremely small. The saturated solution of
calcium phosphate contains Ca®™ and PO~ jons. These PO4= ions
must be in equilibrium with added hydrogen ions. When the PO4=
from HPO4~ is kept less than the PO4™ concentration corresponding
to the value of a saturated solution of calcium phosphate, the calcium
phosphate must tend to dissolve. As Ca(HzPO4)2 is much more sol-
uble than CaHPO4, which in turn is more soluble than Caz(PQO4)s, it is
desirable to add enough acid to make the HoPOy4 practically non-ionized.

The common ion effect which is involved in nearly every reaction
of precipitation and of solution represents an application of the mass-
action principle.
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Hydrolysis

Hydrolysis is the name given to the decomposing action of water
upon many salts. Corresponding to the fact that water is a poor
conductor of electricity, it follows that water is dissociated only to a
slight extent.

H.0 2 H'4-0H".

According to Kohlrausch and Heidweiler,* the degree of disso-
ciation at 25° C. is 1.05X1077; in other words, about 10,000,000 liters
of water would furnish 1 gm. molecule of ionized water or 1 gm. atom
of hydrogen ions. Small as this is, it suffices to explain the hydrol-
ysis of:

I. The salts of weak acids with strong bases.
II. The salts of strong acids with weak bases.

ITI. The salts of weak acids with weak bases.

The salts of strong acids with strong bases are not hydrolyzed
appreciably.

Hydrolysis is shown to take place by the fact that solutions of
neutral salts corresponding to I react alkaline, those of II react acid,
while those of III are sometimes acid and sometimes alkaline.

The cause of hydrolysis is the action of the ions of water upon
the ions of the dissolved salt.

All monobasic salts in aqueous solution are largely dissociated
into ions (cf. p. 10):

RA—-RY+A,

and the phenomenon of hydrolysis may be represented by the general
equation » '

R*+A"+H:0 < ROH+HA.

e ——

—_— ——
Salt Base Acid

In formulating mass-action expressions involving highly ionized
and slightly ionized substances it has been found best to employ the
concentration of the 7ons of highly ionized substances, and the con-
centrations of the non-tonized portions of slightly ionized substances.
Since in dilute solutions the mass of the water changes inappreciably
when the reaction takes place, we may neglect it in the formulation.

There are now three typical equations which represent the appli-
cation of the mass-action principle to the hydrolysis of the above’
three classes of salts.

* Z. phys. chem., 14, 317.
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1. Hydrolysis of Salis of Weak Acids and Strong Bases

The base formed by the hydrolysis is largely ionized, while the
acid is only slightly so. The mass-action equation now takes the
form X
(R*][OH"][HA=] [OH-|[HA]

[R*][A7] (A -

Owing to the presence of the OH ions in appreciable amount,
all salts of this category react alkaline. The alkali salts of hydro-
cyanic acid, hypochlorous acid, carbonic acid, boric acid, and hydro-
gen sulfide are of this type.

1) K=

II. Hydrolysts of Salts of Strong Acids and Weak Bases

Here the conditions are reversed, and it is the acid which is almost
completely dissociated and the base but slightly. In this case the for-
mula becomes

[ROH][HF][A™] _ [ROH][H*]
(RAAT [RY

Salts of this class, such as those of chromium, aluminium, iron, ete.,
react acid when in aqueous solution.

In the case of polyvalent bases both electrolytic and hydrolytic
dissociation take place in stages:

RCl3 2 RCLt4-CI™ B
RCl* 2 RCITt4-Cl oo
RCI** 2 RY**+4CIm.
RC]2++H20 2 RClI,OH +H+
Hydrolysis { RCI**4-2H20 & RCI(OH)+2H*
R***43H:0 2 R(OH)3+3H™.

Ferrie, aluminium and chromic chlorides, for example, react acid
_in aqueous solution. If such solutions be evaporated to dryness,
considerable hydrochloric acid is volatilized, and the residue obtained
in an insoluble basic salt which can only be dissolved by means of
acid.

(2) Kp=

Electrolytic
dissociation *

III. Hydrolysis of Salts of Weak Acids and Weak Bases

The acids and bases formed by hydrolysis are only slightly dls-
" sociated, but to different extents. Our formula becomes

[ROH][HA]

@ B ="meay
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Salts of this type are especially subject to hydrolysis and, as both
the acid and base are slightly ionized, the hydrolysis may take place
to a considerable extent without the solution manifesting either acid
or basic properties.

If the electrolytic dissociation of the acid is greater than that
of the base, the solution reacts acid; and conversely, when the base
is stronger than the acid the solution of the salt shows an alkaline
reaction.

Neutral ferric acetate in a boiling, aqueous solution is hydro-
lyzed:

Fe(C2H302)3+2H20 < Fe(OH)2C2H302+2HC2H305.

Basic ferric acetate is precipitated and can be removed by filtering
the hot solution. If the solution is allowed to cool, the reaction tends
to take place in the reverse direction and some of the basic salt goes
into solution. Heat and dilution always favor hydrolysis.*

IV. Hydrolysis of Salts of Strong Acids with Strong Bases

Salts of this type yield, by hydrolysis, acids and bases which are
almost entirely dissociated in dilute aqueous solution, and the general
equation becomes:

[RH[OH-J[HH[A _
K o — r = H+ OH .

The H and OH ions, however, are in equilibrium with undissociated
water; the solution reacts neutral and contains only as many H and
OH ions as correspond to the ionization of water, which is so small
that there remains only the electrolytic dissociation of the salt to
be considered.

Salts of this type are not subject to appreciable hydrolysis.

The hydrolytic action of water, as well as the mass-action law,
may be illustrated by the following experiment: A little water, added
to a solution of antimony chloride in concentrated hydrochloric acid,
causes precipitation of antimony oxy-chloride:

—Cl g —0o
Sb—Cl+ >0sz_ +2HC],
! —Cl ,

* The ionization constant for water is 0.0,312 at 25° but rises to 0.0,;5 at 100°.
The water is, therefore, much more dissociated at the higher temperature ard
as a result the hydrolysis is favored.
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which dissolves on adding a little concentrated hydrochloric acid.
Further addition of water again precipitates the basic salt, which will
dissolve in more of the concentrated acid, ete. It is obvious that by
increasing the mass action of the water the reaction goes from left to
right, while by increasing the concentration of the hydrochloric acid
it goes from right to left.

The analytical chemist frequently desires to assist or to prevent
hydrolysis. The mass-action principle shows how this can be done.
To assist a chemical reaction it is necessary to increase the concen-
tration of one of the original reacting substances or to lessen the con-
centration of one of the substances formed. Aside from the reac-
tions of oxidation and reduction, all the reactions that take place
completely in aqueous solution are those in which the concentration of
one of the substances formed is practically negligible. This is due to
the formation of (1) a precipitate, (2) a gas, or (3) an undissociated sub-
stance (cf. p. 26). Neutralization takes placebetweenanacid and a base
because of the tendency to form undissociated water. Hydrolysis is
the reverse of neutralization and is due to the fact that water is slightly
dissociated. Hydrolysis takes place when one of the products is a
gas, a precipitate, or an undissociated substance. Thus the hydrolysis
of a salt of a weak acid and a strong base is due to the fact that the .
dissociation of the weak acid is slight. The hydrolysis of a salt of
a strong acid and a weak base is due to the formation of the undisso-
ciated base. Hydrolysis takes place most readily when both the acid
and the base are weak, because then both the H ions and the OH icrs
are removed from the solution to form undissociated acid and undisso-
ciated base. Hydrolysis of a salt of a strong acid and a strong base
cannot take place because there is then no tendency for the H and OH
ions of water to be removed. To assist hydrolysis, boiling is advisable,
because the water is so much more dissociated at this temperature
than when cold. The reaction that takes place on boiling often
proceeds in the other direction on cooling, simply on account of the
change in the ionization of the water itself. Dilution favors hydrolysis
- because it diminishes the concentration of the substances formed; the
concentration of the ions from water is not changed, but the relative pro-
portions of these ions to other ions present is increased. Hydrolysis is
also favored when one of the products is gaseous or insoluble; thus
ammonium carbonate is very easily hydrolyzed, because both ammonia
and carbon dioxide are volatile, and ferric acetate is hydrolyzed not
only because the acid and base are both weak, but the basic ferric
acetate is also very insoluble. Finally, to stop hydrolysis it is only
necessary to add a little free acid or free base at the start, and the
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efficiency of the acid or base is proportional to the extent to which
it is itself ionized. If the solution becomes alkaline as a result
of hydrolysis, then a little alkali will best stop hydrolysis, but if the
solution becomes acid, a little acid should be added. Moreover, it is
advisable to work in cold and concentrated solutions. A dilute
aqueous solution of potassium cyanide has the odor of free hydro-
cyanic acid and reacts alkaline to litmus, but if a little caustic potash
is added, the hydrolysis of the salt is prevented and the odor of hydro-
cyanic acid can be detected no longer. Similarly, boiling a solution
of neutral ferric sulfate results in the precipitation of a basic salt, but
-the precipitation does not take place if a little sulfuric acid is added
at the start.

Amphoteric Electrolytes

According to ideas that prevailed nearly a century ago, an acid was
regarded as composed of a negative element and hydroxyl; a base was
regarded as composed of a posttive element and hydroxyl. According
to the modern conception, an acid is a substance capable of yielding
hydrogen ions and a base is a substance capable of yielding hydroxyl
ions. The so-called negative elements are sometimes simple negatively-
charged ions, as the ClI™ of hydrochloric acid, and sometimes complex
anions, such as the SO4~ of sulfurie acid, containing a positively charged
element and negatively charged oxygen.

The extent to which the ionization takes place in the solution
of an acid or a base varies greatly. In 0.1 N solution, the table
on page 10 shows that some acids and some bases are dissociated to
about 90 per cent, while other dcids and other bases are dissociated
to 1 per cent or less. We are accustomed to regard the strength of
an acid or of a base as shown by the extent to which ionization takes
place in aqueous solution.

As a general rule, when the positive charge on an element is in-
creased, the more difficult it becomes for the corresponding hydroxide
to ionize as a base and the greater the tendency for 'the hydroxide
to ionize as an acid. Thus the higher the positive charge on the
atom, the more negative it becomes according to the old-fashioned
conception. This apparent contradiction is not quite as inconsistent
as it seems; it arises from a confusion of the intensity factor of
electric energy with the quantity factor. All forms of energy are
composed of these two factors and such confusion of the factors is quite
common.

The quantity of electricity corresponding to a unit electric charge
on a gram atom of any element is 96,500 coulombs. All univalent
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elements bear this charge and all bivalent elements twice as much.
On the other hand, the tendency of the atoms to accept or give up
electrons varies greatly, as the table of oxidation potentials shows
(p. 43). It is customary to speak of the elements which show the
greater tendency to give up one or more electrons of negative electricity
as more positive than those which show less tendency to lose electrons.
In other words, the elements nearer the top of the electromotive series
are regarded as more positive than those which are below them in this
series. Thus the older conception of positive and negative nature
was largely one of electromotive force, or voltage, rather than one of
electric nature or quantity of electricity. It corresponds to the
behavior of the element in an electric couple such as that of the Daniell
cell; the zinc becomes the anode in such a cell and the copper the
cathode; the current flows through the cell from the zinc to the cop-
per and it is customary to say that the zinc is positive to the copper.
The student should be careful to distinguish in his own mind the dif-
ference between the meaning of the word positive when used in this
sense of voltage and when used to represent the character of an elec-
tric charge.

Water is a substance which ionizes to a slight extent and the initial
products of the ionization are H* and OH-. Water, therefore, may
be considered as being both an acid and a base. There are other
substances which act as acids without forming at one time any more
hydrogen ions than does water and other basic substances which do
not form more hydroxyl ions. Water is characterized by the fact
that it forms an equal amount of both hydrogen and hydroxyl ions
by its primary ionization. Other hydroxides are known which have
both acid and basic properties, but this is due to two distinct kinds of
ionization. At one time they dissociate as an acid and at another
time as a base. Such substances are said to be amphoteric electrolytes.

Aluminium hydroxide is an amphoteric electrolyte. This sub-
stance has a very small solubility product and the quantity of ions
present in the saturated solution is extremely small. The chemical
behavior of aluminium hydroxide shows, however, that it is capable
of dissociating in two ways:

Al(OH)3 — Al(OH)2*+OH™ (ionization as a base);
Al(OH)3 — H*+AlO3Hs™ — H*4AlO;~+H20 (ionization as an acid).

The mass action principle enables one to predict which of these
ionization reactions will take place. In the presence of a strong acid,
such as hydrochloric acid, the common ion effect of the hydrogen
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ions will prevent the ionization of the aluminium hydroxide as an
acid; the effect is much more marked than that of sodium acetate
tipon acetic acid, for in this case the difference in the percentage
ionization of hydrochloric acid and aluminic acid is much greater.
On the other hand, the presence of the hydrogen ions favors the ion-
ization of the aluminium hydroxide as a base. To establish the proper
equilibrium between HY, OH™ and H20, nearly all the OH™ ions from
the aluminium hydroxide react with the H* of the hydrochloric acid.
On account of this removal of the OH™, the ionization of the A1(OH)3
progresses, the Al(OH)," ionizes into AI(OH)** and OH™ and finally
the AI(OH)** ionizes into Al***+ and OH. In this way Al(OH)3
dissolves to form AlCls.

Similarly, in the presence of sodium hydroxide, the common ion
effect of the OH™ prevents the aluminium hydroxide from ionizing
as a base and the H* jons formed by its dissociation as an acid react
with the OH™ ions from the sodium hydroxide, and the final result is
that the aluminium all dissolves as sodium aluminate, NaAlQOs.

Whenever an oxide or hydroxide dissolves by chemical reaction
with an acid and also by chemical reaction with a base, the substance
is obviously an amphoteric electrolyte.

Detection of Acids and Bases. Theory of Indicators *

To detect the presence of free hydrogen cations or of hydroxyl
anions, certain colored, organic substances are used, called indicators.
These indicators are very weak acids, very weak bases or amphoteric
electrolytes and the free acid, or base, is an unstable substance
which tends to undergo a slight rearrangement of the atoms in order
to assume a condition of greater stability. The color of any organic
compound is due to a certain special arrangement of certain atoms,
the chromophor; when this arrangement is changed, the color is also
changed or lost.

Methyl orange is an amphoter and is capable of forming salts
with both acids and bases, but its indicator characteristics are due
to its very weak basic properties. The neutral solution of its sodium
galt is used as an indicator. In this sensitive neutral solution we have
a condition of equilibrium between the two isomeric forms of methyl
orange as expressed by the equation

HSO03-CeHsN:N:CeH4N(CH3)2 = SOngH4NH N:CeHa: N(CH3)2

* Cf. J. StiecLiTZ, J. Am. Chem. Soc., 25, 1117; 39; AcreE, 7bid., 37, 39, 42;
McCoy, ibid., 81, 508; Saim, Z. phys. Chem., 57, 471; and A. A. Noves, J. Am.
Chem. Soc., 32, 815.
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The compound on the left is yellow in color and its color is due to
the azo group N : N; the other compound is red, having for its chromo-
phor the quinoid group : C¢Hy : . _

The sodium salt of methyl orange is yellow and has the formula

Na803 . C6H4N :N- CGH4N(CH3)2,
and when decomposed by acids the free sulphonate
SO3~CGH4NH-N N C(;H4 . N(CH3)2
| |

is formed, which is red.

The red quinoid form is ionized as a weak base and forms red salts
with acids. It does not form salts readily with weak acids, such as
carbonic or acetic acid, because, as we have seen, salts of weak bases
and weak acids are hydrolyzed. This is why methyl orange is not a
sensitive indicator for weak acids. As a very weak base it will be driven
readily out of its red salts by other bases, even weak ones; and the free
base will revert again to its yellow form, the result being that methyl
orange is an excellent indicator for weak bases.

Phenolphthalein, another valuable indicator, is a very weak
acid. The free acid, however, is unstable, and when set free from
one of its colored salts reverts instantly into a colorless lactoid form:

HOOCCGH4C(CGH4(3H) : CgHy : O=200CCeH4C(CeH4OH)s.
Re: | |
’ ! Colorless

The red color is in this case also due to the quinoid grouping: CeHy:.
In the free acid, the condition of equilibrium favors the lactoid form,
and only minimal quantities of the quinoid acid are present. This
trace of quinoid acid is ionized and in equilibrium with its ions:

HOOCCgH4C(CgH4OH) : CgHy4 : O=
H*+00CC¢H4C(CeH4OH) : CeHa : Q_.

The addition of an alkali causes the hydrogen ions to disappear,
more of the quinoid molecules must be ionized to preserve equilib-
rium, and the quinoid molecules in turn be reproduced from the lactoid
as fast as the former are converted into the salt. Phenolphthalein is
a very sensitive indicator toward acid, but on account of being such
a weak acid it does not form stable salts with weak bases.

" Besides these indicators, others are often employed, among which
may be mentioned Litmus and Lacmoid, which are red with acids
and blue with alkalies; and Turmeric, which is brown with alkalies
and yellow with acids.
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The various indicators, therefore, differ from one another with
regard to the extent to which they normally undergo ionization either
as an acid or as a base. They show, as a result, specific degrees of
sensitiveness to hydrogen cations and to hydroxyl anions. The follow-
ing table shows the concentration of the ion required to produce the
color change. The tables refer to results obtained when about two
drops of a 0.1 per cent solution of the indicator is added to 10 ce. of
the solution tested. -

SENSITIVENESS OF INDICATORS *

Concentration Required
. for Color Change of
Indicator. Color with H+. Color with OH—.
Ht. OH-.
Phenolphthalein.. . . .| colorless........ pink......... 0.0s1 0.041
Azolitmin (in litmus).| violet pink...... violet........ 0.051 0.051
Methyl orange. ... .. reddish-orange . .| yellow....... 0.0.1 0.0s1

The table shows that of these three indicators phenolphthalein is
the most sensitive to acids, and methyl orange is the most sensitive to
bases.

The Evaporation of Acids

It is often necessary to diminish the acid concentration of a solu-
tion. The simplest way to accomplish this is by neutralization, but
it is often undesirable to introduce foreign substance into the solution,
and in such cases the acid is removed by evaporation. To prevent loss
by spattering, it is well to evaporate in a porcelain dish on the steam
bath; but, to save time, the evaporation may take place over a free
flame. In this case the solution should be kept in motion either by
stirring or by rotating the contents of the dish and moving it back and
forth over the flame. For evaporations over a free flame, an Erlen-
meyer flask is often used; the sides of the flask, being cooled by the
air, act as a condenser and delay evaporation, but they also serve to
prevent mechanical loss. Spattering is caused by steam being formed
too rapidly at the bottom of the dish, by steam being formed beneath
a crust which has formed on the surface of the liquid, or by steam being
formed from enclosed mother-liquid in a solid that has separated. The
steam escapes then only after its pressure has become considerable.
The breaking of glass dishes when heated over a free flame is due to
overheating the glass by contact of the flame with some part that is

* From J. Stieglitz: Qualitative Analysis.
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not being kept relatively cool by contact with liquid. Moving the
vessel back and forth over the flame prevents breakage by preventing
overheating of the glass; the bottom is kept uniformly wet on the inside
even when but little liquid remains.

The behavior of acids upon evaporation is interesting. A solution
of hydrochloric acid of specific gravity 1.10 boils at 110° under atmos-
pheric pressure. The solution contains 20.2 per cent of hydrogen
chloride ‘and its concentration is thus a little less than 6 N. No
other mixture of water and hydrochloric acid boils as high and con-
sequently in evaporating a solution of hydrochloric acid, although the
total quantity of hydrochloric acid constantly diminishes, the concen-
tration of the remaining acid will tend to approach the composition of
the constant boiling mixture. If the acid is more dilute at the start,
evaporation will cause the acid that remains to be more concentrated,
and if more concentrated at the start, evaporation will cause the
remaining acid to be more dilute.

Nitric acid similarly forms a constant boiling mixture with water.
This mixture boils at 120.5° and contains 68 per cent of nitric acid;
the acid concentration of the mixture is about 15.5 N,

Sulfuric acid forms with water a constant boiling mixture that con-
tains 98.3 per cent of anhydrous sulfuric acid and boils at 330°. It was
once thought that these constant hoiling mixtures of acid and water
corresponded to definite hydrates of the acid, but the composition of
such a mixture and the boiling-point varies with changes in pressure in a
way that proves no definite compound is present.

When it is desired to change a solution of a chloride to one of a
nitrate it is very easy to do this by evaporating once or twice with
nitric acid. The nitric acid reacts with the hydrochloric acid,

6HCl14-2HNO3 =4H,042N0+4-3Cls,

and by adding an excess of the nitric acid all of the chloride is decom-
posed. The most economical way to accomplish the change is to
evaporate nearly to dryness and then add a little strong nitric acid,
repeating the evaporation and addition of acid until no more red fumes
are evolved on adding the acid (NO-+air-red NO3).

Similarly a solution of nitric acid may be changed to one of hydro-
chloric acid. Aqua regia is formed, as in the above case, and by using
an excess of hydrochloric acid all the nitrate is decomposed.

The change of a solution of nitric acid or of hydrochloric acid to
one of sulfuric acid is based on another principle. In this case the
change is accomplished by evaporating till dense fumes of sulfuric acid
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are evolved. Very little sulfuric acid is lost until all of the more volatile
acid has evaporated.

Phosphoric acid is still less volatile. By evaporation with phos-.
phoric acid even sulfuric acid can be distilled off without losing an
appreciable quantity of phosphoric acid, but the phosphoric acid is
changed to pyrophosphoric acid or to metaphosphoric acid.

To change a sulfate or a phosphate solution to a chloride or nitrate
presents a more difficult problem than that of simple evaporation. It
is customary in such cases to remove the phosphate or sulfate ions by
precipitation or to precipitate the desired substance and to dissolve it
in the desired acid.

Filtration and Washing of Precipitates

When a precipitate is produced in qualitative analysis it is necessary
to remove it from the liquid by means of filtration. The size of the filter
used should be determined by the size of precipitate and not by the
volume of liquid. In attempting to detect the presence of traces of a
substance it is often necessary to work with large quantities of the orig-
inal substance, and this involves the use of correspondingly large
volumes of liquid. If from such a solution a few milligrams of a pre-
cipitate is formed, it will be practically lost if spread over a large filter,
and further work with the precipitate is hampered.

Before examining such a precipitate it must be completely freed
from all traces of the filtrate. This is accomplished by washing. Wash-
ing must be continued until no test can be obtained with the wash-
water for a certain substance known to be'present in the filtrate. For
example, suppose it is necessary to filter off some suspended barium sul-
fate from a solution containing sodium sulfate; the precipitate must be
continuously washed until a sample of the wash-water, acidified with
hydrochloric acid, no longer gives a precipitate on the addition of barium
chloride. - As a rule, it is not advisable to run the wash-water into the
filtrate, because this occasions an unnecessary dilution of the latter.
The filter must always be smaller than the funnel, and the precipitate
should not extend higher than to within 5 mm. of the top of the filter.
Finally, large precipitates should be avoided as far as possible, for they
render exact work more difficult— filtration and washing consuming
too much time.

Colloidal Solutions

If an alkaline silicate in dilute solution is mixed with dilute hydro-
chloric acid, the solution remains clear and apparently unchanged in
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spite of the fact that silicic acid is only slightly soluble in water. If the
liquid thus obtained is placed in a vessel whose walls are formed of
parchment paper or of bladder and this vessel is placed in pure water,
it is possible to wash out all the excess hydrochloric acid and all of the
sodium in the form of sodium chloride. This is the so-called process
of dialysis. The liquid in the dialyzer contains silicic acid.

The silicic acid, however, is not in the form of a true solution. If it
is evaporated, an amorphous, gelatinous mass is obtained which is only
slightly -soluble in water. The boiling-point and freezing-point of the
solution do not differ much from that of pure water. The addition of
various substances, especially of salts, causes the liquid to solidify as a
jelly, especially if it has been concentrated somewhat by evaporation
in the cold.

A similar experiment can be performed with arsenious acid and
hydrogen sulfide. The aqueous solution of arsenious oxide turns
orange yellow when hydrogen sulfide is passed into it and becomes
opalescent without forming any precipitate, although arsenious sulfide
is only very slightly soluble in water. The liquid will pass unchanged
through an ordinary paper filter. If a little hydrochloric acid or some
salt solution is added to the yellow opalescent liquid, a heavy precipi-
tate of arsenious sulfide at once forms.

A liquid in which a very insoluble substance appears to be in solu-
tion far beyond its usual degree of solubility, and yet does not show at
all the behavior of an ordinary supersaturated solution, is said to con-
tain the substance in collotdal solution.

Such solutions are very commonly formed with difficultly soluble
gelatinous substances. It was formerly thought that such solutions
represented true solutions of difficultly soluble substances in the form
of a soluble colloidal modification, but more recent observations with the
ultramicroscope have indicated that colloidal solutions are really sus-
pensions of minute solid particles. The colloidal condition evidently
interferes with the precipitation of insoluble substances, and since most
of the separations of analytical chemistry depend on the formation of
precipitates, analytical chemistry is chiefly concerned with the colloidal
condition as one that is to be avoided as much as possible.

The suspended particles of most colloids carry electrical charges;’
a potential difference exists between the particles and the liquid. Some-
times the charge on the particles is positive, as with the colloidal solution
of ferric hydroxide, aluminium hydroxide and chromium hydroxide;
and sometimes the charge is negative, as with the colloidal solu-
tions of silicic acid, stannic acid, the sulfides of arsenic and cadmium,
silver iodide, silver chloride, gold, platinum and silver. Substances
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in the colloidal condition which carry an electric charge are precipitated
by an electrolyte. Negatively-charged colloids are precipitated by the
action of positive ions and, conversely, the positively-charged colloids
are precipitated by negative ions. The precipitated substance carries
with it a little of the precipitating ion in the form of an adsorption com-
pound. The precipitating power of electrolytes increases decidedly
with the valence of the precipitating ion.

Some colloids do not carry much of an electric charge and sometimes
the charge is positive in acid solutions and negative in alkalies. Col-
loids which do not carry much electric charge are not precipitated
by dilute solutions of electrolytes. These colloids are coagulated by
heat, by any other method of dehydration such as the addition of con-
centrated salt solutions, or by the addition of another solvent such as
alcohol. Colloids which are not sensitive to precipitation by electro-
lytes often act as protective colloids and hinder the precipitation of
other substances. Thus tannic acid, gelatin and albumin act as such
protecting agents, probably by forming protective films.

To prevent the colloidal condition in analytical work it is necessary
to take certain precautions. Since electrolytes cause the precipitation
of colloids, it may be expected that their absence will tend to aid in
the formation of colloidal solutions. Thus in washing a precipitate
which is known to have a tendency to pass into colloidal solution, it is
best to wash with a solution of some indifferent electrolyte rather than
with pure water. Again, if precipitations are attempted in very dilute
solutions of such substances as arsenious sulfide, it is best to have an
electrolyte in the solution at the start. It is also necessary to remember
that the colloids carry down with them the precipitating ion by which
they are coagulated. To avoid analytical mistakes caused by such loss
of ions, a sufficient concentration of some other ion is usually provided
in the form of an acid or an ammonium salt. The washing of the
precipitated colloid with ammonium chloride or ammonium nitrate
gradually removes these precipitated ions, but it is very difficult to avoid
all danger of loss from this source.

When protective colloids, especially of the gelatln or albumin type
are present, they may interfere so much with the common precipitation
tests that it is necessary to destroy the protective colloid, usually by
oxidation, before proceeding with the analysis.
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II. REACTIONS IN THE DRY WAY

These reactions are employed chiefly in the so-called ¢ preliminary
examination,” in testing the purity of precipitates, and in the examina-
tion of minerals. The most important reactions of this nature consist
in the testing of a substance with regard to its—

1. Fusibility;

2. Ability to color the non-luminous Bunsen flame;
3. Volatility;

4. Behavior toward oxidation and reduction.

In order to carry out these reactions it is customary to use the
non-luminous gas flame; and to understand the operations to be
described it is necessary for us to know something about the composi-
tion of illuminating gas and the nature of the flame.

The illuminating gas of Zurich averages the following composition:
C0O2=2.0 per cent; C,Hz,=4.5 per cent; O2=0.2 per ¢ent; CO=8.0
per cent; Hy=48.0 per cent; CH4=33.0 per cent; and Nz=4.3 per
cent.

All these components, except COg2, O2, and N3 (which are present
only in small amounts), are combustible; they are reducing substances.
[lluminating gas ordinarily burns with a luminous flame, and the
luminosity is due to the presence of unsaturated hydrocarbons (C,Hs,),
principally ethylene, propylene, acetylene, benzene, ete. If ethylene
i3 heated to a certain temperature, it is decomposed into methane and

carbon: ,
C2H4=CH4+C,

and it is glowing carbon which causes the luminosity of the flame.

The other unsaturated hydrocarbons behave like ethylene. The
remaining combustible constituents of illuminating gas burn with a
non-luminous flame. If we bring air into the gas, the flame becomes
non-luminous. With the Bunsen burner air is introduced by opening
the holes at the base of the burner.. In such a gas-flame there are,
according to Bunsen, the following parts (Fig. 1*):

I. The inner cone of the flame, aab, in which no combustion takes
place, because the temperature here is too low. This part of the flame
contains unburned gas mixed with about 62 per cent of air.

II. The flame mantle, indicated by acaba, which is composed of
burning gas and air.

*In the drawing, the lines d represent a metallic chimney, or flame-protector,
which rest upon the support ee. It is advisable to furnish each burner with such
a flame protector.
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II1. The luminous tip, at b, which does not appear unless the air-
holes are closed somewhat.

In these three principal parts of the flame Bunsen distinguished
Six reaction zones:

1. The base of the flame at o’. The temperature here is relatively
low, because the burning gas is cooled by the constant current of
fresh air, and also because the burner itself conducts away considerable
heat. This part of the flame serves to test volatile substances to see
whether they impart color to the
flame. In case several substances are
present which color the flame, it is
often possible to observe the colors
one after the other, in that the most
volatile substance colors the flame
first, and later the colors caused by -
the less volatile ones are seen. This
would not be possible at a hotter part
of the flame, as all of the substances
would then be immediately volatilized,
producing a mixture of colors.

2. The fusing zone at 8. This lies
at a distance of somewhat more than
one-third of the height of the flame,
and equidistant from the outside
and the inside of the mantle, which
is broadest at this part. As this is
the hottest part of the flame (about
2300° C.), it serves for testing sub-
stances as to their fusibility and
™ volatility.

I, 1. _ 3. The lower oxidizing flame lies in

the outer border of the fusing zone at

v, and is especially suited for the oxidation of substances dissolved
in vitreous fluxes.

4. The upper oxidizing zone, at ¢ consists of the non-luminous
tip of the flame, and acts strongest when the air-holes of the lamp
are fully open. It is used for various oxidizing tests, the roasting
away of volatile products of oxidation, and generally for all processes
of oxidation where the very highest temperature is not required.

5. The lower reducing zone lies at §, in the inner border of the fusing
zone next to the dark cone. As the reducing gases are mixed here with
oxygen from the air, many substances which are reduced by the upper

(4
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reducing flame are unaffected in this zone. This part of the flame is
consequently very well adapted for a test which cannot be made
with the blowpipe, namely, reduction on the charcoal stick, and in
vitrecus fluxes.
6. The upper reducing flame is at 7, in the luminous tip of the dark
inner cone, which may be produced by gradually diminishing the supply
" of air. If the luminous tip has been made too large, a test-tube or
porcelain dish filled with water and placed over it will be blackened,
which should never be the case. This luminous tip contains no free
oxygen, is rich in separated incandescent carbon, and has, therefore,
a much stronger reducing action than the lower reducing zone. It is
used more particularly for the reduction of oxides collected in the form
of incrustations.

METHODS FOR THE EXAMINATION OF A SUBSTANCE IN THE DRry Way

1. Test oF THE FusiBILITY

This test is principally made in the examination of minerals, which
are introduced into the flame in the loop of a platinum wire (about as
thick as a horsehair). The sample is examined, after heating, by means
of a magnifying glass to see whether the corners are rounded, due to
melting. The potentially hottest temperature of the fusing zone
amounts to about 2300° C.* It will never be possible to reach this
temperature with the test, because the substance itself loses heat by
radiation. As the amount of heat lost by radiation is proportional
to the surface exposed, it is evident that we will obtain the maximum
heat by using a very small sample and holder. For this reason a coarse
wire should not be used for this test.

We distinguish the following degrees of heat:

1. Faint red glow.......... 525° C.  Melting-point of magnesium.. 631°
2, Dark red glow........... 700° aluminium 658.7°f
3. Bright red glow.......... 950° silver..... 960.5°

o gold...... 1063°
4. Yellow glow............. 1100 { B oper.. . 1083°
5. Faint white glow. ....... 1300° nickel. ... 1452°
6

. Full white glow.......... 1500° platinum, . 1755°

* This temperature will be considerably lower with too large a supply of air.
According to Naumann, the temperature of illuminating gas with 1% times its
volume of air reaches about 1818° C., but the temperature obtained is usually
lower owing to loss by radiation.- The finest platinum wire can be melted by
means of the flame, but not when it is as thick as a horsehair.

t Circular No. 35 of the Bureau of Standards, Washington, D, C. Cf. Burgess-
LeChatelier: ““ High-Temperature Measurements,”’
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Below 525° C. the following substances melt: tin at 232°, bismuth
at 271°, lead at 327°, zinc at 420°.

2. CoLoR IMPARTED TO THE FLAME

The substance (best in the form of the chloride) is placed in the
loop of a fine platinum wire, introduced into the base of ‘the flame,
and then finally brought into the fusing zone.

3. TEST OF THE VOLATILITY

A little of the substance is heated in a small test-tube or in a piece of
glass tubing sealed at one end. Volatile substances are transformed
into vapor, often without melting, and the vapors condense on the
cooler walls of the tube.

4. OXIDATION AND REDUCTIONS

(a) In Vitreous Fluzes or Beads

To make a bead, borax (NasB4O7-10H20) or salt of phosphorus
(NaNH4HPO4+4H20) is used. A piece of very fine platinum wire,
about 3 cm. long, is sealed into the end of a glass tube. The wire is
heated to redness, and then quickly dipped into the borax or salt of
phosphorus, held near the flame, whereby a small amount of the
salt is fused to the end of the wire. By repeated heating and dip-
ping into the salt a bead of sufficient size is obtained. This should be
about 1.5 mm. in diameter at the most. It is not advisable to make a
loop at the end of the wire, because in this way the exposed surface is
unnecessarily increased. There is no danger of the bead falling off,
provided the wire is held horizontally in the flame and the bead is not
too large. In order to bring the substance in question into the bead,
it is only necessary to moisten the latter with the tongue, and then dip
it into the finely powdered substance, which will cause a small amount
to adhere to the bead. It is preferable to introduce too little substance
into the bead rather than too much, because, in the latter case, the bead
will become dark and opaque. The oxidation of the substance in the
bead is brought about by heating it in the lower oxidizing flame; reduc-
tion is usually effected by heating in the lower reducing zone, and cool-
ing in the dark inner cone, in order to prevent oxidation, which might
take place if the substance were cooled in the air.

In order to clean the wire, a borax bead is produced on the wire,
which is then heated, as is shown in Fig. 2, a, on one side of the bead
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only, so that the latter runs along the wire in the opposite direction,
“dissolving off all impurities. By heating the bead from the other
side, Fig. 2, b, it is driven toward the end of the wire, from which it
can be shaken off by a quick jerk. By repeating this process three
times the wire is cleaned with the exception of a small amount of
adhering borax-glass, which can be removed by heating the wire in
the fusing zone until the sodium flame entirely disappears.

Fic. 2.

(b) Reduction on the Charcoal Stick

These exceedingly beautiful reactions are among the most sensi-
tive of those used in analytical chemistry, and should be faithfully
practiced by every beginner. The cause of their sensitiveness is
due to their taking place on the extreme end of a tiny piece of char-
coal, that is at a point, so that the sample has no opportunity to spread
itself over a large surface, which is the case with the ordinary reactions
on charcoal before the blowpipe.

To carry out these reactions, we use an ordinary splinter consisting of
good, straight fibers, such as used in an old-fashioned brimstone match
(not a safety-match, which has already been subject to chemical treat-
ment). Itisimpregnated with sodium carbonate (soda) in the following
manner: A crystal of sodium carbonate (Na2COjz-10H20) is warmed
in the flame, whereby it melts in a part of its water of crystallization.
Three-fourths of the length of the match is now smeared with this liquid
soda, and the match is then slowly rotated on its axis in the flame,
until the soda melts and penetrates the charcoal. On withdrawal
from the flame there should be no place which continues to glow;
should the latter be the case, the stick should be quickly immersed in
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the soda again. In this way one obtains a solid little piece of charcoal,
which can be heated for a long time without burning through.

In order to carry out a reduction, a small amount of the substance
to be examined is mixed on the palm of the hand with an equal amount
of calcined soda, a small drop of melted soda is added, and the mixture
is made into a paste by means ot the blade of a penknife. The warmed
piece of charcoal is then rubbed into the mixture, which adheres to it.
The sample is first heated in the lower oxidizing flame until it has melted,
and then moved into the lower reducing flame. The reduction will
be made evident by a violent swelling up of the melt, caused by the
evolution of carbon dioxide. As soon as the mass melts quietly the
reduction is complete. The substance is allowed to cool in the dark
cone, after which it is removed from the flame. The metal is now found
on the extreme end of the carbonized match, concentrated in a point.
This point is broken off, and triturated with a small amount of water
in an agate mortar. The excess of sodium carbonate goes into solution,
part of the charcoal floats on the surface of the water, while the heavier
metal sinks to the bottom. In case the reduced metal is iron, nickel,
or cobalt, it will not be noticeable to the eye, but it may be taken up
with a magnetized knife-blade, to which it will adhere, usually mixed
with charcoal. This should be dried by cautious warming, the tuft
of metal taken off, rubbed between the thumb and forefinger, and
then brought into contact with the knife again, to which only the metal
will now adhere. The metal is then transferred to a piece of washed
filter-paper about 3-4 mm. wide and 50 mm. long, so that it comes as
near as possible to the end of the strip. By means of a capillary tube,
a drop of hydrochloric acid and one of nitric acid are added, and the
paper is warmed over the flame until the black speck (the metal) has
disappeared, when the final test can be made.

In order to test for iron, a drop of potassium ferrocyanide is added,
whereby the presence of iron is shown by the appearance of a distinct
formation of Prussian blue. To test for nickel and cobalt, the metal is
dissolved in nitric acid, the excess of acid is evaporated off, and a drop
of concentrated hydrochloric acid added, whereby the paper is colored
blue if cobalt is present; the nickel shows at the most only a very weak
greenish color—usually, however, no color. A little caustic soda
solution is now added, and the paper held in the vapors of bromine;
in case either nickel or cobalt is present a brownish-black spot appears,
due to the formation of either Ni(OH)3 or Co(OH)s.

If, however, the metal reduced was malleable, it is usually obtained
in the form of a metallic globule on the end of the match, where it can
be examined with the aid of a lens. Copper is not always obtained as a
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globule, but usually as a reddish, sintered mass. By pressing down on
a malleable metal in the agate mortar it is obtained as a glistening
fragment, which can be readily separated from the specifically lighter
charcoal by washing. To accomplish this the agate mortar is inclined
and a stream of water is directed sideways upon the mass, whereby
the charcoal is washed out with the water, and the metal is left clean.
It4s transferred to a watch-glass and tested as follows:

1. The Metal ts White (Pb, Sn, Ag, Pt). The metal is treated
with a few drops of nitric acid and carefully warmed. Lead and silver
dissolve readily, particularly upon addition of a little water. ‘Silver
will be detected by the addition of a drop of hydrochloric acid, whereby
white silver chloride, soluble in ammonia, is precipitated. The test
for lead is dilute sulfuric acid, which precipitates white lead sulfate.

If the metal, on treatment with nitric acid, remains unchanged,
it is probably platinum. It should be dissolved in aqua regia, evapor-
ated to dryness, dissolved in a little water, and potassium chloride solu-
tion added. A yellow, crystalline precipitate confirms the presence of
platinum. If the metal, when treated with nitric acid, becomes changed
into a white insoluble oxide, it is tin. In this case, another fragment of
metal is dissolved in concentrated hydrochloric acid and tested for tin
by means of mercuric chloride solution, or by a solution of bismuth
oxide in caustic soda.

2. The Metal 13 Yellow to Red (Cu, Au). Copper is readily dissolved
in nitric acid, and the solution gives with potassium ferrocyanide a
reddish-brown precipitate. Gold is insoluble in nitric acid, but soluble
in aqua regia. The evaporated solution gives a violet-brown color with
stannous chloride, due to finely divided gold.

(¢) Reduction in a Glass Tube

Besides the borax bead and the charcoal stick, reduction is often
effected by means of metallic sodium, potassium, or magnesium.

Thus small amounts of phosphorus in anhydrous salts may be
.. detected in the following manner: The substance to be tested is placed
in a glass tube, 3 mm. wide and 50 mm. long, which is closed at one end.
A small cylinder of potassium or sodium (freed from petroleum by
rubbing between filter-paper), or even a piece of magnesium wire, is
added to the tube, and the contents then heated until the glass itself
begins to soften. The reaction is so violent that the substance seems to
take fire. After cooling, the tube is broken in a porcelain mortar,
when by breathing over the mass, the smell of phosphoretted hydrogen
may be detected.
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The halogens, sulfur, and nitrogen are tested for in a similar
way, as will be shown later.

(d) Reduction in the Upper Reducing Flame for the Purpose of Forming
Metallic and Oxvde Incrustations

The volatile elements which are reducible by means of hydrogen
or charcoal may be detected in this part of the flame with the great-
est ease, as, for example, arsenic, anti-
mony, cadmium, bismuth, selenium, and
tellurium. The metallic incrustations are
obtained by holding in one hand a small
portion of the substance on a thin asbestos
thread (platinum will be attacked) in the
upper reducing zone of a small gas flame,
where the oxide is reduced to volatile
metal, and burned in the upper oxidizing
flame to oxide. In the other hand, closely
over the substance to be tested, is held
a glazed porcelain evaporating-dish, filled
with water, as is indicated in Fig. 3 at B.
The metallic vapors are condensed by

Fie. 3. the cold dish, and deposited on it in

the form of a metallic mirror or film,

If, however, the dish is held above the upper oxidizing flame

(at A), there is formed a thin, often invisible, oxide incrustation on
the bottom.

Should it be necessary to treat the metallic incrustation with a
large amount of solvent (as is necessary in the detection of selenium
and tellurium), the porcelain dish is replaced by a test-tube half filled
with cold water. A somewhat larger test-tube is used to hold the sol-
vent, and the smaller test-tube, on which the incrustation was deposited,
is placed within the larger tube and the liquid warmed if necessary.

(e) Blowpipe Reduction on Charcoal

These tests are made in the so-called ¢ preliminary examination.”
For this purpose a small cavity is made with a penknife in a piece
of good charcoal (preferably of linden wood), in which a knife-bladeful of
the substance to be tested is placed, previously mixed with twice as much .
anhydrous sodium carbonate. As charcoal is a porous substance, it will
readily absorb melted substances, such as salt of the alkalies. Other
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substances are changed, by means of the sodium carbonate used, inte
carbonates, which are, for the most part, decomposed, on heating, into
oxides and carbon dioxide. The oxides of the noble metals are decom-
posed, without the aid of the charcoal, into oxygen and metal; while
those of the remaining metals are either reduced to metal or remain
unchanged. Thus CuO, PbO, BixOs, Sb203, SnOg, Fez03, NiO, and
CoO are reduced either to a fused metallic globule (Pb, Bi, Sb, Sn, Ag,
and Au), or to a sintered mass of metal (Cu), or to a glistening metallic
fragment (Fe, Ni, Co, Pt). The oxides of zinc, cadmium, and arsenic
do not give metallic globules, but are, however, easily reduced to metal.
These metals are so volatile that they are changed into vapors, and are
carried from the reducing zone of the flame into the oxidizing zone, where
they are changed into difficultly volatile oxides. These oxides, which
have characteristic colors, are then deposited on the charcoal outside
the cavity.

Zinc gives an incrustation which is yellow while hot, and white
when cold; that of cadmium is browr; while the oxide of arsenic gives
a white and readily volatile incrustation. Furthermore, the volatiliza-
tion of arsenic gives rise to a characteristic garlic odor. The metals
lead, bismuth, and tin give, besides the metallic globule, an oxide
incrustation which is typical.

At the same time, nitrates, nitrites, chlorates, etc., may be recognized
by the fact that they cause a very rapid combustion of the glowing
charcoal (deflagration). This deflagration is not to be confused with
a decrepitation which takes place on heating substances containing
enclosed moisture or gases, such as rock salt, fluor-spar, ete. Crystals
of such substances are burst by the quick expansion of the enclosed
liquid, and scattered about.

Many difficultly fusible substances do not melt into the charcoal.
Thus many silicates form a bead with the soda, which only after con-
tinuous heating will give up the alkali and allow it to be absorbed by
the charcoal, leaving behind the white infusible silica. Phosphates
and borates act similarly, only these do not leave behind an oxide,
but a fused glass. Infusible white oxides, as those of calcium, stron-
tium, magnesium, aluminium, and many of the rare earths (Welsbach
mantle, for example), glow very brightly, and in fact more brightly
as they are more strongly heated. '
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Division of the Metals into Groups

The metals, for purposes of analytical chemistry, may be.divided
into five groups:

The First Group contains those metals whose chlorides are insoluble,
or difficultly soluble, and whose sulfides are insoluble in dilute acids.
They may, therefore, be precipitated from their solutions by means
of either hydrochloric acid or hydrogen sulfide.

The Second Group contains those metals whose chlorides are soluble,
but whose sulfides are tnsoluble in dilute acids. They may be precipi-
tated from their solutions by means of hydrogen sulfide, but not by
hydrochloric acid.

The Third Group contains those metals whose sulfides are solu-
ble in dilute actds, but are insoluble in water and alkalies; and also
those metals whose sulfides are- hydrolytically decomposed into
hydrogen sulfide and insoluble hydroxide. The members of this group
are precipitated completely by hydrogen sulfide only from alkaline
solutions.

The Fourth Group contains those metals whose sulfides are soluble
in water, but whose carbonates are insoluble in-the presence of ammonium
chloride. 'They are precipitated by ammonium carbonate in the presence
of ammonium chloride, but not by any of the above reagents.

The Fifth Group contains magnesium and the alkalies; they are
not precipitated by any of the above reagents.

In order to carry out an analysis with certainty it is necessary
to understand not only the reactions of the different elements, but
we must know as well the sensitiveness of each reaction. The analyst
should be able to draw a conclusion by the size of the precipitate formed
as to the approximate amount which is present in the original substance.
This, however, is possible only when the experiments are made with
known amounts. Consequently reagents ¢f a known strength are used
and allowed to act on known amounts of the different substances. Ac-
cording to the suggestion of R. Blochmann* it is well to make the solu-
tions of the different reagents either double-normal, normal, half-
normal, or tenth-normal. For many years the author has used in his
laboratory solutions of reagents and salts according to this principle,

* Berichte, 1890, 31.
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and has found that the beginner in this way gets a far better under-
standing of the stoichiometrical relations than when solutions of almost
any concentration are used, as was formerly the custom.

By a normal solution is understood one which contains in a
liter one gram-equivalent of the substance in question, referred to a
gram atom of hydrogen as a unit. A tenth-normal solution will contain
one-tenth of a gram-equivalent in a liter, etc.

- Thus one liter of a normal solution will contain

HCI = 36.46 gms.
HoB0: _ 980849 04 gms.
2 2
HsPO, _ 98.03_ 32.68 gms. .
3 3 equivalent to one
NaOH = 40.06 gms. gram-atom of hydrogen.
- KMnO, =158' 11 =31.62 gms.*
5 5
{ 8]
I&QCGI‘207 _ 2.;46.4 —49 08 gms.

The great advantage of this system is that one always knows how
much of one solution should be used in order to react with another
quantitatively. Thus 1 ce. of a normal caustic soda solution will
neutralize 1 cc. of any normal acid, or 2 ce. of any half-normal acid.
In the same way 1 cc. of a normal solution of sulfuric acid, or of any
sulfate, will precipitate quantitatively the barium from 1 cc. of a normal
barium chloride solution.

The Laboratory Reagents

I. CONCENTRATED AcCIDS

Sp.gr. Per cent by Wt.| Approx. Cone.
Hydrochloric aeid. .. ....... ... ... ... 1.19 37.9 12 N.
Hydrofluoricacid.. ............ooo ol coiiiiii | o 24 N.
Nitricacid.. .....covviiiiiininnn... 1.42 69.8 16 N.
Phosphoricacid. ................ e 1.7 85 15 N.
Sulfuricacid. . ..., 1.84 96.0 36 N.

* This is considering the solution as an oxidizing agent, As a precipitant,
the normal solution of KMnO, would contain one mole per liter. The reagent
is almost invariably used as an oxidizing agent and not as a precipitant.
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II. DiLuTED AcCIDS

Sp.gr. Per cent by Wt.| Approx. Conec.
Aceticacid. . ............. ... ... .. ... 1.04 34.6 6 N.
Hydrochloric acid. . .................. 1.10 20.0 6 N.
Nitricaeid........................... 1.20 32.3 6 N.
Perchloricacid....................... 1.12 | ... 2 N.
Sulfuricacid......................... 1.18 24.8 6 N.
Sulfurous acid........................ (Satd. soln. of SO,) 0.33 N.
Tartaricacid......................... (150 g. per liter) 2 N.
IT1. BasEs
Sp.gr. Per cent by Wt.| Approx. Conc.
Ammonium hydroxide. ............... 0.90 289, NH, 15 N.
Ammonium hydroxide. ............... 0.96 9.9%NH; 6 N.
Barium hydroxide.................... (satd. soln. Ba(OH),-8H,0) 0.4 N.
Potassium hydroxide.................. 1.37 36.9 9 N.
Sodium hydroxide.................... 1.22 19.7 6 N.
IV. SavLts
(a) Ammonium Salts
Name of Salt. Directions for Making Reagent. Cone.
Ammonium acetate Mix equal volumes of 6-normal acetic acid 3 N.
NH,C.H:0, or NH;Ac and 6-normal ammonia.
Ammonium carbonate | Dissolve250gms.freshly powderedammonium 6 N..
(NH,).COs carbonate in 1 liter 6-normal NH,OH. The
commercial salt is NH;HCO;+- NH,CO,NH,.
Ammonium chloride | Dissolve 54 g. in 1 liter of water. N.
NH.Cl
Ammonium molybdate | Dissolve 75 g. of pure ammonium molybdate | 0.85 N.
(NH,):MoO, in 500 cc. water, pour the solution into 500
ce. of 6-normal HNO; and shake till the
precipitate dissolves. The formula of the
commercial salt is (NH;)sMo070,4-4H,0.
Ammonium oxalate Dissolve 35 g. (NH,).C;04:-H,0 in 1000 ce.| 0.5 N.
(NH4)20204 water.
Ammonium polysulfide | Digest 1 liter 6-normal ammonium monosul- 6 N.
(NH,):S8z fide with 25 gms. flowers of sulfur for some
hours and filter.
Ammonium sulfide Pass H,S into 200 ce. 15-normal NH,OH in 6 N.
(NH,).S a bottle immersed in running water or in
ice water until no more gas is absorbed;
then add 200 cc. 15-normal NH,OH and
dilute to 1 liter.
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(b) Other Salts

Name of Salt. Formula. l;ggzﬁia Gri?ézrl?er Conc.
Alum................. KAI(SOy)2-12H,O.. . . .. 475 59 0.5 N.
Barium chloride.. . ..... BaCl;-2HO........... 244 122 N.
Bismuth nitrate........ Bi(NOs)3;:5H0........ 484 80 0.5N.
Cadmium nitrate....... Cd(NO3)-4HO....... 308 154 N.
Cadmium sulfate....... 3CdS0O4-8H.0. ........ 770 64 0.5 N.
Calcium chloride. . ..... CaCly-6HO........... 219 110 N.
Calcium sulfate........ CaS04-2HO. ......... 172 2.6 Satd.
Chrome-alum. ......... KCr(SO04).-12H,0.. . ... 399 83 0.5N.
Cobalt nitrate.......... Co(NOs),:6HO........ 291 50 19, Co
Copper sulfate. ........ CuS04:5H0.......... 250 125 N. .
Ferric chloride. . ....... FeCl3-6H,O........... 270 90 N.*
Lead acetate........... Pb(C,H;0.),-3H:0..... 379 190 N.
Magnesium sulfate. . . .. MgSO4-7TH:O.......... 247 123 N.
Manganese sulfate.. . ... MnSO4-4H.0.......... 223 56 0.5 N.
Mercuric chloride....... HgClo.oovvv o1 272 27 0.2 N.
Mercurous nitrate. .. ... Hgo(NOsg)2. o ovvvveee 525 263 N.
Nickel sulfate.......... NiSO4-7HO.......... 281 70 0.5 N.
Potassium bichromate.. .| KoCroQ7. . oo ov oot 294 49 N.t
Potassium chromate. ...[K.CrO4............... 194 201 3 N.*
Potassium cyanide.. . ... KCN............o.... 65 65 N.
Potassium ferricyanide. .| KsFe(CN)s.. . ......... 329 110 N.*
Potassium ferrocyanide..| KFe(CN)s-3H:O. .. ... 422 105 N.*
Potassium iodide. ... ... KIL...........oooo. 166 17 0.1N.
Potassium nitrite.. . .. | KNOg. o 85 255 3 N.
Potassium permanganate]| KMnOs............... 158 10 0.3 N.f
Potassium thiocyanate. .| KCNS................ 97 97 N.
Silver nitrate. ......... AgNOs. . ... 170 17 0.1 N.
Sodium acetate......... NaC,H;0;-3H:0....... 136 136 N.
Sodium arsenite ....... NaAsOs...oovvvvvnn... 130 130 N.
Sodium bromide.. ...... NaBr-2H:0 or NaBr.. .[139 or 103| 69 or 51 | 0.5 N.
Sodium carbonate. . .... NaCOsz..oovvoveee .. 106 159 3 N.
Sodium hypochlorite....[NaClO............... 74 37 N.t
Sodium nitrite. . ....... NaNOz............... 69 207 3 N.
Sodium phosphate.. . ... Na,HPO,-12H:0.. ... .. 358 119 N.
Sodium thiosulfate.. . . .. NazS:03-56H0......... 248 124 0.5N.1
Uranyl acetate......... U0:(CoH;0,)2-2H,0. . . . 425 21 0.1N.

* As precipitant.

t As oxidizing agent.

1 As reducing agent.

V. SpEciAL REAGENTS

Chloroplatinic acid: Dissolve 26.5 gms. H;PtCls -6H;O (corresponding to .10 gms,

Pt) in 100 cc. water.

Ether saturated with HCl: Saturate anhydrous ether at 0° with dry HCI gas.
Ferrous sulfate, 2 N: Dissolve 280 gms. FeSO4-7Hz0 in 6 N sulfuric acid and keep
in contact with iron nails.
Hydrogen peroxide, 3 per cent.
Magnesium ammonium chloride, N in MgCl,: Dissolve 100 gms. MgCl, -6H,0 and
100 gms. NH,CI in water, add 50 ce. 15-normal NH,OH and dilute to one liter.
Potassium mercuric iodide, 0.5 normal in K,Hgl,: Dissolve 115 gms. Hgl, and 80
gms. KI in enough water to make the volume 500 cc.; add 500 cc. 6-normal
NaOH and decant the solution from any precipitate that may form on standing.
The stock solution should be kept in the dark. For sensitive work the water
used, as well as the solids, must be absolutely free from ammonia.
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Potassium pyroantimonate: Add 20 gms. of the best commercial salt to 1 liter of
boiling water, boil until nearly all the salt has dissolved, cool quickly, add 30
cc. of 10 per cent KOH solution, and filter.

Sodium cobaltinitrite: Dissolve 250 gms. NaNO, in 500 cc. water, add 150 cc.
6-normal HC,H;0, and 25 gms. Co(NOj;).-6H,;0. Let the mixture stand over
night, filter and dilute to 1 liter. :

Stannous chloride, 1-normal: Dissolve 113 gms. SnCl,-2H,O in 100 ce. 12-normal
HCI, dilute to 1 liter and keep in bottles containing a strip of pure tin.

Starch and potassium iodide: Rub 20 gms. soluble starch to a thin paste with.
a little water in a mortar and pour the paste into 1 liter of boiling water.
Boil five minutes and filter through a loose plug of cotton wool. Add 10 gms.
KI and 5 cc. chloroform to the filtrate.

Turmeric: Shake turmeric powder with 95 per cent alcohol and filter.

Urea: Dissolve 200 gms. urea in 1 liter 6-normal HCI.

VII. SATURATED SOLUTIONS

Barium hydroxide ................
Bromine water. ..................
Calcium sulfate.. .................
Chlorine water. ..................
Hydrogen sulfide..................
Lime water......................
Sulfurous acid....................

.......... 106 gms. SO,.

1000 cec. water dissolves.
68 gms. Ba(OH); at 20°,
32.68 gms. Br,.

2.6 £ms. CaSO‘ '2H20.
6.5 gms. Cl,.

4.2 gms. H,S.

1.3 gms. CaO.

VII. SPECIAL SOLVENTS

Amyl alcohol.
Carbon disulfide.
Chloroform.

Ethyl alcohol (95 per cent).
Methyl alcohol (free from acetone).

VII. SoLip REAGENTS

Absorbent cotton
Ammonium chloride, NH,C1
Ammonium nitrate, NH,NO;
Barium carbonate, BaCOs
Borax, Na;2B4O7

Boric acid, HBOs

Calcium chloride (anhydrous)
Calcium oxide

Calcium phosphate

Chloride of lime, CaOCl-Cl
Copper wire or turnings
Ferrous sulfate, FeSO, - 7H0
Ferrous sulfide, FeS

Iron nails, Fe

Lead (finely granulated) Pb
Lead dioxide (free from Mn), PbO.
Litmus paper, blue

Litmus paper, red

Paraffin

Potassium acid sulfate (fused), KHSO,
Potassium carbonate, K:CO3

Potassium chlorate, KCIO;

Potassium dichromate, K.Cr,O7

Potassium ferricyanide, K;Fe(CN)g

Potassium iodide, KI

Potassium nitrate, KNO;

Silica (precipitated), SiO,

Silver sulfate, Ag,SO, ‘

Sodium acetate, NaC,H;0,

Sodium ammonium phosphate (micro
cosmic salt), NaNH,HPO, .4H,0

Sodium bismuthate, NaBiO;

Sodium carbonate, Na,CO;

Sodium peroxide, N2a,O,

Sodium nitroprussiate,
Na,Fe(CN); -NO -2H,0

Sodium sulfide, Na,S -9H,0

Sodium tetraborate, (see Borax)

Starch, (CsH100s)5

Tartaric acid, H,C,;H,0q

Tin (finely granulated)

Zinc (finely granulated)
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Determination of the Sensitiveness of Reactions.

The more sensitive a reaction is, the smaller will be the amount
of the substance which can be detected in a given volume, in a definite
time, with the reagent in question. Let us assume that the amount
of substance taken is dissolved in 100 cc. of liquid, the time allowed
to be two or three minutes, and the limit of sensitiveness to be the
smallest amount of substance which can be detected under these con-
ditions.

A few examples will make the method clear:

Magnesium salts are precipitated by means of sodium phosphate
in the presence of ammonium chloride and ammonia, in the form of
magnesium ammonium phosphate. What is the sensitiveness of this
reaction? We take 1 ce. of our normal magnesium sulfate solution,
add three drops of ammonium chloride solution, and two or three
drops of ammonia and sodium phosphate solutions; the characteristic
white precipitate is formed immediately. We dilute, now, the normal
solution of magnesium sulphate ten times, and repeat the experiment
with 1 cc. of the diluted solution. The result will be—

1 cc. of N. Mg solution, 100 ce.=1.2 g. Mg, reacts immediately.

lece. N/10 Mg ¢ 100 ce.=0.12 “ Mg, «

lece. N/100 Mg ¢ 100 ce.=0.012 “ Mg, ¢ “

1ce. N/1000 Mg “ 100 cc.=0.0012 “ Mg, ¢ afterafewseconds.

1ce. N/10000 Mg “ 100 cc.=0.00012 “ Mg, “ after one or two
minutes.

If, therefore, 100 cc. of a solution. contain 0.00012 gm. Mg, the
magnesium can be detected within one or two minutes. Should the
detection of smaller amounts be desired, the solution must be con-
centrated by evaporation.

This reaction can be called very sensitive. The following potassium
reactions are much less delicate:

(a) Reaction with Chloroplatinic Acid (page 78)

1 cc. of 0.2 N KCl solution, 100 ce.=0.78 gm. K, reacts with a drop
of HoPtClg immediately.

1 cc. of 0.02 N KClI solution, 100 cc. =0.078 gm. K, does not cause
precipitation within three minutes.

1 ce. of 0.04 N KCl solution, 100 cc.=0.156 gm. K, does not causc
precipitation within three minutes; but does, however, on addition
of two drops of alcohol.

1 cc. of 0.06 N KCI solution, 100 cc.=0.234 gm. K, reacts imme-
diately on stirring.
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The sensitiveness of the reaction lies, therefore, between 0.156 and
0.234 gm. K per 100 cc. In order to detect smaller amounts of potas-
sium than 0.156-0.234 gm. per 100 cc., the solution must be strongly
concentrated by evaporation

(b) Reaction with Tartaric Acid (page 79)

1 cc. of 0.2 N KCl solution, 100 cc.=0.78 gm. K, reacts immedi-

ately with two drops of sodium acetate and two drops of a concentrated
solution of tartaric acid.

1 cc. of 0.02 N KCI solution, 100 cc.=0.078 gm. K, reacts after
one to two minutes with vigorous shaking.

This can be taken as the limit of sensitiveness.

If the beginner will test the delicacy of reactions in this way, he
will quickly get a clear insight into the solubility relations of the
different salts.

Probably the quickest way of learning these relations is to analyze
first of all solutions known to contain an equal quantity of each constit-
uent of a given group. It is well for the beginner to start with 100
ce. of solution and 0.1 gram of each dissolved cation or anion.

When the sensitiveness of the reactions is known, qualitative
tests are often the most accurate methods for estimating small quantities
of substances. Thus it is possible to detect very small quantities
of titanium by means of the hydrogen peroxide test, and the most
accurate method for determining such small quantities is to compare
the intensity of the color change with that produced in a series of
solutions containing known quantities of titanium. A



PART II. REACTIONS OF THE METALS (CATIONS)

The separation of the metals into groups (cf. p. 70) is based upon
the varying solubilities of the chlorides, sulfides, hydroxides and car-
bonates. In general, the metals removed first in the scheme of analysis
are those which form the smallest number of soluble salts and the metals
tested for last are those which form the largest number of soluble saits.
In qualitative analysis, the relatively insoluble salts occupy the chief
interest and it is, therefore, simplest to begin the study of the subject
with that group of metals which is tested for last. Compounds con-
taining these metals are very common and are used to some extent in
the separation and identification of the metals of the other groups. A
knowledge of the characteristic reactions of such compounds is neces-
sary in order to understand the chemistry involved in the analysis of
the other groups, and this furnishes another important reason for
taking up the study in the reverse order to that in which the analysis
is usually carried out. In this part of the book only the reactions of
the more common elements will be considered. The rarer elements,
such as lithium, ceesium and rubidium of the alkali group, will be con-
sidered in Part V. '

GROUP V. THE ALKALI GROUP

PotassioM, K; SODIUM, Na; and AMMONIUM, NH,

The metals potassium and sodium are the most reactive of all the
common positive elements (cf. p. 40). They oxidize very rapidly when
exposed to the air and decompose water at ordinary temperatures; the
hydrogen of water is reduced to the gaseous condition and the metal
is oxidized to alkali hydroxide in equilibrium with alkali cations and
hydroxyl anions. On account of the extent of the ionization (cf. p. 10)
the alkali hydroxides form very strong bases. The solid hydroxides
are the most stable of all hydroxides; they do not break down into oxide
and water even on being melted. The pure oxides are difficult to pre-
pare; cautious heating of the metals in air results in the formation of
considerable peroxide as well as oxide.

77
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Ammonium is classed with the alkali metals because the solubility
of ammonium salts is similar to that of potassium salts. The ammonium
radical differs from the alkali metals in being capable of oxidation, the
usual product of the oxidation being nitrogen gas. Ammonium hydrox-
ide is a much weaker base than the other hydroxides, and the salts are
either volatile or are decomposed on being heated. The salts of potas-
sium, sodium and ammonium are colorless for the most part, and
readily soluble in water. Of these salts the carbonates, the tertiary
and secondary phosphates, the cyanides, and the borates react alkaiine in
aqueous solution (hydrolysis). The salts of the alkalies are more or
less volatile and impart to the non-luminous flame characteristic colors.
When a solid is involved, either as initial substance or as final product,
in any of the characteristic reactions of this and the following groups,
it will be designated usually by bold-faced type in the equation. The
formation of a gas will usually be indicated by placing an arrow after
the symbol in an equation.

PoTtassiuMm, K. At. Wt. 39.10
Sp. Gr. 0.87. M. Pt. (Melting-point) 62.5° C.

Occurrence.—Sylvite (KCl), isometric, and carnallite (MgCls,
KCl1-6H50) orthorhombie, occur at Stassfurt in the presence of halite
and anhydrite. Saltpetre (KNOs), orthorhombic prisms. Further,
in very many silicates, e.g., monoclinic feldspar (KAIlSizOs), and
muscovite (KH2Al3Si3012); also in plants in the form of organic
salts, which yield on combustion potassium carbonate (potash).

REACTIONS IN THE WET WAY

Potassium forms very few salts that are difficultly soluble in water.
The chloroplatinate, acid tartrate, and perchlorate are the least soluble,
and are consequently used in the detection of potassium.

1. Chloroplatinic Acid,* Hz[PtClg], gives in concentrated solutions
of the chloride a yellow precipitate of potassium chloroplatinate,

‘PtCly™+ 2K+-—>K2PtC16 5

which consists of small regular octahedra (visible with a magnify-
ing-glass). In case the potassium solution is not very concentrated,
no precipitation may appear at first; but on rubbing the sides of the

* Platinic chloride, PtCly, gives no precipitate with potassium salts, or at least
only after long standing. The above reagent, chloroplatinic acid, is a dibasic acid
and is obtained by dissolving platinum in aqua regia. The solution is prepared of
such strength that there are 10 gms. of platinum in every 100 zc.
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beaker or test-tube with a glass rod the formation of the precipitate
will be hastened.

This is always the case when a crystalline precipitate is formed.
The solution is supersaturated before the precipitate separates out,
and the formation of crystals is hastened by the mechanical shock.

The behavior of the potassium chloroplatinate on ignition is charac-
teristic; it is decomposed into chlorine, platinum, and potassium chloride:

K[FtClg] =2KC14-Pt+2Cly T .

If the products of ignition are treated with water, and the platinum
filtered off, the filtrate will again give with chloroplatinic acid the yellow
crystalline precipitate of Ko[PtCls]. (Note difference from ammonium
chloroplatinate.)

Solubility of the Pbtassium Chloroplatinate in Water.

100 ce. of water dissolve at 0°, 0.70 gm.; 10°, 0.90 gm.; 20°, 1.12
gms.; and at 100°, 5.18 gms. Ko[PtClg].

In a saturated KCl solution, or in 75 per cent alcohol, the pre-
cipitate is practically insoluble.

For this reaction it is best to use the chloride. The addition of
chloroplatinic acid to potassium iodide solution causes a deep-reddish-
brown color due to the conversion of PtClg~ into non-ionized Ptlg~
ion, of which the potassium salt is more soluble:

PtCl(j= +61 T PtIG= +6Cl_.

Similarly, potassium cyanide is not precipitated by chloroplatinic
acid, owing to the formation of complex platinum-cyanogen compounds.

To test an iodide or cyanide for potassium, the salt should first be
changed to chloride by evaporation with concentrated hydrochloric acid.

2. Tartaric Acid, HoC4H4Og, produces, in not too dilute neutral
solutions of potassium salts, a white crystalline precipitate of potas-
sium acid tartrate (orthorhombic, hemihedral):

KT—I— H,C4H,0—KHCH,06+H™.

Rubbing the sides of the dish will hasten the formation of the
precipitate.

Potassium acid tartrate is readily soluble in mineral acids, but
difficultly soluble in acetic acid and water; 100 parts of water at
10° C. dissolve 0.425 gm. of this salt. If sodium acetate is added to
the solution, the hydrogen ions set free by the above reaction will
unite with the acetate ions to form non-ionized acetic acid (cf. p. 46):

H*+CyH30s™ — HC2H30q,
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- whereby the reaction is made much more sensitive. Too much sodium
acetate, however, exerts a solvent action upon the potassium acid tar-
trate. In the presence of considerable sodium acetate, acetic acid is
ionized to such a slight extent that the hydrogen ions from HC4H4O¢™
disappear and, as a result, the potassium acid tartrate dissolves. Neu-
tralization with caustic alkali is even more dangerous; soluble alkali
tartrate is formed:

KHCH,06+0H — K++ C4H406~+H20.

On igniting potassium acid tartrate, empyreumatic vapors (smelling
like burnt sugar) are given off and a mixture of carbon and potassium
carbonate is left behind. If the mass is now moistened with hydrochloric
acid, it will froth strongly. This is a property not only of potassium
tartrate, but is common to all alkali salts of organic acids. On ignition
they are changed into carbonates, and when the acid is non-volatile,
carbonization takes place; but with volatile acids there is at the most
only a slight carbonization. With many metals the carbonate is not
left unchanged; frequently it is broken up into carbon dioxide and
oxide of the metal; in the case of salts of organic acids with reducible
metals, the metal itself is left with the carbon. Thus sodium acetate
will yield sodium carbonate and acetone, with only a slight carboniza-
tion:
2CH300 -ONa= Na2003 +CH3COCH3.

Acetone (colorless
volatile liquid,
burns with
‘ luminous flame)
On gentle ignition, calcium oxalate yields calcium carbonate and

carbon monoxide; the latter burns with a blue flame.

CaC2O4=CaCO3+CO T .

On strong ignition, the calcium carbonate is decomposed into lime and
carbon dioxide:

CaCO3; — CaO+CO: T.

Tartrates of lead, iron, and many other metals on being ignited yield
carbon and metal.

3. Bismuth-Sodium Thiosulphate (Carnot’s* reaction).—If one drop
of half-normal bismuth nitrate solution is mixed with two or three
drops of half-normal thiosulfate solution and 10-15 cc. of absolute
alcohol (any turbidity being removed by the careful addition of a very

* 7. anal. Chem. (1897), 512.
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little water), a sensitive reagent for potassium ions is prepared in which
the bismuth is present in a complex anion:

Bitt+t438,05~— Bi(S203)s~.
The sodium salt is soluble in alcohol but the yellow potassium salt is not:
Bi(S203)3E+3K+—> K;5[Bi(S203)3].

The presence of ammonium chloride prevents the reaction.
4. Fluosilicic Acid, H2SiFg, added in considerable excess to a solution
of a potassium salt, precipitates gelatinous potassium fluosilicate,

SiFg~+2K* —K,SiFs,

which is difficultly soluble in water and dilute acids and insoluble in
aleohol. On heating, it is decomposed into volatile silicon fluoride,
and potassium fluoride remains behind:

K,SiFs=2KF+SiF,; 1.

5. Perchloric Acid, HCIOq4, precipitates white, crystalline potassium
perchlorate,
HClO4+K*— H*+KClOy;

100 cc. of water at 0° dissolve 0.07 gm., and at 100° 19.8 gms. KClO4.
It is so slightly soluble in 97 per cent alcohol that the precipitate can
be obtained with less than 2 mgs. of potassium ions.

6. Sodium Cobaltinitrite, Nas[Co(NOgz)g], precipitates yellow
potassium-sodium cobaltinitrite from neutral or slightly acid solution:

Na3[Co(NOz2)e]+2KCl=K:sNa[Co(NOz)g] +2NaCl.

Ammonium salts give a similar precipitate, but moderate amounts of
alkaline-earth elements or of lithium and sodium do not interfere.
The test must not be made in alkaline solution or Co(OH)3 will be pre-
cipitated. The reagent, prepared according to the directions on p. 74,
permits the detection of 0.3 mg. of potassium within ten minutes. If
the reagent is prepared according to the following directions of Biil-
mann,* as little as 0.0009 mg. potassium can be detected in the presence
of 4000 equivalents of sodium.

PREPARATION OF SODIUM COBALTINITRITE

Dissolve 150 gms. of sodium nitrite in 150 cc. of hot water and allow the
solution to cool to about 40°, which will cause the deposition of some sodium
nitrite crystals. Add 50 gms. of cobalt nitrate crystals, stir rapidly and add
50 ce. of 50 per cent acetic acid in small portions; stopper the flask and shake
vigorously. Pass a rapid stream of air through the liquid and then allow it

* 7. anal. Chem., 39 (1900), 284.
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to stand quietly over night. In the morning, more or less brown precipitate
will be found on the bottom of the flask due to a little potassium salt present
in the sodium nitrite. Siphon off the clear liquid through a filter and add to
the filtrate, while stirring, about 200 ce. of alcohol in small portions; this causes
the precipitation of the greater part of the dissolved sodium cobaltinitrite.
After several hours, filter off the precipitate and drain it as completely as possi-
ble with the aid of suction. Wash the precipitate four times with 25-cc. portions
of alcohol and twice with ether. Recrystallize the salt by dissolving each 10
gms. of solid in 15 cc. of water and precipitating with 35 cc. of alcohol. The dry
salt keeps very well, but the aqueous solution decomposes gradually. To
obtain the best results, the reagent should be freshly prepared by dissolving
1 gm. of the salt in 10 cc. of water,

REACTIONS IN THE DRY WAY

Potassium compounds color the non-luminous flame violet. The
presence of very small amounts of sodium obscures the violet color,
but if the flame is viewed through cobalt glass or indigo solution, the
reddish-violet potassium rays pass through, while the yellow sodium
rays are completely absorbed.

Flame Spectrum.—Potassium gives a characteristic flame spec-
trum. A double red line, 769.9 uu and 766.5 uu (appearing as a single
line with weaker dispersion), and a faint violet line, 404.4 uu, appear
at comparatively low temperatures. With a hotter flame, other
lines are visible in the yellow, 583.2 pu; 580.2 pu and 578.2 uy, ard in
the green, 535.1 pu and 511.3 up (see chart, Frontispiece).

Gooch and Hart * were able to detect 0.001 mg. of pure potassium
as chloride in 0.02 cc. water, but the presence of one hundred times
as much sodium caused the potassium lines to disappear unless the
sodium rays were deflected from the field.

SoDpIUM, Na. At. Wt. 23.00
Sp. Gr. 0.97. M. Pt. 95.6° C.

Occurrence.—Sodium occurs very extensively in nature. Its most
important mineral is halite, rock salt (NaCl), isometric system.
Halite is found in very large deposits often quite pure, but usually
contaminated with clay, anhydrite, and gypsum, and is present
in large amounts in the ocean, and in many salt springs. Sodium
also occurs in nature in the form of carbonate, as thermonatrite
(NazCO3-H20), orthorhombic; natron or soda (NagCOs-10H:20),
monoclinic; trona (Na2COsz-NaHCO3:-2H20), monoclinic; as nitrate
in Chili saitpetre, or soda nitre (NaNOs), hexagonal, rhombohedral;
as eryolite (NagAlFs), triclinic; in many silicates as albite (NaAlSizOsg),
triclinic; and as tinkal, borax (NagB4+O7:-10H20), monoclinic.

* Z. anal. Chem., 36 (1897), 390.
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REACTIONS IN THE WET WAY

1. Potassium Pyroantimonate,* K>H:SboO7, produces in neutral
or weakly alkaline solutions of sodium salts a heavy, white, crystalline
precipitate, which is formed more quickly by rubbing the sides of the
vessel with a glass rod:

K2H28b207 +2NaCl = Nasz Sb207 + 2KCl.

The test must not be made in an acid solution, for in that case
an amorphous precipitate of pyroantimonic acid will be formed:

K2H2Sb2074-2HCl =H4Sb207+2KCl.

Furthermore, no other metals than the alkalies should be present,
because they also cause precipitates—amorphous ones for the most
part.

2. Tartaric Acid and Chloroplatinic Acid do not precipitate
sodium salts, the sodium salts of these acids being soluble in alco-
hol as well as in water. (Note difference from potassium.) Sodium
chloroplatinate is orange in color.

3. Hydrochloric Acid and Alcohol precipitate sodium chloride.
Sodium chloride is prepared pure for chemical purposes by passing
hydrogen chloride gas into the saturated aqueous solution of the salt
and expelling the moisture and hydrochloric acid from the crystals
by heating them. If dry hydrogen chloride is passed into an alcoholic
solution of a sodium salt, less than 1 mg. of sodium will remain in
solution. )

Sodium Peroxide, Na202 N

This substance, which is now used commercially on account of
its energetic oxidizing power, is obtained as a heavy, yellow powder,
by burning dry sodium in the air; it shows the following character-
istic reactions:

Behavior toward Water.—If a little water is added to some of this
substance in a test-tube, considerable heat is evolved and oxygen gas
is liberated (sufficient to ignite a glowing splinter ). Water decom-
_poses the sodium peroxide, according to the equation

Na202 +2H20 = 2NaOH +H202.

* For the preparation of this reagent see page 74 and under Antimony.

t This will sometimes cause an explosion. Commercial sodium peroxide often
contains metallic sodium, which with water forms hydrogen; thus both hydrogen
and oxygen are set free at the same time, and the glowing splinter may then cause
an explosion. (Private communication from E. Constam.)
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But on account of the heat of the reaction a part of the hydrogen
peroxide is decomposed into water and oxygen.

If the solution is kept cold, which can be done by throwing the
sodium peroxide in small portions into ice-water, it will dissolve with
scarcely any evolution of oxygen, to a clear, strongly alkaline liquid,
which gives, as before, all the reactions of hydrogen peroxide.

If some sodium peroxide is placed on a watch-glass under a bell-
jar and near an evaporating-dish containing water, the sodium per-
oxide in twelve hours will completely change over to a pure white
hydrate (NagO2+8H20), which will dissolve in water without decom-
position at the ordinary temperature. By standing in a desiccator
over sulfuric acid, the octohydrate is changed to Na2Og+2H20.

Reactions of Hydrogen Peroxide

(a) In Acid Solution

If the solution obtained by the action of water on sodium per-
oxide is used for these tests, it must be acidified with dilute sulfuric
acid, care being taken to keep the solution cool. .

1. Titanium Sulfate gives a distinct yellow color, caused by
the formation of pertitanic acid,

++
Ti+ ++ H202 + 2H20 - 4H+—|- HzTi04

. This is the most delicate test for hydrogen peroxide. The tita-
nium sulfate solution for this reaction may be prepared by fusing
one part of commercial titanium dioxide with 15-20 parts of potassium
pyrosulfate and dissolving the fusion, after cooling, in cold, dilute
sulfuric acid. It may also be prepared by heating titanium dioxide
with concentrated sulfuric acid, until a clear solution is obtained,
cooling and diluting carefully with water.

The addition of caustic alkali, ammonia or ammonium carbonate
gives a yellowish-orange precipitate which redissolves in an excess of the
reagent. Classen has used this reaction as a method for separating
titanium from ferric iron.* Some chemists prefer to write the formula
of pertitanic acid as TiO2-H2O2, which assumes a true peroxide
structure instead of hexivalent titanium. Possibly a condition of
equilibrium exists between the two structures:

2>Ti<gﬁ 5 o=Ti<g:;’[H

_ *Ber., 21 (1888), 370.
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2. Chromic Acid.—If the acid solution of hydrogen peroxide is
shaken with a little ether (frec from alcohol) and a trace of potassium
dichromate is added, after which the mixture is again shaken, the
upper layer of ethereal solution will be colored a beautiful blue, owing
‘to the formation of chromium peroxide (cf. p. 18).

This test is very sensitive and will detect as little as one-tenth
milligram of H2Oz. In carrying out this test, a blank test must always
be tried with the ether and alcohol alone, because the former will often
give the test. Ether, after standing in the air, is likely to contain
some ethyl peroxide (C2Hs)40s, (?) which gives the test. It is possible
to free the ether from this peroxide by letting it stand over night
in contact with sodium and then redistilling it.

3. Permanganic Acid in acid solution will be decolorized, with
evolution of oxygen:

2MnO4 +5H202+6H' — 2Mn**+8H,0+502 T .

Similar to the permanganate, many other oxides are reduced by
hydrogen peroxide, with evolution of oxygen; e.g., Age0, PbsOq,
PbOg2, MnOg, Co20s, etc.:

Ago0+H0: — H0+0: T +2Ag
MnO:+H20:4+2Ht — Mnt++4+2H,0+05 T
C0203+H05+4H* — 2Co™t+3H0+02 T

4. Potassium Ferricyanide and Ferric Chloride.—If a trace of
potassium ferricyanide is added to a very dilute and nearly neutral
solution of ferric chloride, so that the solution appears a distinct
yellow, and a nearly neutral solution of hydrogen peroxide is then
added, the mixture will soon assume a green tint, and finally, on stand-
ing, Prussian blue will separate out. The potassium ferricyanide
is reduced by the hydrogen peroxide to potassium ferrocyanide,
which forms Prussian blue with the ferric chloride.

2Fe(CN)g=+H202 — 2Fe(CN)e~~+0; T +2H*
and 3Fe(CN)g~~+4Fett* — FeyFe(CN)gls.

According to Schonbein, as little as 0.02 mg. H202 per liter may be
detected by this reaction. As many other substances (SnCls, SO2,
etc.) will reduce potassium ferricyanide to potassium ferrocyanide,
this reaction alone is not always a reliable test.

5. Starch Paste and Potassium Iodide.—If to an acid solution

containing starch paste and potassium iodide some hydrogen peroxide
is added, a blue color will at once appear:

2KI+H202:=2KOH +1I..
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By means of this reaction, 0.05 mg. per liter of hydrogen peroxide may
be detected. '

(b) In Alkaline Solution

1. Gold Chloride by means of hydrogen peroxide at ordinary
temperatures will be reduced to metal, with evolution of oxygen.
The gold usually separates in a very finely divided state, and appears
brown by reflected light and greenish blue by transmitted light:

2Auttt4+3H202+60H™ — 2Au+6H0+305 T .

If very dilute gold solutions are used, the metal sometimes separates
out in the form of a yellowish film adhering to the sides of the test-tube.
2. Salts of Manganese and Cobalt give dark-colored precipitates:
Mn**420H"+H:02 — Ho0+MnO(OH);;

Brown

2Co**+20H "+ H302 — H20+2Co(OH)3.
Black

Hypochlorites give the same reactions with manganese and cobalt
salts, but they do not give the reaction with gold chloride.

Ozone, O3

Ozone is always formed when oxygen is exposed to the silent electrie
discharge. It is often present in oxygen that has been prepared elec-
trolytically and, according to Brunck, is present to some extent in the
gas prepared by ignition of potassium chlorate. Ozone is a strong
oxidizing agent and behaves in many respects like hydrogen peroxide,
with which it is often confused. Ozone may be distinguished from
hydrogen peroxide as follows:

1. Ozone does not give a yellow coloration with titanium sulfate
solution.

2. Ozone does not cause precipitation of gold from its solutions.

3. Ozone sets free iodine immediately from dilute, neutral potassium
iodide solution.

4. Ozone liberates bromine from an acid solution of sodium bromide.

5. Ozone causes bright metallic silver at once to assume a steel-
blue tint. .

The sensitiveness of this last reaction is remarkable if carried out
according to the directions of Manchot and Kampeschulte. Heat a
bright piece of silver foil to about 240° and then expose it to the action
of ozone; steel-blue spots with violet edges at once appear. This
reaction does not take place with pure silver in the cold. If, however,
the silver is polished by rubbing with emery paper, the reaction will
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then take place in the cold. Traces of iron oxide are left upon the
silver from the emery and catalyze the reaction. Other oxides, Ag20,
COO, NiO, Bi203, Pb304, VzOs, MDOZ, CuO, ThOz, Ce()z, TiOz,
WOs3, U3Os, and to a less degree MoOs, HgO, CaO and BaO, have a
similar effect. Thus if the silver is etched with nitric acid and is then
dried, it will react with ozone in the cold.

The principal reactions of sodium are the

REACTIONS IN THE DRY WAY

Sodium salts color the non-luminous gas-flame a monochromatic
yellow, which can be readily distinguished from the yellow flame of
the gas in the following way: If we illuminate an orange-colored body
(such as a stick of sealing-wax or a crystal of potassium dichromate)
with white light (all glowing solid bodies emit white light), the red and
orange rays will be reflected: the body appears orange. If these bodies
are illuminated with the monochromatic sodium light, they can now
only reflect yellow light: the bodies appear yellow (a delicate test).

Flame Spectrum.—A yellow double line (589.6 wp and 587.0),
coinciding with the D-line of the sun’s spectrum. This is an extremely
delicate reaction; 1X10~7 mg. of sodium can be recognized in the spec-
trum.

AMMONIUM, NH,. At. Wt. 18.04

Occurrence.—In small amounts as carbonate and nitrite in the
air; as ammonium chloride in the fissures of active volcanoes. Am-
monium derivatives are formed by the decay of many organic substances
containing nitrogen: albumin, urea, etc.,

CO(NHz)2+H20=C02+42NH3,

and in a similar way by the dry distillation of many nitrogenous sub-
stances, such as coal, horn, hair, etc.

Although ammonium itself is known only in the form of its amalgam,
we are justified in considering it as a metal, in the first place because the
electrolysis of ammonium salts causes the setting free of the cation
NH4(NH3+4H) at the same time that the corresponding anion is set
free; and, further, because the ammonium salts are isomorphous with
potassium salts.

REACTIONS IN THE WET WAY

1. Strong bases, NaOH,KOH or Ca(OH)., added to an ammonium
salt in the presence of a little water cause the evolution of ammonia
on heating; the gas can be recognized by its odor, by fumes of
ammonium chloride being formed when a rod moistened with 12 N
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hydrochloric acid is placed in contact with the vapors, by its turning
red litmus blue; or by the blackening of mercurous nitrate paper:

Hg
2Hg2(N03)2+4NH3+H20=3NH4N03+O< >NH2-N03+2Hg
Hg

Black

The reaction of strong bases upon ammonium salts may be explained on
the basis of the laws of chemical equilibrium. Ammonia, NH;, is a gas which
is very soluble in cold water and insoluble in boiling water. One volume of
water at 0° and 760 mm. dissolves 1300 volumes of the gas; at 20° it dissolves
710 volumes; at 100° all the gas can be expelled, there being no constant boil-
ing mixture as in the case of hydrochloric acid (p. 57).

The solution of ammonia in water at the laboratory temperature is in
equilibrium with ammonium hydroxide,

NH3+H20 - NH4OH,

and, for this equilibrium, the mass action expression (p. 14) is
[NH,] X [H,0] -k

[NH,OH] :
In a dilute solution of ammonia, the absolute quantity of water present is not
changed much as a result of this equilibrium, so that when an accuracy corre-
sponding to only two significant figures is desired, the H,O member of this

expression may be regarded as a constant (cf. p. 48) and the equilibrium

expression then becomes
[NH,]

[_——NH‘OH]=’CNH: €]
The value of this constant has been found to be about 2 at 20°. The

ammonium hydroxide, however, is not only in equilibrium with ammonia,
but also with ammonium and hydroxyl ions,

NH,OH —» NH,*+OH",
and the mass-action expression of this equilibrium is
[NH,*] [OH"]

[NH,OH]

Moore * found the value of this constant to be about 5X1075. By adding
[NH,OH]

=kbase (II).

to the left-hand member of equation (I) and its equivalent 1 to the

[NH,OH] i
right-hand member, we obtain the equation
[NH,]+[NH,OH] Y
NmoH s tl=F,
NH NH.OH
and [NH,OH] =[__1:rllc____1

*J. Chem. Soc., 91 (1907), 1379.
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Inserting this value for [NH,OH] in (II) and transferring k’ to the right-hand
member, we have
[NH4+][OH_] __kba,se
[NH,OH|+[NH,] &

The value of this constant, K, at 18° is about 1.8 1075,

The ammonium salts, unlike the free base, are largely ionized. When,
therefore, an excess of OH™ is added to the solution of an ammonium salt,
it is necessary, in order to establish equilibrium between NH,* and OH™ for
the greater part of the NH,* to be converted into NH,OH and then, to establish
equilibrium between NH,OH and NH;, about two-thirds of the NH,OH is
changed into NH;. By boiling the solution, the NH; is expelled and the
above-mentioned states of equilibrium are disturbed and, as the final result,
all of the original NH,* becomes converted into NH; gas. Less than 0.2 mg.
of ammonium can be detected by the litmus test when properly carried out.
Care should be taken not to boil the solution so that some of the alkaline liquid
becomes spattered into the nostril or upon the test paper.

=K.

Certain complex ammonia derivatives do not always evolve ammonia

s . . . NHz
in this test. When pure mercuric amidochloride, Hg , is heated

a1

with caustic soda solution, a part of the nitrogen is evolved as ammonia,
but if considerable mercuric salt is present the test is not obtained.
This is because the mercuric amidochloride itself is only slightly soluble
in water and, especially in the presence of an excess of mercuric com-
pounds, furnishes scarcely any ammonium ions. If some potassium
sulfide is added, however, the mercury is converted into more insoluble
mercuric sulfide and the ammonia test is obtained:

NH;
Hg< 4+ KoS+H0=HgS+KCI+KOH+NH, 1.
T \al |

Water itself in some cases causes evolution of ammonia gas. It
decomposes many nitrides, metal amides and cyanamides:

MgsN2+6HOH =3Mg(OH)s+2NH; 1,
NH;Na+HOH =NaOH+NH; 1,
CaCN2+3H20 = CaCO3+2NH;3 T (at high temperatures)

Calcium
cyanamide

2. Chloroplatinic Acid gives a yellow crystalline precipitate:
H[PtClg] +2NH4+ — (NH4) 2PtC16+2H+.

This salt may be distinguished from the potassium salt—
(a) by its behavior on ignition; platinum alone is left behind:

(NH,)2[PtClg] = 2NH,C14-2Cl; T +Pt;
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(b) by its behavior on treating with strong bases, whereby the smell
of ammonia may be detected:

(NH,)2[PtClg] +2NaOH = Nao[PtClg] +-2H0+2NH; T.

3. Tartaric Acid produces, as with potassium, a white, crystalline
precipitate of ammonium acid tartrate. The addition of a little sodium
acetate, and rubbing the sides of the glass vessel with a stirring-rod, will
hasten the formation of the precipitate:

H,C4H406+NH,st — NHHCH,Og +H*.

The ammonium acid tartrate, like the corresponding potassium
salt, is soluble in alkalies and mineral acids. It may be distinguished
from the potassium salt by its behavior on ignition, carbon alone
being left behind, and the residue not effervescing with hydrochlorie
acid; furthermore, ammonium acid tartrate will give off ammonia on
being heated with caustic soda solution. ’

4. Sodium Cobaltinitrite gives a yellow precipitate similar to
that produced with potassium. Before testing for potassium with
this reagent, therefore, it is necessary to expel ammonium salts by
evaporating the solution to dryness in a porcelain dish and heating
until no more fumes are evolved.

The above-mentioned reactions are not suitable for the detection of the
very small amounts of ammonia or of ammonium ions that are found in drinking-
water. Insuch cases Nessler’s reagent is used (an alkaline solution of potassium
mercuric iodide). Large amounts of ammonia produce a brown precipitate,

2K.Hgl,+40H +NH,t — NHg.I . H,O+3H.0+4K++7I".

The precipitate is the iodide of the so-called Millon’s base; its structural
Hg
formula is probably O< g>NH2 -I. The corresponding black nitrate is formed
H

in the test for ammonia with mercurous nitrate paper. The iodide of Millon’s
base has such a remarkable coloring power that mere traces of the ammonium
ion can be detected by the yellow or brown color imparted to the solution. The
test is obtained with ordinary distilled water. Since ammonia is often present
in water as a result of its contact with decaying organic matter, the test for
ammonia helps to determine whether a water is suitable for drinking. The test
is called the Nessler test, and the alkaline solution of potassium mercuric iodide
is called Nessler's reagent.

Water free from ammonia should be used in carrying out the Nessler test.
Some sodium carbonate and a little potassium permanganate is added to ordi-
nary distilled water, which is then redistilled, rejecting the first fourth and last
sixth of the distillate; the middle portion is the so-called best water of the
chemical laboratory. For the most accurate work, Nessler’s reagent should
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be prepared with such water (cf. p. 73) and the test should be made in a labora-
tory from which ammonium fumes are absent.

To test a water for the presence of traces of ammonium ions, the apparatus
shown in Fig. 4 may be used. First of all, the apparatus itself must be freed
from all traces of ammonium salt. To accomplish this, place about 50 cc. of
water in the retort, add 1 ce. of a boiled, saturated solution of sodium carbonate
and distill with the neck of the retort introduced well into the condenser tube.
It is advisable not to use a rubber connection between the retort and the con-
denser; the condensed water serves to make a sufficiently tight connection.

Continue distilling until 50 ce. of the distillate placed in a white glass
graduate, or in a so-called Nessler tube, and treated with 1 cc. of Nessler reagent,

Fic. 4.

will show no sign of color after standing five minutes. The apparatus is then
ready for the test.

Empty the retort and refill it with 500 cc. of the water to be tested, add 1 ce.
of the saturated sodium carbonate solution, distill and collect the first 50 cec.
of distillate. If as much as 0.2 mg. of ammonium is present, a distinct precipi-
tate forms on adding 1 cc. of Nessler’s solution and stirring; a pronounced
yellow color is obtained with much smaller quantities. If mere traces of
ammonium are present, the yellow color appears only on standing. By com-
paring the depth of color with that similarly produced with known quantities
of amhmonium chloride, a very close estimate of the exact quantity of ammo-
nium present can be made.

REACTIONS IN THE DRY WAY

All ammonium salts are relatively unstable compounds, the degree
of stability depending, in general, upon the strength of the acid which
is combined with the ammonium. The carbonate decomposes appre-
ciably at ordinary temperatures and when exposed to the air gradually
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disappears as ammonia, carbon dioxide and water. Heating in a closed
tube causes the decomposition of all ammonium salts and either
ammonia or some other volatile nitrogen compound escapes.

If the acid is volatile at the decomposition temperature, the whole
salt is volatilized, often without first melting, and when the vapors
of ammonia and acid are cooled the solid again forms. This explains
the ammonium fumes that result when ammonium salts are expelled
from a solid residue obtained by evaporation of a solution, and it
explains the sublimate formed when ammonium chloride is heated in
a closed tube. The acids which form salts that are not volatilized are
borie, phosphorie, chromic, molybdie, tungstic and vanadic acids.

It must be remembered, however, that ammonia with its negative
valence of three contains nitrogen in its lowest state of oxidation. When
the decomposition of the original ammonium salt takes place, therefore,
there is often an oxidation of the nitrogen. Thus the decomposition of
the nitrate results in the formation of nitrous oxide, N20, and the
decomposition of the nitrite, sulfate and dichromate yields nitrogen gas.

The closed tube reactions of typical ammonium compounds may be
expressed by the following equations:

NH,Cl = NH; +HC],
NH.NO3 = 2H,0+N:0,

NH,NO; =2H;0+ Nz,
3(NH,)2804 = Ny +4NH; 46 H,0-+3803,
(NH.,):C204 = 2NHz+ H;0+CO +COs.

Toward the last some dicyanogen, (CN)2, is formed from the oxalate.

NaNH HPO,4-4H20 = NH34-5H;0+NaPOs,
2(NH,)3PO4 = 6NH34-2H;0+2HPO;,
(NH4) 2Cl‘207 = 4H20 +N2 + Cl‘203.

In this last reaction, the chromic oxide remains as a voluminous mass
looking something like green tea. A realistic volcano effect can be
obtained by making a mound of ammonium dichromate around a piece
of paper and then setting fire to the latter.

Ammonium salts do not impart a characteristic color to the flame;
the border of the flame is tinged slightly greenish.
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MAGNESIUM, Mg. At. Wt. 24.32
Sp. Gr.=1.75. M. Pt.=632.6° C.

Occurrence—Magnesium compounds are found very abundantly
in nature. The most important minerals are magnesite, MgCOs,
rhombohedral, isomorphous with calcite; dolomite, (Ca,Mg)COs3;
brucite, Mg(OH)2, rhombohedral; carnallite, KMgCl;+6H>0, ortho-
rhombic; kieserite, MgSO4+H20, monoclinic; epsomite, MgSO4
+7H,0, orthorhombic; spinel, MgAl2O4, isometric, isomorphous with
magnetite, FezO4, and with chromite, FeCrs04. Magnesium also occurs
in a great many silicates. Thus almost all the minerals of the olivine
group contain more or less magnesium. To this group belong forsterite,
Mg2SiO4; monticellite, CaMgSiOs; and olivine, FeMgSiOy; all ortho-
rhombic. An important decomposition product of the olivine minerals
is serpentine, MgsH4SioOg. Almost all the minerals of the pyroxene-
amphibole group, which are all related to orthorhombic enstatite,
MgSiOs, contain magnesium: augite, MgAlsSiOg; hornblende, an
isomorphous mixture of MgszCaSisO;2 and 2(MgAlsSiOs) ; and tremolite,
CaMgsSis0O12, all three forming monoclinic crystals. Asbestos is a
variety of tremolite with very fine fibers. Meerschaum is a magnesium
silicate of the composition H4MgsSizO10, and is quite similar to tale,
HsMgsSis012, sometimes called steatite. Magnesium also occurs in
the vegetable kingdom, being an essential constituent of the complex
organic compound chlorophyll.

Properties of Magnesium.—Magnesium is a silver-white metal.
It decomposes water very slowly, forming an oxide, MgO, which
is only slightly soluble in water, forming magnesium hydroxide; the
small quantity that dissolves is largely ionized, so that the solution has
a faint alkaline reaction. Magnesium reacts directly with nitrogen at
300° C., forming magnesium nitride (MgsN2), which is readily decom-
posed by water, forming magnesium hydroxide and ammonia:

Mg;N2-+6HOH =3Mg(OH),+2NHs T.

The salts of magnesium are almost all colorless and soluble in water.
The solubility products of magnesium hydroxide, carbonate, phosphate,
arsenate and arsenite are so small that these substances may be regarded
as insoluble. The sulfide, which can be prepared only in the dry way,
is completely decomposed by water into hydroxide and hydrogen sul-
fide (hydrolysis). If an aqueous solution of magnesium chloride be
evaporated to dryness on the water-bath, there is no hydrolytic decom-
position, the residual salt, MgCls+6H20, dissolves in water, forming a
perfectly clear solution. On heating the chloride containing the water
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of crystallization to 106° and higher, however, a considerable amount
of hydrochloric acid fumes escape and a basic magnesium chloride
insoluble in water is left behind:

Cl
Me
2MgClz—|—H2O b d O +2HCI
AV

When a saturated solution of magnesium chloride is mixed with
magnesium oxide, the mixture soon solidifies, forming a mass hard
as stone, known as magnesia cement, consisting of basic magnesium
chloride. ’

REACTIONS IN THE WET WAY

1. Strong Bases, such as the soluble hydroxides of sodium, potassium
and barium, precipitate white, gelatinous magnesium hydroxide, and the
precipitation is practically complete in the absence of ammonium salts
or if the ammonium salt is all decomposed by boiling with an excess of
the strong base (cf. pp. 19, 46).

Mg+ ++20H" — Mg(OH),

The solubility product of magnesium hydroxide (cf. p. 22) is about 3.4X10~11
at the laboratory temperature. The saturated solution of magnesium hydrox-
ide in pure water contains about 0.0002 mole or 0.012 gm. Mg(OH), per liter.
In the presence of an excess of OH™, the solubility of the magnesium hydroxide
is much less, as a result of the common ion effect (cf. p. 45) and it is possible,
by keeping the volume of the solution small and using a slight excess of the
reagent, to leave less than 1 mg. of magnesium in solution.

The precipitation of magnesium hydroxide by means of the slightly ionized
ammonium hydroxide can never be made complete, and if the solution already
contains ammonium ions in sufficient excess, no precipitation of magnesium
hydroxide takes place. Moreover, if a precipitate of magnesium hydroxide is
boiled with a solution of an ammonium salt, such as ammonium chloride, the
precipitate dissolves. This behavior is due to the fact that the ionization of
ammonium hydroxide (cf. p. 19 and p. 88) is repressed to such an extent,
as a result of the common ion effect, that not enough OH™ ions are present at
any one time to satisfy the solubility product of magnesium hydroxide, and
even the OH™ from the Mg(OH), must be in equilibrium with the NH,* ions
from NH,CI.

Formerly, the non-precipitation of magnesium by ammonium hydroxide
was explained by the assumption that complex salts such as NH,MgCl;] or
(NH,).[MgCl] were formed, but this explanation has proved untenable.*

* Cf. LoveN, Z. anorg. Chem., 11 (1896), 404; TREADWELL, ¢bid., 37 (1903), 326
and Herz, bid., 38 (1903), 138.
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2. Mercuric Oxide heated with solid magnesium chloride converts
the latter into magnesium oxide which does not dissolve appreciably in
water. The mercuric chloride formed and the excess of mercuric oxide
are volatilized.

3. Ammonium Carbonate precipitates, in the absence of other
ammonium salts, a basic salt (usually only on boiling or after long
standing). The composition of the precipitated salt varies with the
temperature and the concentration of the solution, the following salt
being often obtained:

4Mg** +4(NH4)2CO3-+H0 — Mgy (CO3)3(OH)2+CO2 T +8NH,*.

The addition of an excess of ammonium carbonate reagent (p. 72)
and an equal volume of 95 per cent alcohol causes the complete pre-
cipitation of magnesium as MgCOsz - (NH4)2COs3-4H20 from a cold, con-
centrated solution of magnesium salt.

The magnesium ammonium carbonate is fairly solulls in water
and the solubility increases rapidly with rise of temperaturc. Thus
no precipitate is obtained upon the addition of ammonium carbonate
to a hot dilute solution of magnesium salt containing ammonium
chloride and no alcohol. (Note difference from barium, strontium
and calcium.)

4, Sodium Phosphate is the characteristic reagent for magnesium.
It produces in solutions containing ammonium chloride, and in the
presence of ammonia, a white crystalline precipitate (orthorhombie,
hemimorphous) of magnesium-ammonium phosphate, *

Mgt *+NH4t+P0Os~— MgNH,PO,.

From very dilute solutions the precipitate separates only after
standing some time, owing to the tendency to form supersaturated solu-
tions. Rubbing the sides of the beaker with a glass rod hastens the
formation of the precipitate.

The table on p. 22 gives the solubility product of magnesium ammonium
phosphate as 2.5X10713; about 0.0086 mg. of the salt dissolves in a liter of
water at the laboratory temperature. The solubility in water is increased by
sts tendency to undergo hydrolysis. :

MgNH,PO,+HOH = Mg* *+HPO,~+NH.OH. @

The tendency to undergo hydrolysis increases rapidly with rise in temperature
(cf. p. 51). A similar decomposition is caused by hydrogen ions alone,

MgNH,PO,+H* 2 Mg+t +4+HPO,~+NH,", (II)

* Magnesium ammonium phosphate crystallizes with six molecules of water.
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which lessen the tendency for HPO, to ionize; the precipitate, therefore, dis-
solves readily in the presence of any acid which is ionized more than HPO,~, even
acetic acid (cf. p. 10). The presence of ammonium hydroxide prevents the
hydrolysis, in accordance with the mass-action law. For this reason an excess
of ammonia solution is usually added. Ammonium chloride, by virtue of the
common ion effect, lessens the quantity of Mg+ ions required to reach the
solubility product and causes reaction (II) to take place in the direction right
to left; but, on the other hand, it should favor reaction (I) somewhat, because
it represses the ionization of ammonium hydroxide. As a matter of fact
ammonium salts usually retard the formation of the precipitate, but do not
eventually make it more soluble if an excess of ammonia is present.

Neubauer * has shown that the conditions are still more complicated on ac-
count of the tendency for gelatinous Mg;(PO,); and crystalline Mg(INH,),(PO,),
toform. Tertiary magnesium phosphate, Mgs(PO,)s, is formed in cold, strongly
ammoniacal solutions containing but little ammonium salts. The mono-
magnesium-tetrammonium phosphate is formed in neutral ov slightly alkaline
solutions containing considerable ammonium salts. B. Schmitz} has shown
that beautifully crystalline precipitates can be obtained in the presence of
ammonium salts by adding sodium or ammonium phosphate to the boiling,
acid solution of the magnesium salt. Then, on adding one-third the solution’s
volume of 6 N ammonia and allowing the solution to cool, complete precipi-
tation, as MgNH,PO,-6H,0, takes place.

REACTIONS IN THE DRY WAY

All magnesium salts are more or less changed on heating in the
air, leaving behind the oxide or an insoluble basic salt. On char-
coal with sodium carbonate before the blowpipe, magnesium com-
pounds are changed to white magnesium oxide, which is strongly -
luminous when hot. Calcium, strontium, and aluminium compounds
behave the same way. The magnesium salts are nonvolatile, do not
color the flame, and give no flame spectrum, but do give a characteristic
spark spectrum.

Detection and Separation of Magnesium and the Alkalies in the Pres-
ence of One Another

All of the typical reactions that have been described for magnesium
can be used for separating magnesium from the alkalies. The test
for ammonium is always carried out with some of the original substance
or solution.

Ordinarily in qualitative analysis, it is customary either to test for
magnesium in one portion of the solution by means of sodium phosphate
and for sodium and potassium in another portion, or to precipitate the

* Z. angew. Chem. (1896), 439. Cf. Goocr and AusTIN, Z. anorg. Chem., 20, 121.
t Z. anal. Chem. (1906), 512. Cf. JorGENSEN, ¢bid. (1906), 278.
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magnesium as carbonate and test for sodium and potassium in the
filtrate. In this last method the magnesium can be precipitated with
the alkaline earths. If this is done, the test for magnesium is not made
in the analysis of this group.

In all the principal systematic methods given in this book for the
examination of the basic constituents, a very brief tabular outline
will be given first with reference by numbers to the detailed direc-
tions that immediately follow.

TaBLE I.—ANaLYSIS oF Group V. MEeTHOD A.

NH,+. Test a|Mgt+. Test a| Evaporale to dryness. Expel NH; salls.
portion of the| part of the fil- Dissolve in water, add Ba(OH): and reject
original sub-| trate from precipilate.  Add HCl, NHOH and
stance for| Group IV, (NH,4):CO; and also reject this precipilate.
NH by boil-| Method A, for Evaporate, expel NH, salts, dissolve in water,
tnmg with| Mg w<eth| filter, and add HCIO, Evaporale, add
NaOH. (1) NH.OH and alcohol and filter. (3).

NaHPO,. (2)

Precipitate: KCIlO,. | Filtrate: Na, Satu-
Dissolve in  hot| rate with HCl gas.
water and add| Filter off NaCl and
Nas;Co(NOy)s.| reject filtrate. Dis-
Yellow precipitate is | solve in water and add
K:NaCo(NO,)s. (4)| K.HSby0;. Crystal-
line precipitate is

Naszsszp (5)

ProcEDURR

1. Test for Ammonium. Place a little of the original substance (correspond-
ing to about 0.25 gm. of solid) in a test-tube, add about 2 cc. of 6 N sodium
hydroxide, heat nearly to boiling and hold a piece of red litmus paper, wrapped
around the end of a stirring rod, in the escaping vapors. Take care not to allow
any of the caustic alkali to come in contact with the litmus either by spattering
or by allowing the paper to touch the sides of the test-tube. A good idea of the
quantity of ammonium present can be estimated by the odor. If it is desired
to test for traces of ammonium, carry out the Nessler test as described on p. 91.

2. Test for Magnestuin. Dissolve the substance in as little water as possible,
or, if a solution, evaporate to dryness, moisten with 6 N hydrochloric acid,
heat gently, dissolve in a little water and filter if necessary. The addition of the
acid is not usually necessary, but sometimes, when calcium has previously been
removed as oxalate, a difficultly soluble oxalate of magnesium and ammonium
is formed which is best dissolved by treatment with acid before adding water.
If the solution to be tested contains considerable ammonium salt, it is usually
best to expel it by igniting the residue obtained by evaporation; the treatment
of the residue with hydrochloric acid is then absolutely necessary, in order to
decompose basic magnesium salts which are formed during the ignition.

If ammonium chloride is not already present, add half the solution’s volume
of normal ammonium chloride and enough ammonia to make the solution dis-
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tinctly ammoniacal. If a precipitate of magnesium hydroxide is formed, add
more ammonium chloride to dissolve it. A flocculent precipitate produced at
this point may be aluminium hydroxide or silica. Such a precipitate should
be filtered off and discarded. To the clear ammoniacal solution add a little
sodium phosphate solution and rub, with & rounded stirring rod, the inside
walls of the vessel containing the solution. If as much as a few tenths of a -
milligram of magnesium is present per 100 cc., a crystalline precipitate of
magnesium ammonium phosphate should form within a few minutes. In case
no precipitate is noticeable, set the beaker aside and allow it to stand overnight.
Traces of magnesium phosphate will usually form on the sides of the beaker
where it was scratched by the stirring rod.

If the precipitate does not appear distinctly crystalline, it may contain
aluminium phosphate. In such cases filter off the precipitate and redissolve
it in 6 N acetic acid, which will not dissolve aluminiuin phosphate, but
readily dissolves magnesium ammonium phosphate. Heat the solution nearly
‘to boiling, add a liberal excess of ammonia and allow to cool; a crystalline pre-
cipitate should be obtained by this treatment.

3. Test for Sodium and Potassium. Before testing for sodium and potassium
it is best to remove the magnesium. Evaporate the solution to dryness in a
porcelain or platinum dish and gently ignite the residue to expel ammonium
salts. Dissolve the residue in a little water and, without paying any atten-
tion to any residue of basic magnesium salt, add barium hydroxide solu-
tion until strongly alkaline. Heat to boiling and filter off the precipitate, which
may contain magnesium hydroxide, barium sulfate, if any sulfate ions were
present, and barium carbonate from the contact of the barium hydroxide
solution with the air. These operations should never be carried out in glass
dishes because of the danger of obtaining alkali from the glass. Make the fil-
trate from the magnesium precipitate barely acid with hydrochloric acid and
remove all barium ions by the addition of ammonia and ammonium carbon-
ate. Filter off the precipitated barium carbonate, evaporate the filtrate to
dryness and expel the ammonium salts by careful ignition. Dissolve the resi-
due in a little water and make sure that all the barium was removed by add-
ing a little more ammonium carbonate. Filter if necessary and again evapo-
rate to dryness. Expel the ammonium salt by ignition, cool and wash down
the sides of the dish with about 5 ce. of water to dissolve any ammonium salt
that may possibly be left there. Evaporate to dryness again and expel the last
traces of ammonium salts by igniting at a dull red heat until no more fumes
are evolved. Dissolve the residue in a little water and filter the resultin
solution through a small filter. A black residue is often due to carbonization
of pyridine bases, which are commonly present to a slight extent in ammonia
solutions.

Evaporate the solution just to dryness, add 5 to 15 cc. of 2 N perchloric
acid and evaporate carefully, by keeping the dish in constant motion over a
free flame, until dense fumes of perchloric acid are evolved. Cool completely
and add 20 cc. of alcohol. '

The perchloric acid solution must not be heated or concentrated by evaporation
after the alcohol has been added or a dangerous explosion is likely to result.

Stir the solution and press down gently with a stirring rod upon any crystals
that may be present. If after stirring a few minutes a residue of potassium
perchlorate remains, add 3 cc. more of the perchloric acid reagent. Filter
through a dry filter-paper and wash the precipitate with alcohol. -
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4. If the previous manipulation has been faulty, the precipitate obtained
with perchloric acid may consist of ammonium perchlorate, and it is advisable,
therefore, to confirm the potassium test. Dissolve the precipitate on the filter
with as little hot water as possible, using not over 10 ce. at the most. Add
the water in small portions around the top of the filter paper and pass the first
filtrate through the filter a second time. Add 3 to 5 cc. of sodium nitrite
reagent and 2 to 3 cc. of 6 N acetic acid and boil gently for about five minutes,
The boiling with nitrous acid serves to decompose any ammonium salt present:
it will cause the decomposition of as much as 30 mgs. of ammonium ions.

NH4++N02 T N‘z T +2H20.

Cool the solution and add a little sodium cobaltic nitrite reagent. A yellow
precipitate of K,NaCo(NO.)s will form within ten minutes if as much as 0.3
m. of potassium is present.

5. Test for Sodium. Pour the alcoholic filtrate from the perchlorate pre-
cipitate into a small Erlenmeyer flask, place the flask in cold water and saturate
with dry hydrogen chloride gas. This gas may be prepared by dropping con-
centrated sulfuric acid into a flask containing common salt and concentrated
hydrochloric acid and passing the escaping gas through concentrated sulfuric
acid. In the presence of alcohol the hydrogen chloride will precipitate a
little as 1 mg. of sodium ions as sodium chloride. Filter off the precipitated
sodium chloride and wash it with a little alcohol. Dissolve it in a very little
water, evaporate the solution to dryness, dissolve in 1 cc. of water and add
twice as much potassium pyroantimonate reagent. A crystalline precipitate
of sodium pyroantimonate can be obtained with as little as 1 mg. of sodium ions
if the solution is allowed to stand overnight. Traces of many other elements,
such as the alkaline earths, magnesium and aluminium also give precipitates
with this reagent, but such precipitates are flocculent.

The final precipitates of potassium and sodium should always be submitted
1o the flame test in all cases of doubtful precipitation.

TaBLE II.—ANaLysis oFr Group V. MgeTHOD B.

NH,t* Testthe )
original substance Filtrate from Group IV, Method A, may

in Method A. contain Mgt+, K+ Nat, NH,t. Concentrate to 10 cc.,
oot 0 add 15 co. (NH.)ACOs and 15 ce. CoH0H. (1)

Precipitate:| Filtrate: K+, Nat, NH,*. Remove sul-
MgCO;- (NHy). fate by a BaCl,, remove Batt with
C03'4H20. Dis- (NH4)zC()3 Expel NH4+ salts and
solve in 6-normal add HCIOs. (3)

H,80, and add an

equal volume of . .
C.HOH. Filter, | Precipitate: KCIO,, | Filtrate, Na*. Test

add NHOH and| Ezamine as in| for Na as in
Na,HPO, to pre-| Method A, p. 98. Method A, p. 98.
cipitate Mg
NH.POs. (2)
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PROCEDURE*

1. Concentrate the solution to a volume of about 10 cc. and filter if necessary.
If ammonium salts are deposited it is best to remove them first as in Method A.
Add to the concentrated solution 15 cc. of ammonium carbonate reagent and
15 cc. of alcohol, stir well, and allow the mixture to stand half an hour or longer.
Filter off the precipitate of MgCO,-(NH,),CO;-4H.0.

2. To confirm the magnesium test, dissolve the precipitate, which may
contain alkaline-earth carbonate, in a little 6 N sulfuric acid and add an
equal volume of aleohol. Any barium, strontium or calcium will be converted
into insoluble sulfate by this treatment. Filter the solution if necessary and
test for magnesium with sodium phosphate solution in the usual way.

3. Test for Potassium and Sodium. Evaporate the filtrate from the precipi-
tate obtained by treatment with ammonium carbonate, expel ammonium salts
and if a sulfate is present, heat to boiling and add hot barium chloride solution
until there is no further precipitation. To the filtrate add (NH,).CO; solution,
heat to boiling and filter off the BaCO;. Evaporate the filtrate to dryness in a
porcelain dish and heat the residue until no more white fumes are evolved.
Cool completely, add 5 cc. of water, washing down the sides of the dish with it,
filter off the carbonaceous residue, evaporate to dryness and again heat to make
sure that all the ammonium salts are expelled. Cool, add HCIO,, and treat as
directed in Method A, p. 98. If no sulfate is present it is unnecessary to add
BaCl; and (NH,),CO;, otherwise the procedure is the same.

The separation of the potassium and sodium can be accomplished
by treatment with chloroplatinic acid instead of perchloric acid, but
such a method is not suitable in ordinary qualitative analysis on account
of the expense involved. The treatment is practically the same except
that instead of evaporating till fumes of perchloric acid are evolved,
the solution is evaporated just to dryness on the water-bath.

* Cf. ScuAFrrGoTT, Ann. Phys., 194 (1858), 482; GoocH and Ebbpy, Z. anorg.
Chem. (1908), 427; A. A. Noves, A Course of Instruction in the Qualitative
Analysts of Inorganic Substances (1914).



GROUP IV. ALKALINE EARTHS

CALCIUM, STRONTIUM, BARIUM

GENERAL CHARACTERISTIC REACTIONS

The metals of the alkaline-earth group are bivalent and heavier
than water, which they decompose slowly at ordinary temperatures,
with evolution of hydrogen and formation of difficultly soluble hydrox-
ides of strongly alkaline reaction (cf. p. 41). The salts are mostly
colorless and very slightly soluble in water. The halogen compounds,
nitrates, nitrites, and acetates are soluble in water. The carbonates are
insoluble in water and are decomposed on ignition into carbon dioxide,
and white, infusible, strongly luminous metallic oxide:

CaCO3 =2 CaO+CO2 7.

Strontium carbonate is less readily decomposed than calcium carbonate,
and barium carbonate loses its carbon dioxide only when heated to a
white heat; its oxide is not very luminous.

The sulfates and oxalates are very difficultly soluble. The
sulfate of barium is the most insoluble sulfate and calcium sulfate the
most soluble; of the oxalates, the calcium salt is the most insoluble
(ef. p. 21). The solubility of the strontium salt is always midway
between that of the corresponding calcium and barium salt, for the
atomic weight of strontium, of which the solubility is a function, lies
midway between the atomic weights of barium and calecium. The halo-
gen salts are volatile and impart a characteristic color to the flame.

The metals of this group form oxides of the general type RO, and

- peroxides corresponding to the formula ROz. The latter, on treatment
with acids, give hydrogen peroxide and salts corresponding to the oxide
RO:

ROz42HCl=H;024RCls. -

Magnesium is more closely related to this group than to the alkali
metals. It can be precipitated with this group if the group precipitant,
ammonium carbonate, is added to the concentrated solution together
with an equal volume of alcohol.

101
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CALciuM, Ca. At. Wt. 40.07
Sp. Gr. 1.58. M. Pt. 810° C.

Occurrence.—Calcium is widely distributed in nature. It is found
in enormous deposits in all stratified formations as carbonate (limestone,
marble, chalk), often rich in petrification. The carbonate, CaCOs,
is dimorphous, crystallizing in rhombohedrons as calcite and in the
orthorhombic system as aragonite. Calcium also occurs in large
masses as sulphate, partly as monoclinic crystallizing gypsum,
CaS04-2H>0, and partly as anhydrite, CaSOy4, which crystallizes in the
orthorhombic system. Calcium also occurs as fluorite, CaFz, which
crystallizes in the isometric system, with perfect octahedral cleavage;

Cl :
as apatite, 3Cag(POy4)2- Ca< , which belongs to the hexagonal system;
F

and, finally, in innumerable silicates, such as the monoclinic wollaston-
ite, CaSiOz, and the triclinic anorthite, CaAlsSioOg. The calcium
minerals are the principal representatives of several important
isomorphous groups: . 1

Calcite Group, Rhombohedral.  Aragonite Group, Orthorhombic.

Calcite, CaCOg3 Aragonite, CaCOg3
Magnesite, MgCO3 Strontianite,  SrCO3

. Ca, Witherite, BaCOgs
Dolomite, Mg } COs Cerussite, PbCO3
Siderite, FeCO3

- Smithsonite, ZnCOs3
Rhodochrosite, MnCOg3

Anhydrite Group, Orthorhombic. Apatite Group, Hexagonal.

Anhydrite, CaS0q4 Apatite, 3Cag(PO4)2+4Ca(CIF)
Celestite, SrSO4 Pyromorphite, 3Pbs(PO4)2+PbCle
Barite, BaSO04 Mimetite, 3Pb3(As04)2+PbCle

Anglesite, PbSO4 Vanadinite, 3Pb3(VO4)2+PbCl;

REACTIONS IN THE WET WAY

1. Ammonia, in case it is free from carbonate, produces no pre-
cipitate with calcium salts; on standing in the air, however, carbonic
acid is absorbed and a turbidity of calcium carbonate results.

2. Ammonium Carbonate, or any other soluble, normal carbonate,
precipitates white calcium carbonate; the precipitate is voluminous



CALCIUM 103

and flocculent when it first forms, but soon becomes crystalline, par-
ticularly when in contact with boiling water.

Cat*t+4+C0O3~— CaCO0;. (I)

The precipitate is noticeably soluble in an aqueous solution of the
ammonium salt of any strong acid:

.

CaCO3+2NH,+ — Catt+2NH; T +H:04+CO02 1. (II)

When ammonium carbonate is the precipitant, equation (II) is essen-
tially the cpposite to equation (I) and the mass action law shows how
the reaction can be made to go in either direction. An excess of am-
monium carbonate will favor the progress of equation (I) and boiling
with a large quantity of an ammonium salt such as ammonium chloride
will cause equation (IT) to go to completion.

Ammonium carbonate is an unstable substance (cf. p. 51). Commercial
ammonium carbonate, often called ammonium sesquicarbonate, is a mixture
of approximately equivalent quantities of ammonium bicarbonate, NH,HCO;,
and ammonium carbamate, NH,CO,NH.; the latter salt corresponds to normal
ammonium carbonate less one molecule of water. Calcium carbamate is quite
soluble in water, but by contact with water at 60° it becomes changed to insolu-
ble calcium carbonate. The ammonium carbonate reagent is prepared with
6 N ammonia instead of water; this prevents the hydrolysis of the salt and
changes the bicarbonate to ammonium carbonate.

Calcium bicarbonate is soluble in water, so that any acid which is
dissociated to a greater extent than HCO3™ will exert a solvent effect
upon calcium carbonate.

CaCO3+H' 2 Cat*+HCO3™.

Thus acetic acid dissolves calcium carbonate readily. Boiling the solu-
tion favors the progress of the reaction, as the HCO3™ is also in equi-
librium with H* and H2CO3 and the latter with HoO and COs:

HCO;~+H* — H2CO3 — H20+COq,

and the carbon dioxide can be expelled completely at 100° (cf. p. 15).

The precipitation of calcium carbonate from boiling, dilute solutions
containing ammonium salts is always more or less incomplete, for
the reasons that have just been given, but from cold, concentrated
solutions containing considerable alcohol the precipitation is practically
complete.

3. Ammonium Oxalate produces in neutral or alkaline solutions
a precipitate of caleium oxalate, which when formed from cold solutions
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is composed of extremely fine crystals, hard to filter, while from hot
solutions larger crystals are formed:

0204=+Ca++ = CaCy04.

Calcium oxalate is practically insoluble in water and acetic acid, but
dissolves readily in mineral acids:

CaC204+2HY 2 Ca+++H2C2O4.

Calcium oxalate, unlike calecium carbonate, does not dissolve in
acetic acid for the following reasons: (1) The solubility product of
calcium oxalate is about 3.8 X10~? while that of calecium carbonate is
about 1.7X10~8 (p. 21) which shows that the oxalate is somewhat
less soluble in water than the carbonate. (2) The ionization constant
of HCO3™ is 0.063 while that of HC204™ is 0.045 and that of acetic acid
is 0.0418; this reason is sufficient to explain why acetic acid has little
solvent effect upon calcium oxalate. To dissolve calcium oxalate readily
it is necessary to use an acid strong enough to repress the ionization of
the first hydrogen of oxalic acid, for which the ionization constant is
0.038. (3) The progress of the reaction cannot be aided, asin the case
of the carbonate, by the loss of a volatile constituent.

Ammonia precipitates from such a solution calcium oxalate again,
the excess of hydrogen ions, as well as the oxalic acid which was formed,
being neutralized.

Calcium oxalate on being boiled with sodium carbonate solution
is easily changed to carbonate:

CaC204+CO3~ 2 CaCO3+C20,4~.

This reaction takes place in the direction left to right when an excess
of COs~ ions are present in spite of the fact that calcium oxalate is
somewhat less soluble than calcium carbonate. This is in accordance
with the mass action law (p. 13). An excess of C204~ ions will make
the reaction take place in the direction right to left.

4. Sulfuric Acid produces a precipitate only in concentrated
solutions:

CaCls+H2804 2 2HCl4-CaSOs4.

One hundred cc. water disolves 0.214 gm. CaSO4-2H20 at 40°,
but much less than 1 mg. will dissolve in the same quantity of alcohol.
In the presence of a slight excess of sulfate ions, calcium sulfate is less
soluble, but the behavior of calcium sulfate toward hydrogen ions is
similar to that of calcium carbonate. Calcium acid sulfate is much
more soluble than normal calcium sulfate, and any acid which is capa-



CALCIUM 105

ble of repressing the ionization of HSO4~ will exert a solvent effect
upon CaSO4. Sulfuric acid itself, or any other strong acid, can exert
this solvent effect.

Calcium sulfate is also soluble in concentrated ammonium sulfate,
owing to the formation of a complex anion:

CaS04+4 (NH4)2804 — (NHy)2[Ca(SOy)2].

5. Calcium Sulfate solution produces no precipitation with calcium
salts. (Note difference from strontium and barium.)

6. Sodium Phosphate (NasHPO4) produces in neutral solutions
a white, flocculent precipitate of secondary calcium phosphate:

Ca**+HPO4~ — CaHPO..

If ammonia is added to the solution at the same time, tertiary
calcium phosphate will be precipitated:

HPO4s<~+0OH™ — H:0+PO4s~
Cat +—|— 2P04= — Caz(POs4)s.

Both of these phosphates of calcium are dissolved by hydrogen ions.
A glance at the table on p. 10 shows that even acetic acid will
repress the ionization of HyPO4~ to an extent such that it will exert a
slight solvent action upon CaHPO; and upon Caz(PO4)2. Acetic
acid in the presence-of a soluble acetate, however, will not dissolve
Caz(PO4)2 to any extent. From a solution obtained by dissolving cal-
cium phosphate in acid, ammonia always precipitates the tertiary salt.

7. Chromates of the Alkalies do not precipitate calcium salts
from dilute solution. (Note difference from barium and strontium.)

8. Absolute Alcohol, or a mixture of equal parts of absolute alcohol
and ether, dissolves both the nitrate and chloride of calcium.

All deliquescent salts, with the exception of potassium carbonate,
dissolve in absolute alcohol. All other salts are, in general, insoluble,
or very difficultly soluble, in absolute alcohol. An exception to this
rule is found in the case of mercuric chloride, which is not dehquescent
and is much more readily soluble in alcohol than it is in water.

9. Water decomposes the carbide, phosphide, and nitride of calcium
at the ordinary temperature, as follows:

(a) The carbide:

CaCs+2HOH =Ca(OH)2+CoH, T .

Acetylene
Acetylene is evolved by the reaction, a gas with a peculiar smell. *

* Pure acetylene is odorless. Almost all caleium carbide contains a little cal-
cium phosphide, which evolves phosphine on treatment with water.
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If this gas is conducted into an ammoniacal copper solution, it rapidly
produces a red precipitate of copper acetylide. The latter compound
is harmless while it is moist; but in the dry state it can be readily
exploded by a blow, by rubbing, or by simply warming.

(b) The phosphide:

CazP2;+6HOH =3Ca(OH),+2PH; T.

The garlic-smelling phosphine gas which is evolved is spontaneously
combustible, because it always contains a small amount of the spon-
taneously combustible liquid, phosphuretted hydrogen (P2Hy). -

(¢) The nitride:

CasNo+6HOH =3Ca(OH),+2NH T 3.

REACTIONS IN THE DRY WAY

Calcium compounds, on being heated with .sodium carbonate
before the blowpipe, are changed to the white infusible oxide, which
glows brightly when hot.

The volatile calcium compounds color the non-luminous gas flame
brick-red.

Flame Spectrum.—Orange-yellow double line (620.3 pu, 618.2 uu)
and a yellowish-green one (554.4 pp, 551.8 uu); both of these lines
belong to calcium oxide. If calcium chloride wet with hydrochloric acid
is placed in the flame, a number of other lines are seen; in the orange-
yellow 646.6 pp, 606.9 pp, 604.5 up and 593.4 pu, in the yellow 581.7 uu
and 572.0 uu, in the violet, usually very hard to see, 422.7 uu (see
spectroscopic chart, Frontispiece),

STRONTIUM, Sr. At. Wt. 87.63
Sp. Gr. 2.5. M. Pt.>Ca. and<Ba.

Occurrence.—Strontium occurs quite commonly with calecium,
but usually in much smaller amounts. There are only a few true
strontium minerals. The most important of these are: Strontianite,
SrCOs, orthorhombic, isomorphous with aragonite; and celestite,
8rS04, orthorhombie, isomorphous with barite.

REACTIONS IN THE WET WAY

1. Ammonia: same as with calcium.

2. Ammonium Carbonate: same as with calcium.

3. Ammonium Ozxalate: same as with calcium; but the stron-
tium oxalate is somewhat soluble in acetic acid.
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4. Dilute Sulfuric Acid produces a white precipitate of stron-
tium sulfate:
SrCl; +H2S04 = 2HCl+SrS0y4.

Strontium sulfate is much less soluble in water than calcium
sulfate (6900 parts of water at ordinary temperatures dissolve 1 part
SrS04), but much more soluble than barium sulfate. It is soluble in
boiling hydrochloric acid, and insoluble in ammonium sulfate. By
boiling with a solution of ammonium or alkali carbonate solution, the
strontium sulfate is changed to carbonate:

SrS04+C03~ =2 SrCO3+504".

5. Calcium Sulfate solution produces in neutral or weakly acid
solutions, after some time, a precipitate of strontium sulfate:

Srt+t4+CaS04=SrS04+Ca™ ™.

6. Chromates of the Alkalies produce in dilute solutions no pre-
cipitate (thus differing from barium); but from concentrated solutions
strontium chromate is precipitated. It is much less soluble in aleohol;
100 cc. of alcohol, 53 per cent by volume, will dissolve 0.002 gm. SrCrQO4
and 0.088 gm. of CaCrO4 at room temperature; 100 cc. of 29 per cent
alcohol will dissolve 0.132 gm. SrCrO4 and 1.22 gms. CaCrO4. The
precipitate is quite soluble in acetic acid.

7. Absolute Alcohol. The nitrate is not deliquescent, and does not
dissolve in absolute alcohol. Strontium chloride is slightly deliquescent;
the anhydrous salt dissolves scarcely at all in absolute alcohol; but,
on the other hand, 1 gm. of SrCls+6H>0 dissolves in 116.4 gms. of cold
alcohol and 262 gms. of boiling absolute alcohol. 100 cc. of 66 per
cent alcohol dissolves about 50 gms. of SrCls-6H20.

REACTIONS IN THE DRY WAY

Heated on charcoal before the blowpipe the strontium compounds
behave similarly to the calcium compounds.

The volatile strontium salts color the non-luminous gas flame
carmine red.

Flame Spectrum.—A number of lines in the red and orange yellow
and one in the blue. No bands in the green. Red 686.3 uu, 674.7 up,
662.8 up, 649.9 pu; orange-yellow 646.5 uu, 635.1 uu, 606.0 uu; blue
460.7 upu.
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BARIUM, Ba. At. Wt. 137.37
Sp. Gr. about 4.0. M. Pt. 850° (?) C.

Occurrence.—Like strontium, barium is almost always found
associated with calcium, but only in small amounts. The most im-
portant barium minerals are: Witherite, BaCOs, orthorhombic,
ismorphous with aragonite; barite, or heavy spar, BaSO4, ortho-
rhombic, isomorphous with anhydrite; and the hydrous barium
aluminium silicate, harmotome, BaAloH2Si50:15+4H20. Harmotome
crystallizes in the monoclinic system, and belongs to the class of zeolites.

REACTIONS IN THE WET WAY

1. Ammonia and Ammonium Carbonate: same as with calcium
and strontium.

2. Ammonium Ozxalate: same as with calcium and strontium,
except that the barium oxalate formed is more soluble in water (1 gm.
dissolves in 2.6 liters of cold water), and is readily dissolved by hot
dilute acetic acid.

3. Phosphates of the Alkalies: same as with calcium.

4. Chromates of the Alkalies produce in neutral solutions of barium
salts a yellow precipitate of barium chromate (thus differing from cal-
cium and strontium),

Batt+CrOs~ 2 BaCrOy.

The table on p. 10 shows that HCrO,~ is ionized only to between 0.1
and 0.2 per cent in 0.1 N solution. In the presence of a stronger acid, its
ionization becomes much less, and the equilibrium

H++Cr04: (_—) HCI’O4_ and 2HCI'04_ d H20+CT207=

progresses farther in the direction left to right than in pure water. The equilib-
rium, however, also depends upon the concentration of CrO,~ in the solution.
In the case of strontium chromate, enough CrO,~ ions are present in the satu-
rated aqueous solution so that the formation of the HCrO,~ takes place to a
considerable extent when a little acetic acid is added to the solution, and it is
easy in this way to prevent the precipitation of as much as 0.5 gm. of strontium
ions; barium chromate, on the other hand, is so much more insoluble that it
takes considerable acetic acid to have an appreciable effect upon its solubility.
Thus a small quantity of barium can be separated from quite a large quantity
of strontium by adding CrO,~ and a suitable quantity of acetic acid.

If a more highly ionized acid is present, such as hydrochloric acid, the barium
will not be precipitated as chromate, but by adding sodium acetate (cf. p. 46)
the concentration of the hydrogen ions can be reduced sufficiently to precipi-
tate even a small quantity of barium as chromate.
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5. Dilute Sulfuric Acid produces, in even the most dilute solutions,
a precipitate of barium sulfate:

Bat*t4+S04~ — BaSO..

According to the table on p. 21, 1 liter of pure water dissolves about
2.5 mgs. of barium sulfate. In a slight excess of sulfuric acid it is
much less soluble by virtue of the common ion effect (p.45). As with
strontium and barium sulfates, the presence of an excess of hydrogen
ions has a solvent action due to the formation of acid sulfate. This
effect is appreciable with acids such as hydrochloric or nitric acid, but
the solubility of barium sulfate is so slight that it requires treatment
with hot, concentrated sulfuric acid in order to get any considerable
quantity of barium sulfate into solution, and dilution with water causes
reprecipitation of barium sulfate: '

BaS04+H2S04 2 Ba(HSO4)s.

Barium sulfate is partially converted, as a result of the mass action
effect, into more soluble barium carbonate by boiling with a concen-
trated solution of sodium carbonate:

BaS04+NaxCO3 2 BaCO3+Na2SOs.

To make this decomposition quantitative, the barium sulfate
must be boiled with the sodium carbonate solution, filtered, treated
with a new portion of sodium carbonate solution, and the process re-
peated until the filtrate no longer gives a test for sulfate. The more
concentrated the sodium carbonate solution is, the more complete
will be the decomposition. The highest degree of concentration will be
reached by fuston of the bartum sulfate with anhydrous sodium carbonate.

Consequently, to obtain a solution of barium ions from insoluble barium

sulfate, it is best to proceed as follows: Mix the solid with four to six times as

much calcmed sodium carbonate and fuse the mixture in a platinum crucible.
Cool, boil the residue with a little water until thoroughly disintegrated, and
filter. Wash the residue with hot, normal sodium carbonate solution, until the
filtrate gives no test for sulfate ions, and then with a little water. Dissolve
the residue of barium carbonate in dilute hydrochlorie, nitric or acetic acid.

If the product of the fusion were treated with considerable water, or if the
residue were washed at once with considerable hot water, the dissolved sodium
sulfate would react with the insoluble barium carbonate to form less soluble
barium sulfate. .This is prevented, in accordance with the mass-action prin-
ciple; by keeping the concentration of the sodium carbonate sufficiently large

6. Fluosilicic Acid produces a white, crystalhne prempltate of
barium fluosilicate:

H,SiF¢+BaClz = 2HCl+-BaSiFg,
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In order to effect complete precipitation, the solution must stand some
time. Barium fluosilicate is difficultly soluble in water and dilute
acids, and insoluble in alcohol.

. 7. Absolute Alcohol dissolves neither the nitrate nor the chloride;
neither of these salts is deliquescent. 100 cc. 66 per cent alcohol (by
volume) dissolve 3.3 gms. of BaCls-2H,0.

8. Concentrated Hydrochloric Acid and Nitric Acid wxll precipitate
from fairly-concentrated barium solutions the chloride and nitrate
respectively.

REACTIONS 1IN THE DRY WAY

Heated with sodium carbonate on charcoal before the blowpipe, the
barium compounds, unlike those of calcium and strontium, do not give
a brightly luminous mass, because the barium carbonate formed is not
decomposed at this temperature into the infusible oxide and carbon
dioxide, but merely sinters together somewhat. Volatile barium salts
color the non-luminous gas flame yellowish-green. The sulfate is
only slightly volatile in the hottest flame, and in the ordinary gas flame
it shows scarcely any coloration. In order to obtain the coloration,
it is best to change the sulfate into chloride, by reducing a small
particle on a platinum wire in the upper reducing flame to sulfide and
adding a little hydrochloric acid by means of a capillary tube. The
wire on then being brought into the flame will give the characteristic
flame coloration.

Flame Spectrum.—A number of deep green lines, weaker lines in
the orange-yellow part of the spectrum, and one blue line.

Orange-yellow (654.0 uu, 629.8 uu), (624.0 pu, 617.9 pu, 610.9 uy,
603.2 up). Yellow 528.5, yellow triple line (576.9 pu, 572 uu, 564.8 uu).
Green 553.5 uu, 534.7 pp, 524.3 uu, 513.7 pu, 500.0 pp.  Blue, 484.7 pu.

Separation of Calcium, Strontium, and Barium

In the course of a systematic analysis these three metals are always
obtained in the form of their insoluble carbonates, either by precipita-
tion with ammonium carbonate from fairly dilute solution in the presence
of ammonium chloride (cf. p. 103) or by fusion of the sulfates with
sodium carbonate.

A number of excellent methods have been proposed for the analysis
of the alkaline earth group. The characteristic reactions of barium,
strontium and calcium are so similar that difficulties are likely to arise
in any scheme whenever a small quantity of one of these elements is
present together with a large quantity of another; thus a precipitate
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caused by the presence of much strontium may be confused with one
produced by a little barium. Two methods of analyzing the group will
be described.

TaBLE III.—ANaLysis oF Grour IV. MEeTHOD A.

Solution may contain: Bat+, Srt+, Cat+, Mgt+, K*, Nat, NH*. Add
NH,OH and (NH,)sCOs:. Examine filtrate for Mg, K, Na according to Table I, p.97, or
Table 11, p. 99. (1). Dissolve carbonates of Ba, Sr and Ca, tn 2-normal HNO;.
Evaporate to dryness. Dissolve a part of the residue in a little water and add CaSO;
solution (2); (a) no precipitate is formed. Ca is present (3); (b) a precipitate forms
slowly, Sr is present and possibly Ca (4); (c) a precipitale is formed at once, Ba is
present and possibly Sr and Ca (5). Treat the remainder of the dry residue with
C.HOH (6).

Residue: Sr(NOs),, Ba(NOs),. Heat with solid | Solution: Ca(NOs),. Evap-
NH,CI (8) Treat cold residue with C.H;OH. orate to dryness and test

in the flame. Brick-red

Residue: BaCly,. Test in | Solution: SrCl,. Evaporate coloration shows Ca. (7)
the flame. Dissolve in| to dryness and test in
waler, heat to boiling and | flame. Carmine-red
add HC,H30,and K,Cr0,4, |  coloration shows Sr. (9)
yellow precipitate of
BaCrO, shows Ba. (9)

PROCEDURE

1. Concentrate the filtrate from Group III to small volume in a porcelain
dish, add 6N HCI to acid reaction and filter if the solution is not perfectly
clear. If sulfur runs through the filter paper, make a pulp by shaking small
pieces of filter paper in a bottle with water, add some of this pulp to the turbid
solution, stir or shake, and filter. Wash the residue till the volume of the
filtrate is about 50 cc., heat this solution to boiling, add NH,0OH and
(NH,);CO,. Filter and examine the filtrate for Mg™*, Kt and Nat. The
precipitate may contain BaCOs, SrCO; and CaCO;.

2. Dissolve the carbonates in dilute nitric acid and evaporate the solution
in a small porcelain crucible just to dryness, by heating with a small lame kept
in constant motion and heating very carefully until all the moisture and nitric
acid have been expelled. Take care not to overheat the residue, as this will
cause the conversion of the nitrates to oxides. Dissolve a small portion of the
residue in as little water as possible and add 5 cc. of calcium sulfate solution.

3. If no precipitate is formed, only calcium (and magnesium) can be present.

4. If a precipitate forms only after standing some time, barium is absent,
strontium is present and calcium may be present.

" 5. If a precipitate forms vmmediately, barium is present and possibly the other
members of the group as well. This preliminary test with calcium sulfate
solution is very useful. It must be remembered in making this test that 5 cc.
of saturated calcium sulfate solution contain only 3 mg. of calcium ions so that
a large precipitate cannot be obtained with this reagent even when much barium
is present; 10 mgs. of barium will give the maximum possible precipitate with
5 cc. of calcium sulfate reagent.
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6. Treat the remaining residue, which must be perfectly dry, with a little
absolute alcohol, stir with a glass rod and pour the alcohol through a filter which
has been wet with absolute alcohol, catching the filtrate in a small porcelain
crucible. If any calcium was present in the original residue of nitrates, some
of it will have been dissolved by the alcohol.

7. Evaporate the alcoholic solution to dryness, wipe out the crucible with
a piece of filter paper containing no calecium, fold the paper and fasten it to a
platinum wire. Burn the paper, moisten the ash with hydrochloric acid and
hold it in the non-luminous flame. The presence of calctum is shown by a
brick-red flame coloration.

8. If calcium is found to be present, repeat the treatment of the original
nitrate residue with absolute alcohol several times to dissolve out all the cal-
cium nitrate. Then mix the remaining residue with an excess of ammonium
chloride and heat until no more ammonium fumes are evolved. By this
operation the nitrates are converted to chlorides. The nitrogen, which has a
negative polarity of three in ammonium chloride (having four negative valences
and one positive) is oxidized by the quinquevalent, positively-charged nitrogen
of the nitrate and the product of this oxidation and reduction is nitrogen. At
the same time the negatively-charged chlorine is oxidized by the nitrogen of
the nitrate, forming free chlorine and nitric oxide, the latter escaping partly
as such and partly oxidizing the nitrogen of the ammonium. The oxidation -
of the ammonium chloride requires four positive charges of electricity; the
nitrogen of the strontium nitrate loses five positive charges if reduced to nitro-
gen and three if reduced to NO. Assuming a complete reduction to nitrogen,
the equation is

28r(NO,),+6NH,Cl =28rCl,4-5N, T +Cl, T 4+12H,0;
assuming the nitra.te reduced only to nitric oxide, NO.
- 8r(NO,),+2NH,Cl =SrCL+4H,0+2NO T +N, T .

It is also easy to change the nitrate to chloride by evaporation with con-
centrated hydrochloride (cf. p. 57).
9. Treat the residue of chlorides with a little 66 per cent alcohol (by vol-
ume) exactly as described above and test the alcohol solution for strontium by
_ the flame test; a carmine-red coloration shows the presence of strontium. Wash
any residual chloride with 80 per cent alcohol to dissolve out all the strontium
chloride and test the residue likewise in the flame for barium; a yellowish-green
coloration shows bartum. If there is sufficient residue, dissolve it in a little water
and a little acetic acid, heat to boiling and test for barium with potassium
chromate solution; a yellow precipitate at this stage of the analysis is positive
proof of the presence of barium.

The above method of analysis is based on the assumption that the
alkaline-earth carbonates were formed under conditions such that only
barium, strontium and calcium are present in the carbonate residue or
precipitate. If the ammonium carbonate is added under the conditions
described on p. 100, the magnesium will be precipitated as carbonate,
together with calcium, strontium and barium. The following method
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of analyzing this group has been tested thoroughly by A. A. Noyes*
and his students and permits the identification of as little as 1 mg. of
any constituent in the presence of 500 mgs. of any other member of the
group.

TaBLE IV.—ANALysis oF Grour IV. MgeTHOD B.

Solution may contain: Ba* ¥+, Srt+ Mgt~ K+, Nat, NH,*. Concentrate to
10 cc.; add 15 cc. (NH4)2:COs reagent, or more if necessary, and an equal volume of
C,HOH. 8tir, let stand 30 minutes and filter. Test filtrate for Nat and K+ accord-
ing to Table I, p. 97. Dissolve the precipitate, which may contain BaCOs, SrCOs,
CaCO; and MgCO;-(NH;):C0s,-4H0, in 6-normal HC:Hi0, add NHC:H:0. and
Ky,CrOs. (1)

Filtrate: Srt+, Cat+, Mgt +. Add NH.OH. Dilute to 65 cc.
and add 50 cc. C:HsOH. Shake the solution with filter paper
pulp and filter. (3).

Precipitate:
BaCrO,. Dissolve
in HCl.  Evap-
orate to dryness.
Test residue in
flame, treat with
3 cc. of 6-normal

Precipitate:

Filtrate: Cat+, Mgt +. Dilute to 150 cc.
SrCrOs.  Pour a

heat to boiling and add (NH,),C;0.. (5)

HC2H302, 20 cC.
of 3-normal
N H 402H 302 and
15 cc. of water.
Heat to boiling
and  test  with
KyCr:04 solution.
Yellow precip-
itate is BaCrO,.
2)

mitzxture of
(NH4)2003 and
K.CrOs  through
the filter and reject
this filtrate. Wash
with cold water
and dissolve the
residue of SrCO;
tn a little
H CzH 302. T est

Precipitate:
CaCy04. Dissolve
in 5 cc. of 6-
normal HySO4 and
add. 10 cc. of
C:H:OH. White
precipitate
is CaS04.  (5)

Filtrate: Mgt
Add NHOH and
Na:HPO,.  Dis-
solve in 2-normal
H,S0., add 20 cc.
C.HOH and filter
of necessary. Add
NHOH. Precipi-

with CaSOy. Slight tateis MgNH,PO,.
precipitate, shows 6)
Sris present. (4)

PROCEDURE

1. Dissolve the fairly dry carbonates in hot, 6 N acetic acid and evaporate
the resulting solution just to dryness, taking care not to overheat the residue.
Moisten the residue with 3 cc. of 6 N acetic acid and dissolve it in 20 cc.
of water. Add 20 cc. of 3 N ammonium acetate solution, heat to boiling
and precipitate the barium as chromate by adding hot 3 N potassium
chromate solution, drop by drop, until no further precipitation takes place
and the solution is decidedly yellow in color. Boil gently for about two minutes
lomger and filter through paper capable of holding very fine crystals.

2. If the filtrate is not decidedly orange in color, showing the presence of an
excess of dichromate ions, add a little more chromate to see if the precipitation
of the barium is complete. Wash the precipitate thoroughly with cold water,
rejecting all but the first of the washings. To confirm the barium test, dissolve

* A Course of Instruction in the Qualitative Analysis of Inorganic Substances.
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the precipitated barium chromate in a little hydrochloric acid, evaporate the
solution to dryness and try the flame test (cf. p. 110). If the flame test is incon-
clusive, it may be that the precipitate contained strontium chromate, due to
the presence of a large quantity of strontium. In such cases repeat the precipi-
tation with potassium chromate, using the same quantities of acetic acid and
ammonium acetate as before. By evaporation to dryness, the chromate is
almost entirely changed to chloride and chromic salt and in the second pre-
cipitation with chromate in acetic acid solution, no strontium chromate will be
deposited, because the quantity of strontium now present cannot be large enough
to come down with the barium a second time.

3. To test for stronttum, make the filtrate from the first precipitation with
potassium chromate distinctly ammoniacal, dilute to 65 cc. and add 50 ce. of
alcohol. If necessary add a little more potassium chromate and make sure
that the solution remains distinctly ammoniacal. Shake the solution with
some filter paper pulp and then filter. Allow the filter to drain thoroughly, but
do not wash the precipitate. Place the filtrate aside for the calcium and mag-
nesium tests.

4. Pour through the filter, which presumably contains strontium chromate,
a hot mixture of 10 ce. ammonium carbonate reagent and 5 ce. of potassium
chromate reagent. This mixture serves to convert strontium and calcium
chromate to the less soluble carbonates. If barium chromate is present it is
unaffected by the treatment. Wash the residue with cold water until the wash-
ings are colorless, which causes the removal of any remaining magnesium.
Dissolve the carbonate on the filter in a little normal acetic acid and test the
solution for strontium with caleium sulfate (cf. p. 111).

5. To test for calcium, dilute the filtrate from the strontium chromate pre-
cipitate to about 150 cc., heat to boiling and add ammonium oxalate solution,
in small portions, until no further precipitation takes place. Filter the solution
while still hot. The calcium is precipitated as oxalate and the magnesium
remains in solution. To confirm the calcium test, dissolve the precipitated
calcium oxalate, or a part of it, in 5 cc. of 6 N sulfuric acid and add 10 cc. of
alcohol. A white precipitate of calcium sulfate shows calcium to be present.
If the analysis is properly conducted, very little strontium, if any, will be pre-
cipitated with the calcium as oxalate and practically none of it will dissolve in
the sulfuric acid. The calcium sulfate test is shown with 0.2 mg. of calcium
ions if the solution is allowed to stand ten minutes. Not more than 0.3 mg.
strontium will be present if the above directions are followed properly. Mag-
nesium doés not interfere with the test.

6. To test for magnestum, make the filtrate from the calcium oxalate precipi-
tate strongly ammoniacal and add a little sodium phosphate reagent (cf. p. 95).
To confirm the magnesium, dissolve the precipitate in 5 cc. of 2 N sulfuric
acid, add 20 cec. of alcohol and stir well for two or three minutes. Filter off
any calcium sulfate that may form, and repeat the precipitation of the magne-
sium as phosphate (cf. p. 98).

Traces of alkalies and alkaline earths are recognized best by means
of the spectroscope. At this place, therefore, a brief description of
spectroscopic analysis will be given.
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Spectroscopic Analysis (Bunsen and Kirchhoff, 1865)

If a ray of white light is passed through a glass prism, not only
is the direction of the ray changed, but the white light is decomposed
into colors; it suffers dispersion. It
will be found that the red rays are
deflected least, while the violet rays
are deflected most. The picture ob-
tained—the spectrum—if projected on
a screen (Fig. 5), does not show the
colors sharply separated, but merging
into one another. Such a spectrum
is called a continuous, or uninter-
rupted, spectrum. Every glowing solid

or liquid body emits white light; the gz‘lilow
spectra obtained in all such cases will Violet
be continuous ones. Glowing vapors 2

and gases behave quite differently. -

They do not emit white light, but Fia. 5.

light composed of rays of definite

wave lengths, which are characteristic for each gas and for each
vapor. The light emitted from glowing vapors or gases, when
decomposed by the prism, yields on the screen a discontinuous or

interrupted spectrum. If the light is passed through a fine slit before
reaching the prism, the spectrum will be found to consist of a greater
or less number of colored lines which always appear in the same place
with any given substance, provided the prism or its position is not
changed. In order to determine the exact position of these lines, we
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make use of the spectroscope of Bunsen and Kirchhoff (Fig. 6). Fig. 7
shows a cross-section of the apparatus.

°B

?

p P

Fia. 7.

Fia. 8.

The substance to be examined is placed in the loop of a platinum
wire and introduced at A into the non-luminous gas flame, by means
of which it is volatilized. The rays of light pass through the slit
into the tube Sp, reach the prism, by which the rays are refracted
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into the telescope C (the collimator) and are observed at D. Upon
~ a glass plate at the end of the tube Sk is a transparent scale, which is
illuminated by a small flame at B. This tube is so inclined toward
the face aa of the prism that the rays of light from this tube are totally -
reflected into the tube C, and reach the eye of the observer; thus the
rays from the substance appear at a certain position on the scale.
As, however, the position of the lines depends upon the dispersive
power of the prism, and upon its angle of refraction, it is clear that the
position of the lines will be somewhat different in different spectroscopes.
As every ray has a definite wave length, it is better to give the wave
lengths of the rays which appear, rather than their position on the scale.

Wave lengths are expressed in millionths of a millimeter, cailed
micromillimeters, and designated as up.

The following values for the wave-lengths of the various lines in
the spectrum are taken from the most accurate measurements:

Red rubidium line. . ..................... Rb; =795.0 pu
rubidium line. . ..................... Rb, =781.1uu
potassium double line. . .............. K { =766.9 up

* | =766.5 uu
lithium line............. e Li, =670.8 uu
cadmium line*. .. ................... Cd, =643.9 up

Orange-yellow lithium line. ............... Liz =610.3 pu

Yellow sodium (middle of the double line)...Na  =589.3 uu

Green calcium line. ...................... Cag =554.4 pp

thallium line. . .................... Tl =535.0 ppu
cadmium line*.. ................... Cd, =508.6 uu

Blue cadmium line*. ..................... Cdg =480.0 uu
cadmium line*. ..................... Cd, =467.8uu
strontium line. ..................... Sr;  =460.7 uu
cesium line......................... Csg =459.3 up
cesium line.. ... ... .. ..o L. Cs, =455.3 uu

Blue-violet indium line. . ................. In, =451.1uu

Violet rubidium line.. .................... Rbs =421.5puu

rubidiumline. ..................... Rb, =420.2 uu
indium line.. ....................L. Ing =410.1 pu
potassium line..................... Kg =404.4 pp

H (Frauenhofer C line).............. e =396.8 uu

Let us assume that the foregoing lines were observed at the following
positions on the scale: K, at 17, Ky at 154, Li, at 32, Na at 50, Tl at 68,
Sr; at 101, In, at 111, and Ing at 149.

* The cadmium lines can te seen distinctly only in spark spectra.
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If now, upon a rectangular system of coordinates, we plot the wavc
lengths as ordinates and the corresponding scale divisions as abscissas,

and connect the points of intersection

La we shall get a curve® which expresse!
5 —12: the relation between the wave length
and the corresponding divisions on the
7507 scale (Fig. 9). We can, without serious
25 error, regard the portions of the curve
between two points of intersection as
7007 proportional to the corresponding scale
675 e divisions. '
The use of the curve may be illus-
mf trated by a single example:
625 Suppose we observe at the division
' 60 of the scale a line z. What is the
el corresponding wave length? The line
575+ 3 lies between the sodium and thallium
- lines, which are of known wave lengths.
Tla
525}
5001
Hp
m- L
450 Ine
25 Ing Zis
400 T T T T T T T T T Il T»
20 40 50 60 70 8 9 100 110 120 130 140 150 160

Fia. 9.

The sodium line lies at division 50 and corresponds to 589.3 pu
The thallium line

68 535.0 up

Consequently 18 scale divisions= 54.3 uu

and 1 scale division=3.017 up

The line z is at 60=>50410 divisions, and these correspond to
Division 50 =589.30 uu.
10 divisions= 30.17 up
Division 60=559.13 uu

* The curve is ordinarily drawn only for wave lengths lying between 800-400 pun
because only these light rays are visible to the eye. The rays of shorter wave
length than 400 pu are called wultra-violet rays and those longer than 800 uu are

known as ultra-red rays.

The former can be detected by their action upon photo-

graphic plates, and the latter by their thermic effect or by their action upon
specially prepared photographic plates.
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The scale divisions increase in their value as the wave lengths
diminish, so that we subtract the 30.17 from 589.3.

The spectra thus obtained are very beautiful, but usually of short duration.
More permanent spectra may be obtained with the aid of the Beckmann burner,*
Fig. 8, p. 116. From one-half to 1 cc. of the salt solution to be tested is placed in
the glass vessel G, the gas is lighted, and a good blast of air introduced at a. By
means of the air current, a little of the solution is carried mechanically over into
the burner in the form of spray, and thus the salt reaches the non-luminous flame.
In this way it is possible to get a fairly permanent spectrum by the use of only a
few milligrams of substance. There is then plenty of time to make the measure-
ments without having to stop and replenish the sample,

Measuring the Lines and Bands of the Spectrum

The correctness of a curve of wave-lengths, prepared as just
described, depends upon the accuracy with which the observed lines
or bands are measured. To insure accuracy, all the better forms of
apparatus are provided with cross-hairs in the ocular, and the cross must
each time be made to cover a definite part of the line to be measured.
The choice of such position depends upon the construction of the slit
at the end of the spectroscope. If the apparatus is provided with an
unsymmetrical slit, i.e., one of which only one side is movable while the
other remains in a fixed position, then the reading should be made with
the cross-hairs coinciding with the edge of the band on the immovable
side of the slit. Such a position is shown in Fig. 10, in which it is
assumed that the right-hand side of the slit is immovable.

In the case of a symmetrical slit, i.e., one in which both sides of
the slit open and close symmetrically, the cross-hairs must be made to
meet in the center of the line to be measured (Fig. 11).

The measurements can be made more readily and more accurately
by the aid of Hilger’s Wave Length Spectroscope (Fig. 12). In this
apparatus the telescope and collimator are both fixed in position, but
the prism can be rotated by means of a cylinder upon which is engraved
a very exact wave-length curve (Fig. 13). The pointer of the cylinder
gives the desired wave length with an accuracy of 4-0.2 pu.

For the rapid adjustment of the apparatus, the ocular shown in
Fig. 14 is convenient. In this ocular there is a very fine, polished steel
point beneath the cross-hairs; it is lighted from the outside by means of
a small mirror so that it is seen very distinctly. This point is made to
coincide with the desired edge, or the middle of the line, and then only
the final adjustment is made with the cross-hairs.

* Cf. Z. phys. Chem., 11, 472.
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It is not possible to volatilize all substances in the gas flame. The
non-volatile substances will not give any flame spectra, but by means of
the electric spark they will be volatilized enough to give spark spectra.
As the determination of their spark spectra furnishes the only method
by which the purity of many substances may be tested, the methods for
the production of spark spectra will be outlined briefly.

The apparatus invented by Bunsen consists of two platinum wires
which are each attached at one end to conical pieces of charcoal. The
latter are soaked with a solution of the substance to be tested. The
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Fia. 10.—Position with un- F1a. 11.—Position with sym-
symmetrical slit. . metrical slit.

two carbon points are now placed opposite to one another, quite near
together, and the other ends of the platinum wires are connected with
an induction coil, which causes sparks to pass between the two carbon
points, volatilizing some of the salt. If now the sparks are viewed
through a spectroscope, a large number of lines will be seen, of which
only a part are produced by the substance itself. Some of the lines are
caused by the carbon points and some by the air. In order to determine
which lines are caused by the substance that is being tested, the experi-
ment is first performed without using any of the substance, and the
spectrum thus obtained is either drawn or photographed. The experi-
ment is then performed with some of the salt impregnated in the carbon
points and the new lines in the spectrum will be caused by the substance.

Spark spectra can be more conveniently produced by means of the
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so-called ¢ fulgurator ”’ of Delachanel and Mermet, as shown in Fig. 15.
The salt solution is in a test-tube, so that the slit of the spectroscope
cannot be contaminated with the spattered particles of the salt.

F16. 13.—Cylinder (enlarged). F1e. 14.—Ocular with steel point
and mirror.

The small apparatus of H. Dennis, Fig. 16, is also very convenient
for producing spark spectra. The platinum wire z is fused in a glass
tube and ends in a point of Ceylon graphite, which extends up out of the
arm e of the apparatus. The upper pole is not shown in the illustration.
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To fill the tube m with the salt solution of the substance to be tested,
8 is taken away, and the apparatus is inclined to the left. The solution
is poured in at the upper end of m, when s is again introduced and shoved
down until it reaches nearly to the bottom. The apparatus is now
placed in a vertical position, whereby the liquid in e rises until it is
level with the lower end of s. On raising s the liquid will rise to the
upper edge of e. By means of electric sparks from the carbon point,
enough of the liquid is evaporated to give the desired spectrum. Care
should be taken to prevent any spattering
of the substance into the slit of the spec-
troscope.

A far better fulgurator has been devised
by E. H. Riesenfeld and G. Pfiitzer.* As
anode the solution of the salt itself is used,
as cathode a thin iridium wire which almost
touches the surface of the liquid. If an
electric arc is produced between such elec-
trodes, nearly pure spectra are obtained
without lines from the atmosphere. In this
way even the magnesium lines can be
identified. By flame spectra with the
Bunsen burner only 0.2 mg. Ca, 0.6 mg. Sr
and 14 mgs. Ba can be detected with cer-
tainty, but with this fulgurator 0.002 mg.
Ca, 0.03 mg. Sr and 0.006 mg. Ba can be
detected when present in 1 cc. of water.

To examine gas spectra, small Geissler
tubes are used which contain the gas to be

Fra. 15. Fia. 16. detected in a dilute condition. Besides

flame spectra and spark spectra, there re-
main absorption spectra to be mentioned. If white light is passed
through a colored solution or gas, certain rays are absorbed by the
liquid, so that if the light is now examined in the spectroscope,
these rays will be found to be lacking. We see a bright spectrum
broken by black bands (absorption bands) which are character-
istic for different substances. Thus solutions of permanganic acid,
neodymium, praseodymium, erbium, and many other substances give
characteristic absorption spectra. These absorption spectra are often
obtained from colorless solutions.

It is to be noted that an absorption spectrum is often of quite
different appearance according to whether the solution is dilute or

* Ber., 1913, 3140.
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concentrated. In measuring absorption bands the solution should
be diluted with solvent until the band appears in the form of as fine a
line as possible at the intersection of the cross-hairs, and further dilu-
tion should cause the disappearance of the band.

The same end is easily attained if, as R. Philip has suggested, the
concentrated solution is placed in a test-tube and covered with more
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Fia. 17.

of the solvent. The lowest layer then gives the spectrum of the con-
centrated solution and it becomes more and more dilute in the upper
portions.

In order to obtain any of the above spectra sharply defined, it is
necessary to have the spectroscope properly adjusted, i.e., the rays must
come parallel from the collimator tubeinto the telescope. The telescope

Fic. 18.

is removed and adjusted for parallel rays by focusing it upon some
distant object. It is then replaced, the prism removed, and the colli-
mator tube brought exactly opposite the telescope, so that the slit of
the former can be observed by the latter. The collimator tube must be
lengthened or shortened until the picture of the slit is sharply defined.
The prism is now replaced and the scale tube adjusted until the scale
also can be seen clearly defined. The instrument is now ready for use.

The direct-vision pocket spectroscope, with an arrangement of
prisms as shown in Fig. 17, is very convenient for ordinary use
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If it is desired to photograph a spectrum, the telescope tube is
replaced by a camera as shown in Fig. 18. Such an apparatus is
called the spectrograph. With glass prism and glass objective lens,
the spectrum can be photographed to about 350 uu. To make the

" ultraviolet part of the spectrum visible, the objective lens and the prism
must be prepared of quartz and fluorspar, whereby it is possible to
photograph light rays of about 200 uu. For observing rays of still
shorter wave length, fluorspar alone is requisite, as it absorbs the ultra
violet rays to a less extent than quartz does.

To photograph the ultra red rays, specially prepared plates, as dis-
covered and prepared by W. Abney, are necessary.*

* For methods of quantitative spectrum analysis consult W. Hempel and R. L.
von Klemperer, Z. angew. Chem., 1910, 1756.
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GROUP III. AMMONIUM SULFIDE GROUP

ALUMINIUM, TITANIUM, CHROMIUM, IRON, URANIUM, ZINC,
MANGANESE, NICKEL, COBALT

ALUMINIUM, Al. At. Wt. 27.1
Sp. Gr. 2.56-2.67. M. Pt.=658.7° C.

Occurrence.—Aluminium occurs very extensively in nature, prin-
cipally in the form of silicates, of which the feldspars and micas with
their decomposition products are important examples:

Orthoclase (feldspar), Ks3Al3(SizOg)s; muscovite (mica),
KHAl3(Si04)3; kaolin (decomposed feldspar), H4AlpSisOg. Impure
kaolin is called clay.

Among the most important minerals which contain aluminium
may be mentioned cryolite, NagAlF¢; spinel, MgAlsO4, or magnesium
aluminate, which crystallizes in the regular system and is isomorph-
ous with magnetite, Fe-Fe;04, and chromite, Fe-Cro0O4; alunite,
KAl3(S04)2(OH)e; aluminium hydroxide as hydrargillite, A1(OH)s,
monoclinic; bauxite, H4Al2Os5, and diaspore, HA1O2, orthorhombic.

Corundum, Al2Os, is next to the diamond the hardest mineral.
Pure, transparent corundum often has a beautiful color and is classed
with the precious stones. Thus the ruby, sapphire, oriental emerald,
oriental topaz and amethyst are nearly pure corundum colored by a
little foreign oxide. Emery is an intimate mixture of corundum,
magnetite and iron sulfide. True topaz is Als(F,0H)2SiO4, turquoise
is Alo(OH)3PO4-H20, and garnet is chiefly CazgAla(SiOy4)s.

Metallic aluminium is now made on a large scale by the electrolysis
of Al2Os dissolved in a bath of molten cryolite. It has a silver-white
color and is only slightly attacked by exposure to the atmosphere.
From the position of this element in the electromotive series, (p. 41)
the metal should be attacked readily by the atmosphere, and the reason
it is apparently unattacked has been proved due to its becoming
coated with a thin, firmly adherent, protective layer of oxide. Aluinin-
ium is trivalent in all its compounds; it forms only one oxide, Al2Os,
which is amphoteric. The metal dissolves in acid to form an aluminium
salt and in caustic alkali to form a soluble aluminate. Aluminium
readily replaces the hydrogen of hydrochloric acid, but it dissolves

125
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less readily in dilute sulfuric acid and becomes passive when treate&
with nitric acid. One theory of the cause of passivity is the formation
of a closely adherent oxide film. :

The action of aluminium upon dilute hydrochloric acid and upon
aqueous solutions of caustic alkali is expressed by the following ionic
equations: '

2A14-6H* — 2A1™ T 43H, T,
2A14+-20H"+2H,0 — 2A10,"+3H, T.

Aluminium salts are as a rule colorless, and those which are soluble
in water show an acid reaction in aqueous solution, on account of their
being hydrolyzed to a considerable extent. This explains the fact
that on evaporating a solution of aluminium chloride in water we do
not obtain aluminium chloride, but the insoluble oxide, or hydroxide:

AlICl3+-3HOH = Al(OH)3+3HCI.

The property which aluminium possesses of forming alums is very
characteristic. The alums are double salts of aluminium sulfate with
the sulfates of potassium, cesium, rubidium, or ammonium, of the
general formula RAI(SO4)2-12H20, in which R represents one of the
univalent metals just mentioned. Similar salts in which the aluminium
is replaced by trivalent iron or chromium are also called alums. The
alums crystallize in the regular system, usually-in octahedrons. The
common potassium alum is much less soluble in cold than in hot water.
Thus 100 cc. of water at 15° C. dissolve 10.7 gms. of alum and 283 gms.
at 100° C.

. The sulfide of aluminium can be prepared only in the dry way.
It is a pale-yellow substance, which is hydrolytically decomposed even
" by cold water into hydrogen sulfide and aluminium hydroxide;

AlS;+6HOH =3H,S T +2A1(OH)3.
Toward strong acids aluminium hydroxide plays the part of an
alkali, while toward strong bases, on the other hand, it acts as an acid.
REACTIONS IN THE WET WAY

1. Ammonia produces a gelatinous precipitate of aluminium hydrox-
ide, which is somewhat soluble in water, but insoluble in the presence of
ammonium salts:

AlCl3+3NH.OH =A1(OH)3+3NH4Cl.
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The property which the aluminium hydroxide shows of partly
dissolving in water, is common to all colloidal substances (cf. p. 59).
When dissolved they are sometimes said to exist in the hydrosole con-
dition and when precipitated as hydrogele.

The hydrosole form of aluminium hydroxide can be converted into
hydrogele by the addition of salts,* preferably ammonium salts. If,
therefore, we desire to precipitate aluminium from a solution by means of
ammonia, we take care that ammonium chloride is present.

The freshly precipitated aluminium hydroxide is readily soluble in
dilute -acids; but after standing some time in a salt solution, or after
long boiling, it becomes more difficultly soluble, so that it is necessary
to digest it with acid for a long time in order to bring it completely into
solution.

The solubility product of aluminium hydroxide is so small that it is
precipitated by ammonia even in the presence of ammonium salt.
Aluminium does not show a tendency to form soluble complex cations
with ammonia.

2. Potassium or Sodium Hydroxide produces the same precip-
itate as ammonia, which is, however, in this case soluble in excess of
the reagent, forming an alkali aluminate:

AIF++4+30H" — Al(OH)s,

Al(OH)3+0OH™ — AlO2~+2H0.

If dilute acid is added to a solution of an aluminate, there is formed
at first a precipitate of aluminium hydroxide, which dissolves on further
addition of acid:

AlOe~+H'+H20 — Al(OH)3,

AI(OH)343H* — AI**++43H,0.

The aluminates are also decomposed by boiling with an ammonium
salt, '

AlO2~+NH*+H20 — AI(OH)3+NHs 1.

Aluminium hydroxide is soluble in neutral tartrates of the alka-
lies, so that in the presence of tartaric acid there will be no precipi-
tation on the addition of ammonia. Consequently the aluminium

* This principle is illustrated by the technical process of “ salting out ”’ colloidal
dyes from their solutions.
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cannot be present in the solution in the form of the simple alumin-
ium cation, but as a complex negative ion:

Al(OH)3+C4H406~ — C4H2(AIOH)O6™ +2H20.

Many other organic hydroxy-acids and other hydroxy-compounds,
such as malic and citric acids, sugars and starches, have the same
effect of preventing the precipitation of aluminium hydroxide by am-
monia. ®

3. Ammonium Sulfide causes precipitation of the hydroxide.
When formed in the dry way, aluminium sulfide is comp'etely hydrolized
by water:

Al,S;+6HOH =2A1(0H);+3HS T.

The aqueous solution of ammonium sulfide is in equilibrium with
NH4OH and HsS formed by hydrolysis. There are, therefore, enough
- OH" ions in a solution of ammonium sulfide to cause the precipitation
of A1(OH)s.

4. Alkali Carbonates precipitate aluminium hydroxide (hydrolysis):

2AICI3+3NaCO3 =6NaCl+ Ala(CO3)s3,
Al3(CO3)3+6HOH =3H2CO3+2A1(OH)s.
—_——
3(H20+CO02 T)

5. Barium Carbonate, suspended in water and added to the solu-
tion of an aluminium salt, also precipitates the hydroxide:

2A1Cl3+3BaC0O3+6HOH =3BaCl: +3H2CO3+2A1(0H)s.

[ ——

3(H:04+CO2 T)

6. Alkali Acetates produce no precipitation in cold neutral solu-
tions, but, on boiling the solution, a very voluminous precipitate of
basic aluminium acetate is formed:

AlCl3+3NaCeH302 =3NaCl4-Al(C2eH302)3 (in the cold),

Soluble
/OH
Al(C2H302)3+2HOH = AIK-OH +2HC2H302 (on boiling).
\02H302 :

If the solution is allowed to cool, the basic aluminium acetate
redissolves. The reaction is, therefore, a reversible one, and goes
more completely from left to right according as we increase the amount
of water and raise the temperature (cf. pp. 50 and 51).
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7. Alkali Phosphates, e.g., NaoHPO,, give a gelatinous precipitate
of aluminium phosphate:

2HPO4~ —I—Al_+ ++ 5 AIPO4+ HyoPO4™,

or, on addition of ammonia,

HPOs~+NH3+ Al — AIPO4+NH,*.

Aluminium phosphate is soluble in mineral acids, insoluble in
acetic acid (differing from Ca, Sr, Ba, Mg), but readily soluble in
sodium or potassium hydroxide solutions:

AlIPO4+40H™ — A102_+P04E+2H20.

On boiling this alkaline solution (obtained in the last reaction)
" with ammonium chloride, a precipitate will be formed, consisting
of a mixture of aluminium phosphate and aluminium hydroxide;
while barium chloride, on the contrary, will precipitate barium phos-
phate from such a solution and leave the aluminate dissolved.

8. Sodium Thiosulfate, NaoS203, completely precipitates the
aluminium as hydroxide on boiling:

2A1Y++ 438,054 3HOH = 3S+3S0; T +2A"(OE),.

The sodium thiosulfate, being a salt of a weak acid, serves to neu-
tralize the H* ions formed by the hydrolysis of the aluminium salt, and
the free H2S203 is so unstable that it breaks down into S and SOs;
equilibrium is disturbed by the precipitation of the A1(OH); and S
and by the escape of SO» gas.

9. Morin in alcoholic solution shows a green fluorescence when
brought in contact with only a trace of neutral aluminium salt. (This
reaction is very sensitive.) Beryllium salts and salts of the rare earths
do not give the test.

10. Ether precipitates white, ‘crystalline aluminium chloride,
AlCl3-6H20, from a concentrated solution which is saturated with
- HCI gas. Aluminium may be separated from beryllium in this way.

DETECTION OF ALUMINIUM IN THE PRESENCE OF ORGANIC SUBSTANCES
WHICH PREVENT THE PRECIPITATION BY THE ABOVE REAGENTS

The presence of tartaric acid or other non-volatile, organic hydroxy-com-
pound prevents the precipitation with above reagents. To detect the presence
of aluminium in such cases, the organic substance must be first destroyed. This
is best accomplished as follows: Add some sodium carbonate and a little
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potassium nitrate to the solution, evaporate to dryness in a platinum dish, and
ignite the residue, whereby the aluminium becomes aluminate and the organic
substance is destroyed with separation of carbon. Treat the residue with dilute
nitric acid and filter; the aluminium goes into solution as nitrate and can
be precipitated with any of the above reagents.

If sufficient nitrate was present, the carbon will be completely burnt to COs,
and the residue then often contains undecomposed nitrate or nitrite. It would,
therefore, be unwise to treat the residue in the platinum dish with hydrochloric
" acid, as aqua regia would be formed and the platinum would be dissolved. Con-
sequently the residue is treated with nitric acid (or with hydrochloric acid in a
porcelain dish).

When strongly ignited, aluminium hydroxide loses water and
forms the anhydride, AloOg, which is scarcely soluble at all in hydro-
chloric and nitric acids. In hot, concentrated sulfuric acid, with
a little water, it will dissolve after long digestion. The ignited alumin-
ium oxide, as well as the natural corundum, is most readily brought
into solution by fusion with potassium pyrosulfate. The fusion is
accomplished in the following way: Take twelve times as much fused
potassium acid sulfate as there is oxide to get into solution and heat it
by itself in a large platinum crucible over a small flame. The acid
potassium sulfate melts readily, at about 300° C., gives off water
(causing frothing), and becomes changed into potassium pyrosulfate:

2KHSO4 — H20 +K2S207.

As soon as the frothing has ceased, the transformation into potas-
sium pyrosulfate is complete. Add the dry aluminium oxide to the
crucible and continue heating until the melt begins to solidify (showing
that a considerable amount of potassium sulfate, which melts much
more difficultly than the pyrosulfate, has been formed), then raise the
temperature and continue heating until the oxide has dissolved clear in
the melt. By heating the pyrosulfate, SOs is given off, which at the
high temperature is very active;

K2S207=K2504+4S0s.

If the heating is too rapid, much of the SOs is lost.
After the reaction is finished, the melt contains the aluminium
as aluminium sulfate in the presence of potassium sulfate,

3K282074+Al03=Al2(S04)3+3K2S04,

“and both of these substances can be brought into solution by treating
them with water.
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The ignited aluminium oxide can also be brought into solution
by fusion with caustic alkalies:

Al,03+2KOH =2KAlO24-H0.

This last. operation is usually carried on in a silver crucible, never in
platinum, as the latter would be strongly attacked.

Native AloO3 (corundum, ruby, sapphire, emery) can be completely
brought into solution by fusion with potassium pyrosulfate.

REACTIONS IN THE DRY WAY

Aluminium compounds, on being heated with sodium carbonate
on charcoal before the blowpipe give a white, infusible, brightly glowing
oxide, which, when moistened with cobalt nitrate solution and again
‘heated, becomes a blue infusible mass (Thénard’s blue):

A1203 +COO = COA1204.

In carrying out this test it is extremely important not to use an
excess of cobalt nitrate, for this salt leaves black cobalt oxide behind on
ignition and when an excess is present it entirely obscures the blue color
of cobaltous aluminate.

The test is usually applied to a precipitate of aluminium hydroxide.
The best way to carry out the test is as follows: Dissolve the precipitate
in 5 cc. of 6 N nitric acid and add to the solution half as many small
drops of 1 per cent cobalt nitrate solution as there are presumable
milligrams of aluminium present. Evaporate the solution nearly to
dryness, add a few drops of water and moisten a roll of filter paper
with the concentrated solution. Heat over the flame until the paper
is entirely consumed and then very strongly.

Thénard’s blue is infusible. If a fused mass is obtained in this test,
the presence of aluminium is doubtful, because all fused glasses, such as
borax beads, sodium phosphate beads, etc., are colored blue by cobalt
oxide. C
luminium salts are not volatile, and do not color the flame. By
ignition in the air, all aluminium salts, with the exception of the phos-
phate and silicate, are decomposed, leaving behind the oxide:

2AIC13+30=A1,05+43Cl; T,
2A1(NOs)s =Al:0543N205 T,
Aly(SO4)3=A103+380s 1.
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CHROMIUM, Cr. At. Wt. 52.0
Sp. Gr.=6.81. M. Pt.=1510° C.

Occurrence.—Chromium occurs in nature as chromite, FeCrsOy,
isomorphous with spinel (see aluminium); as monoclinic crocoite,
PbCrO4; and as laxmannite, a double compound of lead-copper phos-
phate and basic lead chromate, (Pb,Cu)3(PO4)2:-Pb3O(CrO4)s. Fur-
thermore, it is found in small quantities in many silicates, such as
muscovites, biotites, augites, etc., and consequently in their weathering
products, as in many kaolins, bauxite, etc.

Metallic chromium is a white, crystalline powder. With oxygen
it forms the following oxides: chromous oxide, CrO; chromic oxide,
Cr203; chromic acid anhydride, CrOs; and chromium peroxides
corresponding to CrOg4, Cro0g, Cr2011 and CrzOs3 (cf. p. 139).

The oxides CrO and Cr203 are basic anhydrides, and, on being
dissolved in acids, yield the corresponding salts, the chromous and
the chromic compounds. Chromium trioxide is the anhydride of the
hypothetical chromic acid, HoCrO4, and forms chromates with bases.
The chromium peroxides have never been obtained pure; salts of per-
chromic acid have been isolated and analyzed, (Cf, p, 139.)

I. Chromous Compounds

Chromous oxide is known only in the form of its hydroxide, Cr(OH)2,
which, on being dried, loses hydrogen and water, leaving behind chromic
oxide:

2CI‘(OH)2 = Hz -I—Hzo +Cr203.

Like chromous hydroxide, all chromous compounds are extremely
unstable, being changed readily by contact with the air into chromie
compounds. Only the halogen compounds, the phosphate, carbonate, and
acetate, are known in the dry state; the sulfate only in solution. The
acetate, Cr(CeH302)2+H20, is a reddish-brown, crystalline substance,
insoluble in water, but readily soluble in hydrochloric acid. This
solution, as well as that of all chromous salts, absorbs oxygen with
avidity, and is consequently used in gas analysis for the determination
of oxygen in gas mixtures. Solutions of chromous compounds are
obtained by the reduction of chromic compounds with nascent hydrogen
(zinc and acid), out of contact with the air.

On account of the instability of these compounds the analytical
chemist will rarely meet them and further description is unnecessary.
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II. Chromic Compounds

All chromic compounds contain chromium as a trivalent element;
they are colored either green or violet, and are soluble in water as
a rule. The oxide, hydroxide, phosphate, anhydrous chloride, and
the sulfate, after being strongly heated in a stream of carbon dioxide
gas, are insoluble in water. Violet chromium chloride obtained in
the dry way is insoluble in acids; it dissolves readily in water containing
a trace of chromous chloride, or in the presence of stannous chloride
(tin and hydrochloric acid). By dissolving the grayish-green chromic
hydroxide in acids, green solutions are always obtained, which on
long standing become greenish violet or violet, but on boiling become
green again. Chromic. sulfate forms with sulfates of potassium,
ammonium, cesium, or rubidium, the so-called chrome-alums, which
crystallize in the regular system. These alums, like all other chromic
salts, react acid in aqueous solution (hydrolysis).

Chromic sulfide, CrzS3, can be obtained only in the dry way.
On being treated with water it is decomposed quantitatively into
hydroxide and hydrogen sulfide.

REACTIONS IN THE WET WAY

1. Ammonia produces a grayish-green, gelatinous precipitate of
chromic hydroxide:
Crt**t4+30H™ — Cr(OH)s.

Chromic hydroxide is somewhat soluble in excess of ammonia, form-
ing a violet or pink solution, particularly soluble when the ammonia
is added to a wviolet solution of a chromic salt, in the presence of am-
monium salts. This is caused by the formation of complex chromic-
ammonia cations, which, however, may be decomposed by boiling
the solution until the excess of ammonia has been driven off, when the
chromium is quantitatively precipitated as hydroxide. In order, then,
to precipitate the chromium from a solution as hydroxide, it is neces-
sary to precipitate at a boiling temperature, and to use as little
ammonia as possible.

By ignition of chromic hydroxide, green chromic oxide is obtained, which
after strong ignition is insoluble in acids. In order to bring it into solution, it
must be fused with potassium pyrosulfate (cf. aluminium, p. 130); or with
an oxidizing flux such as sodium carbonate and potassium nitrate in a platinum
crucible or sodium peroxide in a nickel crucible, whereby sodium chromate is
formed:

Cl’203+2N32003+30 = 2NazCrO4+2COz. T .
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If the product of this last fusion is dissolved in water, acidified with hydro-
‘chloric acid, and boiled with aleohol, a green solution of chromic chloride will
be obtained (p. 138), from which the chromium can be precipitated as
hydroxide with ammonia. On fusing with sodium carbonate and potassium
nitrate in a platinum crucible, the crucible will always be slightly attacked, so
that a small amount of platinum will go into solution with the fused mass; it
can be removed, after the treatment with hydrochloric acid, by passing hydrogen
sulfide into the boiling solution, and filtering off the precipitated platinum
sulfide.

2. Potassium and Sodium Hydroxides cause the same precipitation
as ammonia; but the precipitate is readily soluble in excess of the
reagent, forming a green chromite:

Crt+*+4+30H" — Cr(OH)3; Cr(OH)3+OH™ = CrOs~ +2H20

Chromic hydroxide behaves here as a weak acid. The reaction
is reversible, the presence of considerable water causing the reaction
to go from right to left, particularly at the boiling temperature. By
boiling the dilute solution, complete hydrolysis takes place; the chro-
mium is almost quantitatively precipitated as hydr0x1de (differing from
aluminium).

Chromic hydroxide often causes the prempltatlon of other bases
as insoluble chromites, particularly zine and magnesium.

3. Sodium Peroxide and caustic alkali added to the solution of a
chromic salt converts the trivalent chromium into the chromate ion
in which the chromium has a positive valence of six:

CI“_'— ++13Nas02+40H™ — 2CrO4~+6Nat+2H,0.

4, Alkali Carbonates, Barium Carbonate, Ammonium Sulfide,
and Alkali Thiosulfates precipitate chromic hydroxide, as with
aluminium.

5. Alkali Phosphates give a greenish, amorphous precipitate of
chromic phosphate:

2HPO4s~+Crt*+— CrPO, +HPO4~.

Chromic phosphate is readily soluble in mineral acids and in cold
acetic acid. On boiling the acetic acid solution, chromic phosphate
separates out again.

6. Alkali Acetates produce in solutions of chromic salts no pre-
cipitation, even when the solutions are boiled. If, however, consider-
able amounts of aluminium and ferric salts are present at the same
time, the chromium will be precipitated almost quantitatively with the
iron and aluminium as basic acetate. In case, however, chromium
predominates, only a part of the metals will be precipitated as basic
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salts; the filtrate will contain iron and aluminium with chromium.
In the presence of chromium, the basic acetate separation s always uncer-
tain. ,

7. Hydrogen Sulfide produces no precipitate in acid solutions
of chromic salts.

III. Chromates

Chromium trioxide, CrOs, forms red orthorhombic needles, which
dissolve readily in water to an orange-red solution. If this solution
is neutralized with potassium hydroxide, it becomes yellow, and on
evaporation yellow KoCrQy, the potassium salt of chromic acid, HaCrOs,
is obtained. If the yellow solution of potassium chromate is acidified,
and then allowed to crystallize, orange-red prisms of triclinic potassium
dichromate crystals, KoCr207, are formed.

The aqueous solution of potassium chromate, KoCrO4, contains
colorless potassium ions and yellow CrO4~ anions, while the aqueous
solution of potassium dichromate, KoCrsO7, contains, in the presence
of the colorless potassium ions, the orange-red colored CrzO7~ anions:

KoCr207 =2 2KT+Cra07".

We are able, therefore, to determine from the color of a chromate
solution the nature of the chromate ion which is present.

The free acids, H,CrO, and H,Cr,0,, cannot be isolated, but only the corre-
sponding anhydride, CrO;, which is very soluble in water. When chromium
trioxide dissolves in water, the following reaction takes place:

CT03+H20 ﬁ HzCI‘O4.

The first hydrogen of this acid belongs to the class of very strong acids (cf
p. 10) and consequently the greater part of the H.CrO, undergoes ionization
as fast as it is formed: H,CrO, = H*4+HCrO,~. The second hydrogen, on the
other hand, corresponds to that of a very weak acid and we may say that in
the presence of hydrogen ions HCrO,~ is scarcely ionized at all. The HCrO,~;
however, enters into the following equilibrium: 2HCrO,~ < H.0+Cr O,=.
The presence of hydrogen ions will evidently favor the formation of the dichro-
mate ion, while dilution will favor the reverse reaction, and the presence of
OH~ ions will cause the dichromate ions to disappear and yellow .CrO,= ions
will take their place.

Remark.—Although we may judge as to the color of the ions from the color
of the solution, and often predict what the color of the solid salt will be, yet, on
the other hand, we cannot tell what the color of the solution will be from that
of the saltitself. Yellow lead iodide dissolves in water to a colorless solution,
and the yellow and red iodides of mercury, although only silghtly soluble, also
do not yield colored solutions.

If the solution of a salt is colored, the salt itself will be colored; but the reverse
ts not always true. '
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All chromates are insoluble in water, except those of the alkalies,
calcium, strontium, and magnesium. All chromates dissolve in nitric
acid, except fused lead chromate, which dissolves with difficulty.

Formation of Chromates

All chromium compounds may be readily oxidized to chromates.
According to whether the compound is soluble in water or not, different
methods are used to effect the oxidation.

The student should not attempt to memorize a large number of chemical
equations, but he should strive to become able to express his chemical knowledge
in the form of equations or equilibria expressions. To balance equations
representing the oxidation of chromium, it should be remembered that the
chromium is changed from a positive valence of three (in the form of chromic
cations or chromite anions) to a positive valence of six (in the form of chromic
acid, chromate or dichromate ions). When the oxidation takes place by means
of halogen, a halide is formed and the halogen is changed from the neutral
condition to the form of a negative ion with unit charge. When hypochlorite
is the oxidizing agent, the unit positive charge on the chlorine atom is lost and
a unit-negative charge takes its place, which corresponds to the loss of two
positive charges. Similarly, lead peroxide and hydrogen peroxide have an oxidiz-
ing power corresponding to the loss of two unit charges of positive electricity.

The valence of the chromium in the anions CrO,”, CrO,~ and Cr,0,~ is
found, in accordance with the rule given on p. 25, by subtracting the charge
of the ion from the product obtained by multiplying the number of oxygen
atoms present in the ion by its valence of two. In equilibrium expressions it
is important to make sure that the algebraic sum of the positive and negative
charges on one side is exactly the same as the algebraic sum of the charges on
the other. With a little practice it is very easy to determine whether hydro-
gen ions, hydroxyl ions or water molecules are required to make the equation
balance.

The oxidation in alkaline solutions 1is effected:

(a) By the halogens. If sodium or potassium hydroxide is added
in excess to a solution of a chromic salt, and chlorine or bromine is
conducted into the solution, the oxidation will be complete in a few
minutes: the green chromite becomes yellow chromate:

2CrO2~+80H+3Cly — 2Cr0O4~4+6C1™+4H0.

Chromic compounds may be also oxidized by halogens in the
presence of sodium acetate, the reaction going extremely slowly in the
cold, but very quickly on warming:

2Cr*t*+4-3Cl;+8H20 =2 2CrO4~+6CI"+ 16H,

The sodium acetate greatly lowers the concentration of the hydrogen
ions and permits the reaction to proceed slowly in the direction left to
tight (cf. p. 46).
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(b) By hypochlorites (sodium hypochlorite, chloride of lime, etc.):
2Cr02~+30CI~+20H~ — 2Cr04~+3Cl"+H2O0.

(¢) By lead peroxide. The alkaline solution is boiled with lead
peroxide:

2CrOs~+3Pb02+80H™ — 3Pb02~4-2Cr04~+4H20.
(d) By hydrogen peroxide,
2CrOs~+3H202+20H™ — 2CrO4~+4H-0,

the reaction taking place on warming.
(e) By freshly precipitated manganese dioxide. The oxidation
takes place on boiling the neutral or slightly acid solution:

2Cr+ +*+4+3MnOs+40H" — 2CrO,~+3Mn* *+42H,0.

It is evident from this last equilibrium expression that the presence of
hydroxyl ions should favor the oxidation and hydrogen ions should hinder it.
On the other hand, manganese dioxide is very insoluble in alkaline solutions.
* Tt is necessary, therefore, to have the solution neutral or slightly acid in order to
obtain a sufficient concentration of quadrivalent manganese in solution.

In acid solutions the chromic cation is the most stable condition for chrom-
ium, but in alkaline solutions the chromate anion is the more stable condition.
In acid solutions, therefore, it is easy to reduce a chromate to chromic salt and
in alkaline solutions it is easy to oxidize a chromic salt to chromate.

Oxidation in actd solution may be effected by boiling with very
energetic oxidizing agents such as concentrated nitric acid and potassium

chlorate, sodium bismuthate (or bismuth tetroxide), or potassium per-
manganate:

2Cr* *+4-3NaBiOg+4H"* — Crz07~+3Na*+3Bi* * ++2H;0.

In carrying out this reaction the chloride should not be used, or any other
salt of which the anion is capable of oxidation; the acid used should
be nitric or sulfuric acid.

In the case of an insoluble chromium compound, such as strongly
ignited chromic oxide, or the mineral chromite, the oxidation is effected
by means of fusion with sodium carbonate and an oxidizing agent such
as potassium nitrate, potassium chlorate or sodium peroxide (cf. pp.
133, 142). The alkali chromates thus obtained are of a deep-yellow
color, and are readily soluble in water.

Reduction of Chromates

Chromic acid, chromates and dichromates. are strong oxidizing
agents in acid solutions. Such reactions often take place even in very
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dilute solution, and for this reason potassium dichromate is often used
in quantitative analysis, the quantity of reducing agent being de-
termined by the volume of potassium dichromate required to react
with it. Ferrous ions, sulfurous acid, hydrogen sulfide and hydriodic
acid are oxidized at the ordinary temperature. Oxalic acid and alcohol
are oxidized slowly at the laboratory temperature and very quickly
on heating the solution; hydrochloric acid and hydrobromic acid only
when the solution is hot. The original orange solution is changed to
green, the color of chromic ions:

Cro07~+6Fet t+14H' — 2Cr* *++6Fet *+4-7H,0,
Cro07~+43805=+8H* — 2Cr* 43504~ +4H20,
Cr207~+3H,8+8H* — 2Cr+ **4-354-7H,0,
Cr207~+3H2C20,+8H* — 2Cr*++ 43C0, T +7H,0,
Cr207~+61" +14H* — 2Cr+*++ 431, +7H 0,
Cr207~+6HCI+8H* — 2Cr*+* +3Cly T +7H:0.

As this last reaction takes place only on warming, it furnishes us
with a convenient method for preparing small quantities of chlorine
for analytical purposes, because the evolution of chlorine ceases as
soon as the lamp is taken away. It is necessary, however, to em-
ploy an excess of hydrochloric acid, as otherwise no chlorine will be
evolved owing to the formation of potassium chlorochromate, KCrOsCl:

Cr207~+2HCl — 2CI‘03CI_+H20,
which is decomposed on adding more hydrochloric acid:

9Cr0sClI~+4HCI+8H* — 2Cr+*+++6H,0+3Cl T .

If alcohol and hydrochloric acid are allowed to act simultaneously
upon a chromate (the reaction takes place on gentle warming without
the evolution of chlorine), the alcohol is oxidized to aldehyde:

Cr207~+3C.H;0H+-8H* — 2Cr++++7H20+3CHquHO T.
Aldehyde
This last reaction is often used for reducing a chromate, because the
aldehyde (recognizable by its peculiar empyreumatic odor) and the
excess of alcohol are easily removed by boiling the solution, and the
latter then contains simply the chromium and the metal of the chromate
as chlorides.
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By boiling chromates with concentrated sulfurlc acid, reduction
takes place with evolution of oxygen:

2K2Cr207+8H2804 = 2K2S0442Cr2(S04)3+8H0+30: 1.

The behavior of free chromic acid toward hydrogen peroxide is
characteristic. The chromic acid is converted into blue perchromic
acids which are soluble in ether: H7CrO;o, H3CrO; or H3CrOs.

- If a cold, alkaline solution of a chromate is-treated with neutral
hydrogen peroxide, the solution is colored red, owing to the formation
of an alkali salt of perchromic acid, H3CrOs:

2KsCrO4+47H202+2KOH = 8H20+2K3CrOs.

Little by little the red color disappears, with evolution of oxygen,
and the yellow color of the chromate returns:

4K5CrOs+2H0 = 4KOH4+4K>CrOs+703 1.

If a cold, neutral solution of potassium dichromate is treated with
hydrogen peroxide, the solution is colored violet, due to the formation
of the potassium salt of a slightly different perchromic acid, HsCrOg:

KQCI'207 —|—5H202 = 3H20 + 2KH201‘O7.

In this case, also, the violet color gradually disappears with evolution
of oxygen and regeneration of the dichromate:

4KHoCr07 =2K2Cr207+505 T +4H,0.

If either the red or violet solution, obtained as above described,
is shaken with ether, the latter remains colorless.

The behavior of chromate solutions toward an excess of hydrogen
peroxide in the presence of dilute sulfuric acid is quite different.
There is then formed invariably the perchromic acid richest in oxygen,
H;CrO;0, and the solution is turned an intense blue. The blue color dis-
appears after a short time and the solution turns green, owing to the
conversion of all the chromium into the chromic condition:

2H7C1‘010 +3H2804 = Cl‘z (804)3 —l— 10H20 +502 T .

The perchromic acid is very soluble in ether; if, therefore, the
aqueous solution is shaken with ether the latter becomes colored a
beautiful blue. The perchromic acid is more stable in ethereal than
in aqueous solution.

Since the formation of the intense-blue-colored perchromic acid
takes place so readily, it may be used as a basis for a sensitive test
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for free chromic acid, which is made as follows: Add a few drops of
dilute sulfuric acid to one or two cubic centimeters of hydrogen per-
oxide and shake with 2 cc. of ether; then add a little of the chromate
solution and shake the mixture again. In the presence of 0.1 mg. of
chromic acid, the upper ether layer is colored intensely blue, and the
reaction is noticeable with only 0.007 mg. of chromic acid (Lehner).

Most chromates are insoluble in water, and exhibit character-
istic colors; therefore it is easiest to test for chromium when it is present
as a chromate,

Reactions for the Precipitation of Chromic Acid

1. Sulfuric Acid.—Dilute sulfuric acid causes, at the most, a
change of color from yellow to orange, without any evolution of gas.

Concentrated sulfuric acid causes the cold solution to change
to orange color, and there is often a separation of red needles of CrOs;
the solution on being heated becomes green, the chromic acid being
reduced to chromic salt with evolution of oxygen:

4CrO3+6H2804=6H20+302 T 4 2Cra(S04)s3.

2. Silver Nitrate produces in neutral chromate solutions a brownish-
red precipitate of silver chromate:

CrO4 + 2Ag+ — AgoCrOy,

soluble in ammonia and mineral acids (hydrochloric acid changes
it into insoluble silver chloride and chromic acid), insoluble in acetic
acid. If to a moderately concentrated solution of potassium dichro-
mate, silver nitrate be added, a reddish-brown precipitate of silver
dichromate is formed:

01'207= + 2Ag+ g Angl‘zO'z s

which, on being boiled with water, is changed into the less soluble
normal silver chromate:

2Ag>Crs07+H20 — 2Ag2CrO4+HoCre05.

The presence of sodium acetate causes this change to take place in
the cold (cf. pp. 46 and 135).

3. Lead Acetate produces in solutions of normal chromates and
dichromates a yellow precipitate of lead chromate, which is soluble
in nitric acid but insoluble in acetic acid:

CrO4s~+Pb** — PbCrOy4
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and

Cr20774+2Pb(C2H3032)2+H20 — 2HCeH302+2C2H302™+2PbCrOy.

If lead nitrate is used instead of lead acetate, the precipitation is not
complete unless sodium acetate is added.

4. Barium Chloride produces in solutions of normal chromates
a yellow precipitate of barium chromate:

CrOs~+Ba** — BaCrOy,

soluble in mineral acids, insoluble in acetic acid. From solutions
of dichromates the precipitation is complete only on addition of an
alkali acetate (cf. p. 108).

5. Mercurous Nitrate produces in the cold a brown, amorphous
precipitate of mercurous chromate:

CrO4~ +Hg2 (N03) 2—>Hg2CrO4 + 2NO3—,

which on being boiled becomes fiery-red and crystalline.

Behavior of Chromium Trioxide and Chromates on Ignition

Chromium trioxide is decomposed on ignition into chromic oxide
and oxygen, 4CrO3=2Cr203+302 T. The chromates of ammonium
and mercury behave quite similarly. Thus normal ammonium chromate
on ignition is changed to chromic oxide, ammonia, nitrogen, and water.
The reduction of the chromate is favored by the reducing action of
ammonia which is present in excess.

2(NH4):CrOs=2HN;s T 4+-No T +5H20 T 4Cr20s.
Ammonium Dichromate evolves only water and nitrogen:
(NH,):Cr20; =4H20 T N3 T 4Cr20s.

This decomposition takes place violently with scintillation. The
chromic oxide which remains behind is very voluminous and reminds
cre of tea-leaves; consequently it is sometimes called “ tea-leaved
chromic oxide.”

Mercurous Chromate is decomposed on ignition into chromic ozide,
mercury vapors, and oxygen:

4HgoCrOs=2Cr:03+8Hg T +502 T.

The Dichromates of the Alkalies are changed on ignition into normal
chromates, chromic oxide, and oxygen:

4K2CI‘207 = 4K2CI'O4 -I'- 2C1‘5_‘03 +302 T .
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REACTIONS OF CHROMIUM IN THE DRY WAY

All chromium compounds color the borax, or salt of phosphorus,
bead an emerald green both in the oxidizing and reducing flames.
Heated with sodium carbonate on charcoal before the blowpipe, all
chromium compounds yield a green slag, which after long heating is
‘changed to green infusible chromic oxide. By fusing with sodium
carbonate and potassium nitrate in the loop of a platinum wire, all
chromium compounds yield a yellow melt of alkali chromate:

2CI'203+4N&2003+302 =4NasCrO1+4CO; T.

If the fused mass is dissolved in water and acidified with acetic acid,
the solution will give with silver nitrate a reddish-brown precipitate of
silver chromate. This reaction is very delicate and serves for the
detection of minute traces of chromium. Cloth which has been dyed
with a chromium mordant can be tested in this way; the ash from a
thread 5 cm, long is sufficient to give the test.

IRON, Fe. At. Wt. 56.9
Sp. Gr. 7.98. M. Pt. about 1600° C.

‘Occurrence.—Native iron is rarely found. It occurs in basaltic
rocks; also in meteorites, associated with nickel, cobalt, carbon,
sulfur, and phosphorus.

The most important iron ores are the oxides and the sulfides.
Of these may be mentioned: '

Hematite, Fe2O3, isomorphous with corundum; magnetite, Fe3Osq,
isomorphous with spinel; géthite, FeHO,, isomorphous with diaspore
and manganite; limonite, FesHeOg; (bog ore), Fe(OH)s, which is
used in the purification of illuminating gas; pyrite, FeSs, which crystal-
lizes in the isometric system; marcasite, FeSg, orthorhombic. Iron
disulfide is, therefore, dimorphous. Another important iron ore is
siderite, FeCOs, which is rhombohedral; vivianite, Fe3g(PO4)z2-8H:0,
is monoclinic.

The metallic iron of commerce is never pure, but usually contains
more or less iron carbide, iron sulfide, tron phosphide, iron silicide,
corresponding manganese compounds and graphite, etc.

On dissolving commercial iron in acids (H2SO04,HCI), hydrogen,
contaminated with small amounts of hydrocarbons, hydrogen sulfide,
mercaptans, phosphuretted hydrogen, and silicon hydride is given off,
and these impurities give to the gas its unpleasant odor. There
remains almost always an undissolved residue consisting chiefly of
carbon.
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Iron is bivalent, trivalent, and rarely hexavalent, forming ‘the
following oxides:

Iron protoxide Iron sesquioxide Ferrous-ferric oxide ..
or ferrous oxide or ferric oxide or magnetite Iron trioxide
FeO Feo0O3 Feg04 FeOs.

Iron trioxide, FeOs, containing hexavalent iron, has never been
isolated. It plays the part of an acid anhydride in ferrates of the general
formula ReFeO4, which are decomposable by water.

By dissolving these oxides in acid the corresponding salts are
obtained; thus ferrous oxide gives with hydrochloric acid, ferrous
“chloride, !

FeO+2HCl=H0+FeCly;

ferric oxide gives ferric chloride,
FGQOg +6HC1 = 3H20 + 2F6C13,
while ferrous-ferric oxide yields a mixture of ferrous and ferric chlorides:

Fe304 +8HCl = 4:H20 +2FeCI3 —|—F8C12.

Iron, therefore, forms two series of salts: first, the ferrous, derived
from ferrous oxide, containing bivalent iron; second, the ferric, derived
from ferric oxide, containing trivalent iron. These two series of salts
show a quite different behavior toward reagents.

The position of iron in the electromotive series shows that it is capable of
being oxidized by hydrogen ions and suggests the possibility of its being
oxidized to a measurable extent by the hydrogen ions of water. Careful
experiments have shown that absolutely pure water containing no dissolved
oxygen, does not affect iron appreciably at ordinary laboratory temperatures,
though there is evidence that a trace of iron dissolves and a film of hydrogen
is formed on the metal which acts as a check upon further attack. The position
of ferrous iron in the voltage series shows that hydrogen ions cannot oxidize
iron appreciably to the ferric condition. The presence of dissolved oxygen,
and this is normally present in all water that is exposed to the atmosphere,
can accomplish this oxidation of the ferrous ions to the ferric condition and it
also aids in the oxidation of the iron from the metallic to the ferrous state. In
this way iron exposed to moisture and oxygen oxidizes or rusts. The rusting
process is favored by the contact of the metal with a more noble metal, such as
platinum, copper or nickel; an electric couple is formed and the iron becomes
the positive pole, so that the hydrogen set free by the action of iron upon water
is deposited upon the more noble metal. The presence of a less noble metal,
such as zinc, tends to hinder the corrosion of iron* the zinc corrodes instead of
the iron. .

The presence of an acid is, therefore, not absolutely necessary to start the
corrosion of iron. An increase in the concentration of hydrogen ions, however,
will greatly hasten the solution of the metal. When carbonic acid is present,
ferrous bicarbonate is first formed and, when the ferrous iron is oxidized to the
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ferric condition, the carbonie acid is set free again because ferric carbonate does
not exist. The acid again acts upon the metal and the rate of its corrosion is
greatly accelerated.

Certain substances tend to make iron passive, particularly strong nitric acid.
Passive iron does not dissolve in dilute nitric acid and does not corrode readily
(cf. aluminium, p. 126). On the other hand, certain substances can overcome
the passive condition and are said to activate the iron. Thus a solution of com-
mon salt is an activating agent.

Different varieties of iron and steel corrode with different degrees of readi-
ness. Cast iron is often protected by its casting skin. Impurities present in
steel often favor corrosion by causing electric couples to be established,

A. Ferrous Compounds

Ferrous compounds, which may be prepared by dissolving metallic
iron, ferrous oxide, ferrous hydroxide, ferrous carbonate, or ferrous
sulfide, ete., in acids, are usually greenish in the crystallized state,
but in the anhydrous condition they are white, yellow or bluish; in
concentrated solution they are green; in dilute solutions almost color-
less. Ferrous compounds exhibit a strong tendency to change over into
ferric salts; they are strong reducing agents.

REACTIONS IN THE WET WAY

1. Ammonia produces in neutral solutions an incomplete pre-
cipitation of white ferrous hydroxide:

FeClo+2NH;3+2H20 = Fe(OH)2+2NH,CI.

Ferrous salts in this respect are similar to those of magnesium
(cf. p. 94). In the presence of ammonium chloride the reaction takes
place in the direction from right to left; ammonia, therefore, causes
no precipitation with ferrous salts out of contact with the air, provided
sufficient ammonium chloride is present. On exposure to the air,
however, a turbidity is soon formed, green at first, then almost black,
and finally becoming brown. The small amount of ferrous hydroxide
contained in the solution is oxidized by the air, forming at first black
ferrous-ferric hydroxide and finally brown ferric hydroxide.

2. Potassium and Sodium Hydroxides produce, if air is excluded,
complete precipitation of white ferrous hydroxide,

Fe+20H™ — Fe(OH)s,

which is quickly oxidized by the air into ferric hydroxide.

3. Hydrogen Sulfide produces no precipitation in acid solutions
of ferrous salts; in dilute neutral solutions a small amount of black
ferrous sulfide is precipitated; but if the solution contains consid-
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erable alkali acetate, hydrogen sulfide precipitates more of the iron as
ferrous sulfide (but not all of it), in spite of the fact that ferrous
sulfide is readily soluble in acetic acid. This interesting fact is an
instructive illustration of the law of chemical mass action.

The table on p. 22 states that 3.4X1078 g. of ferrous sulfide dissolves
in a liter of water. This small quantity exists in solution almost entirely as
Fet* and S~ ions. FeS & Fet t+8=. When acetic acid, which is a much
stronger acid than hydrogen sulfide (cf. p. 10), is added to the solution, equilib-
rium has to be established between its hydrogen ions and the dissolved sulfide
ions, 2H*+4S= & H,S, and, as a result of the formation of non-ionized hydrogen
sulfide, the solution no longer contains enough sulfur ions to reach the value of
the solubility product of FeS; to restore the equilibrium between FeS and its
ions, more of the solid must dissolve. If, moreover, the solution is boiled, the
hydrogen sulfide escapes as a gas as soon as it is formed. Consequently it is
impossible to arrive at a state of equilibrium until all of the ferrous sulfide has
dissolved. The solution is accomplished by means of hydrogen ions:

FeS+2HT =2 Fet ++H,S 1.

On the other hand, if the ionization of the acetic acid is repressed by adding
an alkali acetate to the solution (cf. p. 46), and the concentration of the hydro-
gen sulfide is made as large as possible by keeping the solution saturated with
the gas, the reaction will take place in the reverse direction and some of the
iron will be precipitated as ferrous sulfide.

4. Ammonium Sulfide precipitates iron completely as black fer-
rous sulfide:

FeClo+ (NH4) oS =2NH4Cl+FeS,

which is readily soluble in acids with evolution of hydrogen sulfide.
In moist air it turns slightly brown, a part of the sulfur separates out,
and a basic ferric sulfate is formed.
5. Alkali Carbonates precipitate the white carbonate,
FeClp+NaxCO3=2NaCl+FeCOs,
which in contact with the air becomes green, then brown:
‘ 4FeCO3+6H20+402=4C02+4Fe(OH)3,

being converted into ferric hydroxide with loss of carbonic anhy-
dride.
Ferrous carbonate, like calcium carbonate (cf. p. 103), is soluble in
carbonic acid, forming ferrous bicarbonate:
FeC03-I-H2003 =FeHo> (003)2,

a compound which is found in many natural waters, but which, like
the normal carbonate, is decomposed by atmospheric oxygen with
separation of ferric hydroxide:

4FeH2(CO3)2+2H20+02=8C0O2+4Fe(OH)3.
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Consequently a mineral water which contains ferrous bicarbonate,
if allowed to stand in contact with the air, will become turbid, owing
to the deposition of ferric hydroxide. To prevent this, the bottle
must be filled with water and tightly corked, so that no trace of air
can get in. Ferric hydroxide is insoluble in carbonic acid.

6. Potassium Cyanide precipitates yellowish-brown ferrous cyanide,

Fet*+2NC~ — Fe(CN)s,

which is soluble in excess of the reagent, forming potassium ferro-
cyanide:
Fe(CN)2+4CN™ — Fe(CN)g~ .

The complex ferrocyanide anion is in equilibrium, to be sure, with
simple ferrous cations, but the quantity of the latter present in the
aqueous solution of a ferrocyanide is so small that none of the above
reactions characteristic of ferrous ions can be obtained with it. Many
other similar complex cyanide anions are known; thus, the cyanides
of silver, nickel, iron (ferrous and ferric), and cobalt all dissolve in potas-
sium cyanide, forming the following complex ions: [Ag(CN)z]7,
[Ni(CN)4]~, [Fe(CN)g]=, [Fe(CN)g]~~ [Co(CN)g]=. The acids are:
H[Ag(CN)z], H2[Ni(CN)4], Hs[Fe(CN)¢|, Ha[Fe(CN)g], Hs[Co(CN)s].
1t is possible, as a matter of fact, to isolate the last three acids, though
the two former have never been prepared; they immediately break
down into metallic cyanide and hydrocyanic acid, just as carbonic acid
is decomposed into water and carbon dioxide.

With iron, therefore, there are two series of complex cyanogen
compounds, the ferrocyanides and the ferricyanides. The ferro-
cyanic derivatives contain the quadrivalent ferrocyanide anion and the
ferricyanides contain the trivalent ferricyanide anion.

Potassium ferrocyanide, K4[Fe(CN)g), is often called yellow prussiate
of potash, and potassium ferricyanide, Ks[Fe(CN)g], is called red prus-
state of potash. The solubility of the alkali and alkaline-earth salts, and
the insolubility and color of the salts of the heavy metals (especially
with both ferric and ferrous iron), are very characteristic of ferro- and
ferricyanides.

7. Potassium Ferrocyanide, KiFe(CN)s, produces in solutions
of ferrous salts, with complete exclusion of air, a white precipitate of
potasstum ferrous ferrocyanide or of ferrous ferrocyanide, depending
upon whether one or two molecules of ferrous salt react with one mole-
cule of potassium ferrocyanide: V

K4[F€(CN) 6] -I-FeSO4 =K2S04+KFe [Fe (CN) 6]
K4[Fe(CN)g]4-2FeS04 =2K2504+Fes[Fe(CN)g] *
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Although both of the above salts are white, a lighi-blue color is almost
always obtained, because the precipitate is immediately oxidized some-
what by the air, forming the ferric salt of hydroferrocyanic acid (Prus-
sian blue):

3Fez[Fe(CN)e]+3H20+30 = FeI;;[FQ(Cbll‘T )6]3+2Fe(OH)3.
russian ue

8. Potassium Ferricyanide, K3[Fe(CN)g], added to solutions of
ferrous salts produces a dark blue precipitate (Turnbull’s blue) consist-
ing of ferrous ferricyanide mixed with potassium-ferric ferrocyanide:

2K3[Fe(CN)g]+3FeCle =6 KCl+Fes[Fe(CN)gl2
and
K;3[Fe(CN)g]+FeCly =KFe[Fe(CN)g)==+2KCl.
Blue

In other words the ferricyanide acts both as a precipitant and as an oxidizing
agent * and a blue color results whenever iron is present in the cation in a state
of oxidation different from that of the iron present in the complex anion. The
ferricyanide ion is a strong oxidizing agent and in alkaline solution readily
oxidizes ferrous hydroxide to ferric hydroxide. Turnbull’s blue is not very
soluble in acid solutions, but is decomposed by treatment with caustic alkali,
" all of the complex anion heing in the form of ferrocyanide:

Feyt H[Fe(CN)el.=+8KOH =2K [Fe(CN)q] +2Fe(OH);+Fe(OH),,
K+Fet+HFe(CN)e| = =+3KOH =K, [Fe(CN)s +Fe(OH)s.

9. Potassium Thiocyanate gives no reaction with ferrous salts
(note difference from ferric salts).

As has been stated, ferrous salts are oxidized by the air to ferric salts; thus
ferrous sulfate is gradually changed into brown, basic ferric sulfate,

2FGSO4+O = FeZO * (SO*I)?y

which .is insoluble in water. Consequently it often happens that ferrous sul-
fate will not dissolve in water to a clear solution, but gives a brown, turbid
solution, becoming clear on the addition of acid, the basic ferric salt being
changed to a soluble neutral salt:

Fe,0 - (S04).+H.S0, — Fey(S0,)s+H,0.

Such a solution, which then contains ferric ions, reacts with potassium thio-
cyanate (cf. p. 150). To free the solution from ferric salt, it may be boiled
with metallic iron, with exclusion of air, whereby the ferric salt is changed into
ferrous salt:
‘ Fez(804)3+Fe =3FeSOA.

By means of strong oxidizing agents, ferrous salts can be quickly and
completely changed into ferric salts, as was shown in the introduction (cf.
pp. 27-33).

* Cf. EriceE MULLER, J. pr. Chem., 84 (1911), 353.
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" Detection of Ferrous Oxide in the Presence of Metallic Iron

Treat the mixture with a large excess of a neutral solution of mercuric
chloride and heat on the water-bath; the metallic iron goes into solution as
“ ferrous chloride:

2HgClz+Fe = FeCI2+Hg2C12.

Filter off the residue and test the filtrate with potassium ferricyanide; a
precipitate of Turnbull’s blue shows that metallic iron was originally present.

Wash the residue with cold water, until all of the ferrous chloride has been
dissolved, and then treat it with dilute hydrochloric acid. If the solution
now gives a precipitate of Turnbull’s blue with potassium ferricyanide, ferrous
oxide was present.

If hydrogen is given off, some metallic iron is still present; the experiment
must be repeated and the mixture given a longer treatment with HgCl, solution.

B. Ferric Compounds

Ferric oxide, Fe20s3, is reddish brown, becomes grayish black on
strong ignition, but on being pulverized appears red again.

The ferric salts are usually yellow or brown, but ferric am-
monium alum is pale violet. Ferric salts are yellowish brown in aque-
ous solution, and the solution reacts acid (hydrolysis). Dilution and
warming favor the hydrolysis, so that all strongly diluted ferric salts
deposit basic salts on being boiled:

Fez(S04)3+H20 2Fes(S04)20 +HsS04.

With ferric salts of the weaker acids, often all of the iron is pre-
cipitated as a basic salt; thus the acetate, on being boiled in a dilute
solution, reacts as follows:

Fe(C2H302)3+2H20 =Fe(OH)1(C2H30:) +2HC2H30..

By the addition of acid all basic salts may be changed back into
neutral salts.

\REACTIONS OF FERRIC SALTS IN THE WET WAY
1. Ammonia precipitates brown, gelatinous ferric hydroxide:
Fet*+4+30H™ — Fe(OH)s.

The solubility product of ferric hydroxide is so small (cf. p. 22)
that it is precipitated completely even in the presence of ammonium
salts; it is readily soluble in acids. On ignition it loses water and is
changed to oxide, which is very difficultly soluble in dilute acids. Tt is
best brought into solution by long-continued heating below the boiling
point with concentrated hydrochloric acid.
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2. Potassium and Sodium Hydroxide also precipitate ferric hy-
droxide. '

3. Sodium Carbonate produces a brown precipitate of basic car-
bonate, which at the boiling temperature is completely decomposed
hydrolytically into hydroxide and carbon dioxide:

2FeCl3+3NasCOs+3H20 = 2Fe(OH)3+6NaCl+3C0, T.

4. Zinc Oxide and Mercuric Oxide also precipitate the iron as
hydroxide:
2FeCl3+3Zn0+3H20 =3ZnClo+2Fe(OH)s.

This reaction is frequently used in quantitative analysis.
5. Sodium Phosphate precipitates yellowish-white ferric phosphate:

FeC13 -I- 2N32HPO4 =3NaCl —I—NaH2P04 —I—FePO4.

Ferric phosphate is insoluble in acetic acid, but readily soluble
in mineral acids. The precipitation of iron ith sodium hydrogen
phosphate is consequently only complete when . large excess of the
precipitant is employed, or when sodium acetate is added:

F6013 +Na2HPO4—!—NaCzH302 = 3NaCI—|—HCQH302 +FePO4.

In this last case all the iron and all the phosphoric acid are pre-
cipitated. The reaction is often used to precipitate phosphoric acid
quantitatively. An excess of the disodium phosphate will also -cause
complete precipitation of iron as phosphate, if the phosphate solution
is previously exactly neutralized with ammonia:

NazHPO4+NH40H = HzO +N32NH4PO4,
and
NaeNH4PO4+FeClg =2NaCl4+NH4Cl+FePOu..

If, however, an excess of sodium phosphate and ammonia is added
to the iron solution, the precipitation of iron is incomplete, because the
ferric phosphate dissolves in the excess of sodium phosphate, in the
presence of ammonia (or ammonium carbonate), with a brown color
and formation of a complex salt.

Ferric phosphate is transformed by ammonia into a brown basic
phosphate, and by potassium hydroxide almost completely into ferric
hydroxide and potassium phosphate; while by fusion with caustic
alkali or alkali carbonate it is completely decomposed.

If alkaline earth ions are present, an excess of ammonia completely
changes ferric phosphate to ferric hydroxide and alkaline ecarth phos-
phate is precipitated.
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6. Alkali Acetates produce in cold, neutral solutions a dark-brown
coloration, and on boiling the dilute solution all of the iron separates
as basic acetate:

FeCls+3NaC2H302 =3NaCl+Fe (C2H302)3 (in the cold),
Fe(CeH302)3+2H20 =2HC;H30:+Fe (OH)2C2H30: (on boiling).

The presence of organic hydroxy-acids (tartaric, malic, citric, ete.)
and of polyatomic aleohols (glycerol, erythritol, mannitol, sugars, etc.)
prevent all of the above-mentioned reactions, because complex salts
are formed in which the iron is present in the form of a complex anion

(cf. aluminium, p. 128).
7. Potassium Thiocyanate, KCNS, produces in solutions of ferric

salts a blood-red coloration:
Fet++4+3CNS™ = Fe(CNS)s.

This action is reversible; the red color of the slightly ionized ferric thio-
cyanate being most intense when an excess of ferric salt, or of potassium thio-
cyanate is present.

If the solution is shaken with ether, the Fe(CNS); goes into the ether. Ferric
thiocyanate combines readily with potassium thiocyanate, forming complex
potassium ferrithiocyanate:

Fe(CNS);+3KCNS =K;[Fe(CNS)Js*

analogous to potassium ferricyanide, K;[Fe(CN)e].

The complex salt is insoluble in ether, the Fe(CNS); only being soluble
therein; so that the red color is due to the formation of the ferric thiocyanate
and not to the complex salt.

This reaction is extremely sensitive, but cannot always be relied on. The
test cannot be made in the presence of strong oxidizing agents such as nitric
acid, as a red color is produced by the oxidation of the thiocyanate. The
oxidized compound is not very stable, however, and its color is not very deep.
If the solution contains considerable alkali acetate, the coloration cannot be
recognized. The presence of organic hydroxy-compounds (tartaric acid, ete.)
prevents the reaction in neutral solutions, but not in acid solutions. In the
presence of mercuric chloride the red color disappears entirely; the mercuric
chloride reacts with the ferric thiocyanate, forming a colorless, soluble
mercuric double salt, which is ionized even less than ferric thiocyanate:

2Fe(CNS);+6HgCl, = 2FeCl, +3[Hg(CNS), - HgCL].
8. Potassium Ferrocyanide, KiFe(CN)g, produces in neutral or
acid solutions of ferric salts an intense blue precipitation of Prussian

blue:
3[Fe(CN)g|"~+4Fe*t* — Fes[Fe(CN)g]a.

* Ky[Fe(CNS)s]+4H,0. Cf. RosENEEIM, Z. anorg. Chem., 27 (1901), 208.
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Prussian blue, the ferric salt of ferrocyanic acid, is insoluble in water, but
soluble in oxalic acid and in an excess of potassium ferrocyanide; the solution
thus obtained is a deep blue and is used as blueing and as blue ink. The blue
solution obtained with a ferric salt and an excess of potassium ferrocyanide con-
tains colloidal KFe[Fe(CN)e]- H;O, which can be salted out by the addition of a
considerable quantity of electrolyte such as alkali chloride, sulfate or nitrate.
Prussian blue is also soluble in concentrated hydrochloric acid, but is pre-
cipitated again on dilution. As the ferric salt of ferrocyanic acid it behaves
like other ferric salts to the hydroxides of the alkalies; ferric hydroxide and the
alkali salt of hydroferrocyanic acid being formed:

Fe [Fe(CN)s;+120H™ — 4Fe(OH);+3[Fe(CN),J=.

9. Potassium' Ferricyanide, Kj3[Fe(CN)g), produces. no precipita-
tion in solutions of ferric salts, only a brown coloration (differing
from ferrous salts):

[Fe(CN)g|=+Fet++ 2 2Fe(CN)s.

10. Ammonium Sulfide, added to a solution of a ferric salt, gives
a precipitate of ferric sulfide, FesSs,

2Fet+ ++3S= — FeoS3,

which is soluble in cold, dilute hydrochloric acid, forming ferrous
chloride and sulfur:

FesSs+4HY — 2Fet *4+-2H,S T +-S.

The fact that Fe,S; is precipitated, and not FeS as commonly believed, was
proved by H. N. Stokes* who decomposed it out of contact with air by zinc-
ammonium oxide and obtained white ZnS and red Fe(OH);. L. Gedelf has also
shown that hydrogen sulfide passed into a solution of ferric chloride made
alkaline with ammonia gives Fe,S;. If, however, the solution is acid, hydrogen
sulfide or ammonium sulfide reduces the iron before any precipitate is formed.

11. Hydrogen Sulfide in acid solutions reduces ferric salts to
ferrous salts, with separation of sulfur:

2Fet T+ HoS — 2Fet+4-2H*4S.

Besides hydrogen sulfide, many other substances (nascent hydrogen,
stannous chloride, sulfurous acid, hydriodic acid, etc.) will reduce ferric
salts, as was shown on pp. 35, 36.

12. Ether when shaken with a solution of ferric chloride in 6 N
hydrochloric acid dissolves most of the ferric chloride. By separating

* J. am. Chem. Soc., 29 (1907), 304.
t Ueber Schwefeleisen, Karlsruhe, (1905).
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the ether with the aid of a separatory funnel, and repeating the opera-
tion, nearly all of the iron can be removed from the aqueous solution.
(Cf. p. 17.)

13. Cupferron, the ammonium salt of phenylnitrosohydroxylamine,
CeHsNO-NONHy4, precipitates red (CeHsNO-NO)sFe, which is soluble
in ether, insoluble in acids, and converted into Fe(OH)s by treatment
with ammonia.

14. Sodium Thiosulfate, NasS20s, colors neutral ferric solu-
tions a violet red, but the color disappears quickly and the solution
then contains ferrous salt and sodium tetrathionate:

2N 2282034 2FeClz = 2NaCl42FeClo+NasS406.

The composition of the violet-red substance which is first formed
is unknown; perhaps it is ferric thiosulfate.

As we have seen, there exist a number of iron compounds which contain
the metal as a complex ion, so that it cannot be detected by the ordinary
reagents. The complex hydroxy-organic compounds, as well as the ferro-
and ferricyanide compounds, belong to this class of compounds.

If it is a question of proving the presence of iron in such a compound, a
different method should be used in the case of an organic hydroxy-compound
from that in the case of a ferro- or ferricyanide.

If organic substances are present, the iron is precipitated as sulfide by means
of ammonium sulfide; or the organic matter is first removed by ignition,
whereby metallic iron, oxides of iron and carbon are obtained.

In case we have a ferro- or ferricyanide, the iron cannot even be precipitated
by means of ammonium sulfide; the compound must be completely destroyed
before it will be possible to detect the presence of iron by any of the ordinary
methods.

This may be accomplished (a) by ignition, (b) by fusion with potassium
carbonate or sodium carbonate, or (¢) by heating strongly with concentrated
sulfuric acid.

(a) Decomposition by Ignition.—The ferrocyanides are decomposed (with
evolution of nitrogen) into potassium cyanide and carbide of iron;

K,[Fe(CN)s =4KCN+FGC2+N1 T.

The ferricyanides also leave behind iron carbide and potassium cyanide,
but evolve cyanogen as well as nitrogen:

2K,[Fe(CN)q] = 6KCN +2FeCa+ (ON),+2N, 1.

Treat the residue from the ignition with water, whereby the potassium
cyanide goes into solution, leaving behind the iron carbide; filter and treat
the residue with hydrochloric acid. The iron goes into solution as ferrous
chloride, hydrocarbons are given off, and there remains some carbon.

The above decomposition can be imagined to take place as follows:
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By heating potassium ferrocyanide, it is decomposed first into potassium
cyanide and ferrous cyanide, while the latter on further heating is changed
to iron carbide and nitrogen:

(@) KFe(CN)s] =4KCN+Fe(CN).;
(B) Fe(CN),=FeC:+N; T.

Potassium ferricyanide is decomposed into potassium cyanide and the
very unstable ferric cyanide, which splits off cyanogen and becomes ferrous
cyanide; the latter is decomposed, as before, into iron carbide and nitrogen:

(@) Ki[Fe(CN)s] =3KCN+TIe(CN)s;
(B) Fe(CN); =Fe(CN).+CN T ;
(v) Fe(CN):=FeC,+N, T.

(b) Decomposition by Means of Fusion with Potassium Carbonate.—Mix the
substance with an equal amount of the carbonate and heat in a porcelain cru-
cible until a quiet fusion is obtained. By this means a mixture of potassium
cyanide and potassium cyanate (both soluble in water) is formed in the presence
of metallic iron: ' ‘

K.[Fe(CN)i]+K:CO: =5KCN+KCNO+CO, T +Fe.

Extract the melt with water, filter and dissolve theiron in hydrochloric
acid.

(¢) Decomposition by Heating with Concentrated Sulfuric Acid.—By heating
with concentrated sulfuric acid all complex cyanogen compounds may be
decomposed. By this means the metal present is changed into sulfate, the
nitrogen of the cyanogen into ammonium sulfate, while the carbon of the
cyanogen escapes as carbon monoxide:

K4[F6(CN)§]+6HASO4+6H20 =2KzSO¢+FESOQ+3(NH4)2304+6CO T y
2K;[Fe(CN)g] +12H,80,+12H,0 =3K,S0,+Fe,(S0,); +6(NH,),S0,+12C0O T .

The treatment with concentrated sulfuric acid is best accomplished in a
procelain crucible placed in an inclined position over the flame, and the flame
directed against the upper part of the crucible. Continue heating until fumes
of sulfuric acid cease to come off. Treat the residue, which consists of an
alkali sulfate and anhydrous ferrous or ferric sulfate, with a little concen-
trated sulfuric acid, heat gently, and add water little by little. In this way the
sulfate is readily brought into solution.

REACTIONS IN THE DRY WAY

The borax (or sodium metaphosphate) bead, containing a small
amount of an iron salt, is yellow while hot and colorless when cold
after being heated in the oxidizing flame, and pale green after being
heated in the reducing flame. When strongly saturated, however, the
bead obtained with the oxidizing flame is brown while hot, yellow
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when cold; and after heating in the reducing flame it becomes
bottle-green. '

Heated on charcoal with soda before the blowpipe, all iron com-
pounds leave a gray particle of metallic iron, which is usually difficult
to see, but can be separated from the charcoal by means of the magnet.
The reduction on the charcoal stick, as described on p. 65, is a
much more delicate test.

UrANIUM, Ur. At. Wt. 228.5
Sp. Gr.=18.33. M. Pt. =2500(°?)

Occurrence.—Uranium occurs in nature chiefly in the mineral
pitch-blende, UsOg; but it is also found in a few rare minerals, uranite,
(UO2)2Cu(PO4)2+8H20; samarskite (a niobite of iron, yttrium,
cerium, and erbium with varying amounts of uranium); and liebigite,
U(CO3)2-2CaCO3+10H:0.

Klaproth showed, in 1789, that the mineral pitch-blende contained
a new metal, which he called uranium. By heating the oxide with
reducing agents he obtained a brown, almost copper-red, substance,
which he took to be the metal, and it indeed does behave like a metal,
dissolving in acids in contact with the air, forming yellowish-green salts.

It was not until 1842 that it was shown by Péligot that this reddish-
brown body was not the metal uranium, but its dioxide. The hexa-
valent metal itself was obtained by Péligot, as a gray powder, by reduc-
ing the tetrachloride with sodium.

Out of contact with the air, uranium dioxide (uranyl) dissolves in
strong acids, forming uranous salts;

U0:+44HCl=2H20+4UCly, UO2+2H2804=2H20+4U(S04)s.

The uranous salts are extremely unstable, and on being exposed
to the air change rapidly, forming wranyl salts which contain the
bivalent UO2 group:

UClL+0+H20 — UO0:Cl2+2HCI,
U(S04)2+0+H20=U02804+H2S04.

Only the reactions of the uranyl salts will be described in this book.

Besides uranyl (or uranium dioxide) uranium forms a trioxide,
UOs, which can be regarded as uranyl oxide, UO20. It dissolves
in acids, forming uranyl salts:

U03-+2HCl=U0:Clz2+4H>O.
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By igniting the oxides of uranium in air, dark-green urano-uranic
oxide, UsOg or (2U03-UOs), is obtained, which out of contact with
the air dissolves in strong acids, forming a mixture of uranous and
uranyl salts;

(2U03-UO02) +4H28504 =2U02804+U(S04)2+4H-0.
By dissolving in aqua regia, uranyl chloride is obtained:
3U305+18HCl4+2HNO3 =9U0:Cl2+2NO T +10H:0.

All uranyl compounds are colored yellow or yellowish green. Most
of them are soluble in water, but the oxides, the sulfide, phosphate,
and uranates are insoluble. In mineral acids all uranium compounds
are soluble, with the exception of the ferrocyanide.

REACTIONS OF URANYL COMPOUNDS IN THE WET WAY

1. Potassium Hydroxide precipitates yellow amorphous potassium
uranate. Uranyl hydroxide, UO2(OH)s, is first formed and changes
into uranic acid, HoU207, of which the alkali salts are insoluble:

2U0:Cla+6KOH — KyU2074-4KCl4-3H20.
2. Ammonia precipitates yellow, amorphous ammonium uranate:
2U02(NO3)2+6NH4OH — (NH4)2U2074+4NH,NO3z+3H-0.

The alkali uranates are soluble in alkali carbonates, particularly in ammo-
nium carbonate, with the formation of complex salts:

(NH.,),U.0;+4-6(NH,).CO;+3H.0 — 2(NH4)4[UO2(003)3] +6NH,0H.

Consequently, in the presence of sufficient alkali carbonate, ammonia fails to
precipitate uranium. Tartaric and citric acids (and other organic substances)
also prevent the precipitation with ammonia and caustic alkalies, as with iron,
chromium, and aluminium.

3. Sodium Carbonate produces in concentrated solutions an orange-
yellow precipitate of sodium uranyl carbonate:

U02 (N03)2 +3Na2003 = 2NaN03 +Na4[U02 (C03)3] .

Sodium uranyl carbonate is soluble in considerable water, so that
no precipitate is formed from dilute solutions. It is still more soluble
in alkali carbonate solution, particularly in a bicarbonate solution.
From such solutions sodium hydroxide precipitates sodium uranate,
but ammonia produces no precipitation.
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4. Barium Carbonate precipitates in the cold all of the uranium,
probably as barium uranyl carbonate:

TVO02(NO3)24-3BaCO3 =Ba(NO3)2+Bas[U02(CO3)3].
5. Ammonium Sulfide precipitates brown uranyl sulfide,
U02(NO3)2+ (NH4)2S =2NH4NO3+UO0.S,

soluble in dilute acids and in ammonium carbonate:
TU02S+3(NH4)2CO3 = (NHa)2S+ (NH4)4[UO2(CO3)3].

Ammonium sulfide, therefore, produces no precipitate in solutions of
uranyl salts in the presence of ammonium carbonate.
6. Sodium Phosphate precipitates yellowish-white uranyl phosphate,

UO2(NO3)2 +Na2HPO4 - 2N8,NO3 +U021'IP04,

while, in the presence of ammonium acetate, uranyl ammonium phos-
phate is precipitated:

NazHPO4+UO2 (NO3)2+NH4C2H302 hand
2NaN03 +H02H302 +U02 . NH4PO4.

Both precipitates are insoluble in acetic acid, but soluble in mineral
acids.

7. Potassium Ferrocyanide produces a brown precipitate, or in
very dilute solutions, a brownish-red coloration,.

Fe(CN)s~=+2U02"* — (U02)2[Fe(CN)gl,

On addition of potassium hydroxide the brownish-red precipi-
tate becomes yellow, owing to the formation of potassium uranate:

(U02)2|Fe(CN)g]+6KOH = K4[Fe(CN)g] +3H20+K2U207.

(Distinetion from cupric ferrocyanide.)

REACTIONS IN THE DRY WAY

The borax (or sodium metaphosphate) bead is yellow in the oxidizing
flame and green in the reducing flame.



TITANIUM 157

TiTANIUM, Ti. At. Wt. 48.1
Sp. Gr.=4.87. M. Pt. =1900° (?)

Occurrence.—Titanium occurs in nature most frequently as the
_dioxide, rutile (tetragonal), anatase (tetragonal), and brookite (ortho-
rhombic). Titanium is also found in the minerals perowskit, CaTiO3,
titanite, CaSiTiOs, and ilmenite, FeTiOs, as well as in many crystalline
rocks. It is present in most rocks, but usually only in very small
quantity.

Titanium itself is a gray metal, very similar to iron. On being
heated in the air it burns brightly to white titanium oxide. The
following oxides of titanium are known: Ti2O2, Ti2Os, TiOg, TiOs or
possibly TiOz-H20s.

The oxides Ti2O2 and Ti2O3 form violet-colored salts, which are
readily changed by oxidizing agents into derivatives of TiOz. The
most important oxide is titanium dioxide, which sometimes acts as
a base and sometimes as an acid. The titanium dioxide as it occurs
in nature (rutile, ete.) is insoluble in all acids. In order to bring it
into solution it is best to fuse it with potassium pyrosulfate, whereby
it is changed into titanium sulfate: '

TiO2+42K28:07 = Ti(SO4)2 +2K2S04.

The melt is dissolved in cold water. It can also be dissolved by fusing
with sodium carbonate and treating the melt with 6 N hydrochlorie
acid.

REACTIONS IN THE WET WAY

For these reactions a solution of titanium sulfate or of titanium
hydroxide in hydrochloric acid may be used.
1. Potassium Hydroxide precipitates, in the cold, gelatinous

orthotitanic acid,
++
Tit*+40H™ — HyTiOy,

which is almost insoluble in an excess of the reagent, but readily soluble
in mineral acids.

If the precipitation by potassium hydroxide takes place from a
hot solution the titanium is precipitated as metatitanic acid,

++
Tit*440H — H20+4+H-TiOs,

which is difficultly soluble in dilute acids. By long digestion with
concentrated hydrochloric or sulfuric acid it goes gradually into
solution. By the ignition of both these titanic acids the anhydride
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TiQz is obtained, which is only slightly soluble in concentrated hydro-
chloric acid, but readily soluble in hot concentrated sulfuric acid.

2. Ammonia, Ammonium Sulfide, and Barium Carbonate (like
potassium hydroxide) precipitate, in the cold, orthotitanic acid, readily
soluble in acids; and from hot solutions the difficultly soluble meta-

titanic acid.
TiCl4+4NH4OH =4NH4Cl+H4TiOy4,

TiCla+2(NH4)oS +4H20 =4NH,Cl +2HoS T +H,TiO4,
TiCla+2BaCO3+2H20 =2BaCly +2C0, T +H,TiO4.

3. Alkali Acetates precipitate on boiling all of the titanium as
metatitanic acid:

++ '
Tit *4+4C2H302™+3H20 =4HCH302+H,TiOs3.

Titanium acetate is first formed, but it is completely decomposed
hydrolytically by boiling the dilute solution.

4. Water.—Not only titanium acetate is hydrolytically decom-
posed by water, but all titanium salts.

The ease with which soluble titanium salts undergo hydrolysis with the
formation of insoluble titanic acid is the basis of the several methods for
separating titanium from aluminium, iron, chromium, ete.; the oxides of thesc
metals are fused with potassium pyrosulfate, the product of the fusion is
dissolved in cold water,* and the solution is then heated to boiling. The tita-
nium is completely precipitated as granular metatitanic acid, which can be
readily filtered off, while the remaining metals remain in solution as sulfates:

Ti(S04)+3H,0 2 2H.S0,+H,TiO,.

As this reaction, like all hydrolytic decompositions, is reversible, it is evident
that, in order to make the precipitation of the metatitanic acid complete, the
amount of free acid present should be kept small,t considerable water should be
used, and the solution kept hot while filtering.

In order to precipitate titanic acid from a solution according to this method,
the concentrated solution it treated with sodium carbonate in the cold until
a slight permanent precipitate of Ti(OH), is' obtained, sulfuric acid is added
drop by drop until the precipitate is just dissolved, considerable water is added
(300 to 500 cc. of water should be used for each 0.1 gm. TiO,) and the solution
kept at the boiling temperature for one hour. The granular metatitanic acid
thus obtained is easy to filter as long as free acid is present. On being washed
with pure water a turbid filtrate is always .obtained; a little dilute sulphuric
acid should therefore be added to the wash-water.

. * Solution takes place much more quickly if the liquid is keptin constant motion,
e.g., by conducting a current of air through it.
t If toolittle acid is present, however, iron and aluminium will precipitate.
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With the separation of titanium according to the above-described method,
a play of colors will be observed in the bottom of the glass beaker or flask which
is very characteristic of titanic acid.

The presence of tartaric acid, citric acid, and many other organic compounds
prevents the above reactions. In such a case the organic substance must be
first destroyed either by ignition or by oxidation with potassium permanganate
(see pp. 129 and 152), the titanium dioxide dissolved in sulfuric acid and pre-
cipitated according to any of the above methods,

5. Potassium Ferrocyanide produces in slightly acid solutions
a brown precipitate.

6. Tannin produces a brown precipitate, which soon becomes
grange.

7. Sodium Thiosulfate precipitates in boiling solutions all of the
titanium as metatitanic acid:

TlCh +2N€L2S305 —‘erO = 4.NaCl+2S—|—2802 T +H2Ti03
8. Sodium Phosphate precipitates basic titanium phosphate,

TiCls+3Na2HPO4+H20 =4NaCl4+-2NaH:P04+TiPO4) (OH),

soluble in mineral acids, insoluble in acetic acid.

9. Hydrogen Peroxide.—If hydrogen peroxide is added to a slightly
acid solution of titanium sulfate, the solution is colored orange red,
except in the presence of small amounts of titanium, when the color is
light yellow. This reaction, which depends upon the formation of
TiOs, or possibly TiOz-H20s2, is exceedingly delicate, and is especially
suitable for the detection of titanium in rocks. Vanadic acid behaves
similariy with hydrogen peroxide.

If a solution of titanium sulfate is treated with a large excess of
hydrogen peroxide and then potassium hydroxide is added, a precipitate
is formed which dissolves in a great excess of the alkali, forming a
yellow solution. This solution remains clear for a long time, but
eventually a bright yellow precipitate of Ti(OH)4 is formed.*

An insoluble titanium compound on being fused with sodium
peroxide in a nickel crucible yields a melt which permits the extraction
of all the titanium by water.t If the solution is made strongly acid
with sulfuric acid, the orange-red color of pertitanic acid is apparent.
If iron was present in the original insoluble titanium mineral, it is left
insoluble in water after the fusion with sodium peroxide,

* A. CrLasSEN, Ber., 21 (1888).
tI. H. WavroN, Jr., J. Am. Chem. Soc. (1907).



160 REACTIONS OF THE METALS

10. Zinc or Tin .produces in acid solutions, preferably hydro-
chloric acid, a violet color caused by the formation of Ti2Cle:

2TiCly+Hs =2HCl+TieCls.

The quadrivalent titanium compounds are not reduced by hydrogen
sulfide or sulfurous acid.

11. The Fluoride is quantitatively changed to the dioxide by
evaporation with sulfuric acid (difference from silicic acid).

TiFs+2H.80, =4HF T 42805 T +TiOs.

12. Ether does not dissolve titanium chloride. By shaking the
hydrochloric acid solution with ether, therefore, it is possible to separate
ferric chloride from titanium chloride. .

13. Cupferron cf. (p. 152) precipitates the yellow titanium salt of
phenylnitrosohydroxylamine from acid solutions:

++
Tit +—|—4CGH5NO -NO™ - Ti(CeH;NO-NO)s4.

In the presence of tartaric acid, iron can be removed by ammonia
and ammonium sulfide and the titanium precipitated in the acidified
filtrate with cupferron.

REACTIONS.IN THE DRY WAY

Titanium compounds do not color the borax or sodium meta-
phosphate bead in the oxidizing flame;- after continued heating in
the reducing flame the bead becomes yellow while hot and violet
when cold. By the addition of a little tin the violet color appears
much more quickly. The addition of iron causes a brownish to red
bead.

On fusing titanic acid with sodium carbonate, sodium metatitanate
is formed, which is readily soluble in acids. By treatment with hot
water, sodium metatitanate is decomposed, forming metatitanic acid,
which is difficultly soluble in dilute acids. Even in cold water hydrolysis
of sodium titanate takes place and none of the titanium dissolves.

MANGANESE, Mn. At. Wt. 54.93
Sp. Gr.=about 8.0. M. Pt.=1225°C.

Occurrence.—The most important manganese minerals are pyrolu-
site, MnQg, orthorhombic; polianite, also MnOg, tetragonal, isomor-
phous with rutile and tinstone; braunite, MnsOs, tetragonal; man-
ganite, HMnOs, orthorhombie, isomorphous with gothite and diaspore;
hausmannite, Mn3Os, tetragonal; and rhodochrosite, MnCOs. Man-
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ganese is a constant companion of iron, so that we find it in varying
amounts in almost all iron ores.

It is a grayish-white metal which is readily oxidized in moist air,
and is attacked by dilute acids, even acetic acid. It forms the follow-
ing oxides:

MnO, Mn303, Mn3O4, MnOz, (MnO3), Mn20~.

By treating any one of these oxides, except MnO, with cold, dilute

hydrochloric acid a dark, greenish-brown solution is obtained, which

on being heated evolves chlorine and becomes colorless. The solution
then contains a bivalent manganese salt,—a derivative of MnO.

MnO+2HC] =Hy0+MnCls,
Mn203 +6HCl=3H0 +2MnCly +Clz T,
Mn3O4 +8HCI=4H,0 +3MnCl; +Cl; T,
MnO; +4HCl=2H,0 +MnCly +Cl; T,
Mn307 +14HCl=7H50 +2MnCl; +-5Cl; T .

All manganese oxides dissolve on warming with concentrated
sulfuric acid, forming manganous sulfate, accompanied (except with
MnO) by evolution of oxygen:

MnO +H,80, = H>0 +MnSO0y,
2Mn 303 + 4H,80, =4H:0 +4MnS0,+05 T,
2Mn304 4 6H280, = 6H0 +6MnS04 +02 T,
2MnOs +2H 3804 =2H,0 +2MnSO, +0: T .

The behavior of the higher oxides, MnOg, MnzOs, and Mn3zOyq,
with boiling dilute nitric or sulfuric acid is very interesting: MnO:
is not attacked at all by these dilute acids; while Mn2Ogz gives up
half of its manganese to the acid, the other half remaining undissolved
as brown hydrated manganese dioxide, HoMnOs; two-thirds of MnzO4
is dissolved by these acids, brown hydrated manganese dioxide being
left behind, as before.

This HoMnO3 separates out just as metasilicic acid is deposited
from a silicate on the addition of a strong acid:

CaSiOs3+2H* — H,81054Ca*t.

In fact, hydrated manganese dioxide behaves in most cases exactly
like an acid, the oxides Mn2O3 and Mn3O4 behave like manganous salts
of this acid and are to be regarded as manganites.
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Mn20O3 therefore is to be regarded as manganous manganite,
Mn<8 MnO, of analogous composition to manganous carbonate,

MnCOs3, and manganous metasilicate, MnSiOs.

According to this conception, electrolytic dissociation should give
rise to Mn** cations and MnOs anions; it is easy to understand, there-
fore, why Mn203 gives up half of its manganese on treatment with
dilute nitric acid, with the separation of manganous acid:

Mn-MnO3+42HNO3 & Mn(NO3)2+H2MnOs.

Mn304, which gives up two-thirds of its manganese, may be con-
sidered to be the manganous salt of orthomanganous acid, H;MnOj,.

On treating Mnz-MnO4 with nitric acid, the ortho acid first sep-
arates out; it loses water, and goes over into metamanganous acid:

Mn,-MnO4+4HNO3z; =2Mn(NOs3) 2+HsMnOy,
H4Mn04 = HzO +H2Mn03.

MnO; stands in the same relation to HoMnOs as COgz to HoCOs,
as Si0z2 to HeSiOs, and as SnO2 to HoSnOs; MnOg, therefore, behaves
like an acid anhydride.

Like SnO2 (which see), manganese dioxide behaves partly as an
acid anhydride and partly as the anhydride of a base, because it prob-
ably forms the chloride MnCly. For if MnOg is treated with cold
concentrated hydrochloric acid it dissolves with a brownish-green
color, forming manganese tetrachloride, soluble in ether with a green
color. If, therefore, the aqueous solution of MnCly is shaken with
ether, the upper layer is colored green.

Mn(S0,). and Mn,(SO,); are also known. These salts are hydrolyzed
readily, forming H:MnO; and Mn-MnOs: .

Mn(80,),+3H.0 2 H.MnO;+2H,S0,,
Mng (804)3 +3H_;O (_—) Mn203 +3H2804.

Not only manganous manganites are known, but quite a number
of other manganites. Some of these play a very important part in
analytical chemistry; as, for example, zinc and calcium bimanganites,
ZnH2(MnO3s)2, CaH2(MnOs3)2, which are analogous to calcium bicar-
bonate, CaH2(COg)2.

Zinc bimanganite is formed in the volumetric determination of
manganese (see Vol. II). Calcium bimanganite is of importance
technically. Thus the recovery of manganese, by the Weldon process,
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in the manufacture of chlorme depends upon the formation of calcium
bimanganite.

Manganous oxide, MnO, is the only oxide of manganese which
in all cases acts as the anhydride of a base. By dissolving this oxide
in acids, manganous salts are always obtained, in which the manganese
is bivalent. The oxide MnOs has never been isolated, but there are
salts (ReMnOQy, see p. 169) known which are derived from it. MnOz
is a distinct a01d anhydride, from which the permanganates (RMnO4)
are derived.

In the study of the reactions of manganese we will consider first
the manganous compounds, then the manganates and permanganates.

A. Manganous Compounds

The manganous compounds are pink both in the crystalline state
and in aqueous solution; but in the anhydrous state they are colorless
with the exception of the sulphide.

REACTIONS IN THE WET WAY

1. Potassium or Sodium Hydroxide precipitates white manganous
hydroxide,
Mnt*4+20H™ — Mn(OH)s,

which rapidly becomes brown in the air, owing to the formation of
manganous manganites, which are less soluble than Mn(OH)s.
First a part of the manganous hydroxide is oxidized by the air

to manganous acid:
Mn(OH):+0 =H;MnO;3,

which, on coming in contact with the basic manganous hydroxide,
immediately forms a salt with it—a manganite,

H2Ml’l03 —I— Mn(OH) 22> =Mn- Mn03 + 2H20
or possibly,
2H2Mn03 +MI1(OH) 2 MnHz(Mn03) 2 +2H20.

This oxidation takes place in the air only gradually, but imme-
diately in the presence of chlorine, bromine, hypochlorites, hydrogen
peroxide, etc.:

Mn(OH)z +2NaOH +Clg = 2NaCl+HzO +H2Mn03,
Mn(OH)z +H202 = H2O +H>MnOs.
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The formation of manganites is of technical importance, as mentioned on
p. 162. The residue obtained in the preparation of chlorine from pyrolusite
and hydrochloric acid consists chiefly of manganese chloride; by adding lime
to it, manganous hydroxide is formed. This mixture of manganous hydroxide
and lime is exposed to the action of the atmosphere, whereby manganous acid
is formed, which unites with the calcium as the stronger base, forming calcium
bimanganite, so that finally all of the manganese is oxidized to manganous acid:

2Mn(OH)2+Oz +Ca(OH)2 = 2H20 +CaH2 (Mno,g)g.

On treating the residue, when in the right condition. with hydrochloric
acid again, the same amount of chlorine is obtained as from the original pyro-
lusite:

2MnO.+8HCl =4H,0+2MnCl,+2Cl, T.

CaH,(MnO;),+10HCl = 6H,042MnCl,+ CaCl,4-2Cl, T .

It is, however, necessary to add a little more hydrochloric acid in the latter
case, because a part of the acid is used up in setting the manganous acid free
from the manganite.

2. Ammonia precipitates (as with magnesium and ferrous salts)
from neutral solutions free from ammonium salts a part of the man-
ganese as the white hydroxide:

MnCls+NH4OH 2 Mn(OH)2+2NH,CI.

If sufficient ammonium chloride is present, ammonia causes no
precipitation (cf. p. 94). The greater part of the manganese then
remains in solution as manganous chloride, but a small amount exists as
the hydroxide. On standing in the air, this dissolved hydroxide is
changed slowly into the more difficultly soluble manganous acid, which is
deposited in brown flocks. The condition of equilibrium in the solution
is thereby disturbed, and in order to restore it more hydroxide is formed,
and the reaction continues in this way until finally all of the manganese
may be precipitated. This fact must be considered in the separation
of manganese from ferric iron, aluminium, etc. If a solution of ferric
and manganous chlorides contains sufficient ammonium chloride, none
of the manganese and all of the iron will be precipitated on the addition
of ammonia, but, if the solution stands in contact with the air, little
by little the manganese will be precipitated. In effecting the separa-
tion, therefore, an excess of ammonium chloride should be present, the
solution boiled to remove the air as much as possible from the solution,
then a slight excess of ammonia should be added and the solution fil-
tered tmmediately. The separation even then is not quantitative, but
is satisfactory for qualitative analysis.

Oxidizing agents in the presence of ammonia cause the precipitation of
manganese as H,MnO;. Bromine is ordinarily used as the oxidizing agent, but



MANGANESE 165

a number of precautions are necessary to accomplish the complete precipitation
of manganese by means of bromine and ammonia.

If a neutral solution of manganous salt is treated with bromine, the precipita-
tion of manganese as H.MnO; is always incomplete:

Mnt ++Br.+3H,0 2 4H*+4-2Br +H,MnO..

The precipitation of the manganese can be made complete; in accordance with
the mass action principle (p. 13) if the hydrogen ions formed in the reaction
are neutralized; sodium bromide in neutral solution will not reduce H.MnOj,
but hydrobromic acid will do so. The solution may be neutralized by caustic
alkali, alkali carbonate, alkali acetate (cf. p. 45), or ammonia. A solution of
manganous salt may contain a considerable excess of acetic acid and yet the
manganese will be completely precipitated by bromide in the presence of
sodium acetate.

Ammonia is not altogether satisfactory as a neutralizing agent in this case
because it reacts with bromine as well as with hydrobromic acid. When
bromine is added to ammonia solution, a vigorous reaction takes place and
nitrogen is evolved (cf. p. 92):

8NH4OH+3BI’2 = 6NH4BI’+8H20+N2 T .

When bromine is added to a solution of ammonium chloride a very slow oxida-
tion results and nitrogen gas is evolved little by little:

2NH,*+3Br. = 8H+6Br +N, 1.

If sodium acetate is added to this solution, the reaction is accelerated greatly as
a result of diminishing the concentration of the hydrogen ions and, by heating
the solution, which increases the speed of the reaction and causes the rapid
expulsion of nitrogen gas, all of the ammonium salt can be decomposed by
means of a very slight excess of bromine.

The presence of ammontum salts prevents the precipitation of manganese by
bromine and sodium acetate; when all the ammonium salt has been oxidized to
nitrogen, the manganese can be precipitated as H,MnOs,

The conditions are more favorable for the precipitation of manganese when
the solution contains hydroxyl ions, as in an ammoniacal solution. The addi-
tion of bromine to such a solution usually results in the immediate precipitation
of some of the manganese but, as a result of the action of bromine on ammonia
or ammonium salt, the solution usually becomes acid and the precipitation of
the manganese is then incomplete. To precipitate all of the manganese by
means of ammonia and bromine, it is best to proceed as follows:

Dilute the solution to about 200 cc. and neutralize, if necessary, with am-
monia. Add a little bromine water, a slight excess of ammonia and stir to
promote the formation of a precipitate. Heat the solution, add a little more
bromine water and make slightly ammoniacal again. In case the amount of the
manganese precipitate is perceptibly increased by this last treatment with
bromine and ammonia, repeat the operation. Filter off the precipitated
H,MnO,, concentrate the solution somewhat by evaporation and again treat
with bromine water and ammonia. Sometimes H,MnO; is precipitated on the
sides of the vessel during evaporation. The treatment with bromine and
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ammonia should be continued until a filtrate is obtained which will not give
any more precipitate with these reagents.*

3. Alkali Carbonates precipitate white manganous carbonate,
Mn**+4+CO3~ — MnCOs3;,

which after long boiling is changed by the oxygen of the air into less-
soluble, hydrated manganese dioxide:

2MnCO3+2H20+02=2C0; T +2H,MnOs.

4. Ammonium Carbonate precipitates even in the presence of
ammonium salts the white carbonate (difference from magnesium).
5. Barium Carbonate produces a precipitate only in hot solutions.
6. Sodium Phosphate precipitates white, tertiary manganous
phosphate,
’ 4HPO4,~+3M Il+,_‘_——) 2H2PO4*+M113(P04)2,

soluble iﬁ mineral_ acids and in acetic acid:
Mn3(PO4)2+2HT 2 3Mn*++2HPO,".

If to the boiling solution of this precipitate in acid an excess -of
ammonia is added, manganous ammonium phosphate will be precipi-
tated, as with magnesium (see p. 95):

HPO4~+NH4OH = NH, 4+ P0O4s~+H20.
Mn*+4+NHst+PO4~+7H20 — Mn(NH,4)PO4 - TH-0.

The precipitate consists of pink scales and is practically insoluble in
water.

7. Lead Peroxide and Concentrated Nitric Acid. (Volhard’s
reaction).—If a solution containing only traces of manganese is boiled
with lead peroxide and concentrated nitric acid, then diluted with
water and the residue allowed to settle, the supernatant liquid acquires
a distinet violet-red color, owing to the formation of permanganic acid:

2Mn**45Pb0s+6H' — 5Pb* *+2H0+2HMnOs,.

This extremely delicate reaction does not take place in the presence
of much hydrochloric acid or chlorides, because the permanganic acid
is thereby destroyed:

2HMnO;+14HCl=8H20+MnCl>+5Cle T .

* The above explanation is given at length because of its importance in quantita-
tive analysis. The facts upon which the explanation is based have been carefully
verified by quantitative experiments performed in the laboratory of the translator.
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8. Sodium Bismuthate added to a cold solution of a manganous
salt in dilute nitric acid (about sp.gr. 1.13) causes the formation of
permanganic acid. The reagent, which corresponds approximately to
the symbol NaBiOs, is prepared by fusing bismuth oxide with sodium
peroxide; it is insoluble in water and the excess of reagent may be
filtered off through asbestos after applying the test. The reaction may
be expressed by the equation:

2Mn*+t4+5NaBiO3+16HT — 5Nat+5Bit **+7H,0+2HMnOs.

The test is extremely delicate when nothing is present that will
react with the permanganate formed. An insoluble carbonaceous
residue, such as remiains after the solution of cast iron in acid, must be
filtered off before adding the reagent. If the solution is heated, the
permanganic acid breaks down and hydrated manganese dioxide is
precipitated.

Bismuth dioxide, BiO2, may be used instead of sodium bismuthate.

9. Ammonium Persulfate. If a hot solution of a manganous
salt in either dilute sulfuric or nitric acid is treated with ammonium
persulfate, all the manganese is gradually oxidized to the quadrivalent
condition and a precipitate of hydrated manganese dioxide is formed:

Mnt++8208~4+3H20 — 2804~ +4H 4+ HMnOs3.

If, however, the solution contains a trace of silver nitrate as catalyzer,
then the oxidation goes farther and permanganic acid is formed:

2Mn*t 458508~ +8H20 — 16HT+10S04~+2MnO4 .

This reaction is quantitative for small amounts of manganese and
in the absence of anything that will react with the permanganic acid.*

10. Ammonium Sulfide precipitates from manganese solutions
flesh-colored, hydrated manganese sulfide:

Mn**+8=— MnS.

On boiling with 4 large excess of ammonium sulfide it is changed
into less hydrated green manganese sulfide of the formula, 3MnS+H,0.

The solubility product of MnS is relatively large (cf. p. 22) and to
precipitate all the manganese as sulfide an excess of S~ ions is necessary.
The precipitate dissolves readily in dilute acid as a result of the removal
of the S~ ions to form non-ionized hydrogen sulfide (cf. p. 47).’

11. Potassium Cyanide.—On adding potassium cyanide to a solu-
tion of ‘a manganous salt, a brown precipitate appears which dissolves

*Cf. M. MARSHALL, Z. anal. Chem., 43 (1904), 418, 655.
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in an excess of potassium cyanide, forming a brown solution. On
standing, or by heating the solution, a voluminous green precipitate of
K[Mn(CN)3] is formed which is soluble in strong potassium cyanide
solution:

Mn**42CN~ 2 Mn(CN)z, Mn(CN)2:+KCN = K[Mn(CN)s]

K[Mn(CN)3]4+3CN~ = K*+4[Mn(CN)g|=".

To keep the manganese in solution in the form of Mn(CN)e~ ~ ions,
it is necessary to use an excess of potassium cyanide. If the concen-
tration of the cyanide is diminished by dilution, some green K{Mn(CN)3]
is formed and if the dilute cyanide solution is boiled, a precipitate of
Mn(OH)g results:

Mn(CN)e~~+2H20 2 2HCN +4CN~+Mn(OH);.

The stability of these complex cyanides, therefore, is much less than that
of the corresponding nickel compounds (p. 175). This permits an
interesting method of separating nickel from manganese.

Nickel sulfide is much less soluble than manganous sulfide (cf.
p. 22) so that it is possible to precipitate nickel as sulfide in the presence
of acetic acid and sodium acetate; under these conditions no manganese
sulfide is formed. If, on the other hand, ammonium sulfide is added to
a hot, dilute solution containing the complex cyanides of nickel and
manganese, the nickel will remain in solution and the precipitation of
the manganese as sulfide will be complete:

Mn(CN)g~ =45~ 2 6CN~+4MnS.

In the presence of a large excess of potassium cyanide, however, the
Mn(CN)g~~ anion is so stable that none of the manganese is precipi-
tated in the cold by ammonium sulfide.

12. Potassium Chlorate. By boiling a solution of manganous salt
in concentrated nitric acid with an excess of potassium chlorate, all
of the manganese is precipitated as MnOs.

Mn(NO3)242KCl03 —MnOs+2KNO;5+2Cl0s.

REACTIONS IN THE DRY WAY

The bead of borax, or salt of phosphorus, is amethyst red after heat-
ing in the oxidizing flame with small amounts of manganese, almost
brown with larger amounts, and can then be mistaken for the nickel
bead. Heated in the reducing flame, the manganese bead becomes
colorless, while the nickel bead appears gray.
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On fusing any manganous compound with caustic alkali or alkali
carbonate (on platinum foil) in the air, or, better still, in the presence
of an oxidizing agent (such as potassium nitrate, potassium chlorate,
ete.), a green melt is obtained, owing to the formation of the alkali
salt of manganic acid, as is shown by the following equations:

MnO+NaeCO3+402=CO2 T +NasMnOy,
MnO2+NuoCO34+0=COz2 T 4+NazMnOy,
Mn203+2NaxC0O3+30=2C02 T +2NasMnOy,
Mn304+43NazCO3+50=3C02 T +3NaosMnOy,
MnS04+2N2asCO3+02=2C02 T +Na2SO44NasMnOy.

The oxygen comes either from the air or from the nitrate or chlorate:
KNO3=KNO:+0, KClOs=KCI+30.

This reaction is exceedingly delicate; a fraction of a milligram
" of any manganese compound can be recognized by the formation of
this green color.

By ignition in the air the oxides of manganese are changed to Mn3O4:

3MnO+0=Mn304, 3MnOz= Mnz04+402 T ,
6Mns03=4Mn3z04+0O2 T .

B. Manganic and Permanganic Acids

The free manganic acid has never been isolated. If we attempt
to form it from the green melt of the alkali manganate by the addition
of acid, permanganic acid and hydrated manganese dioxide will be
obtained; a part of the unstable manganic acid oxidizes another part
of the same to permanganic acid, while the oxidizing part is itself
reduced to hydrated manganese dioxide:

3H2Mn04 = 2HMDO4+H2M1103 +H20

This transformation takes place so readily that the green solution
of the manganate is changed to a reddish-violet solution of a permangan-
ate by simply standing in the air, with the help of the carbonic acid
which the air always contains:

3K2Mn04+42C024+H20=2K2CO3+HoMnO3+4+2KMnQ4.



170 REACTIONS OF THE METALS

The reaction takes place much more rapidly, however, if a few
drops of a strong acid are added.

The oxidation of one molecule at the expense of another of the same
kind is of quite common occurrence in chemistry. It always involves a
loss in the available or free energy which the molecules originally possessed.
The total energy possessed by any molecule can be considered to consist partly
of free energy and partly of unavailable energy. A reaction that takes place
spontaneously is always characterized by the fact that the free energy of the
system is less afterward than it was before the reaction took place. The cot.-
dition with the smallest free energy is the most stable condition.

It might be inferred that the most stable conditions are those having the
smallest quantities of energy, but a little consideration shows that in promoting -
chemical reactions it is not so much the total energy as it is the available energy
which comes into consideration. Thus, there is a vast amount of energy stored
up in the heat of the ocean, but it is not available energy, because it is in sue-
roundings at the same temperature. The air under ordinary atmospheric pres-
sure could perform a great deal of work if it were brought in contact with a
space in which a much lower gas-pressure prevailed, but otherwise the vast
amount of energy is not available.

In the changes that take place with any given element it is not necessarily
true that an increase in the total energy will always involve an increase in the
free energy associated with the element. The fact that the solution of a man-
ganate, in which the valence of the manganese is six, decomposes readily
indicates merely that the free energy in the system composed of quadrivalent
and heptavalent manganese is less than the free energy involved in the system
containing all the manganese in the hexavalent condition. Frequently the
conditions are just the reverse and the most stable condition is one of inter-
mediate valence. Thus permanganate and manganous salt react to form quad-
rivalent manganese. A few reactions similar to the decomposition of H,MnO,
will be given. :

Hypochlorites are changed, by warming the aqueous solution, into chlorate
and chloride; one atom of chlorine is oxidized from the valence of one to the
valence of five at the ex;iense of two atoms of chlorine, which are reduced from
a positive valence of one to a negative valence of one;

3NaClO =NaClO;+2NaCl.

Ignition of a chlorate causes the formation of a perchlorate, a chloride and
free oxygen. Here one atom of chlorine is increased two in valence, one
atom of chlorine loses six charges and the remaining four charges cause the
oxidation of two atoms of negatively charged oxygen:

2NaClO; =NaClO,+NaCl+0, T.
Nitrous acid is changed in aqueous solution into nitric acid and nitric oxide, one
atom of nitrogen gaining two charges and two similar atoms losing one

sharge:

3HNO, =HNO;+2NO T +H,0.
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Hypophospho‘rous acid and also phosphorous acid can be changed into phos-
phoric acid and phosphine:

2H3P02 =H3P04+PH3 T y 4H3FO3 =3H3PO4+PH3 T .

Alkali thiosulfates and alkali sulfites are changed by ignition into sulfate
and sulfide:

4Na28203 = 3NazSO4+Na285, 4:N3,2803 = 3NaZSO4—|-NazS.

Permanganic Acid, HMnOy, although much more stable than
manganic acid, is known only in aqueous solution; but the anhy-
dride MnsO7 has been isolated. On cautiously adding concentrated
sulfuric acid to the cooled solution of a permanganate, oily drops of
reddish-brown MnsO7 separate out, which, however, on being warmed
(the heat of reaction is sufficient), explode with scintillation:

2Mn207+4H2S804 =4MnSO4+4H20 4502 T .

The salts of permanganic acid (the permanganates) are all soluble
in water, with a reddish-violet color, and are very energetic oxidizing
agents. In acid solution the heptavalent manganese in permanganate
is usually reduced to bivalent manganous salt, but in alkaline, or nearly
neutral, solutions manganese dioxide is the usual product.

Ozidation in Acid Solution. Typical oxidation equations with
permanganate have already been explained on p. 31. A few of
these reactions will be repeated here, but it will not be necessary to
enter into further details concerning the method of balancing the equa-
tions. To avoid exact repetition, the equations will be given with the
entire molecules written instead of merely the ions involved,

2KMnO4+3H2804410HCl = K2804+2MnSO4+8H,0+5Cl: T,
2KMnO4+3H2804+410HI = K»S04+2MnS04+4-8H20 4513,
2KMnO4+3H280445H2S = K2S04+2MnSO4+4-8H20+4-5S,
8KMnO4+12H2S044-5PH3 =4K2504+8MnS04+12H20+4-5H3PO4.
2KMnO4+6S02+2H20 = 2KHSO4+2MnSO4+H28206.

In this last equation the proportion of sulfate and of dithionic acid,
H,S206, will vary with the temperature and concentration of the solu-
tion:

2KMDO4+5H2C2O4—|—3H2804 =KoS504+2MnSO4+8H20+10CO; 1 s

2KMHO4+5H202 +4H,S04= 2KHSO4+2MHSO4—I—8H2O +502 7T,

2KMnO4+5K2C206+14HoSO4 =
=12KHS04+2MnS04+8H20+4-10CO2+502 T .
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Persulfuric acid, which is analogous to percarbonic acid, does not
reduce a solution of a permanganate. An interesting reaction is
that which takes place in nearly neutral solution between permanganate
and manganous ions. The principal product is MnOg, which will carry
down some of the bivalent manganese as manganous manganite unless
an excess of some other ion is present which forms an insoluble man-
ganite, e.g., zinc or calcium ions;

2KMnO4+3MnSO4+2H20 = 2KHSO4+5MnO2+HsS04.

Ozidation in Alkaline Solution.—Many organic substances are
oxidized by permanganates in alkaline solution with precipitation
of manganese dioxide. Thus formic acid is oxidized to carbonic
acid, ethyl alcohol to aldehyde and acetic acid, cellulose (paper) chiefly
to oxalic acid, so that a solution of a permanganate cannot be
filtered through paper. By boiling a concentrated solution of potassium
permanganate with concentrated potassium hydroxide, potassium
manganate is formed with evolution of oxygen, and the color of the
solution becomes green:

4KMnO4+4KOH =4K>MnO4+2H20+40- 7.

By heating solid potassium permanganate to 240° C., potassium
manganate is formed, also with evolution of oxygen:

2KMnO4=K2MnO4+MnO2+4+02 T .

NICKEL, Ni. At. Wt. 58.68

Sp. Gr.=8.9. M. Pt. =1452° C.

Occurrence.—In the native state nickel occurs only in meteor-
ites. It is most frequently found in combination with sulfur, arsenie,
and antimony in regular and hexagonal crystallizing minerals, of which
the following are the most important:

Isometric System: Chloanthite, NiAss; gersdorflite, NiAsS; ullman-
nite, NiSbS. Hexagonal System: Niccolite, NizAsg; breithauptite,
Ni2Sbe; millerite, NizSs.

Nickel also occurs as regular crystals of bunsenite, NiO, isomor-
phous with periclasite, MgO, and manganosite, MnO; as garnierite
or noumeite, Ho(NiMg)SiOs++aq, a mineral occurring in New Cale-
donia, from which pure nickel can be prepared; and finally as anna-
bergite, Nig(AsO4)2-8H20, isomorphous with erythrite.



NICKEL 173

Metallic nickel possesses a silver-white color and is difficultly
soluble in hydrochloric and sulfuric acids, but readily soluble in nitric
acid. It forms two oxides: green nickelous oxide, NiO, and brownish
black nickelic oxide, Ni2Os.

By dissolving either of these oxides in acids, salts of bivalent nickel
are always obtained:

NiO+2HCl=H;04NiCls,
Niz03+6HCl=3H20+4-2NiCl:4-Cl2 T,
2Ni203+4H2804=4H20+4NiS02+02 T .

Nickelous oxide behaves as a basic anhydride, but nickelic oxide
acts as a peroxide and forms no salts.

The crystallized salts of nickel and their aqueous solutions are
green, but in the anhydrous condition they are usually yellow. Most

of the salts are soluble in water; the sulfide, carbonate, and phosphate
are insoluble.

REACTIONS IN THE WET WAY

1. Potassium Hydroxide precipitates apple-green nickelous hydrox-
ide,
Nit+t4-20H — Ni(OH).,

insoluble in excess of the precipitant, readily soluble in acids.
2. Ammonia precipitates (in neutral solutions free from ammo-
nium salts) a green basic salt,

2NiS04+2NH4OH = (NH4)2S04+NisSO4 - (OH)q,

soluble (with a blue color) in excess of ammonia, forming complex
nickel ammonia ions (cf. p. 25).

NizSO4- (OH)2+12NH;z — 2Ni(NHs) ¢ *+20H +S04™.

In the presence of sufficient ammonium salt, ammonia produces
no precipitate, as with magnesium, ferrous and manganous salts; potas-
sium and sodium hydroxides, however, precipitate the green hydroxide
(difference {rom cobalt, see p. 179).

The anhydrous chloride and sulfate readily absorb ammonia,
forming anhydrous nickel ammonium salts:

NiCle+6NH; =[Ni(NHs3))Cle; NiSO4+6NHz=[Ni(NHz)e]SO4.
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The nickel ammonia cations are very stable in the presence of
an excess of ammonia. In pure water they are in equilibrium with
a small quantity of nickel ions of dissolved ammonia, and ammonium
hydroxide:

Ni(NHj)¢t*— Nit+t+6NH3; NH;+H.0 — NH4OH.

3. Potassium and Sodium Carbonates precipitate apple-green
nickel carbonate:
Ni**+C03= — NiCO:s.

4. Ammonium Carbonate behaves similarly, but the precipi-
tate which is formed is soluble in an excess of the precipitant, form-
ing nickel ammonia carbonate.

5. Sodium Hypochlorite precipitates in the presence of alkalies
all of the nickel as brownish-black nickelic hydroxide, Ni(OH)s.
Nickelous hydroxide is first formed by the alkali present, but it is
then oxidized by the hypochlorite to nickelic hydroxide:

2Ni*+t4-40H~+ClO0~+H,0 — 2Ni(OH)3+Cl™.

On adding chlorine or bromine to the nickel solution to which alkali
has been added, nickelic hydroxide is likewise formed :

2Ni(OH)2+4-20H™+Clz — 2C1I™+2Ni(OH)s.

6. Barium Carbonate produces in the cold no precipitation; butby
continued boiling, all of the nickel is thrown down as basic carbonate.

7. Hydrogen Sulfide precipitates no nickel from solutions which
contain mineral acid or much acetic acid; but from solutions slightly
acid with acetic acid and containing an alkali acetate, all the nickel is
precipitated as the black sulfide:

Nit+4-2C,H302™+HoS — 2HCH302+NiS.

8. Ammonium Sulfide precipitates from neutral solutions the
nickel as sulfide:

NiCle+ (NHy) oS =2NH4C1+4NiS.

Nickel sulfide has a marked tendency to form colloidal solutions
of a dark-brown color, especially in the presence of ammonia or a con-
siderable excess of ammonium sulfide. By making the brown solution
slightly acid with acetic acid and boiling, the hydrosole is coagulated
and can be removed by filtration. The presence of ammonium salts
also favors the coagulation of the hydrosole,
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If it is desired to precipitate the nickel as sulfide from an ammoniacal
solution, it is best to make the solution very slightly acid, add a little ammonium
chloride unless considerable is already present, heat to boiling, add colorless
ammonium sulfide drop by drop until no further precipitation takes place,
and then add 0.5 to 1 cc. of the reagent in excess. The nickel sulfide thus
obtained can be filtered without difficulty and the filtrate is free from nickel.
During the filtration care should be taken to keep the filter well filled with liquid
to prevent the oxidation of the precipitate, which takes place readily on exposure
to the air. To wash the precipitate it is well to use a hot, 5 to 10 per cent
ammonium chloride solution to which a little colorless ammonium sulfide
has been added. The washing can also be effected with hydrogen sulfide
water without there being any danger of hydrosol formation.

Nickel sulfide is difficultly soluble in dilute mineral acids, readily soluble,
however, in strong nitric acid or in aqua regia, with separation of sulfur;

3NiS+6HCI+2HNO; =3NiCl,+-2NO T +4H,0+3S.

The sulfur usually separates out as a black film. This is caused by the
sulfur first melting, owing to the heat of reaction, enclosing small particles of
the black sulfide and protecting them from the action of the acid. By continued
action of the acid all the sulfide is dissolved, and the sulfur remains as yellow
drops, which are oxidized little by little to sulfuric acid,

S+2HNO; =H,S0,+2NO 1.

Nickel and cobalt sulfides, though not precipitated by hydrogen sulfide
from a dilute, hydrochloric acid solution, dissolve with difficulty in a much
stronger acid. This is perhaps due to the fact that these sulfides exist in two
allotropic forms of different solubilities. "The sulfide first precipitated is readily
soluble in acid, but on standing it becomes changed into a much more insoluble
condition. Most schemes of qualitative analysis are based upon this behavior;
the nickel and cobalt are separated from zinc and manganese by treating the
ammonium sulfide precipitate with cold, dilute hydrochloric acid. In such cases
some nickel and cobalt always passes into solution and the quantity dissolved
may be much larger than is ordinarily assumed. If the surface exposed to the
action of the acid is large, or if left in a finely divided state by the dissolving out
of other sulfide, a considerable quantity of nickel passes into solution in a com-
paratively short time. The reverse reaction, the precipitation of nickel sul-
fide by hydrogen sulfide in very dilute acid solution, also takes place very
slowly but continuously.*

10. Potassium Cyanide produces a light-green precipitate of
nickelous cyanide readily soluble in an excess of the precipitant, forming
potassium nickelocyanide:

Nit*42CN~ — Ni(CN)2; Ni(CN)2:+2CN~ — [Ni(CN)4]"=.
The Ni(CN)4~ anion is a stable complex, but it is decomposed by

* Cf. Noves, Bray and SPEAR, J. Am. Chem. Soc., 1908,
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the addition of acid. This is because Ho[Ni(CN)4] is a very weak acid
and, like carbonic acid, is unstabie:

Ni(CN)s~+2H* & Hy[Ni(CN)4]; Ho[Ni(CN)4] = 2HCN +Ni(CN)s.

Hydrogen Sulfide in an Alkaline Solution containing a tartrate
gives a clear brown solution. This is a very characteristic test for
nickel and it enables the detection of as little as 0.2 mg. of nickel in
20 ce. of solution; the exact condition of the nickel in this solution is
not known. The main function of the tartrate is to form a complex
anion with nickel and thus prevent the precipitation of nickel hydrox-
ide. The characteristic brown solution is not obtained until the solu-
tion is nearly saturated with hydrogen sulfide.

In alkaline solutions, containing an excess of cyanide, the [Ni(CN)4]~™
anion is not dissociated to a sufficient extent into simple Nit* cations
to give a precipitate with ammonium sulfide (difference from man-
ganese and zinc) but it is readily decomposed by an oxidizing agent
such as chlorine, bromine, hypochlorite or hypobromite

2[Ni(CN)4~+40H™+9BrO™+H20 — 2Ni(OH)34-8CNO™49Br ™,
or

2[Ni(CN)4]"+60H™+9Cls — 2Ni(OH)3+8CNCI+10CI.

In the above reactions, first of all any excess alkali cyanide present is oxi-
dized to cyanate or to CNCL. Ir the absence of an excess of cyanide ions, the
[Nl(CN).] begins to dissociate, [Ni(CN) =~ — Nit*+4+4CN~, and as fast as the
ions are formed, they both become oxidized.

When cobalt ions are treated with an excess of cyanide ions a cobaltocyanide
anion, [Co(CN),J~=, is formed which is readily oxidized even by the oxygen
of the air to form cobalticyanide ions, Co(CN)¢=. These anions are so stable
that they are not decomposed by treatment with oxidizing agents in alkaline
solution so that no cobalt is precipitated with Ni(OH); by the above treatment.
It is possible to detect 0.2 mg. nickel in the presence of 300 mg. of cobalt by this
reaction.

The test can be applied to the solution obtained by dissolving the sulfides
of nickel and cobalt in aqua regia. The test can be made as follows: Evaporate
the solution nearly to dryness to expel most of the acid, add about 5 cc. of water
and then sodium hydroxide solution, drop by drop, until the solution is
neutral or until a permanent precipitate is produced. Add potassium cyanile
solution, a few drops at a time, until all or nearly all of any precipitated cyanide
redissolves. Then add 0.5 to 3 cc. more of potassium cyanide solution accord-
ing to the probable amount of nickel and cobalt present. Heat to 50° or 60°
in an open dish for five minutes, or longer if the solution has not become light-
colored. This serves to oxidize the cobaltocyanide to cobalticyanide. Filter
off and reject any small precipitate that may remain. Add about 3 cc. of 2N
sodium hydroxide solution and conduct chlorine into the solution in the cold or
add a little bromine water. A precipitate of Ni(OH); should form within five
minutes,
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11. Sodium Phosphate precipitates ap;ple—green nickel phosphate,
3Nit*4+4HPO4s~ — 2H2PO4—+Ni3(PO4)2,

readily soluble in acids, even acetic acid.

12. Potassium Nitrite produces in dilute nickel solutions no pre-
cipitate (difference from cobalt). In very concentrated solutions a
brownish-red precipitate of Ni(NO)2:4KNO2 is thrown down; in the
presence of alkaline earth salts a yellow crystalline precipitate is formed;
e.g., Ni(NO2)2-Ba(NO2)2:-2KNO2, which is very difficultly soluble
in cold water, but readily soluble in boiling water, with a green color.

13. Dimethylglyoxime. The reagent is prepared by dissolving 1 gm.
of the solid in 100 cc. of 98 per cent alcohol. If a little of the
reagent is added to a solution of a nickel salt, then ammonia to slightly
alkaline reaction, and the solution is boiled, a red crystalline precipitate
of the nickel salt of dimethylglyoxime is formed:

CH3——(13 =NOH
2
CH;—C=NOH

If the quantity of nickel present is very small, at first a yellowish
solution is obtained from which, on cooling, red needles are deposited.
According to L. Tschugaeff,* who first proposed this qualitative test,
the presence of one part of nickel can be detected in the presence of
400,000 parts of water. The reaction is not influenced by the presence
of ten times as much cobalt; when a larger proportion of cobalt is
present, the following procedure is followed,

+NiCly+2NH; = 2NH,Cl+ (CsH14N404)Ni.

Detection of Traces of Nickel in Cobalt Salts

Add strong ammonia to the solution of the cobalt salt until a clear solution is
obtained, then add a few cubic centimeters of hydrogen peroxide and boil the
solution a few minutes to decompose the excess of this reagent. Then add the
dimethylglyoxime and again bring the solution to a boil. A very small quan-
tity of nickel causes a red scum to form and the glass sides of the beaker become
coated with a film of red crystals. With smaller amounts of nickel the color
is best observed upon the filter through which the solution is poured and the
residue washed with hot water.

The above reaction is the most sensitive test known for detecting nickel
in the presence of cobalt.

v. Fortinit recommends the following method for detecting nickel in alloys:
Heat the metal, from which all greasy or oily matter has been removed, at one
place with the oxidizing flame of the blowpipe, Cool and moisten with one

* Ber. 38 (1905), 2520.
t Chem. Ztg. (1912), 1461.
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drop of a solution of 0.5 gm. dimethylglyoxime in 5 cec. alecohol and 5 ce. concen-
trated ammonium hydroxide. A red spot at once appears if nickel is pres-
ent.© When copper is present, the nickel test is obtained before the copper
ammonia color is visible.

REACTIONS IN THE DRY WAY

The borax, or sodium metaphosphate, bead is brown in the oxi-
dizing flame, almost the same shade as the strongly saturated man-
ganese bead; in the reducing flame the bead becomes gray, due to the
formation of some metallic nickel. On looking at the bead through
the microscope the finely divided metal can be seen suspended in the
colorless glass.

On heating nickel salts with sodium carbonate on charcoal a gray
scale of metallic nickel is obtained. This reaction is best performed
with the charcoal stick, as described on p. 65. The magnetic metal
obtained in this way is placed on a piece of filter-paper, dissolved
in nitric acid, a drop of concentrated hydrochloric acid is added, and
the paper carefully dried by moving it back and forth over the flame.
If nickel is present the paper appears greenish (colorless with very small
amounts of nickel), or bluish if cobalt is also present. The paper is now
moistened (where the nickel is) with caustic soda or potash, and is then
held in bromine vapors, which are obtained by shaking some bromine
water in a wide-mouthed flask.

If nickel or cobalt is present, a black spot will be formed by the
above treatment, consisting of the hydroxide of the trivalent metal
(p. 174). The blackening often does not appear at first; in this case
the paper is moistened once more with potassium hydroxide and again
treated with bromine. The spot will now appear if nickel is present.

CoOBALT, Co. At. Wt. 68.97
Sp. Gr.=8.5. M. Pt.=1490°

Occurrence—Like nickel, native cobalt is found only in meteorites.
It occurs in the earth’s crust chiefly as sulfide, arsenide, and as salts
of thioarsenious and thioantimonous acids; it is almost always accom-
panied by nickel and iron. The most important ores are smaltite,
CoAsz, isometric; cobaltite, CoAsS, isometric; skutterudite, CoAss,
isometric; erythrite, Coz(AsO4)2-8H20, monoclinic, isomorphous with
vivianite, Fes(PO4)2-8H20, and with annabergite, Niz(AsOy4)2-8H20.

Metallic cobalt is steel gray, dissolves much more readily in dilute
acids than nickel, and is, like the latter, magnetic. Cobalt forms, like
iron, three oxides: cobaltous oxide, CoQ; cobaltous cobaltic oxide,
Co304; cobaltic oxide, Co203.
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By dissolving these three oxides in acids, salts derived from cobalt-
ous oxide are always obtained, containing bivalent cobalt:

CoO+2HCIl = H20+CoCls,
Co0203+6HCl=3H20+2CoCla+Cly T,
Co304+8HCl=4H20+3CoCly+Cls T .

Simple cobaltic salts are unknown, but many complex compounds
exist with trivalent cobalt, as, for example, potassium cobaltinitrite,
potassium cobalticyanide, and numerous cobalti-ammonia deriva-
tives.

Cobaltous compounds in a crystallized state (as well as in aqueous
solution) are pink, in the anhydrous condition yellow or green, and
blue in aqueous solutions in the presence of hydrochloric acid. The
solubility reactions of cobaltous salts are similar to those of manganese
and nickel.

REACTIONS IN THE WET WAY

1. Potassium or Sodium Hydroxide precipitates in the cold a blue

basic salt:
Co*t+4CI"+0H~ — Co(OH)C],

which on warming is further decomposed by hydroxyl ions forming
pink cobaltous hydroxide:

Co(OH)CI+0OH™ — CI4Co(OH)2.

In the case of a moderately concentrated solution of the alkali the
precipitate of pink cobaltous hydroxide is often produced in the cold,
sometimes only after standing some time. The rapidity of the reaction
depends entirely upon the concentration of the alkali.

Cobaltous hydroxide gradually turns brown in contact with the air,
going over into cobaltic hydroxide:

2Co(0OH)2+H20+0 — 2Co(OH)s.

In this respect cobalt behaves similarly to iron and manganese,
and differs from nickel, for the hydroxide of the latter is not oxidized
by atmospheric oxygen.

On adding chlorine, bromine, hypochlorites, hydrogen peroxide,
etc., to an alkaline solution containing cobaltous hydroxide, cobal-
tic hydroxide is immediately formed, as with nickel and manganese,

2Co(OH);+20H"+Cly = 2C1~+2Co(OH)3,
2CO(OH)2+HOH+0C] "= Cl~+2Co(OH)s.
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From ammoniacal cobalt solutions the above oxidizing agents
cause no precipitation, but merely a red coloration; the addition of
potassium hydroxide then causes no precipitation (difference from
nickel).

Cobaltous hydroxide, Co(OH)., behaves under some conditions as a weak
acid, for on adding to a cobaltous solution a very concentrated solution of KOH
or NaOH the precipitate at first produced dissolves with a blue color* similar
to copper. By the addition of Rochelle salts to this blue cobalt solution the
color either disappears almost entirely or becomes a pale pink, while the similarly
treated copper solution becomes more intensely blue. By the addition of
potassium cyanide to the blue cobalt solution it becomes yellow, and in contact
with air turns intensely brown. A copper solution would be decolorized by the
addition of potassium cyanide.

By pouring a little cobalt solution (or adding a little solid cobalt carbonate)
into a concentrated solution of caustic soda or potash, to which a little glycerol
has been added, a blue solution is formed (the color being intensified by warm-
ing), which after standing some time in the air, or immediately upon the addition
of hydrogen peroxide, becomes a beautiful green.

2. Ammonia precipitates, in the absence of ammonium salts, a
blue basic salt, soluble, however, in excess of ammonium chloride.
Ammonia, therefore, produces no precipitate in solutions which contain
sufficient ammonium chloride. The dirty-yellow, ammoniacal solution
is little by little turned reddish on exposure to the air, owing to the
formation of very stable cobalti-ammonia derivatives.

3. Alkali Carbonates produce a reddish precipitate of basic salt
of varying composition.

4., Ammonium Carbonate also precipitates a reddish basic salt,
soluble, however, in excess.

5. Barium Carbonate pre(npltates no cobalt in the cold and out
of contact with air, but on exposure to the air cobaltic hydroxide is
gradually thrown down. The precipitation takes place much more

quickly on the addition of hypocblorites or hydrogen peroxide:

Co* *4-2BaC0O3+3H20+0CI™ — 2Ba* *+Cl~+2Co(OH)3+2CO: 1

If the solution is heated to boiling, all of the cobalt is precipitated
as a basic salt, even out of contact with the air.

6. Hydrogen Sulfide produces no precipitate in solutions con-
taining mineral acids. In neutral solutions containing an alkali
acetate all of the cobalt is precipitated as black sulfide.

7. Ammonium Sulfide precipitates black cobalt sulfide,

Co*t48= — CoS,
* Ep. DoNATH, Z.'anal. Chem., 40 (1901), 137.
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insoluble in ammonium sulfide, acetic acid, and very dilute hydro-
chloric acid (cf. p. 175); soluble in concentrated nitric acid and aqua
regia, with separation of sulfur:

3CoS+8HNO3; =4H;0+2NO T +3S+43Co(NOs3)s.

By continued action of strong nitric acid all the sulfur goes into
solution as sulfuric acid.

The addition of an oxidizing agent always helps an acid to dissolve an insolu-
ble sulfide. The solution in contact with a sulfide precipitate at first contains
enough sulfide ions to satisfy the solubility product of the sulfide. When
hydrogen ions are added nonionized hydrogen sulfide is formed unless the
solubility-product of the sulfide is so small that less sulfide ions are present
than would be formed by the ionization of H,S. If an appreciable quantity
of H,S is formed, it can be expelled as a gas and the sulfide will dissolve. Some-
times, however, this takes place very slowly and then the addition of an oxidiz-
ing agent is necessary. The sulfide ions in solution are oxidized to free sulfur.,
The solubility-product of the sulfide is no longer reached in solution, for as fast
as a little of the substance dissolves the sulfide ions are oxidized.

8. Potassium Cyanide produces in neutral solutions a reddish-
brown precipitate, soluble in excess of potassium cyanide in the cold,
with & brown color, forming potassium cobaltocyanide:

Co**42CN~ — Co(CN)2; CoCN2+4CN~ — [Co(CN)g]~~

On warming the brown solution for some time it becomes bright
vellow and reacts alkaline; it now contains potassium cobalticyanide,
of analogous composition to potassium ferricyanide. The formation
of the cobaltic salt takes place with the help of atmospheric oxygen:

2[Co(CN)g]”~4+O0+H20 — 2[Co(CN)¢]=+20H".

The reaction takes place more quickly in the presence of chlorine,
bromine, hypochlorites, ete.:

2[Co(CN)g]™=+Clz — 2[Co(CN)¢]=42CI".

An excess of chlorine, bromine, etc., does not decompose the cobaltic
salt (difference from nickel). i

The cobalticyanide anion is much more stable than the cobalto-
cyanide anion. By adding hydrochloric acid to the brown solution of
potassium cobaltocyanide, hydrogen cyanide will be set free and yellow
cobaltous ecyanide formed,

[Co(CN)g]==+4H* — 4HCN +Co(CN)s,

while potassium cobalticyanide is not decomposed by hydrochloric acid
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Potassium cobalticyanide forms, with most of the heavy metals,
difficultly soluble or insoluble salts possessing characteristic colors.
Thus, it produces with cobaltous salts pink cobaltous cobalticyanide:

2[Co(CN)g]=+3Co™ * — Co3[Co(CN)glz,

and with nickel salts greenish nickelous cobalticyanide.

If, therefore, a cobalt solution contains nickel it gives, on precipi-
tating and redissolving with potassium cyanide, boiling, and adding
hydrochloric acid, a greenish precipitate of nickelous cobalticyanide:

2[Co(CN)g]=+3[Ni(CN)4=+12H* — 12HCN +Ni3[Co(CN)g)e.

9. Potassium Nitrite produces in concentrated solutions .of cobalt
salts, with the addition of acetic acid, an immediate precipitation of
yellow, crystalline potassium cobaltinitrite. If the solution is dilute,
the precipitate appears only after standing for some time, but more
quickly on rubbing the sides of the beaker.

Cot*+7NO2; +3K+*+2H* —» NO+H20+K;5[Co(NO3)g).

This reaction offers an excellent means for detecting the presence
of cobalt in nickel salts.

10. Ammonium Thiocyanate (Vogel’s reaction).* If a concen-
trated solution of ammonium thiocyanate is added to a cobaltous solu-
tion, the latter becomes a beautiful blue, owing to the formation of
ammonium cobaltothiocyanate:

Co™*+4CNS™+2NH4+ — (NHy)2[Co(CNS).).

On adding water the blue color disappears and the pink color of the
cobaltous salt takes its place. If amyl alcoholf is added (or a mixture
of equal parts amyl alcohol and ether), and the solution shaken, the
upper alcoholic layer is colored blue. This reaction is so sensitive
that the blue color is recognizable when the solution contains only 134
of a milligram of cobalt. The blue solution also shows a characteristic
absorption spectrum.f Nickel salts produce no coloration of the amyl
alcohol. If, however, iron is present, red Fe(CNS)3 is formed, which
likewise colors the amyl alcohol, making the blue color (due to the

* Ber., 12, 2314; TREADWELL, Z. anorg. Chem., 26 (1901), 105.

t T. T. MorgeLL first showed that cobalt salts give a blue color with ammonium
thiocyanate, disappearing on the addition of water, but reappearing when alcohol
is added. Z. anal. Chem., 16, 251.

1 Wovrr, Z, anal. Chem., 18, 58,
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cobalt) very indistinct, so that, under some conditions, it can no longer
be detected. If, however, 2 or 3 cc. of concentrated ammonium acetate
solution and 2 or 3 drops of 50 per cent. tartaric acid solution are added,
the red color produced by Fe(CNS)z will disappear and the blue color
of the cobalt compound will be seen.

The blue color is probably that of undissociated (NH,).[Co(CNS),]. When
the solution is diluted, the salt is ionized and the complex anion also is in
equilibrium with cobalt ions, the more dilute the solution, the greater the
ionization (cf. p. 19). The alcohol and ether probably dissolve only the un-
dissociated (NH,).[Co(CNS),] and this is evidently present to some extent in
the aqueous solution, although its color is obscured by that of cobaltous ions. *

11. Ether Saturated with Hydrogen Chloride does not precipitate
an anhydrous cobaltous salt, as in the case of nickel, but will dissolve
the blue, anhydrous cobaltous chloride. This furnishes a basis of a
method for separating nickel and cobalt.

12. a-Nitroso-g-naphthol, C10Hg(NO)OH, produces a voluminous,
purple red precipitate of cobalti-nitroso-g-naphtol, [CioHg(NO)O]3Co,
which is insoluble in cold, dilute nitric or hydrochloric acid.*

This reagent serves not only for qualitative purposes, but can also be used
for the quantitative determination of cobalt in the presence of nickel. The
test may be applied conveniently to the solution obtained in the usual qualita-
tive scheme after the removal of all metals except nickel and cobalt. A part
of the solution may be used for the sensitive nickel test with dimethylglyoxime
(p. 177) and the remainder used for the cobalt test.

Dilute the solution to about 50 cc., add 4 cc. of 6N hydrochloric acid and
20 cc. of 6N acetic acid. Heat, add 50 cc. of a saturated solution of nitroso-
p-naphthol and boil in 50 per cent acetic acid. If as much as 0.1 mg. of cobalt
is present, a red precipitate or turbidity is obtained even in the presence of 250
mg. of nickel. When more than 150 mg. of nickel is present, however, some of
the brownish-yellow nickel compound, (C,:Hs(NO)O).Ni, will precipitate after
the solution cools.

The reagent used in this test should be freshly prepared. Nitroso-
g-naphthol gradually decomposes on standing in the air and changes from yellow
to brown or even black in color. It can be purified by dissolving in hot sodium
carbonate, filtering and reprecipitating with sulfuric acid. For all ordinary
purposes the saturated solution in 50 per cent acetic acid is most suitable.
The cobalt test can bé made more delicate by adding an equal volume of alcohol
to the test and, for detecting traces of cobalt, an aqueous solution of the organic
substance can be used, but as 5000 cc. of water are required to dissolve 1 gm. of
the nitroso-g-naphthol, it is evident that the aqueous solution is not suitable
when much cobalt is present. An excess of the reagent is required, as a part of
it is used to oxidize the cobalt to the trivalent condition.

Copper gives a characteristic coffee-brown precipitate with the reagent
and it is possible to separate copper from leafl, cadmium, ete., by means of it.

*Ininskr and v, KNORRE, Ber,, 18, 699 (1885),
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Ferric iron gives a brownish-black precipitate which is insoluble enough to
serve as a means of separating iron from aluminium, manganese, etc. Ferrous
iron also gives a greenish precipitate in neutral solutions. Of all these precipi-
tates, however, the cobalt compound is the most characteristic and the least
influenced by the presence of acid. Thus with the acidity recommended above,
the presence of a little ferric or ferzous iron causes no disturbance.

Detection of Traces of Cobalt in Nickel Salts

To test a nickel salt for cobalt, add a concentrated solution of
ammonium thiocyanate to the solution of a considerable amount of
the salt, a few cubic centimeters of a mixture of amyl alcohol and ether
and shake the mixture. After the latter has been allowed to settle,
if the upper alcohol-ether layer is colorless, then the nickel salt contains.
neither iron nor cobalt; if the layer is reddish, iron is present. In the
latter case add 2 or 3 cc. of concentrated ammonium acetate solution
and 2 or 3 drops of 50 per cent tartaric acid solution and shake again;
if cobalt is present the alcohol-ether layer is now distinctly blue.

Sometimes when very little cobalt and considerable nickel is present it is
hard to tell whether the amyl alcohol is colored blue or not. In such a case
pour the solution into a separatory funnel and draw off the lower layer contain-
ing the green nickelous solution. Add a little more ammonium thiocyanate
solution to the amyl alcohol, 1 cc. of ammonium acetate solution, 1 drop of

tartaric acid solution and shake again. The blue color should now appear if
any cobalt is present.

REACTIONS IN THE DRY WAY

The bead produced by borax or sodium metaphosphate is blue in
both the oxidizing and reducing flames. By holding the bead in the
upper reducing flame for a long time it is possible to reduce the cobalt
to metal, when it appears, like nickel, gray.

On the charcoal stick cobalt compounds yield gray metallic cobalt,
which can be removed by means of a magnetized knife-blade, as
described on p. 66, placed on filter-paper, dissolved in hydrochloric
acid and dried. The paper is then colored blue by cobalt (difference
from nickel). If, now, sodium hydroxide is added and the paper
exposed to the action of bromine vapors, black cobaltic hydroxide,
Co(OH)s, is formed.

ZINC, Zn. At. Wt. 66.37

Sp. Gr.=6.9. M. Pt.=419°. B.Pt.=916°

Occurrence.—Smithsonite, ZnCOs, isomorphous with -calcite,
CaCOs, ete.; sphalerite, ZnS, isometric; calamine, ZnsSiOs+H20,
orthorhombic, hemimorphic; zincite, ZnO, hexagonal; and franklinite,
(FeOz2)2(Fe,Mn,Zn), isometric.
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The most important zinc ore is sphalerite, ZnS. Sulfide of zinc
is dimorphic and is also found as wurtzite, which crystallizes in the
hexagonal system. :

Metallic zinc is bluish white. At low temperatures and at about
200° C. it is so brittle that it can be pulverized, but at 110°-150° C.
it is ductile and can be drawn out into wire and rolled into foil.

Zine, as its position in the electromotive series would indicate (p.41)
dissolves readily in all acids; in hydrochloric, sulfuric, and acetic
acids with evolution of hydrogen:

Zn+2H* — Zntt+H, 1.

Zinc is such a strong reducing agent that it easily reduces nitric acid,
the extent of the reduction depending upon the concentration of the
acid. With very concentrated acid, some NOs is obtained, while dilute
acid is reduced to ammonium nitrate. In concentrated acid the prin-
cipal product is nitric oxide, NO.

3Zn+8HNO3 — 3Znt+t4+6N0s~+4H20+2NO 1.
4Zn+10HNO3 — 4Zn* *+8NO3~™+NH4NO3+3H0.

Like aluminium, zinc dissolves in caustic soda or potash, with
evolution of hydrogen and the formation of a zincate:

Zn+20H — ZnOs=+H, 1.

Zinc forms only one oxide, ZnO. It is a white infusible powder,
which becomes yellow when heated, but turns white again on cooling.
Zinc oxide dissolves readily in acids, forming zinc salts:

Zn0+H2804=H204ZnS04.

There exists only one series of zinc salts, and the zinc is always
bivalent. Most of the salts are white. The chloride, nitrate, sul-
fate, and acetate are soluble in water; the remainder dissolve readily
in mineral acids.

REACTIONS IN THE WET WAY

1. Potassium or Sodium Hydroxide precipitates white, gelatinous
zinc hydroxide, easily soluble in excess of the precipitant, forming a
zincate:*

Zn++4+20H" — Zn(OH)s; Zn(OH)s+O0H" = HZnOy~ +H.,0.

* According to HanTzscr the zinc is not present as zincate, but probably in
colloidal solution. Z. anorg. Chem., 30, 289 (1902). In fairly concentrated solu-
tions, however, it is certain that the zinc is present as zincate, for F. FOERSTER
and O. GUNTHER, Z. Electrochem., 6, 301 (1900), have isolated the compound,
NaHZnO -3H,0, as needles with silky luster.
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Zinc hydroxide, therefore, behaves sometimes as a base and some-
times as an acid, like aluminium hydroxide.

On boiling a diluted solution of a zincate, hydrolysis takes place
and zinc hydroxide is precipitated, but if the solution contains an excess
of OH™ ions, there will be no precipitation.

2. Ammonia precipitates from neutral solutions, free from am-
monium salts, zine hydroxide, readily soluble in ammonium salts,
as in the case of magnesium, nickel, manganese, or iron:

Znt*+2NH4OH < Zn(OH)+2NH,4*.

Zinc hydroxide is also soluble in an excess of ammonia, due to the
" formation of complex zinec ammonia ions:

Zn(OH),+6NH3 — [Zn(NHa)e* *+20H".

3. Alkali Carbonates precipitate a white, basic carbonate, of
variable composition, as is the case with magnesium. /

4. Ammonium Carbonate does the same, except that the pre-
cipitate is soluble in an excess of the reagent. The presence of am-
monium salts or of ammonia prevents the precipitation.

5. Barium Carbonate precipitates no zine in the cold, but on boiling
all the zinc is precipitated as basic carbonate.

6. Sodium Phosphate precipitates gelatinous, tertiary zinc phos-
phate, which soon becomes crystalline, and is soluble in ammonia and
in acids:

3Znt *4+4HPO, — MQPO4_+ZH3 (POy)s.

In the presence of ammonium salt, the less soluble zine ammonium
phosphate is precipitated:

Zntt4 NH{': +2HPO4s~ — HoPO4 +ZnNHPO,.

Both zinc phosphate and zinc ammonium phosphate dissolve readily
in dilute acids, owing to the formation of very slightly ionized HPO,™,
and in dilute ammonia, owing to the formation of zinc ammonia cations.
Acids, therefore, deprive the solution of PO4~ anions by forming HPO4~,
and ammonia deprives the solution of zincions by forming [Zn(NH3)g]*+

7. Hydrogen Sulfide precipitates the zinc as sulfide, from neutral
solutions of a zinc salt:

Zntt+HoS 2 ZnS+-2HT.

The solubility product of zinc sulfide (p. 22) is about 1.2X 1072, At 25°
the concentration of a saturated solution of hydrogen sulfide is about 0.1 molar
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and the ionization constant for the complete ionization, H,S @ 2H+S, has been
estimated to be 1.1 10723, The concentration of the sulfide ion in such a solu-
tion is approximately 1.2 107! molar equivalents per liter. The solubility-
product of zinc sulfide is evidently exceeded when the aqueous solution of
a zine salt is saturated with hydrogen sulfide and zinc sulfide is precipitated.
The mass-action principle applied to the complete ionization of hydrogen
sulfide shows that the concentration of sulfur ions is inversely proportional
to the square of the concentration of the hydrogen ions. If the concentration
of the hydrogen ions is increased one thousandfold, and this is approximately the
case when the solution is tenth-normal with a mineral acid, the concentration
of the sulfide ions from hydrogen sulfide is reduced to one-miilionth of its value
in pure water.

The separation of the second group of metals from the third group is usually
accomplished by passing hydrogen sulfide into a solution which is about 0.3-
normal with hydrochloric or nitric acid. The concentration of the sulfide ion
when such a solution is saturated with hydrogen sulfide at 25° is about
1.1X10722, To reach the solubility product of zinc sulfide in 0.3-normal acid,
the zinc ions should reach the concentration of about 0.11 mole per liter, or
about 0.7 gm. per 100 cc.*

“If the zinc salt has a greater concentration than this, some zinc sulfide
should be precipitated by hydrogen sulfide in 0.3-normal acid solution. The
precipitation would evidently be incomplete and, as more hydrogen ions are
formed in solution from the hydrogen sulfide as a result of the sulfide precipita-
tion, the ionization of the hydrogen sulfide continually tends to become less.

If, however, considerable sodium or ammonium acetate is added to the acid
solution, the concentration of the hydrogen ion becomes much smaller and the
ionization of the hydrogen sulfide takes place to a greater extent. It is then
possible to precipitate the zinc as sulfide so completely that less than one i mg.
of zinc will remain in solution.

Zinc sulfide dissolves readily in normal hydrochloric acid. The sulfur ions
from the zinc sulfide enter into equilibrium with the hydrogen ions of the acid
to form hydrogen sulfide. In normal acid solution, the concentration of sulfur
ions from saturated hydrogen sulfide is about 1.2)X 1072 and of sulfur ions
from a saturated solution of ZnS in water about 3.5X 10712

8. Ammonium Sulfide precipitates from neutral or alkaline solutions
all the zinc as amorphous sulfide: :

Zntt48= — ZnS.

Zinc sulfide is a precipitate hard to filter; it runs through the
filter-paper, particularly on washing. This is a peculiarity of almost
all metallic sulfides and of many other amorphous bodies, such as
aluminium hydroxide, titanic acid, tungstic acid, and many others.
This is due to its tendency to form colloidal solutions (p. 58). The
colloid can be precipitated by adding a concentrated salt solution or

. by boiling.

* This value is merely an approximation, being derived by a rough calculation
from values which are not very reliable.
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In order, then, to obtain zinc sulfide in a form which can be
filtered, it is best precipitated from a boiling solution containing acetic
acid and a considerable quantity of ammonium salts. The precipitate
may be washed with a solution of ammonium chloride to which a little
ammonium sulfide has been added.

9. Potassium Cyanide produces a white precipitate of zinc cyanide,
soluble in an excess of the precipitant.

Znt+t4+2CN~ 2 Zn(CN)z; Zn(CN)2+2CN~ — [Zn(CN)4]".
The zinc-cyanide anion is decomposed by acids and by alkali sulfide:
' [Zn(CN)4=+2H* — Zn(CN),+2HCN;
[Zn(CN)4]™ 48~ — ZnS+4CN™.

10. Potassium Ferrocyanide precipitates white zinc ferrocyanide,
which is changed by an excess of the potassium ferrocyanide into less
soluble zinc-potassium ferrocyanide:

[Fe(CN)g]~~+2Zn** — Zn,[Fe(CN),)
3Zn,[Fe (CN)g]+XK4[Fe(CN)g] — 2K2Zns[Fe(CN)gl2

REACTIONS IN THE DRY WAY &

Heated with sodium carbonate on charcoal before the blewpipe,
it is not possible to obtain metallic zinc on account of its volatility;
but an incrustation of oxide is obtained which is yellow while hot
and white when cold.

Zinc oxide (or such compounds of zinc as are changed over to oxide
on ignition), when moistened with cobalt nitrate yields a green infusible
mass—Rinnmann’s green. This reaction is performed exactly as with
aluminium (p. 131).

Separation of the Metals of Group III from the Alkalies and
Alkaline Earths

The separation of the members of the ammonium-sulfide group
from the alkalies and alkaline earths is effected by means of ammo-
nium sulfide and ammonium chloride. If, however, the solution
contains phosphoric acid, oxalic_acid, or considerable boric acid, the
neutralization of the solutions will cause the precipitation of ealeium,
strontium, barium, and magnesium as phosphate, oxalate, or borate.
The procedure to be followed when such acids are present will be given
in Part IV of this book after the characteristic properties of the acids
have been described in Part III.
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MEeTHOD A

Solution may contain:

Fet++, Fet+ U0+, Alt++ Crt++ Mnt+, Znt+

Cott, Nitt, also Groups IV and V. Add NH,OH and (NH.),S. Filter and

examine fillrate for Groups IV and V. Treat ppt. with 2-normal HCl. (2)
Residue: CoS, | Solution: Fet+ UOQ,*+, Alt++, Crt++ Mnt+, Znt+ [and some
NiS. Testfor | Ni]. Add NaOH in excess. (4)
Ni and Co by :
bead test. Test | precipitate: Fe(OH);, Cr(OH)s, | Filtrate: AlO,~, HZnO,~. Add
for Ni  with | Ng,U,0;, Mn(OH); [and some | HCI and then NH,OH. (10).
dimethyl-| Ni(OH),. Dissolve in HCI,
glyozime 444 NH,Cland NHOH. (5)
and for cobalt
Z:fﬁn 7,:?;2;_ Precipitate:|Filtrate: |Precipi-|Filtrate: Zntt,
anate. (3) Fe(OH);, Cr(OH)s;| Mn t+| tate: AIOH)s| Acidify with
(NH4),U:07. Dis-| (and Confirm by | HC.H;0, add
solve tn HCIl| Nit+)| Thénard’s| H,S and con-
and add excess| Test for| bluetest. (10)| firm Zn by
(NH,):CO;. (6) Mn by Rinnmann’s
(NH,)2S green lcst.
Precipitate:|Filtrate: Nltjzgi() a1
Fe(OH)s, | (NH)UO0CO)s [ o p f;_
Cr(OH)s | Acdify with sion with
Test for| HCl and test Na,CO
Fe with| with and.
I(qFC (CN)e Kqu(CN)e KENO
TestforCrby | (8) ©) &
fusion with
Nay,CO; and
KNO;,ete. (7)

A number of excellent schemes have been devised for the analysis of this
group and each has something in its favor. In this book it has seemed best
not to attempt to decide upon any one scheme, but rather to treat the subject
in a broader manner, partly because of the instructive value of studying several
schemes and partly because one scheme is best under certain conditions and
another scheme under different conditions. Thus it is a quite common practice
to divide the whole group into two minor groups, one containing ferric iron,
aluminium, chromium, and uranium and the other containing manganese,
nickel, cobalt and zinc. Such a scheme often works very nicely and enables one
to arrive at proper conclusions quickly but, unfortunately, chromium when
precipitated in this scheme has a marked tendency to carry down zinc and
magnesium with it, and this may result in the failure to detect zinc or magnesium
during the subsequent examination. Chromium, however, on account of the
color of its compounds, invariably betrays its presence before the actual test
for chromium is made, and it is a very easy matter to modify the method some-
what when chromium is present in order that zinc and magnesium will not be
missed. It is unnecessary to use such a modified method when chromium is
known to be absent. In most schemes of analysis the detection of uranium and
titanium is not provided for in the analysis of this group. Titanium, although
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present in most rocks, is usually found in very small quantities. When much
titanium is present, this fact is known by the difficulty involved in getting the
substance in solution and the tendency of the dilute acid solutions to hydrolyze
and form precipitates of metatitanic acid, which are difficult to filter. When
much titanium is present it is precipitated according to p. 158, § 4. To detect
small quantities of titanium, the hydrogen peroxide test (p. 159) is most suit-
able. Uranium is of relatively .rare occurrence, but its ores have become
important since the discovery of radium in them. The detection of uranium
will be included in the first of the schemes of analysis that follow.

PROCEDURE

1. Heat the neutral solution to boiling, add 5 cc. of normal ammonium
chloride solution, if this salt is not already present, and ammonium sulfide
solution drop by drop until no further precipitation takes place. Avoid add-
ing an excess of ammonium sulfide on account of the danger of getting a turbid
precipitate when nickel is present. (To avoid this danger it is well to pass
hydrogen sulfide into the slightly ammoniacal solution instead of adding ammo-
nium sulfide. The reason why nickel sulfide runs through the filter is partly
because ammonium polysulfide is present to some extent in the ammonium sul-
fide reagent that is not freshly prepared.) Filter off the precipitated sulfides
and wash promptly with hot water. If the moist sulfides are allowed to stand
exposed to the air, some sulfate is formed by oxidation and this will dissolve in
the wash water. Reject all but the first washings and use the filtrate for the
analysis of the alkaline earth and alkali groups (p. 111).

2. Digest the precipitated sulfides in a porcelain dish with cold, 2-normal
hydrochloric acid, stirring until no more hydrogen sulfide is evolved. Filter
off the residue, which consists chiefly of cobalt and nickel sulfides and wash with
a little hydrochloric acid. Usually a partial oxidation of the sulfide takes place
during this treatment with dilute acid and sulfur is formed which is likely to
enclose a little sulfide that should dissolve in the acid. The fact that a residue
remains is not, therefore positive proof of the presence of nickel or cobalt.
Examine the solution by § 4.

3. Test the residue for cobalt by heating a little of it in a borax bead; a
blue bead shows cobalt. If the borax bead is brown, further test for nickel is
unnecessary. If a Llue bead was obtained, test for nickel by dissolving the
precipitate in aqua regia, evaporating just to dryness, adding a little water
and testing with dimethylglyoxime (p. 176). If a brown bead was obtained,
dissolve the precipitate as just deseribed and, to the solution freed from mineral
acid, add a concentrated solution of potassium nitrite, acidify with acetic acid
and allow the solution to stand at least ten minutes. A fine yellow precipitate
of K;[Co(NO,)s] shows that cobalt is present.

4, Evaporate the solution obtained in (2) to a small volume, oxidize any
iron present to the ferric condition by heating with a little strong nitric acid,
then add sodium hydroxide solution until a strongly alkaline solution is obtained,
boil and filter. Examine the filtrate by § 10.

The precipitate may contain iron, chromium, uranium and manganese
(with a little nickel) and the filtrate may contain aluminium and zine. :

5. Dissolve the precipitate in as little hydrochloric acid as possible, dilute
the solution with hot water and boil several minutes. Add 5 ce. of ammonium
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chloride solution, make barely alkaline with ammonia and filter promptly. The
precipitate contains all the iron, chromium and uranium; the filtrate, which
may contain manganese, and traces of nickel, is analyzed by § 9.

6. Dissolve the precipitate in as little hydrochloric acid as possible, add a
large excess of ammonium carbonate solution, heat gently but do not boil long,
and filter. The precipitate contains the iron and chromium; the filtrate
contains uranium in solution as ammonium uranyl carbonate. Analyze
by § 8.

7. Test the precipitate obtained in (6) for iron by dissolving a part of it in
a few drops of hydrochloric acid, diluting with a little water and adding potas-
sium ferrocyanide solution. The formation of Prussian blue shows the presence
of iron. Test another portion of the precipitate for chromium by mixing it
with sodium carbonate and potassium nitrate and fusing to form sodium
chromate. Dissolve the melt, which is yellow if chromium is present, in water,
acidify the aqueous extract with acetic acid and add a drop of silver nitrate
solution; a red precipitate of silver chromate is formed if chromium is present.

8. To test for uranium, add hydrochloric acid to the-solution obtained in (6)
and treat the slightly acid solution with potassium ferrocyanide; a brown pre-
cipitate shows the presence of uranium.

9. Test the filtrate from (5) for manganese. ~Evaporate the solution to
dryness, dissolve the residue in a little water and add a few drops of potassium
cyanide solution. Dilute with water, add ammonium sulfide and boil. A
flesh-colored precipitate is MnS. To confirm the test, dissolve a portion of the
precipitate in concentrated nitric acid, add a little lead peroxide and boil.
Dilute with water and allow the precipitate to settle; manganese is shown by
the characteristic color of the permanganate ion. Or, a small portion of the
manganous sulfide can be fused with sodium carbonate and potassium nitrate.
A green melt shown shows the presence of manganese.

10. Test the filtrate obtained from (4) for aluminium and zinc. Make it
acid with hydrochloric acid and then add a slight excess of ammonia. A white
precipitate is AI(OH);. Filter and test the filtrate for zine (11). To confirm
the aluminium test, dissolve the precipitate or a small portion of it in nitric acid
and add half as many drops of 1 per cent cobaltous nitrate solution as there
are presumable milligrams of aluminium in the precipitate and evaporate the
solution nearly to dryness in a casserole. Soak up the solution in a small piece
of filter paper, roll up the paper and wind a platinum wire around it. Heat in
the flame till all the paper is consumed and then ignite strongly. Thénard’s
blue shows the presence of aluminium (p. 131).

11. To test for zinc, acidify the solution obfained in (10) with acetic acid and
saturate it with hydrogen sulfide. Filter and dissolve the precipitate in a little
nitric acid. Add 1 drop of cobalt nitrate solution and as many more drops as
there are estimated to be centigrams of zinc present. Evaporate to dryness
and ignite the contents of the dish until the purple color of the cobalt salt disap-
pears, Rinnmann’s green (p, 188) shows the presence of zinc.
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TaBLE VI.—ANALYsis oF Group III IN ABSENCE OF PHOSPHATE
Method B

Solution may contain Fet+, Fet++ Al+++ Cr+++ Mnt+, Znt+, Cot+, Nit+,
and Groups IV and V (p. 111 or p. 113).

Add NHOH and (NH,),S. Filter and examine filtrate for Groups IV and V.

Dissolve ppt. in HCl and HNO;. Evaporate, treat with NaOH and Na,0, and
filter. (2).

Precipitate: Fe(OH);, H.MnO; Co(OH)s;| Filtrate: AlO,~, CrOs,
Ni(OH)y[Zn(OH).). Dissolve in HNO;3 and H,0,.|| HZnO,~. Acidify with HNO,
Evaporate and boil with conc. HNO3;+KClOs. (3) || and add NHLOH. (12)

Precipi-|Filtrate: Fet++, Cot+, Nit+, [Znt+]. ||Precipi-|Filtrate: CrO,, Zn.
tate: Add NHOH. (5) tate: Add HC:H;0, and
MnoO, AIOH);. | BaCl,. (14)
3}?;}5,”3 Precipi- |[Filtrate: Co(NHyst+, g‘;nfs”:‘n

 tate: Ni(NHy)et+, [Zn(NHa)sHH. N

+ H.0, Fe(OH);s.| Saturate with HyS and treat ppt. methOdPtreclpl. F‘éltrate.
and test . A. (13)| ta bte:l Zn. Sat-

Test for| with 2-normal HCl. (7) BaCrO ¢

Jor Mn| po g5 in BT uraze
with Method - - Pwsolve with HyS
NaBiOs.| 4 ®) Residue: (Solution: Znt+, in HCIl| and con-
@ . CoS,NiS.| traces of Co*+ and and | firm zine

Test for| Nit+. Add NaOH H,S80;.| asin
Ni and| and Nax0.. (9) Evapo- | Method
Co as in rate. A. (16)
Method Precipi-|Filtrate: Green
4. ) | tat e: NaZnO,. color
Co(OH)s| Acidify shows
Ni(OH),.| with Cr. (15)
Add to| HC:H;0,
residue | and sat-
of COS,|urate
N1i8.(10)| with H.S
Confirm:
Zn as in
Method
A. (11)
PROCEDURE

1. Precipitate with ammonium sulfide as in Method A, filter and examine
the filtrate for the alkali and alkaline-earth metals.

2. Digest the sulfide precipitate with hot, 6-normal hydrochloric acid and
add enough nitric acid to dissolve the nickel and cobalt sulfides. Dilute with
water and filter off the residual sulfur. Evaporate the solution nearly to dry-
ness to remove the excess of acid, dilute to about 25 cc. and carefully neutralize
with pure sodium hydroxide. If a very heavy precipitate is produced, it is
best to dilute with a little more water. To the cold solution carefully add a
little sodium peroxide powder. (On account of the violent reaction with water,
and the fact that the powder often contains a little free sodium, care should be
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taken not to add the peroxide too fast or to a hot solution. Only a little perox-
ide should be taken from the container at one time and it should be transferred
directly to glass and never to paper.) Finally boil the solution to decompose
the excess of peroxide, dilute with an equal volume of water and filter. The
precipitate contains ferric hydroxide, hydrated manganese dioxide, cobaltic hydroz-
ide and nickelous hydroxide. The filtrate contains sodium aluminate, chromate
and zincate. The separation is faulty in the case of zinc which normally stays
in solution. Asmuch as 5 mg. of zinc may be carried down with the precipitate
when much iron, nickel or cobalt is present, and as much as 20 mgs. by con-
siderable manganese. This is probably due to the amphoteric nature of the
precipitated hydroxides and the insolubility of the zinc salts of the corresponding
acids. Examine the filtrate for chromium, aluminium and zinc by § 12.

3. Dissolve the precipitate in hot, 6-normal nitric acid, adding as much hydro-
gen peroxide as is necessary to reduce the manganese and cobalt to the bivalent
condition (cf. p. 33). Evaporate the solution nearly to dryness, add 15 ce.
of 16-normal nitric acid and about 1 gm. powdered potassium chlorate and heat
to boiling. Add 10 cc. more of concentrated nitric acid, heat to boiling, remove
the flame and add 0.5 gm. more of potassium chlorate. Repeat the treatment
with fresh portions of chlorate until about 3 gms. of chlorate have been used. Do
not add the chlorate to the nitric acid solution while it is boiling, as an explosion
is likely to result, but boil after the addition of each portion of chlorate. The
treatment with chlorate is best accomplished in a 250-cc. Erlenmeyer flask.
If a precipitate of MnO, is formed, filter through a thin layer of good-quality -
washed asbestos which is supported by a little glass wool in an ordinary funnel.
Test the filtrate for manganese by adding 1 gm. of potassium chlorate and boil-
ing again. Wash the precipitate with a little concentrated nitric acid, which
has been freed from nitrous acid by boiling with a little potassium chlorate
just previous to use. Examine the filtrate for iron, cobalt, nickel and zinc
by § 5.

4. Dissolve the precipitated manganese dioxide with a little hot 6-normal
nitric acid and a few drops of hydrogen peroxide. Boil to decompose any excess
of the latter and cool to room temperature. Add a little solid sodium bismuth-
ate, shake and let the solid settle. A purple solution shows the presence of
manganese (cf. p. 167).

5. Add an excess of ammonia to the filtrate from (3) to precipitate ferric
hydroxide, leaving cobalt, nickel and possibly some zinc in solution as soluble
complex metal-ammonia cations. Examine the filtrate by § 7.

6. Examine the precipitate for iron as in Method A. i

7. Saturate the filtrate from (5) with hydrogen sulfide, filter off the precipi-
tated cobalt, nickel and zine sulfides and reject the filtrate. Digest the pre-
cipitated sulfides with 2-normal hydrochloric acid to dissolve any zine sulfide
that may be present; a little nickel and a trace of cobalt may be dissolved by
this treatment. Examine the solution for zinec by § 9.

8. Test the sulfide residue for nickel and cobalt as in Method A.

9. Neutralize the solution obtained in (7) with sodium hydroxide and add
sodium peroxide as in (2). Examine the filtrate by § 11.

10. If deemed advisable, any precipitated Ni(OH). and Co(OH); may be
added to the sulfide residue obtained in (7) and tested for nickel and cobalt as
in (8).

11, Acidify the filtrate from (9) with acetic acid and saturate the solution
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with hydrogen sulfide. Any precipitate that forms is probably zinc sulfide.
Confirm the 2inc test as in Method A.

12. Acidify the filtrate from (3) with nitric acid and add ammonia until
present in slight excess. Heat to boiling to coagulate any precipitated alumin-
ium hydroxide and filter. Test the filtrate by § 14.

13. Confirm the presence of aluminium as in Method A.

14. If chromium is present in the filtrate from (12) it is shown by the
yellow color of the chromate ions. If the solution is colorless at this point it
is unnecessary to test for chromium. If it is yellow, carefully neutralize with
acetic acid until a slight excess is present, heat to boiling and precipitate by
the gradual addition of hot barium chloride solution. Filter and test the
filtrate for zinc by § 16.

15. The yellow precipitate of barium chromate is conclusive evidence of
the presence of chromium. Sometimes the yellow precipitate is obscured by a
white precipitate of barium sulfate. To confirm the chromium test, dissolve the
precipitate of barium chromate by pouring a mixture of 3 cc. 6-normal hydro-
chloric acid and 10 cc. of saturated sulfur dioxide solution through the filter
several times. Evaporate the filtrate to dryness in a porcelain dish, taking
care not to overheat the residue, and add a few drops of water. A green color
shows the presence of chromic ions which were formed by the reduction of the
chromate. Sometimes a yellow color is obtained during the evaporation. This
is due to the presence of a very little ferric chloride which has gotten into the
solution accidentally. It does not interfere seriously with the test.

16. Saturate the filtrate from (14) with hydrogen sulfide.and if a precipitate
of zine sulfide is formed confirm the test as in Method A.



METALS OF GROUP II. HYDROGEN SULFIDE
GROUP

MERCURY, LEAD, COPPER, BISMUTH, CADMIUM, ARSENIC, ANTIMONY,
TIN (GOLD, PLATINUM®

MERCURY, Hg. At. Wt. 200.6
Sp. Gr.=13.60. M. Pt.= —38.7°. B.Pt.=357°

Occurrence.—Mercury occurs in nature chiefly in the form of
rhombohedral cinnabar, HgS; from the ore, free mercury is obtained
by sublimation. According to G. F. Becker,* cinnabar is deposited
from solutions of its thio salt. The richest deposits are those of New
Almaden in California, where it occurs with serpentine; of Almaden
in Spain, Idria in Carniola, and Moschellandsberg in the Palatinate of
the Rhine. With cinnabar small quantities of native mercury are
often found. Mercury is also an important constituent of many varie-
ties of tetrahedrite.

Metallic mercury is the only one of the metals which is liquid at
ordinary temperatures. It is insoluble in hydrochloric and dilute sul-
furie acids, but is soluble in hot concentrated sulfuric acid with evolu-
tion of sulfur dioxide, forming mercurous or mercuric sulfate accord-
ing to whether the metal or the acid is present in excess:

Hg+2H>804 =HgS0442H20+802 1
2Hg+2H2504 = Hg2S04+2H20+S02 1

Hydrobromie acid hardly attacks the metal at all, while in hydriodic
acid the metal dissolves readily with evolution of hydrogen:

Hg+4HI = Ho[Hglg+Ho |

The position of mercury in the electromotive series (p. 41) shows
that mercury cannot be oxidized by H* except when the concentration
of Hg** is extremely low. This explains why mercury does not dissolve
in dilute hydrochloric or sulfuric acid. It seems remarkable, therefore,
that mercury should be oxidized by hydriodic acid. The reason the

* Geology of the Quicksilver Deposits of the Pacific Slope. Washington, 1888.
195 .
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hydrogen of hydriodic acid can accomplish the oxidation of the mercuirs:
is because the compound Hy[Hgly] is scarcely dissociated at all into
Hg** ions (cf. p. 10).

The proper solvent for mercury s nitric actd.

If the metal is treated with hot concentrated nitric acid, mercuric
nitrate is formed:

3Hg+8HNO3 =3Hg(NO3):+4H,0+2NO T.

If, however, cold nitric acid is allowed to act upon an excess of mer-
cury in the cold, mercurous nitrate is obtained:

"Hg(NO3)2+Hg=Hgz(NO3)2.

Mercury is attacked by chlorine, forming calomel (mercurous
chloride):
2Hg+Cl2 =HgsCls.

Two oxides of mercury are known: yellow or red mercuric oxide,
HgO; black mercurous oxide, Hg2O.

These oxides are basic anhydrides, from which two series of salts
are derived: (a) The mercuric salts, which contain Hg*t+, and (b) the
mercurous salts, which contain the group Hgs*+. We will consider
first the more stable mercuric salts.

Mercuric Salts

Mercuric salts are mostly colorless. The iodide is red or yellow.
Ey heating the red tetragonal crystals of mercuric iodide a yellow sub-
limate of orthorhombic needles is obtained, which gradually changes
back to the red tetragonal modification; very quickly, almost instantly
if the yellow crystals are rubbed. This is a general property of dimor-
phous bodies; the more symmetrical form is almost always the more
stable.

The sulfide is black or red.

Mercuric chloride is soluble in water, 100 cc. of water dissolving
6.57 gm. at 10°, 7.39 gm. at 20 cc., 11.34 gm. at 50 cc., 24.3 gm. at
80° and 53.96 gm. at 100°.

In water containing hydrochloric acid, mercuric chloride is much
more soluble than in pure water; and in fact the solubility increases
with the concentration of the hydrochloric acid, due to the formation
of the complex acid Ho[HgCly]. Alkali chlorides also help to dissolve
mercuric chloride, forming salts of this complex acid. Mercuric chloride
is more soluble in alcohol and in ether than it is in water.

The aqueous solution of mercuric chloride is a poor conductor of
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electricity; it is dissociated to a slight extent only and acts quite
differently in many cases from a solution of the nitrate, which is a good
conductor of electricity and therefore contains a good many mercuric
ions. The cyanide differs from the nitrate even more, as we shall see.

Mercuric bromide is difficultly soluble in water (94 cc. of water
at 9° dissolve only 1 gm. of the bromide), but is readily soluble in alcohol,
and still more soluble in ether. The iodide is more difficultly soluble.

The halogen compounds of mercury readily form complex com-
pounds with the halogen compounds of the alkalies, which are very
stable.

Mercury compounds are furthermore characterized by the readi-
ness with which they undergo hydrolysis, forming insoluble basic
salts. Thus the sulfate is decomposed when diluted largely with
water (particularly on warming) into a yellow insoluble basic salt:

3HgSO0,4 +2H20 — 2H2804+Hgs02S04.

The presence of hydrogen ions prevents this hydrolysis.
The nitrate also is readily hydrolyzed into more or less insoluble
basic salts, according to the dilution.

Hg(NOs)2+H20 = HNO3+Hg(OH)NO3,
or,
2Hg(NOs)2+2H20 = HgoO(OH)NO3+3HNOs3.

REACTIONS IN THE WET WAY

A solution of mercuric chloride and one of mercuric nitrate are
used for these reactions.
1. Fotassi m Hydroxide precipitates yellow mercuric oxide:

HgCly4-20H™— 2C1~+H204HgO.

The hydroxides of the noble metals are exceedingly unstable;
they lose water, as a rule, even in aqueous solution, forming the anhy-
drous oxide.

On adding a lesser amount of caustic potash to a solution of mercuric
chloride, a reddish-brown precipitate of basic chloride is obtained:

2HgClg+2OH— — 2C1"+H,0 +ngOClz,
or
3HgCla+40H — 4Cl™42H>0+Hg30:Cls.
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Mercuric oxide and the basic salts are readily soluble in acids.
2. Ammonia produces in a solution of mercuric chloride a white
precipitate of mercuric aminochloride:

HgClo+2NH; — NHt+Cl™+Hg(NH2)CL

This compound, the so-called ‘ infusible precipitate,” volatilizes
before it melts. It is soluble in acids, and in hot ammonium chloride,
forming the ‘“ fusible precipitate ”’

Hg(NH2)Cl+NH4Cl =Hg(NH3)2Cls.

If ammonia is allowed to act upon mercuric nitrate a white oxy-
amino compound is always formed:

HE
2Hg(NO3)2+4NH3+H20 — 3NH4N03+0\ /NH2 .NOa.
Hg

3. Potassium Iodide produces a red precipitate of mercuric iodide,
HgClo+2I" — 2C1™+Hgl,,
soluble in excess iodide ions, forming a colorless complex anion:
| Hgl+21" — [Hely] ™.

This complex anion is scartely dissociated at all into simple mercuric
cations, for the solution gives no precipitate with caustic soda or potash.
The alkaline solution is the so-called ‘“ Nessler’s reagent,”” and serves for
the detection of very slight traces of ammonia. There is formed in this

reaction the brown-colored compound, O\ g\NHg I, which is
H

soluble in an excess of the ‘ Nessler's reagent,” with an intense yellow
color (cf. p. 90).

4. Alkali Carbonates precipitate from both the chloride and the
nitrate a reddish-brown basic carbonate in the cold,

4HgCla+4NasCO3 =8NaCl+3C0; T 4+Hgs03-COs3,

which on boiling loses carbon dioxide and is changed into yellow mer-

curic oxide. ,
5. Alkali Bicarbonates produce no precipitation in a solution of

mercuric chloride, but do cause precipitation from mercuric nitrate-

4Hg(NO3)2+8NaHCO; =8NaNO3+4H;0+7C0; T +Hgs05COs.

6. Hydrogen Sulfide produces in solutions of mercuric salts a
precipitate which is at first white, then yellow, brown, and finally
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black. The white precipitate is formed according to the following
equation:
3HgClo+2H,S — 4HCl1+HgsCloSs.

By the further action of hydrogen sulfide, black mercuric sulfide is
finally obtained:
HgsCl:S: +H.S =2HCl1+4-3HgS.

Mercuric sulfide is insoluble in dilute boiling acids. Hot concen-
trated nitric acid transforms it gradually into white HgsS2(NOs)e,

9HgS+8HNO3 =2NO T +3S+4H;0 + 3HgsS5(NO3)5,

which by long boiling is changed into the soluble nitrate. )
It dissolves readily in aqua regia, forming the chloride with separa-
tion of sulfur:

3HgS+6HCI4+2HNO3 =3HgClo4-3S42NO T 4+4H,0.

Mercuric sulfide is insoluble in caustic soda and potash solutions,
and in ammonium sulfide, but it dissolves readily in sodium or potas- -
sium sulfide:

HgS+KoS = Hg(SK)e.

By dilution with water this compound is completely hydrolyzed
into mercuric sulfide, potassium hydrosulfide and potassium hydroxide:

Hg(SK)2+H:0 =2 KOH+KSH+HgS.

Therefore it is always necessary to dissolve the mercuric sulfide
with considerable potassium sulfide, or with little potassium sulfide
and considerable caustic potash, in order to prevent this hydrolysis.

The fact that Hg(SK)» is so readily hydrolyzed explains the forma-
tion of cinnabar in nature. In the interior of the earth the thio
compound is formed, which is brought by springs to the surface and there
undergoes the above decomposition.

7. Potassium Cyanide produces in a solution of mercuric chlo-
ride no precipitation, because the cyanide, as well as the chlo-
ride, forms readily soluble complex compounds with alkali chlorides.
The following are known: K[HgCls], Ks[HgCly], K[Hg(CN):Cl],
Ko[Hg(CN)2Clz] and Ko[Hg(CN)4].

In a concentrated solution of mercuric nitrate, potassium cyanide
produces a precipitate of mercuric cyanide, soluble in considerable
water and in potassium cyanide:

Hg(NO3)2+2CN™ — 2NOs~+Hg(CN)3,



200 HYDROGEN SULFIDE GROUP

Mercuric cyanide is the only cyanide of the heavy metals that is
soluble in water. It dissolves mercuric oxide perceptibly, forming
the complex compound (HgCN)2O. Mercuric cyanide is not pre-
cipitated by alkali carbonates or by caustic alkalies, because the
mercuric oxide is soluble in mercuric cyanide. It is not decomposed
by dilute sulfuric acid, although it is by the halogen acids—most
difficultly by hydrochloric acid, and most readily by hydriodic acid;
hydrogen sulfide decomposes it with precipitation of mercuric sulfide:

Hg(CN)z-+H,S = 2HCN +HgS.

8. Neutral Alkali Chromates precipitate yellow mercuric chromate
from both the chloride and nitrate solutions. On long standing or
by boiling, the precipitate becomes red, a basic salt being probably
formed.

9. Alkali Dichromates throw down a yellowish-brown precipitate
from the nitrate solution, but not from the chloride.

10. Ferrous Sulfate reduces mercuric nitrate on boiling to metallic
mereury:

Hg(NO3)2+2Fe* * — 2Fe™ *++2N03;~+Hg.

Mercuric chloride and cyanide are not reduced by ferrous sulfate.
11. Stannous Chloride reduces mercuric salts, at first to insoluble
mercurous chloride (calomel),

2HgClz +Sn+ = Sn+ ++ ++Hg2C12,

and by further action to metal,
Hg:Clo+Snt+=8nt+++42Hg.

Metallic mercury separates out in the form of a gray powder.
By decanting the solution, and boiling the residue with dilute hydro-
chloric acid, the mercury appears in tiny globules. -

12. Copper, Zinc, and Iron precipitate mercury from solutions
of its salts:

HgCly+Fe=Fett+2Cl"+Hg,*

HgClz+4-2Cu=CusCl2+Hg.

On placing a drop of mercury solution (whether of a mercurous or a
mercuric salt) upon a piece of bright copper-foil, a gray spot is formed,
which, after being dried, becomes bright as silver on rubbing.

* This reaction is employed for detecting metallic iron in the presence of FeO.
If an excess of HgCl, is present Hg;Cl, is formed (cf. p. 148).
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Mercurous Salts

The mercurous salts all contain the bivalent mercurous group
Hgo"* and are changed more or less readily into mercuric salts, splitting
off one atom of mercury from the molecule. Mercurous salts contain-
ing oxygen, like mercuric salts, are readily hydrolyzed in dilute aqueous
solutions; thus the nitrate is decomposed according to the equation

Hgo(NO3s)e+HOH =HNO3+Hgs(OH)NOs.

Mercurous chloride (calomel) is insoluble in -water and hydro-
chloric acid, but soluble in nitric acid and aqua regia.

REACTIONS IN THE WET WAY

1. Caustic Potash precipitates black mercurous oxide:
Hgo (NO3)2+20H™ — 2NO3~+H0 +Hg20.

2. Ammonia produces a black precipitate of mercuric amino salt
with metallic mercury:

4Hg(NOg);+4NHs+Hy0 = 3NH4N03+O< >NH2N03+2Hg
Hg
It can easily be shown that this precipitate contains metallic mer-
cury by rubbing a piece of pure gold over it; silver-lustrous gold amal-
gam will be formed.
Mercurous chloride gives with ammonia a mercuric amine with

separation of metallic mercury:
Hg.Clo+2NH3z=NH.Cl4+Hg(NH,)Cl+Hg.

By boiling the black precipitate with dilute hydrochloric acid
or with concentrated ammonium chloride solution, the mercuric amine
goes into solution, leaving behind drops of mercury.

3. Alkali Carbonates give, first, a yellow precipitation of the car-
bonate, which quickly becomes gray, owing to the formation of mer-
curic oxide, metallic mercury, and carbon dioxide:

Hg2(NO3)2+NaxCO3 =2NaNO3+Hg.CO3,
and
Hg.CO3=HgO+Hg+CO2 T .

4. Ammonium Carbonate yields the same precipitate as ammonia.
5. Hydrogen Sulfide immediately throws down a black precipitate
of mercuric sulfide and mercury (difference from mercuric salts):

Hgo(NO3)z+HoS = 2HNO3 +HgS +He.
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The black precipitate does not dissolve completely in potassium sul-
fide, the mercury remaining insoluble, but in alkali polysulfides it
dissolves. .

6. Hydrochloric Acid and Soluble Chlorides precipitate white
mercurous chloride (calomel), '

Hgo(NO3)2+-2C1~ — 2NOs~+HgeCls,

insoluble in water and dilute acids, soluble in strong nitric acid and
aqua regia. On boiling for a long time with water, calomel becomes
gray, owing to a partial decomposition into mercuric chloride and
mercury.

On boiling with concentrated sulfuric acid, mercuric sulfate is
formed with evolution of sulfur dioxide and hydrochloric acid:

(a) HgoCla+H2S04=2HCl+HgsSO4.
(b) HgeS04+2H2S04=2H20+S02 T +2HgSO,.

7. Neutral Potassium Chromate precipitates red mercurous chromate
on boiling (cf. p. 141):

ng (NO3)2+K2CI’O4 = 21{N03 +ngCI‘O4.
8. Potassium Iodide precipitates green mercurous iodide,
Hg2 (NO3)2 +21{I = 2KN03 +Hg212,

partly soluble in an excess of the precipitant, with the formation of
potassium mercuric iodide and separation of mercury:

HgoI>+21" — [Hgls]™+Hg.

9. Potassium Cyanide precipitates metallic mercury, mercuric
cyanide being formed at the same time:

Hgo(NO3)2+2KCN =2KNO3;+Hg(CN):+Hg.
10. Stannous Chloride precipitates gray metallic mercury:
Hga(NO3)2+Sntt — Snt+++4-2Hg.

REACTIONS OF MERCURY IN THE DRY WAY

Almost all mercury compounds sublime on being heated in the
closed tube. Mercuric chloride melts first, then vaporizes, forming a
crystalline deposit on the cold sides of the tube. Mercurous chloride
sublimes; the sublimate is almost white, but there is a slight grayish
tint owing to the decomposition of a small part of the substance intg
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mercuric chloride and mercury. Mercuric iodide yields a yellow sub-
limate, which becomes red on being rubbed with a glass rod. Mercury
compounds containing oxygen (all more or less unstable) yield mercury.

The sulfide gives a black sublimate.

All compounds of mercury, when mixed with sodium carbonate
and heated in a closed tube, yield a gray mirror, consisting of small
globules of mercury. In order to make the drops more apparent,
place a piece of filter-paper over a glass rod, and rub the mirror
with it. The small drops then| run together into large ones, stick
to the paper, and can be removed from the glass.

Detection of Mercury in Urine*

Treat 500 to 1000 cc. of urine in a beaker with 0.5 per cent hydrochloric or
sulfuric acid, add 0.5 gm. of brass wool (such as is used for the ornamentation
of Christmas trees) and, while heating on the water-bath to 60° or &0°, pass air
through the liquid for from ten to fifteen minutes, to keep it in constant motion.
Any mercury present is replaced by copper: HgCl:+Cu =CuCl.+Hg.

The mercury, as fast as it is set free, amalgamates with the excess of copper
present. Pour off the liquid from the tiny threads of brass and wash thoroughly
by decantation with distilled water, then with alcohol, and finally with ether.
Press the brass thread between layers of filter-paper, to free them from any
adhering ether, and roll them between the fingers into a small pellet. Intro-
duce this pellet into a thoroughly cleansed and perfectly dry glass tube, 10 cm.
long, 0.5 cm. wide and closed at one end. With the aid of the blast flame,
draw out a capillary of about 1 mm. width in the tube about 0.5 ecm. away from
the brass, toward the open end of the tube. After cooling the tube, heat the
bottom of it, in which the sample rests, to dark redness. This causes the mer-
cury to distill off and it is condensed in the colder portion of the tube in a
gray mirror consisting of tiny drops. If any considerable amount of mercury is
present, e.g., more than 1 mg., the drops of mercury can be distinctly seen with
alens. If less than 1 mg. of mercury is present in the urine, it is very difficult
to distinguish the mirror. In this case to make it perceptible, transform the
mercury into scarlet-red mercuric iodide. To accomplish this, place a small
crystal or two of iodine in a test-tube and cut off the tube containing the mer-
cury mirror just above the place where the ball of brass rests and place the
part of the tube containing the mercury in the test-tube. Cautiously heat the
bottom of the test-tube over a gas flame. As soon as the violet vapors of iodine
reach the place where the mercury was deposited, the latter is transformed, by
very gentle heating, into the red iodide, which can be seen most distinctly by
removing the little tube and laying it upon a piece of white paper. This method
is very sensitive and permits the positive recognition of as little as 0.4 mg. of
HgClz.T

* P. FUBRINGER, Z. anal. Chem. (1888), 27, 526.

t For other methods of detecting mercury in urine, see JoLLES, Z. anal. Chem.,
39, 230 (1900), MERGET, J. Pharm. Chim. (5] 19, 444 (1889); and OPPENHEIM,
Z. anal. Chem., 42 (1903), 431,
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Detection of Mercury Vapors in the Air

Place a piece of pure gold leaf in a small glass tube and draw the air to be
tested through the tube for an hour, at a rate not greater than one liter per
minute. Meanwhile evacuate a Geissler tube, of the form shown in Fig. 19,
by means of a water pump (not a mercury pump!) and finally close both stop-
cocks. Place the gold leaf, which now contains as
amalgam any mercury that was present in the air
tested, in the tube n and suddenly open the cock a,
which has a wide bore; this causes the gold to be
sucked into the tube, stopping-at ¢, the mouth of the
capillary opening. The next step is to replace the air
in the tube by hydrogen. Introduce hydrogen gas,
obtained from a Kipp generator and dried by concen-
trated sulfuric acid, at @ and allow the gas to pass out
at b. After a rapid stream of the gas has passed
through the tube for three minutes, close the cocks a
and b, without disconnecting the Kipp generator, con-
nect b with the suction pump * and evacuate the
apparatus for a minute or two; then close b, and open
a (which causes more hydrogen to enter the apparatus);
close a again, open b and once more evacuate the
apparatus. Repeat this alternate introduction of
hydrogen gas and evacuation five or six times. In
this way the air is entirely replaced by hydrogen.
Finally evacuate the tube for five or ten minutes and
close the cock b. Place the capillary in front of the slit
of a spectroscope and allow the secondary current of
an induction apparatus to pass through the tube. In
the presence of the merest trace of mercury, the
characteristic green line 546 uu is distinctly visible in
the cold, and with somewhat larger amounts of mercury
the indigo-blue line at 456 uu can be seen. If the wad
of gold leaf is cautiously warmed with the Bunsea
flame, the mercury spectrum appears still more
sharply.

Remark. This test is so extremely sensitive that a
blank test performed in places where work with mercury has been performed
will often show the presence of this element in the atmosphere.

If the apparatus has been once used for the detection of mercury it must be
thoroughly cleansed before it is used again for this purpose. To this end,
remove the gold and allow aqua regia to remain in the tube for several minutes.
Draw out the acid and rinse the tube three times with distilled water, once with
absolute alcoholf and finally dry by passing dry hydrogen through the tube
for five minutes, while warming it at the same time. Ignite the gold gently to

* Between the water suction-pump and the Geissler tube, a calcium chloride
drying tube should be introduced.

t All these operations must be carried out in a space where there are positively
no mercury vapors present in the atmosphere.
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distill off any mercury it contains. If now on introducing the gold and evacuat-
ing the apparatus, the mercury spectrum is no longer visible, the tube is ready
for a new experiment.

It may be mentioned that the two platinum wires in the Geissier tube must
not be provided with aluminium points, because aluminium amalgamates with
mercury, and when the points are once amalgamated it is impossible to free
the tube sufficiently from mercury to permit its use for subsequent experiments.

LEAD, Pb. At. Wt. 207.1
Sp. Gr.=11.36-11.39. M. Pt.=327.4°. B. Pt.=1600°

Occurrence.—Galena, PbS, isometric; cerussite, PbCOs, ortho-
rhombic and isomorphous with aragonite, CaCOs; anglesite, PbSOy,
orthorhombic, isomorphous with anhydrite, CaSQOy, celestite, SrSOy,
and barite, BaSOy4; pyromorphite, Pbs(P04)3Cl, hexagonal; mimetite,
Pbs(AsO4)3Cl; vanadinite, Pbs(VO4)3Cl. The last three minerals are
isomorphous and belong to the apatite group. Other minerals which
may be mentioned are wulfenite, PbMoOQy, tetragonal, isomorphous
with stolzite, PbWOQy4, and the monoclinic crocoite, PbCrOs.

Lead is a bluish-gray metal. It is attacked by all acids. As,
however, most lead salts are difficultly soluble in water, it usually
becomes coated with a layer of salt, which protects it from further action
of the acid. Thus lead is immediately attacked by dilute sulfuric
acid according to the equation

Pb+H250,=PbSO4+H: T.

But, as lead sulfate is insoluble in dilute sulfuric acid, the reaction
quickly ceases. Upon this principle rests the use of ‘lead chambers ”
in the manufacture of sulfuric acid, and the use of ‘lead pans’ for
the concentration of the dilute ‘“ chamber acid.” It has, however, been
found from experience that the sulfuric acid should not be concentrated
too much in lead pans—stopping when a 78-82 per cent acid is obtained.
The protecting layer of lead sulfate is soluble in hot concentrated sul-
furic acid, forming soluble lead bisulfate, PbSO4+H2S04 — PbH2(S04)2,
so that the hot concentrated acid can act on the freshly-exposed surface
of lead:
Pb+4-3H2804 — 2H204+-PbH2(804)24-S02 T .

Lead behaves quite similarly on treatment with hydrochloric acid.
On the surface a protecting coating of lead chloride is obtained, which
is soluble in hot concentrated hydrochloric acid, forming HPbCls.
Lead is soluble, therefore, in concentrated hydrochloric acid.

Pb+3HCl=HPbCl3+H: | .
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Hydrofluoric acid attacks lead similarly, forming -a protecting
layer of lead fluoride, which is insoluble in hydrofluoric acid. Con-
sequently lead retorts can be used for the distillation of hydrofluoric
acid and in the preparation of hydrofluoric acid by means of fluorite
and sulfuric acid.

Nitric acid is the proper solvent for lead. Lead nitrate is insoluble
in strong nitric acid, so that lead does not dissolve in concentrated nitric
acid; the solution must be sufficiently dilute to prevent the separation
of the lead nitrate formed.

Lead forms the following oxides: lead suboxide, PbeO; lead oxide
(litharge), PbO; lead sesquioxide, PboOs; minium (red lead), PbsOq;
lead peroxide, PbOs.

Of these oxides, PbO alone is the anhydride of a base;* from it
the salts of lead are derived, in which the lead is bivalent. This lead
monoxide (litharge) is a yellow powder, which melts at about 980° C.,
and solidifies on slow cooling, forming tetragonal crystals (needles).
It is slightly soluble in water with an alkaline reaction, and is readily
soluble in dilute nitric acid.

Lead suboxide, Pb20, is formed as a black velvety powder on heat-
ing the oxalate to about 300° C.:

2PbC204=3C0: T +CO T +Pb20.

On heating the sub0x1de in the air, it becomes readily oxidized to
lead monoxide.

Lead dioxide, PbOg, must be considered as the anhycride of ortho-
plumbic acid, H4PbOy4, or metaplumbic acid, HoPbOs,.

OH /OH
b_OH or Pb<
“OH OH
Orthoplumbic acid Metaplumbic acid

just as SiOg2, SnO2, MnOsg, are anhydrides of silicic, stannie, carbonic,
and manganous acids. The acid HoPbOs is formed by the oxidation
of lead hydroxide, Pb(OH)2, in alkaline solution by means of hypo-
chlorites, chlorine, bromine, hydrogen peroxide, or potassium persul-

fate:
Pb(OH)24+20H~+Cle —» H20+2Cl-+H.PbO3.

The brown metaplumbic acid which separates out goes over at
100° C. into the anhydride; and the latter on ignition loses oxygen,
changing into yellow lead monoxide. The other two oxides of lead,

* Although Pb(C.H;0.) is known.
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Pb20Os and Pb3O4, may be regarded as salts of the plumbic acids:
Pb20; as lead metaplumbate, PbPbOs, and Ph3O4 as the lead ortho-
plumbate, Ph2PbO4.

Pbe03 is obtained as a yellow precipitate on gently oxidizing an
alkaline solution of lead monoxide by means of hypochlorites, halo-
gens, hydrogen peroxide, or persulfates,

2Pb(OH)2+20H™+Cl — 2C1~+3H20 +Pb203,
and the red minium, Pb3O4, by igniting lead oxide or lead carbonate
for some time in the air at about 430° C.:
3PbO+0O=Pb30y4.

Both PbeO3 and Pb3O4 behave chemically as salts; for, on treating
with nitric acid, brown plumbic acid and lead nitrate are formed, which
corresponds to the action of nitric acid on, say, lead carbonate:

PbPbO;+2H*— Pbt T4+ HyPbOs3,
PbsPbO4+4HT— 2Pb* T+ Ho0 +HoPbOs.

These salt-like oxides * are perfectly analogous to those of mangan-
ese; on treatment with hydrochloric acid they yield chlorine, the
plumbic acid, at first set free, behaving like a peroxide:

PbO2+4HCl=2H50+PbCly +Cly T ;
Pb203 + 6HC1 = 3H20 + 2PbC12 -|- Clg T i
Pb304+8HCl=4H20+3PbCla+Clz T .

REACTIONS IN THE WET WAY

Most lead salts are difficultly soluble or insoluble in water; but all
dissolve in dilute nitric acid, excepting, perhaps, fused lead chro-
mate, which is very difficultly soluble

1. Potassium and Sodium Hydroxides precipitate Whlte lead hy-

droxide,
Pb**+20H~— Pb(OH),,

soluble in an excess of the precipitant, forming a plumbite:
Pb(OH);+O0H™— H20+HPbO2 ™.

Pb(OH): is also slightly soluble in water which is free from carbonic
acid. The aqueous solution of lead hydroxide is slightly alkaline.

* Besides the lead salts of plumbic acid, alkali and alkalinejearth salts are known.
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2. Ammonia precipitates the white hydroxide, insoluble in excess
of the reagent. '

3. Alkali Carbonates precipitate white basic lead carbonate. Alkali
bicarbonates precipitate the normal carbonate.

4. Sodium Phosphate precipitates white lead phosphate,

3Ph**+4+4HPO,~ — 2HPO4~+Pbs (POy4)2,

insoluble in acetic acid, readily soluble in nitric acid, caustic soda
or potash.

5. Potassium Cyanide precipitates white lead cyanide, insoluble
In an excess.

6. Hydrochloric Acid or Solubie Chlorides precipitate from moder-
ately concentrated solutions flocculent, white lead chloride:

Pb**42CI~ — PbCly,

difficultly soluble in cold water (135 parts of water dissolve 1 part
of PbClz), but much more soluble in hot water; on cooling the solution,
lead chloride separates in the form of glistening needles or plates.
Lead chloride is much more soluble in concentrated hydrochloric acid
and in a concentrated solution of a chloride of an alkali than it is in
water, as it forms complex compounds with these substances such as
HPbCls, KPbCls, which are, however, decomposed on dilution with
water, with separation of lead chloride.
7. Potassium Iodide precipitates yellow lead iodide:

Pbtt+4217 — Pbl,.

The iodide is much less soluble in water than the chloride (195 cc.
of boiling water dissolve only 1 gm. of lead iodide), forming a colorless
solution from which lead iodide separates on cooling, in the form of
gold-yellow plates.

The iodide dissolves to a considerable extent in hydriodic acid,
and in a solution of an alkali iodide, forming lead hydriodic acid;
HPbI; or one of its salts (such as KPbls), all of which are decomposed
on dilution, with deposition of lead iodide.

8. Alkali Chromates produce a yellow precipitate of lead chromate,

Pb+**4+CrOs~ — PbCrOy4
and

2Pbt ++CI‘207=+202H302_'+H20 — 2HC:H302+2PbCrO,.
Lead chromate is insoluble in acetic acid, but soluble in nitrie acid
and in caustic alkali.
9. Hydrogen Sulfide produces in dilute lead solutions (from
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slightly acid solutions, as well as from neutral or alkaline ones) a black
precipitate of lead sulfide:

Pb*t4+H,S 2 2H4-PbS.

From. hydrochloric acid solutions an orange-red precipitate of lead
sulfochloride is at first obtained,

2PbClz+HQS bad 2HCI+Pb2C12S,

which is decomposed immediately by more hydrogen sulfide, forming
the black lead sulfide. In this respect lead salts are similar to mercuric
salts (see p. 198).

Lead sulfide is soluble in dilute, boiling, 2-normal nitric acid, form-
ing lead nitrate, with separation of sulfur:

3PbS+2HNO;+6H*— 3Pb*t+4H.042N0+-3S.

The reaction usually goes a little further; some of the sulfur is
oxidized to sulfuric acid, forming insoluble lead sulfate. The amount
of sulfuric acid formed (and therefore of the lead sulfate also) increases
with the concentration of the acid.

Lead sulfide is also soluble in strong hydrochloric acid:

PbS+2H* = Pb+++HsS 1.

10. Sulfuric Acid and Soluble Sulfates cause in solutions of lead
salts the separation of white, difficultly soluble lead sulfate:

Pb**+H2804 — 2H+PbSO4.

One part of the salt dissolves at the ordinary temperature in 22,800 cc.
of water; in water containing a little sulfuric acid it is still less soluble,
while in alcohol it is insoluble. Lead sulfate dissolves perceptibly
in hot, concentrated acids, forming Pb(HSO4)2. On cooling the hydro-
chloric acid solution, lead chloride separates out in needles. Almost
all the sulfuric acid of commerce contains some dissolved lead -sul-
fate. In order to detect this, 200-300 cc. of the concentrated acid
should be diluted with an equal volume of water and allowed to stand
twelve hours, whereby the lead sulfate separates as a white powder.

Besides being soluble in acids, lead sulfate is easily soluble in
caustic alkalies, and in solutions containing the ammonium salts
of many organic acids. This last property is of great importance for
the analytical chemist, as it offers a means for sepafa’cing lead sulfate
from barium sulfate, silica, etc., which remain undissolved. Ammo-
nium acetate or ammonium tartrate is usually used as the solvent.

The reason lead sulfate dissolves in a concentrated solution of
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ammonium acetate is due.to the formation of lead acetate, which is
ionized to only a very slight extent in the presence of an excess of acetate
ions:

PbS04+2C2H302™ — Pb(C2H302)2+8S04~4+2H20.

From this solution the lead can be precipitated as chromate by the
addition of potassium chromate, as sulfate upon the addition of dilute
sulfuric acid or as sulfide by ammonium sulfide.

Similarly, ammonium tartrate dissolves lead sulfate by forming
a tartrate which does not ionize to any extent into simple lead cations.

REACTIONS IN THE DRY WAY

Heated with sodium carbonate on charcoal, all lead compounds
yield a malleable button, surrounded with an incrustation of the
yellow oxide. On the charcoal stick also, the malleable button is
readily obtained.

Lead glass turns black on heating in the reducing flame, owing
to the separation of lead.

BISMUTH, Bi. At. Wt. 208.0
Sp. Gr.=9.8. M. Pt.=270°. B. Pt. about 1435°.

Occurrence.—Bismuth usually occurs native with nickel and co-
balt ores. The following ores are of no great importance: Bis-
mite, Bi»sOs; bismuthinite, Bi2Ssz; emplectite, BiaS4Cus; bismutite,
3[CO3][BiOH]-5Bi(OH)s.

Bismuth is a brittle, reddish-white metal which crystallizes in the
hexagonal system. The proper solvent for bismuth (as is the case
with most other metals) is nitric acid. Hydrochloric acid does not
attack bismuth, and sulfuric acid dissolves it only on warming.

Bismuth forms three oxides: bismuth trioxide, BisOs, bismuth
tetroxide, BizO4, and bismuth peroxide, BizOs.

Bismuth trioxide is a basic anhydride,* from which the salts are
derived. Bismuth pentoxide, a brownish substance, acts as an acid
anhydride, forming an acid, HBiOs, corresponding to metaphosphoric
acid. Salts of this acid have never been prepared in a pure state.
On igniting, Bi2Os loses oxygen, forming yellow BizOs. It dissolves
in hydrochloric acid with evolution of chlorine, forming a salt of
trivalent bismuth:

Bi;05+10HCl =5H204-2BiCl3 +2Cls.

*Bismuth trioxide acts as a weak acid under some circumstances (cf. foot-note,
p. 211},
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Bismuth tetroxide is a brown powder which is sometimes used as an
efficient oxidizing agent. Commercial sodium bismuthate is probably
a mixture of NaBiO3 and BisOs. -

Bismuth salts are mostly colorless, and are all insoluble in consider-
able water, on account of being hydrolyzed into an insoluble basic
salt; thus the chloride is quantitatively decomposed into bismuth
oxychloride,

BiCl3+H20 2 2HCl1+-BiOCl,

insoluble in tartaric acid (difference from antimony).

Bismuth oxychloride is readily soluble in hydrochloric acid, the
above equation taking place from right to left. The reaction, there-
fore, is reversible and the relative amounts of water and hydrochloric
acid present determine in which direction the reaction will go. On
adding water to a slightly acid solution of BiCls, a white precipitate
of the oxychloride appears immediately. On carefully adding hydro-
chloric acid, the precipitate again dissolves, but may be reprecipitated
- by the addition of more water. All the other compounds of bismuth
act as the chloride. The nitrate yields, at first, an amorphous pre-
cipitate of BiONOs,

Bi(NO3)3+H20 = 2HNO3+4BiO(NO3),
which becomes more basic on further addition of water, and crystalline:
2BiO(NO3) +H20 2 Bi202(OH)(NO3)+HNO;.

This last compound is the bitsmuth subnitrate which is so much used
in medicine.
REACTIONS IN THE WET WAY
1. Potassium Hydroxide precipitates, in the cold, white bismuth

hydroxide,
"Bit*+t4+30H™ — Bi(OH)s3,

which, on boiling, becomes pale yellow:
Bi(OH); — H0+BiO(OH).

Both of these hydroxides are insoluble in an excess of the pre-
cipitant,* but are readily soluble in acids.
On adding to the alkaline solution, in which the hydroxide is sus-

 *In very concentrated KOH, Bi(OH); dissolves on warming. On cooling,
part of the Bi(OH);is precipitated, and on dilution all of it. In this case the
hydroxide acts as a weak acid, like antimony trioxide.
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pended, chlorine, bromine, hypochlorites, or hydrogen peroxide, the
white or yellowish precipitate becomes brown, owing to the formation
of bismuthic acid:

BiO(OH) +20H~+Cl; — Hy0+2CI~+ HBiOs,

2. Ammonia precipitates a white basic salt (not the hydroxide),
the composition of which varies with the concentration and with
the temperature.

3. Alkali Carbonates precipitate, accordmg to the temperature
and concentration, a number of basic carbonates; one of which is
formed accordlng to the following equation:

Bitt*43C03~+H:0 < 2Bi(OH) (COg)-I—COz 1.
4. Sodium Phosphate precipitates the. white, granular phosphate,
insoluble in dilute nitric acid, difficultly soluble in hydrochloric:
2HPO4=+Bi+++ — HPO4 +BiPOy.

5. Potassium Cyanide precipitates the white hydroxide (not the
cyanide). The cyanide is at first formed, but is hydrolyzed:

(a) Bit**43CN~ — Bi(CN)s.
(b) Bi(CN)3+3HOH =3HCN+Bi(OH)s.

6. Potassium Dichromate added in excess precipitates yellow bis-
muthyl dichromate,

Cr:07~+2Bi**+4-2H0 =2 4H '+ (BiO)2Cr.07,

soluble in mineral acids, insoluble in caustic alkalies (difference from
lead).
7. Hydrogen Sulfide precipitates brown bismuth sulfide,

2Bit+ ++3H28 hd BizS3 +6H+,

insoluble in cold dilute mineral acids and alkaline sulfides, soluble
in hot dilute nitric acid, and in boiling, concentrated hydrochloric
acid.

8. Alkali Stannites (an alkaline solution of stannous chloride)
cause a black precipitation of metallic bismuth.* This very sensitive
reaction is performed as follows: To a few drops of stannous chloride,
add caustic alkali until the white precipitate at first produced dissolves
clear. Add this sodium stannite solution to the cold bismuth solution;

* VaniNo and TREUBERT, Ber., 1898, 1113.
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on shaking, a black precipitate immediately appears. The following
reactions take place in this test:

Sn**t+4+20H~ — Sn(OH)3;

Sn(0OH)2+20H~ — 2H20+Sn0-~;

3Sn0.~+-2Bi* **+60H~ — 3H20-+3Sn03~+2Bi.

In making this test, a too concentrated caustic alkali solution should
be avoided and the solution must be kept cold, otherwise the stannite
itself may give a black precipitate.

If too much caustic potash is used, metallic tin will separate out
(cf. p. 170): '

28Sn0:2~+H20 — Sn03~+20H "+ Sn.

If too little caustic potash is used, black stannous oxide will be
thrown down in the cold, after long standing; quickly on boiling:

SnO2~+H20 — 20H™+SnO.
9. Potassium Iodide precipitates black bismuth iodide,
Bitt*431" — Bils,
soluble in excess of the reagent, forming a yellow or orange solution:
Bilz3+1~ — [Bil4]™.

By diluting this last solution with not too much water, the black
iodide is reprecipitated, which, on the addition of more water, is changed
into orange-colored basic iodide:

Bil3+H,0 =2HI+BiOl.
10. Metallic Zinc precipitates metallic bismuth:
2Bit**48Zn — 3Zn*+42Bi.

REACTIONS IN THE DRY WAY

Bismuth salts color the non-luminous flame a pale greenish white.
Heated with soda on charcoal before the blowpipe, a brittle button
of the metal is obtained, surrounded by a yellow incrustation of bismuth
oxide. '

On heating a compound of bismuth in the upper reducing flame
(p. 68) of the Bunsen burner, the bismuth is reduced to metal,
which is volatilized and burnt to oxide in the upper oxidizing flame.
On holding a porcelain evaporating-dish (glazed on the outside and
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filled with water) just above the oxidizing flame, a barely visible
deposit is obtained, which, on being treated with hydriodic acid,
is changed to scarlet bismuth hydriodic acid:

Bi;O3+8HI =3H20-2H[Bil4].

The hydriodic acid is easiest obtained by moistening a piece of ashestos,
held in the loop of a platinum wire, in a solution of alcoholic iodine solution
and then setting fire to the moist asbestos. By holding the burning asbestos
under the dish, enough hydriodic acid is formed to change the bismuth oxide
into the red ‘compound.

By breathing on this deposit, the color disappears, but reappears
as soon as the moisture has evaporated. On exposure to fumes of
ammonia (by blowing the vapors away from the stopper of an ammonia
bottle) the deposit is colored a beautiful orange, owing to the formation
of the ammonium salt of the bismuth hydriodic acid,

H[Bil4]+NH; — NH[BilL4],

which also becomes invisible on being breathed upon.
By moistening this coating with an alkaline solution of stannous
chloride, black metallic bismuth is deposited.

COPPER, Cu. At. Wt. 63.57
Sp. Gr.=9.84. M. Pt.=1080° C.

Occurrence. Copper occurs as native copper, Cu; cuprite, Cuz0;
chalcocite, CuzS; chalcopyrite, CuFeSz; malachite, Cuz(OH)2COs;
azurite, Cuz(OH)2(COs)2 and atacamite, CusO(OH)CI- EzO.

Copper is a light red, ductile metal.

The proper solvent for copper is nitric acid:

3Cu+8HNO3 — 3Cu* *+6NOs~+4H20+2NO 1.

Bright copper is not dissolved by hydrochloric acid alone, but
in the presence of a weak oxidizing agent, e.g., ferric chloride, the
solution of the metal is easily effected. Hot hydrobromic acid dissolves
it with evolution of hydrogen, forming cuprous hydrobromic acid:

2Cu+6HBr < H4[Cu2Brg]+Hs T.

At the beginning of this reaction the solution usually turns dark
violet on account of the formation of the cupric salt of cuprous hydro-
bromic acid, owing to the copper being somewhat oxidized on the sur-
face. In this case, however, the solution soon becomes colorless.



COPPER 215

owing to the reduction of the cupric salt by metallic copper. On adding
water to the clear solution cuprous bromide is precipitated:

[CugBrg]~~ — CuoBra+4Br™.

Copper is not attacked by dilute sulfuric acid, but it dissolves in
hot concentrated sulfuric acid, forming cupric sulfate with evolution
of sulfur dioxide:

Cu+2H2504 — CuS04+H204-802 1.

The behavior of copper toward acids can be understood by reference to
the electromotive series (p. 41). As copper is below hydrogen in the series it
can be oxidized by hydrogen ions only when the concentration of cupric ions
is kept very low (cf. p. 43). Hydrobromic acid dissolves copper because the
slightly ionized complex is formed. Sulfuric acid dissolves copper by virtue
of the oxidizing power of the hexavalent sulfur.

Copper forms two oxides: red cuprous oxide, Cuz0, and black
cupric oxide, CuO.

Both oxides are basic anhydrides, forming cuprous and cupric
salts. Salts of the cuprous series contain the bivalent cuprous group,
Cust*, while those of tke cupric series contain the simple, bivalent
copper atom Cut*.

Copper is also known in the trivalent condition.* If a nitric acid solu-
tion of tellurous acid is evaporated to dryness with a little copper nitrate
and the residue is treated with KOH solution (1 : 5) it dissolves. If to the clear
solution 4 to 6 gms. of (NH,),(SO,). are added, little by little, while the solu-
tion is at the temperature of the water bath, it becomes pink and the tellurium
is present for the most part as telluric acid but to some extent as the potas-

7N
sium salt of telluro-cupric acid : K[O-Cu TeO,).
\O/

A. Cuprous Compounds

The cuprous compounds are extremely unstable, being oxidized
quickly to cupric compounds. The only known cuprous salts are
those with the halogens, the very unstable sulfate and the sulfite.
Cuprous salts are colorless, insoluble in water, but readily soluble in
concentrated halogen acids, forming colorless solutions. Such solu-
tions contain the unstable cuprous halogen acids, probably of the
formula H4[Cu2Xs), in which “ X ”’ is either chlorine, bromine, or
iodine. Salts are known which are derived from these acids, e.g.,
K4[CU2C16].

* Cf. MosER, Z.anorg. Chem., 54 (1907), 119 and Brauner and Kuzma, Ber.,
(1907), 3362. )
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The cuprous halogen acids are changed dark on contact with air.
The chloride becomes brownish black; the bromide, dark violet;
probably due to the formation of cupric salts of the cuprous halogen
acids.

The behavior of the cuprous halogen acids toward carbon mon-
oxide is very important; the latter is readily absorbed, forming an
unstable compound:

CU2C12+QCO+2H20 = CU2012 -2C0O- 2H20.

By boiling the solution the compound is decomposed into cuprous
chloride and carbon monoxide; cuprous chloride is used in gas analysis
for the absorption of this gas.

REACTIONS IN THE WET WAY

A solution of cuprous chloride in hydrochloric acid should be used,
which may be prepared as follows: Dissolve 2 gms. of cupric oxide
in 25 ce. of 6-normal hydrochloric acid, pour the solution into a flask
and add 0.58 gm. of copper filings. Place several copper spirals in the
flask, one end reaching up to its neck, stopper the flask, invert it and
let it stand several days. The originally dark solution will gradually
become colorless, when it is ready to be used for the following reactions:

1. Potassium Hydroxide produces in the cold a yellow precipitate
of cuprous hydroxide,

Cus**+20H™ — Cuz(OH),,

which loses water at the boiling temperature, changing to red cuprous
oxide:
Cuz(OH)2 = H20+-Cu0.

2. Hydrogen Sulfide precipitates black cuprous sulfide,
Cus™+4+HoS — 2H++CU2S,

soluble in warm dilute nitric acid, forming blue cupric nitrate, with
separation of sulfur:

3CuS+16HNO3 — 8H20+3S+6Cu* *+12N0s~+4NO 1.
3. Potassium Cyanide precipitates white cuprous cyanide,
| Cug*++2(CN)~ — Cus(CN)s,
soluble in excess, forming colorless complex cuprocyanide anions:

Cuz(CN)2+6(CN)™ — [Cua(CN)g] ==,
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This solution contains no appreciable quantity of cuprous ions, and
gives no precipitation with potassium hydroxide or hydrogen sulfide.
1t is estimated that in a normal potassium cyanide solution the ratio of
the concentration of the complex anion to that of simple cuprous ions
is about 1026 : 1. This fact is utilized in the separation of copper
from cadmium.

In the absence of an excess of CN~ ions, however, an appreciable
ionization takes place: [Cuz(CNg)]==— Cug*"+8CN-, and this ioniza-
tion increases as the solution is diluted. From the diluted solutions
the compounds K2Cu2(CN)4, K[Cuz(CN);s] and finally Cu2(CN)2 are
obtained, which are less complex in nature.

All of these compounds, even in the solid state, are decomposed by
hydrogen sulfide with precipitation of black cuprous sulfide. Con-
sequently, tn order to prevent the precipitation of copper by hydrogen sul-
fide, considerable potassium cyanide must be added, more than enough to
form the salt K¢[Cuz(CN)s].

B. Cupric Compounds

Cupric salts are either blue or green in aqueous solution; in the
anhydrous state they are white or yellow.

The chloride, nitrate, sulfate and acetate are soluble in water;
most of the remaining salts are insoluble in water, but readily soluble
in acids.

REACTIONS IN THE WET WAY
A solution of copper sulfate should be used.

1. Potassium Hydroxide produces in the cold a blue precipitate
of cupric hydroxide,

Cu*t*4+20H™ — Cu(OH).,
which on boiling becomes changed into brownish-black cupric oxide.

Cu(OH) is slightly amphoteric in nature and dissolves in very concentrated
KOH or NaOH, particularly on warming, with a blue color. (Cf. p. 180.)

In the presence of tartaric acid, citric acid, and many other organic hydroxy-
compounds, cupric hydroxide is not precipitated by the addition of caustic
alkali, but the solution is colored an intense blue. If this alkaline solution is
treated with d-glucose, aldehydes, arsenious acid or various other substances
having a reducing power, yellow cuprous hydroxide is precipitated from the
warm solution which is changed to red cuprous oxide on boiling. An
alkaline solution of cupric salt containing tartaric acid is commonly used under
the name of Fehling’s solution. It may be prepared by mixing together equal
volumes of a solution containing 34.64 gms. of crystallized copper sulfate in
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500c c. of water with a solution consisting of 173 gms. Rochelle salt and 52
gms. NaOH in 500 cc. of water. It is best to keep the solutions separate until
they are to be used. Fehling’s solution is a reagent for many kinds of sugar,
aldehydes, hydroxylamine, etc.

2. Ammonia.—On adding ammonia cautiously to the solution
of a cupric salt, a green, powdery precipitate of a basic salt is obtained,
which is extremely soluble in an excess of the reagent, forming an azure-
blue solution:

(@) 2CuSO4+2NH,OH = (NH4)2804+Cu2(OH)2S04.
(b) Cuz(OH)2S04+ (NHy)2S04+6NH; =2([Cu(NHs)4]S04- H20).

On adding alcohol to the concentrated blue solution, the above
compound is precipitated as a blue-violet crystalline substance, which
gradually loses ammonia on being heated, leaving behind the cupric
salt. On conducting ammonia gas over an anhydrous copper salt,
the ammonia is eagerly absorbed, with the formation of a complex
cupric ammonia salt: CuCle+6NHjz=[Cu(NHj3)s]Clo.

These compounds (which contain as a maximum 6NHz to one
atom of copper) are perfectly analogous to the corresponding com-
pounds of nickel, cobalt, and zine. By the precipitation of the ammo-
niacal solution with alcohol, the compound with 4NHj to one atom of
copper is always obtained.

The ionization of the complex cation,

[Cu(NHj3)4]"t— Cu* t4+4NH;3,

is slight in the presence of excess ammonia, but muech more than that of
the cuprocyanide ion (p. 217).

(3) Hydrogen Sulfide precipitates from neutral or very slightly
acid solutions colloidal, black cupric sulfide; which has a tendency to
form a colloidal solution (p. 58) and run through the filter:

Cutt4+Hy8 — 2HT+CuS.

To prevent the formation of a colloidal solution, the solution must contain
some electrolyte; the hydrochloric acid present when the prceipitation is made
is usually sufficient. Another difficulty frequently encountered is due to the
readiness with which a part of the cupric sulfide precipitate is oxidized to sul-
fate by contact with the air. Thus if a filter containing copper sulfide is
allowed to stand in the air, a little cupric sulfate is formed which is soluble in
water. Many cases where the cupric sulfide apparently runs through the
filter are explained in this way. In filtering a copper sulfide precipitate the rule
should be never to let the filter drain completely until the filtration and washing
is over, and the washing should be with dilute hydrogen sulfide water, which
serves to prevent any oxidation.



. COPPER 219

Copper sulfide is soluble in hot dilute nitric acid, but insoluble
in boiling dilute sulfuric acid (difference from cadmium); it is soluble
in potassium cyanide, forming potassium cuprous cyanide. From a
solution of the latter salt the copper cannot be precipitated by hydrogen
sulfide.

Copper sulfide is appreciably soluble in ammonium sulfide, but is
insoluble in potassium or sodium sulfide* (difference from mercury).

4. Potassium Cyanide produces, at first, yellow cupric cyanide,
which immediately loses dicyanogen, forming white cuprous cyanide.
The latter, as we have already seen, forms soluble potassium cuprous
cyanide with more potassium cyanide:

2Cu**+40N~ —2Cu(CN);;
2Cu(CN)z— (CN)2+Cuz(CN)z;
Cu2 (CN)2 +6 (CN)_ — [CUZ(CN)8]E E.

On adding sufficient potassium cyanide to the blue ammoniacal
cupric solution, the complex compound will be decolorized, forming
potassium cuprocyanide, and the reduction of the cupric salt to cuprous
condition in ammoniacal solution is accomplished at the expense of
cyanide ions which are oxidized to cyanate:

2[Cu(NHj3)4**4+9(CN)~
+20H" & [Cug(CNs)]" 7+ (CNO)™+8NH3+H-O0.

Hydrogen sulfide will not precipitate cupric sulfide from the color-
less solution ¢f potassium cuprocyanide provided sufficient potassium
cyanide is present (difference from cadmium). Sometimes, when
considerable copper salt is present, the introduction of HsS causes
the formation of a red crystalline precipitate of hydrorubianic acid,
(CSNHgy)2. Cf. p. 316.

5. Potassium Thiocyanate, KCNS, precipitates black cupric
sulfocyanate,

Cn**+4-2(CNS)~ — Cu(CNS)s,

which is gradually changed into white cuprous thidcyanate, or imme-
diately on adding sulfurous acid:

2Cu(CNS)2+803~+Hz0 — 2CNS™+804~+2H*+Cuz(CNS),.

* In solutions of alkali polysulfides, particularly out of contact with the air,
cupric sulfide dissolves with the formation of compounds of the type NH4[CuS4]
‘and K[CuS4]. Cf. HormaNN and HOCHTLEN, Ber., 36, 3900 (1903), and Bivrtz
and Herwms, ¢)id., 40, 974 (1907). :
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Cuprous thiocyanate is insoluble in water, dilute hydrochloric
acid, and sulfuric acid. '

6. Alkali Xanthates produce in solutions of cupric salts, at first,
a brownish-black precipitate of cupric xanthate, which splits off dixan-
thogen, forming finally yellow cuprous xanthate:

S S
' [
NaS- COC2H5+CH++ b d 2N3,++ Cu(S . COC2H5)2.

Sodium xanthate

S .

I
2CU(S -C- 0C2H5)2 g CUQ(SCOC2H5)2+ (SCOC2H5)2.
Cuprous xanthate Dixzanthogen
The reagent, sodium xanthate, is readily obtained by mixing car-
bon disulfide with sodium alcoholate:
S

|
C82+NaOC2Hs — NaS- C- OC:Hs.

The alkali xanthates are not used as reagents in testing for copper, but
cupric salts are used in testing for xanthates. -The reaction is made use of in
the detection of carbon disulfide in gas mixtures; the gases are allowed to
act upon sodium alcoholate, whereby sodium xanthate is formed if carbon
disulfide is present, and the solution after neutralizing with acetic acid is
tested for xanthate by means of a solution of cupric salt.

7. Potassium Ferrocyanide, KsFe(CN)g], produces in neutral and
acid solutions an amorphous precipitate of reddish-brown cupric ferro-
cyanide,

2Cutt+[Fe(CN)g~~ — Cuz[Fe(CN)g],

insoluble in dilute acids, but soluble in ammonia with a blue color
(difference from molybdenum ferrocyanide which dissolves in ammonia,
forming a yellow solution). It is also decomposed by potassium
hydroxide: in the cold, light-blue cupric oxide and potassium ferro-
cyanide are formed, while, on warming, black cupric oxide is obtained
(difference from uranium, which yields the yellow uranate both with
ammonia and sodium or potassium hydroxide).

REACTIONS IN THE DRY WAY

The borax, or salt of phosphorus, bead is green in the oxidizing
flame when strongly saturated with the copper salt; blue if containing
only a small amount. The reducing flame decolorizes the bead unless
too much copper is present; in such a case it is reddish brown and
opaque, owing to the separation of copper. Traces of copper may be
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determined with certainty as follows: To the slightly bluish bead pro-
duced by the oxidizing flame, add a trace of tin or of a tin compound.
Heat the bead in the oxidizing flame until the tin has completely dis-
solved, then bring it slowly into the reducing flame and finally quickly
remove it. The bead now appears colorless when hot, but ruby-red
and transparent when cold. If, however; the bead is kept too long in
the reducing flame, it remains colorless; but the ruby-red color may be
produced by cautious oxidation. This reaction is very sensitive, and
can also be used for the detection of tin. ‘

Heated with charcoal before the blowpipe (or better still with the
charcoal stick), spongy metal is obtained.

Copper salts color the flame blue or green.

CADMIUM, Cd. At. Wt. 1124
Sp. Gr.=8.6. M. Pt.=321°. B, Pt.=770°C.

Occurrence—Cadmium is usually associated with zinc in its ores.
It is also found as greenockite, CdS, hexagonal; and as the oxide, CdO,*
isometric.

The mcest important commercial salt is the sulfate, 3CdSO4- 8H-0,
It is not casily recrystallized. To purify the salt, the concentrated
aqueous solution is treated with alcohol, and the crystals that are
deposited thereby are filtered, washed with alcohol and dried upon
blotting paper.

Cadmium is a silver-white, ductile metal. Heated in the air, it
burns to brown cadmium oxide. The proper solvent for cadmium
is nitric acid. Dilute hydrochloric and sulfuric acids dissolve it but
slowly, with evolution of hydrogen. Cadmium forms two oxides:
black cadmium suboxide, Cd20, and brownish-black cadmium oxide,
CdoO. ‘

Cadmium suboxide (whose existence is doubted) is formed with
cadmium- oxide in small amounts when the metal is burned in the
air. Tt is also said to be formed, like lead suboxide, by gently
hedting the oxalate away from air. There are no cadmium salts
derived from this oxide. Cadmium forms only one series of salts, in
which cadmium is bivalent.

Cadmium salts are mostly colorless, though the sulfide is yellow
or orange. Most of the salts are insoluble in water, but readily soluble
in mineral acids. The chloride, nitrate, and sulfate are soluble in
water.

* With smithsonite in the zinc deposits of Monte Poni, Sardinia. Chem. Zig.,
1901, 561.
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REACTIONS IN THE WET WAY

- 1. Potassium Hydroxide precipitates white, amorphous cadmium
hydroxide, insoluble in an excess of the reagent (difference from zine
and lead):

Cd**t+420H™ — Cd(OH)..

On gently igniting the hydroxide the brown oxide is obtained,
which becomes darker on stronger ignition. The ignition of cadmium
nitrate yields the black crystalline oxide.

2. Ammonia also precipitates the white hydroxide, soluble in
excess (difference from lead), forming complex cadmium ammonia
compounds, as with zine, nickel, ete.

Cd(OH)2+4NHs — [Cd(NHs)4 .

In the presence of normal ammonium hydroxide the ratio of the
concentration of the complex anion to that of the simple cadmium
cation is about 107 : 1. In pure water, the ionization takes place to
a much greater extent; by diluting with water and boiling, cadmium
hydroxide is reprecipitated from the solution of the cadmium ammo-
nium compcund.

3. Alkali and Ammonium Carbonates precipitate the white basic
carbonate insoluble in excess.

4. Potassium Cyanide precipitates white, amorphous cadmium
cyanide, readily soluble in excess:

Cd**42(CN)~— Cd(CN)s,
Cd(CN)2+2(CN)~ — [Cd(CN)4]=.

From the solution of cadmium potassium cyanide the above-men-
tioned reagents produce no precipitation. In a normal solution of
potassium cyanide the concentration of the complex anion to that of
the simple cadmium ecation is 107 : 1. This is evidently a much
weaker complex than the cuprocyanide anion and for this reason cad-
mium sulfide, though its solubility product is much larger than that of
cupric sulfide, is precipitated by bydrogen sulfide (difference from
copper):

[CA(CN)4]~+H2S — 2CN~+2HCN4-CdS.

5. Hydrogen Sulfide produces precipitates varying in color
from a canary-yellow, orange to almost brown, according to the con-
ditions. In neutral solution, whether hot or cold, light-yellow cad-
mium sulfide is obtained in a condition hard to filter. From acid
solutions (containing in 100 cec. from 2 to 10 cc. of conc. H2SOy4, or
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from 2 to 5 ce. of conc. HCI) yellow precipitates which turn orange in
color are at once thrown down and are easy to filter. The latter pre-
cipitates are not, pure CdS, but always contain more or less Cd2Cl2S or
Cd2(S04)S. Tor this reason cadmium should not be determined quan-
titatively as the sulfide.

Cadmium sulfide is insoluble in alkaline sulfides (difference from
arsenic), but is soluble in considerable hydrochloric acid, warm dilute
nitric acid, and hot dilute sulfuric acid (difference from copper).

6. Ammonium Sulfide produces in ammoniacal solutions colloidal
cadmium sulfide, which has a tendency to form colloidal solutions and
pass through the filter. The presence of a concentrated salt solution
prevents its doing this (cf. p. 218).

REACTIONS 1N THE DRY WAY

Cadmium compounds, heated on charcoal with soda, give a brown
incrustation of cadmium oxide.

If a compound of cadmium oxide is reduced in the upper reducing
flame of the Bunsen burner, the cadmium oxide is changed to metal,
which volatilizes, and, in the upper oxidizing flame, goes back to oxide,
which will be deposited as a brown coating if a glazed porcelain dish
filled with water is held just above the flame. This oxide always con-
tains some suboxide mixed with it, and has the property of reducing
silver oxide to metal; so that if the coating of oxide is moistened with
silver nitrate solution a black deposit of metallic silver will be obtained:

Cd0+2Ag"— Cd*++4-CdO +2Ag.

This reaction is very sensitive.

If it is desired to test the precipitate produced by hydrogen sul-
fide for cadmium in this way, first roast the sample in the oxidizing
flame and then treat it as just described.

ARSENIC, As. At. Wt. 74.96
Sp. Gr.=5.73

Occurrence.—Arsenic is widely distributed in nature, being found
in small amounts in almost all sulfides, as, for example, sphalerite and
pyrites: therefore almost all the zinc and sulfuric acid of commerce
contain arsenic.

Arsenic occurs native in kidney-shaped masses; also in the form of
its oxide, As20g3, as isometric arsenolite and orthorhombic claudetite,
it being dimorphous.
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Mimetite, Fbs(AsO4)3Cl, hexagonal, isomorphous with apatite,
pyromorphite, and vanadinite, is a well-known mineral containing
arsenic oxide.

The most important sources of arsenic are the sulfides, arsenides,
and sulfo salts: realgar, As2Ss, monoclinic; orpiment, AszSs, mono-
clinic; arsenopyrite, FeAsS, orthorhombic; nicecolite, NiAs, hexagonal;
16llingite, FeAss, orthorhombic; smaltite, (Co,Ni,Fe,)Asp, isometric;
and proustite, As(SAg)s, rhombohedral.

Metallic arsenic is a steel-gray, brittle substance. On being heated
it sublimes, giving off a characteristic garlic odor. The merest trace
of arsenic may be recognized by this odor. The molecule of arsenic
contains, like phosphorus, four atoms, (Ass).

Arsenic is insoluble in hydrochloric acid, but readily soluble in
nitric acid and in aqua regia.

Dilute nitrie acid dissolves arsenic, forming arsenious amd

AS4+4HN03+4H2/T = 1H3 ASO,?, +4NO T

Concentrated nitric acid and aqua regia dissolve it, forming arsenic
acid:

3Ass+20HNO3 +8H,0 = 12H3As04+20NO T.

Arsenic belongs to the same natural group of elements as nitrogen
and phosphorus, and forms, as they do, two oxides, AseO3 and As:Cs.

In reality the symbol of the lower oxide is As,Qs, but it is customary to use
the simpler symbol, As,0;.

A. Arsenious Compounds

Arsenic trioxide is formed by the combustion of arsenic in the
air as white, glistening crystals of regular octahedrons. If the 'vapors
of the trioxide are allowed to cool slowly, they solidify to an amorphous
glass (arsenic glass), which gradually becomes crystalline (white and
opaque, like porcelain). - .

Arsenic trioxide is known in three different modifications: isometric
arsenic trioxide (white arsenic); monoclinic arsenic trioxide, and
amorphous, glassy arsenic trioxide.

The monoclinic modification is difficultly soluble in water (80 cc.
of cold water dissolve 1 gm. As303); while the amorphous, glassy modifi-
cation is much more soluble (25 ce. of cold water dissolve 1 gm. arsenic
trioxide). By treatment of the ordinary modification (white arsenic)
with water, it is not readily wet by the latter; it floats like flour, and
this behavior is very characteristic.

The trioxide dissolves quite readily in hydrochloric acid. particularly
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on warming, from which solution it often separates out, on cooling, in a
beautiful, crystalline, anhydrous condition.

Acting as an acid anhydride it dissolves readily in alkalies, forming
easily soluble arsenites:

As203+60H™ — 3H2042As05;
AS203+3003= b 3COz+2ASO3E.

The tri-metal arsenites derived from the ortho acid H;AsO; are usually
unstable. Silver arsenite, Ag:;AsO;, is the only well-known salt of this type.
The alkali arsenites are derived from metarsenious acid, HAsO,, from pyroar-
senious acid, H4As;0;5 or from a polyarsenious acid such as H¢As,05. The only
sodium and potassium salts known are of the types KAsO. and K.H.As,O,;
of ammonium, (NH,)As,0s. In alkaline solution, however, we may assume
that AsO,= ions are present.

Free arsenious acid, H3AsOs, has never been isolated; as a very
weak acid it breaks down, like carbonic acid, into water and the anhy-
dride.

Arsenic combines with chlorine directly, like phosphorus, form-
ing the chloride, AsCls, which behaves exactly like the chloride of
arsenious acid, similar to PCls. It is a colorless liquid, boiling at
134° C., and is decomposed quantitatively, like all acid chlorides,
with water:

AsCl3+3H20 =2 3HCI+H3As03.

The aqueous solution of arsenic trichloride, and the solution of the
trioxide in dilute hydrochloric acid, contain the arsenic as arsenious
acid. As the concentration of the hydrochloric acid increases, the
amount of arsenic trichloride increases, until in very concentrated
hydrochloric acid the arsenic is present almost entirely as trichlo-
ride. By boiling a solution of arsenic trichloride in hydrochloric
acid, arsenic trichloride is given off as a gas. If hydrochloric acid
is conducted into the solution at the same time (so that the concen-
tration of the hydrochloric acid is kept as large as possible), all the
arsenic can be volatilized from the solution as arsenious chloride.
On evaporating a hydrochloric acid solution of arsenious acid, arsenious
chloride constantly escapes, so that all the arsenic may be volatilized.
If, however, the arsenic is present in the form of arsenic acid, no arsenic
is lost during the evaporation of the solution.

REACTIONS OF ARSENIOUS ACID IN THE WET WAY

The arsenites of the alkalies are soluble in water; the remaining
arsenites are insoluble in water, but soluble in acids.
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1. Hydrogen Sulfide precipitates from acid solutions yellow, floccu-
lent arsenic trisulfide:

2AS(OH)3 +3H2S =6H20 +ASzSg,
2AsCls+3HoS = 6HC1+AsSs.

Arsenious sulfide is insoluble in acids; even boiling 6-normal hydro-
chloric acid does not dissolve it, but by long boiling with 12-normal
hydrochloric acid it is slowly changed to volatile AsCls and HsS.
Concentrated nitric acid oxidizes it to arsenic acid and sulfuric acid:

3ASzSg +28HN03 +4H20 = 9H2804 +28NO T +6H3ASO4.
The sulfide dissolves more readily in ammoniacal hydrogen peroxide:
AsoS3+14H202+120H™ — 20H204-3S04~+2As04".

It is also dissolved by alkalies, ammonium carbonate, and alkali
sulfides:
As2S3+60H™ — 3H20+AsO3~ +AsS;™—;

As2S3+3C03~ — 3C0O2+AsOs~ +AsS;5—;
ASzSa +3S= - 2ASS3E.

Just as the anhydride, As203, can be referred to the acid, H3AsOs,
so the thioanhydride, AssSs, can be referred to the thioarsenious
acid, H3AsS3, which is not capable of existence in the free state, but is
known in the form of its salts. If one of the latter salts is acidified,
then thioarsenious acid is set free; but it immediately loses HsS,
forming the insoluble thioanhydride:

2ASS;;E+6H+ b 3H2S +ASzS3.

On treating a mixture of thioarsenite and arsenite with acid, arsenic
trisulfide is also precipitated:

A5035+ASS3E+6H+ b d 3H20 +A52S3.

In this last case precipitation is quantitative only when the solution is
dilute; from a concentrated solution H,S escapes, so that more H,S must
be conducted into the solution in order to precipitate all the arsenic.

This property of forming thio-salts accounts for the fact that
hydrogen sulfide produces no precipitation from normal arsenites,
and only a partial precipitation of AseSz, from mono- and dimetallic
salts:
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ASO3E+3H28 g 3H20+ASS;3! .
6HAsO3~+15H.S — 18H0+As2S3+4AsS3™.
3HAsO3~4+6HoS — 8H0 +AsoS3+ AsS3™.

Consequently, in order to precipitate arsenic completely as tri-
sulfide, it is always necessary that the solution should contain enough
free acid to prevent the formation of soluble sulfo-salts.

2. Silver Nitrate produces in neutral solutions of arsenites a yellow
precipitate of silver orthoarsenite (difference from arsenic acid),

AsO3=+3Ag" — AgsAsOs,
soluble in nitric acid and ammonia:
AgsAsO3;+3H" — 3AgT+H;3As03.
AgsAsO;3+6NH; — 3Ag(NH;s)2t+AsO3™.

The first reaction is caused by the formation of nonionized arsenious acid,
which, in the presence of an excess of Ht ions furnishes even less AsO;= ions
than are formed by contact of the very slightly soluble Ag;AsO; in contact
with water. The solubility in ammonia is due to the fact that the [Ag(NHs,),]*
ion in the presence of an excess of NH; furnishes fewer simple Agt cations
than Ag,AsO; in contact with water.

In aqueous solutions of the mono- and dimetallic salts the precipita-
tion is incomplete:

OH
3As<OH +3AgNOs = 3KNO3+2H3As05-+AgsAsOs.

H;AsO3~+ 3Ag+ 2 Ag3AsO3+ 2H™.

In order to make the precipitation quantitative, an alkali (preferably
ammonia) must be added. As, however, the solution already reacts alkaline,
it is difficult to reach the exact neutral point. Usually too much ammonia is
added. As a rule in qualitative analysis it is unnecessary to accomplish complete
precipitation in this test, as the color of the silver precipitate suffices to show
whether an arsenite or an arsenate is present. To make the precipitation
practically complete, add ammonia drop by drop to a solution of silver nitrate
until the precipitate of silver oxide that first forms redissolves; the solution
then contains complex [Ag(NH,),]* cations instead of simple Ag* ions. Add
this reagent to the arsenite solution which has been made weakly acid with
nitric acid:

H;AsO;+3[Ag(NH,), T +3Ht — 6NH,t4+Ag AsO..

The addition of the nitric acid is necessary, as otherwise the solution will
become ammoniacal, dissolving a part of the silver arsenite.
In case the solution to be tested contains also a chloride, it should be
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acidified with nitric acid and the chloride precipitated as silver chloride by an
excess of silver nitrate, and filtered off. To the filtrate, dilute ammonia
should be added cautiously. At the neutral zone formed by the ammonia
above the acid solution, a yellow precipitate of silver arsenite will appear.
This reaction is very sensitive.

3. Magnesium Ammonium Chloride produces no precipitation
in dilute arsenite solutions in the presence of ammonia (difference
from arsenic acid). ' '

4, Todine Solution is decolorized by arsenious acid, the latter
being oxidized to arsenic acid:

H2ASO.1—+ Iz -(:) 2H++ 21—+H2A504_.

To make the reaction take place quantitatively in the direction left to
right it is necessary to keep the solution neutral; to make the reaction take
place quantitatively in the direction right to left it is necessary to add a con-
siderable excess of hydrogen ions. This is in strict accord with the mass-
action principle This behavior has been explained by assuming that free
hydriodic acid is a better reducing agent than iodide ions, but it is more prob-
able that the effect of the acid upon the stablhty of the arsenic compounds is
more important. In alkaline solutions, the arsenic is more stable in the higher
state of oxidation and, for this reason, the arsenite solutions have strong
reducing powers in neutral or alkaline solutions. Arsenious acid is ampho-
teric and forms, as we have seen, a trichloride and trisulfide. In the presence
of an excess of hydrogen ions from some other source, arsenious acid will
not ionize appreciably as an acid and the tendency will be to form Astt
cations. Probably arsenic acid is also amphoteric, though to a much less
extent. In strongly acid solutions, the ionization of the arsenic acid is re-
pressed to some extent and there is a tendency to form AstH++ cations, but
these are far less stable than Ast*+ cations and, therefore, in strongly acid
solutions an arsenate acts as a vigorous oxidizing agent.

The explanation is in the line with the results obtained in the study of
oxidation potentials (cf. p. 43). The addition of acid decidedly increases
the oxidizing power of arsenic acid, but slightly diminishes the reduction power
of an iodide.

To keep the solution neutral when it is desired to oxidize an arsenlte by
means of iodide, it is not advisable to use caustic alkali solution, as this itself
reacts with iodine, forming iodide and hypo-iodite. Sodium bicarbonate is
usually used: : v .
HCO,~+Ht— H.0+CO, T. .

Equally satisfactory is disodium phosphate, which forms with hydrogen ions
the very slightly ionized H,PO, ions. A normal alkali carbonate can be used
if the solution is saturated with carbonic acid; there are then not enough OH~
ions formed by the hydrolysis of the normal carbonate to react with the iodine.

5. Stannous Chloride (Bettendorff’s Test).—On adding to con-
centrated hydrochloric acid a few drops of an arsenite solution and
then  cc. of a saturated solution of stannous chloride in hydrochlorie
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acid, the solution quickly becomes brown and then black, owing to the
deposition of metallic arsenic. The reaction takes place more readily
on warming, but a dilute aqueous solution will not give the reaction.
In concentrated hydrochioric acid, however, the arsenic is all present as
frichloride, and this is reduced by the stannous chloride, while arsenious
acid is not: :

: Astt+438nT+ — 3Snt T+ 12As.

B. Compounds of Arsenic Pentoxide

Arsenic - pentoxide, which may be obtained by heating arsenic
acid, is a white, fusible substance, and is changed by strong ignition
into arsenic trioxide: As2Os=As2034-02. Arsenic pentoxide is quite
soluble in water, forming arsenic acid:

ASzOs -I- 3H20 = 2H3ASO4.

Arsenic acid itself may be obtained in the solid state in the form
of orthorhombie prisms corresponding to the formula 2H3AsO4-H2O.
At 100° C. water escapes, orthoarsenic acid, HzAsO4, being left behind
as a crystalline powder.

By gentle ignition more water is given off, forming pyroarsenic amd
H4As207, which on further ignition is changed to metarsenic acid,
HAsOs. In this respect arsenic acid acts exactly like phosphorie acid.
Both the pyro- and the meta-acids readily take on water, and are
changed back to the ortho acid.

" The salts of arsenic acid are called arsenates.

As with orthophosphoric acid, mono-, di-, and trimetallic salts are
known: NaHAsO4, NagHAsO4 and NagAsOs.

- The arsenates of the alkalies are soluble in water; the others are
insoluble in water but easily soluble in acids.

REACTIONS IN THE WET WAY

1. Hydrogen Sulfide on being passed into a cold solution of an
arsenate in 0.3-normal acid does not cause any precipitation until after
a long time, when arsenic trisulfide is formed. If the cold solution con-
tains a large excess of concentrated hydrochloric acid, the arsenic is
‘precipitated as pentasulfide. If hydrogen sulfide is passed into a hot
solution of an arsenate in concentrated hydrochloric acid, a mixture of
arsenic trisulfide and pentasulfide is formed.

This behavior is very interesting, but the relations involved are quite com-

plicated. The solubility products of both arsenic trisulfide and arsenic
pentasulfide are extremely small, and it requires but a small quantity of either
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Ast*+ or Agt++++ jons to reach this value even with the sulfur ions from
slightly ionized hydrogen sulfide. A cold solution of an arsenate in 0.3-
normal hydrochloric contains no appreciable quantity of As*t++++ cations.
Arsenic acid is of approximately the same strength ss phosphoric acid and it
is only in the presence of a very large excess of an acid such as hydrochloric
acid that the ionization of the first hydrogen acid is repressed to a marked
degree. In the presence of concentrated hydrochloric acid, however, it is
reasonable to assume that a small quantity of Ast++++ cations are present.
These react with hydrogen sulfide to form the very insoluble pentasulfide,

H:As0,45H — 4H,0+Ast++++; 2Agt++++ 4L 5H,S — As,Sq+10H™.

The arsenic sulfide is so insoluble that the effect of the acid is, on the whole,
favorable; it favors the formation of As™**+*+ cations and it prevents the
formation of colloidal solutions of As,Ss.

Hydrogen sulfide is absorbed by a cold solution of an arsenate in dilute
acid to a greater extent than can be accounted for by the solubility of hydro-
gen sulfide in water. Soluble thioarsenates are formed:

HaAS04+H28 — HaASOaS—l‘HzO.

Hydrogen sulfide also exerts a reducing effect upon the arsenate. This
reduction takes place very slowly in the cold, but more rapidly if the tempera-
ture of the solution is raised or if the concentration of the H is increased (cf.
p- 228).

HAsO4+5H 48~ — Ast++4+4H,0+8S; 2AsT++4+3H,S — As,S;+6H™.

As soon as the solution contains an appreciable quantity of either Ast++++ or
As* ¥ ions, the precipitation of the corresponding sulfide at once takes place.
The temperature of the solution and the concentration of the acid are exceed-
ingly important factors in the precipitation of arsenic by means of hydrogen
sulfide. The pentasulfide is the more insoluble of the two sulfides.

To precipitate the arsenic quickly by hydrogen sulfide from a solution
of an arsenate, without employing considerable hydrochloric acid, it is only
necessary to reduce the arsenic acid by boiling with sulfurous acid, to boil off
the excess of the latter, and then to conduct hydrogen sulfide into the solution,
whereby a precipitate of arsenious sulfide is at once formed.

Arsenic pentasulfide is insoluble in boiling concentrated hydro-
chloric acid, but, like the trisulfide, it is readily soluble in alkalies, ammo-
nium carbonate, and alkali sulfides:

AsyS5+60H™=3H0+AsSs™ +As0387;
AsS5+3C03™=3C0; T +AsSs™ +As0387;
AsoS5+35"=2As8,4".
By acidifying these solutions, arsenic pentasulfide is reprecipitated:
2AsS4=+6H' — 3H2S+As2Ss,
AsSs+As038~+6H — 3Ho0 +As,Ss.
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Arsenic pentasulfide is oxidized by fuming nitric acid to sulfuric
and arsenic acids; also by solution in ammoniacal hydrogen peroxide:

AseS5+20H202+160H™ =28H20+5504~+2As04.

2. Silver Nitrate precipitates from neutral solutions chocolate-
brown silver arsenate (difference from arsenious and phosphoric acids):

AsO4~+3Agt — AgsAsOy,

soluble in acids and in ammonia.

3. Magnesium Chloride precipitates, in the presence of ammonia
and ammonium chloride, a white, crystalline precipitate of magnesium
ammonium arseniate:

AsOs~+ Mg+ T4+ NHF— MgNHAsOq4.

This precipitate is insoluble in dilute ammonia and is used for the
quantitative determination of arsenic. By ignition it is changed into
magnesium pyroarseniate: ‘

2MgNH4AsO, =H>0+42NH; —I—Mg2A5207._

4. Ammonium Molybdate, added in considerable excess to a
boiling nitric acid solution, precipitates yellow, crystalline ammonium
arsenomolybdate:

AsO4~ +3NH4+—|— 12M004=—|—24.H+—) 12H>0+ (NH4)3As04-12Mo00O3.

This precipitate, like that of the corresponding molybdenum com-
pound with phosphoric acid, is insoluble in dilute nitric acid solution
containing ammonium nitrate, but is readily soluble in ammonia or
caustic alkali solutions:

(NH,)3As04-12M003+240H~ — 12H,0+3NH4t+ AsOs=+12MoO4™.

The yellow precipitate is also soluble in a solution containing an
alkali arsenate; complex anions containing more arsenic, are formed
and the ammonium salts of these complex ions are soluble in nitric
acid. Consequently a large excess of ammonium molybdate should
be used if it is desired to precipitate arsenic acid.

As we shall see later, phosphoric acid behaves similarly toward mag-
nesium salts and ammonium molybdate. If, therefore, phosphoric acid and
arsenic acid are both present, it is necessary to precipitate first the arsenic
with hydrogen sulfide, filter, and oxidize the precipitated arsenic sulfide to
arsenic acid with fuming nitric acid. In such a solution a precipitate produced
by means of ammonium molybdate or magnesium chloride must be caused
by arsenic acid. In the same way a precipitate produced in the fillrate from the
hydrogen sulfide precipitate must be caused by phosphoric acid. This is safer
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than to depend upon the fact that the ammonium phosphomolybdate forms
more readily at lower temperatures (60°) than does the corresponding arsenic
compound.

5. Potassium JIodide, in a solution strongly acid with hydrochloric
acid, reduces a solution of an arsenate with liberation of iodine (cf. p.
228);

H3ASO4+5H++2I_ — Astt ++4H20+Iz.

The reaction takes place quantitatively if the iodine is removed
by adding sodium thiosulphate.

C. Reactions which May be Obtained with All Arsenic Compounds

1. The Marsh Test for Arsenic.—All compounds containing arsenic
may be reduced, in acid solution, by means of nascent hydrogen to
arsine, AsHj:

Asp03+6Hs =3H,0+2AsH; T; Ass05+8H,=5H0+2AsH;z T ;
ASzS3+6H2=3st T +2ASH,3 T .

The sulfides are reduced very slowly, but the oxides are reduced
quickly  even at ordinary temperatures. To produce nascent hydro-
gen, zine and sulfuric acid are used.

This very poisonous arsine possesses a property which enables
us to detect with certainty the merest trace of arsenic—as little as
0.0007 milligram As. By conducting the gas through a heated glass
tube filled with hydrogen, it is decomposed into hydrogen and metallic
arsenic; and the latter is deposited as a brownish-black mirror on
the sides of the glass tube, just beyond the place where it was heated.

This test is extremely sensitive, and must be made with caution,
as almost all reagents, especially commercial zine and sulfuric acid,
are likely to contain traces of arsenic. In case these are used with-
out previous testing, arsenic is likely to be found even although it
may not have been present in the substance itself.

The Marsh test is particularly useful for detecting the presence
of very small amounts of arsenic which could not be found by any
of the previously mentioned reactions. In cases of poisoning and
for detecting the presence of arsenic in wall-papers, this test, or a
modification of it, is always used; we will, therefore, discuss it in
detail.

Formation and Properties of Arsine

(a) Formation.—Arseniuretted hydrogen, or arsine, is produced, as above
mentioned, by the reduction of compounds containing arsenic with nascent
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hydrogen. For developing the latter, pure zinc and pure sulfuric acid should
be used. If other metals and other acids are used (e.g., tin and hydro-
chloric acid, iron and sulfuric acid), the arsenic compound will be reduced;
but if iron is used, a part of the arsenic is changed to solid arseniuretted hydro-
gen, which remains in the flask and consequently escapes detection. If tin
and hydrochloric acid are used, a high temperature is necessary in order to
accomplish the reduction,* while with zinc and sulfuric acid the reaction
takes place readily at the ordinary temperature. Chemically-pure zinc
dissolves with difficulty in chemically-pure sulfuric acid, so that it is well to
activate the zinc by the addition of a little foreign metal. The addition of
a drop of chloroplatinic acid causes at first a more rapid evolution of hydrogen,
but the reaction soon slows down and is not accelerated by the addition of
more choloroplatinic acid. Moreover, the addition of chloroplatinic acid
has the disadvantage of causing considerable arsenic to be held back by the
platinum; less than 0.005 mgm. of As.O; cannot be detected in this way.t
Much better results are obtained by using an alloy of zinc and platinum.
Thus F. Hefti I found that zinc alloyed with 10 per cent platinum caused a
more uniform evolution of hydrogen and that the formation of arsine was
accelerated, while less arsenic was retained by the platinum. With this alloy
quantities of As;O; as small as 0.0005 mgm. can be detected with certainty.
The best activating agent, however, is copper in the form of a zinc-copper
alloy prepared as follows: Melt 20 gms. of the purest zinc in a small Hessian
crucible, stir a very little pure copper into the molten zinc with the aid of a
stick of zinc. Pour the molten metal into water, keeping as much as possible
of the oxide back in the crucible. With this alloy and 15 per cent sulfuric
acid, a steady, continuous current of gas is obtained and it is possible to
detect with certainty as little as 0.00025 mgm. of As,O;.

Arsenic, arsenious oxide, arsenic pentoxide, and arsenic trisulfide are readily
reduced in alkaline solution by sodium amalgam, aluminium, or Devarda’s
alloy and caustic potash, forming arsine. The reduction takes place quickly,
and the arsine may be detected by the Gutzeit reaction (ef. p. 238). The
presence of organic matter in solution hinders the reaction; 3 cc. of urine
in .which 1 mgm. of As,O; was dissolved showed no trace of arsine after treat-
ing for hours with Devarda’s alloy and caustic potash solution. In such
cases the organic substance must be decomposed before testing for arsenic.
(Cf. pp. 129 and 152.)

Arsine is also obtained by dissolving many arsenides in hydrochloric
or sulfuric acid:

Zn;AS;—I—GHCl =3Z11012+2:\ SH3 T .

The arsenides of iron are attacked by acids only with difficulty, except
when an excess of iron is present, when, with the help of the nascent hydrogen,
they are decomposed, forming solid and gaseous arseniuretted hydrogen.

* Thus VaNiNo, working at ordinary temperatures, could not detect less than
0.002 gm. of As,O; by means of tin and hydrochloric acid, and where chloroplatinic
acid was added, less than 5 mgm. of As;O3 could not be found. Z. angew. Chem.,
1902, 82,

t BERNSTEIN, Inaug.-Dissert., Rostock, 1870.

1 Ingug.-Dissert., Zirich, 1907,
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Consequently iron sulfide containing arsenic, on treatment with acids, always
yields hydrogen sulfide contaminated with arsine.*

Arsenites can also be reduced to arsine by the action of the electric cur-
rent. It is possible to distinguish between an arsenite and an arsenate in this
way.

Certain microbes, namely, Penicillium brevicaule, when provided with
nutriment containing only traces of arsenie, have the power of forming vola-
tile arsenic compound of a garlic odor, and this may be used as an extremely
sensitive test for arsenic.

(b) Properties.—Arsine is a colorless, unpleasant-smelling, extremely
poisonous gas, which, on being heated away from the air, is decomposed into
arsenic and hydrogen: ' '

4ASH3 =AS4+6H2 T .

By heating in the air, it is oxidized to water and arsenic trioxide. Solid
iodine changes it to arsenious iodide and hydriodic acid:

ASH3+3Iz = ASIa+3HI.

This reaction takes place on conducting arsine over solid iodine. This
property serves to free hydrogen sulfide from arsine, as hydrogen sulfide does not
act upon solid iodine, but only upon aqueous iodine solutions. Arsine is
not attacked by hydrogen sulfide at ordinary temperatures, but at 230° C.
sulfide of arsenic and hydrogen are formed.

Arsine is a strong reducing agent: silver salts are reduced to metal (see
p. 239).

Directions for Performing the Berzelius-Marsh Test

The apparatus devised-by G. Lockemann,t shown in Fig. 20, may be used
to advantage.

In the flask K, of 100 to 150 cc. capacity, place 3 or 4 gms. of zinc alloyed
with copper (cf. p. 233) and about 20 cc. of 4-normal sulfuric acid free from
arsenic. A steady stream of hydrogen is at once evolved, and in twenty
minutes the air will be entirely driven out of the apparatus. When, at the end
of about twenty minutes, the gas escaping at b is found to be pure (by collect-
ing a little in a small tube and holding it near a flame; it should light without
a sharp explosion), light the hydrogen at b.1 The flame should be about 2 or 3
mm. high and should remain so during the whole of the experiment; if it
becomes higher, cool the solution in K by placing the flask in cold water,
and, conversely, if the flame is too low add a little more sulfuric acid or place
the flask in warm water. .

First of all, test the zinc and sulfuric acid to see that they are free from

* (Chem. Zentralbl., 1902, I, p. 1245.)

t Z. angew. Chem., 1905, pp. 427 and 491.

1 A safe way to light the flame is to take the small tube used for testing the gas,
fill it with gas, light it, and bring it slowly to the end of the tube b. If the gas is
pure the hydrogen in the small tube will burn quietly for some little time. If
impure, there will be none left in the small tube after it is exploded and this will
not light the escaping gas at b,
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arsenic. Heat the hard-glass tube at B just before the restriction in the
tube, which is 5 mm. long and 1.5-2 mm. wide. If at the end of twenty minutes
there is no arsenic mirror formed in this capillary, the reagents are free from
arsenic.

Transfer the sulfuric acid solution to be tested for arsenic, and which must
be free from organic substances,
sulfides, chlorides, nitrates, or other
oxidizing agent, to the graduated
funnel T, and add it little by little
to the flask K without in any way
interrupting the current of hydrogen.
Just before adding the solution to
the flask, light the two burners at
A and thereby heat the glass tube
to dull redness. The gas as it
escapes from the flask K passes W
through the drying-tube C con-'
taining granular calcium chloride,
and then passes into the tube A,
where any arsine is quantitatively
decomposed into arsenic and hydro-
gen. The arsenic is deposited on .
the cold walls of the capillary. Cool —— —
the end of the capillary, in order to Fia. 20.
form a sharply defined mirror, by
winding around it a piece of wicking, as shown in Fig. 20, and allowing
water to drop upon it from the dish W during the experiment.

All the arsenic will be deposited at the end of an hour, and by comparing
the mirror with a series of standards the amount can be estimated accurately
. (see page 238).

\ Remark.—If the tube A is
not heated at all, but the gas
ignited at b as above described,
the arsenic may be deposited
upon a -cold porcelain dish by
holding the dish in the flame.

a The deposit is readily soluble

’ in sodium hypochlorite solution

(difference from antimony). In

this form the test was used by

James Marsh in 1836. .

Confirmatory Test.—In the

Fic. 21. small glass tube open at both

ends (see Fig. 21) the arsenic

mirror is found. Hold the tube in an inclined position and heat it by

means of a small flame whereby the arsenic is changed to arsenic trioxide,

giving off the characteristic garlic odor, which can be detected at the upper

end of the tube if only iz of a milligram of arsenic trioxide is formed.

After the tube is cooled, the arsenic trioxide is to be found at a in the form

of small glistening octahedrons, which can be seen with the magnifying glass
or often with the naked eye.
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These three facts—formation of the mirror, the garlic odor, and the
octahedrons—suffice to prove the presence of arsenic; but the more proofs we
have, the more certain we are of the accuracy of the result. If the octa-
hedrons have been recognized, seal the capillary end of the tube with a flame,
and introduce 1 to 2 drops of pure, con-
centrated hydrochloric acid into the tube
with the help of a dropper, and move the
tube so that the arsenic trioxide is moist-
7 ened by the acid; then add 6 to 10 drops
of distilled water and pass hydrogen sul-
fide into the tube, whereby yellow arseni-
ous sulfide is formed. .

The hydrogen sulfide required may be
generated from a solution of sodium sulfide
by allowing it to flow into dilute sulfuric
acid, as illustrated in Fig. 22. The upper
part of the test-tube contains a wad of
cotton wool, which prevents any of the
solution in the tube from being mechani-
cally carried over into the tube containing
the arsenic. '

As an example of the practical appli-
cation of this delicate test, we shall de-
seribe the method to be employed in the
detection of arsenic in wall-papers, etc.
The amount of arsenic contained in wall-
papers is usually so small that weighing
H,80, ‘the mirror produced would not be accu-

rate.* It is best, therefore, to prepare a
‘ number of mirrors from known amounts
Fie. 22. of arsenic, to establish a scale for deter-
mining how much is contained in the given wall-paper or fabric.
. First of all, the arsenic must be extracted completely from the paper, and
to this end it is necessary to decompose the organic material, which is accom-
plished preferably as follows:

Na,S

Decomposition of Organic Material

Take exactly one square decimeter (100 sq.cm.) of wall paper, roll it into
a cylinder and push it down into a tube closed at one end, such as is used for
the Carius determination of the halogens (see Volume II of this book). Add
2 cc. of pure, fuming sulfuric acid (25 per cent oleum, Kahlbaum) through a
long-stemmed funnel. Then pour 3 or 4 cc. of fuming nitric acid into a small
test-tube and carefully allow the latter to slip down the sides of the Carius
tube so that the two acids do not come in contact with one another. At
the open end of the tube draw out the glass to form a strong capillary and

" *In Massachusetts, the law permits the presence of 0.1 mgm. per square meter
in wall-paper, but only 0.01 mgm. per square meter in wearing apparel. In most
cases it is merely necessary to determine whether the legal limit is exceeded.

1 C. R. SANGER, Amer. Acad. of Arts and Sciences, 26, 24.
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seal the end as described in Volume II. Cover the tube with asbestos paper
and slowly heat it inside a strong iron tube, in the furnace used for Carius
tubes, to a temperature of about 230° and keep it at this temperature for
an hour and a half. Allow the tube to cool and then withdraw it from the
iron protective tube, by means of a wire previously fastened to it, until the
capillary projects a little; heat this with a Bunsen flame. As soon as the glass
becomes soft the pressure on the inside of the tube blows out a hole through
which: gas escapes until the:pressure is the same inside the tube as without.
Break off the point of the tube and rinse the contents of the tube and of the
tip into a porcelain evaporating dish. The colorless solution * thus obtained
will contain all the arsenic in the form of arsenic acid. Evaporate the solu-
tion till fumes of sulfuric’ acid are evolved thickly, and then; after.cooling,
add 15 cc. of water and pour the liquid into the funnel T' of Fig. 20, rinsing
the dish twice with 3 cc. portions of water. After mixing the liquid in T by
means of a small stirring rod, make a note of the total volume of the
liquid.t During this operation, the Marsh apparatus should be made ready
for the test. _ ' .

When the apparatus is ready, add a few drops of the well-mixed solution
through T to the reduction flask K. If no mirror appears within three or
four minutes, add one-eighth to one-quarter of the filtrate little by little;
and if no mirror appears after five minutes, the whole filtrate. The whole
filtrate is not added at once, because if too strong a mirror is obtained, it is
much more difficult to estimate the amount of arsenic present. After twenty-
five minutes all the arsenic will be deposited if not more than 0.05 mg. of
arsenic is in solution. If a mirror of sufficient density was cbtained in fifteen
minutes from only a fraction of the whole solution, no more should be added,
but the operation should be continued for ten minutes more, the flame
extinguished, and the tube allowed to cool while hydrogen. continues to .pass
through it. The mirror is then compared with the scale, and the remaining
part of the filtrate.is weighed in order to determine how much was used for
the test. .

If sufficient material is at hand, a duplicate experiment should be made
with a new tube and a new sample. The results of a few such determinations
are given in the following table:

N : ; : Total Weight ‘
pSmihe | oL [TopEee] N | WS e

100 31.63 31.63 0 0 0
100 30.11 10.23 0.015 0.044 4.4
R e 9.87 0.013 0.0399 3.99
100 28.72 : 8.32 0.045 0.155 15.5
T 7.53 0.042 0.163 16.3

50 30.22 2.64 0.015 0.172 34.4,
P 3.22 0.020 0.187 37.4

* If the paper contained iron or aluminium compounds, the anhydrous sulfates
are formed. These dissolve by heating with water. The above method is the
best and cleanest for decomposing organic material.

1 Instead of measuring the liquid it may be weighed.
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The comparison of the mirrors is best made in transmitted light. The
normal mirrors are prepared as follows: Dissolve 1 gm. of pure, sub'imed
arsenic trioxide in a little sodium carbonate solution, acidify with dilute sul-
furic acid, and dilute to a liter. Take 10 cec. of this solution, of which 1 cc.
contains 1 mg. of As,0; and again dilute to a liter; in this way a solution
is obtained of which 1 cc. contains exactly 0.01 mg. of As;O;. Measure out
1 ce., 2 cc., 3 cc., 4 cc., and 5 cc. of the solution and introduce each portion
separately into the Marsh apparatus, and prepare the corresponding mirrors
in different tubes. It is best to prepare two tubes from each amount of arsenic,
as the mirrors are not always the same. These mirrors may be kept in the dark
for some time; but on exposure to the light they fade perceptibly. Mirrors
which are sealed up with hydrogen do not keep as well.

Testing Urine, Blood, Milk, Beer, etc., for Arsenic

Evaporate 100 ce. of the liquid in question to dryness in a porcelain dish.
By means of a spatula introduce the residue as completely as possible into a
tube, such as is used for the Carius determination (Vol. II), and add 4 cec.
of a 25 per cent oleum. In order to transfer the rest of the residue to the
tube, pour 2 cc. of fuming nitric acid into the dish and after wetting all the
sides of the dish, transfer the acid to a small test-tube. Repeat this operation
twice more and then allow the small test-tube to slip into the Carius tube.
Draw out a capillary at the open end of the tube and seal it by the flame.
Heat the tube in the Carius furnace for one hour at 160°. After cooling,
open the point of the tube with the usual precautions (p. 237), and release
the pressure. Seal the tube again and heat for half an hour to an hour at
230°. The operation is then continued as described above.

With urine a somewhat different procedure is followed. Ivaporate liquid
not quite to dryness, but to sirupy consistency; spread the sirup upon a porce-
lain boat and allow it to slip into the Carius tube. The rest of the process is
carried out as before.

2. The Gutzeit Test for Arsenic depends upon the behavior of
arsine toward a concentrated solution of silver nitrate (1 : 1) (accord-
ing to Eidenbenz, a crystal of solid silver nitrate should be used).
The silver nitrate is at first colored yellow and then black, the follow-
ing reactions taking place:

1. 6AgNO3+AsH3z =AsAgs-3AgNO3s+3HNO3.
e ————
Yellow

2. AsAgs-3AgNO3+4-3HOH =H3As034+3HNO3+4-6Ag.

The test is carried out as follows: Place a little of the substance in a
small test-tube, Fig. 23, add a few grains of zinc and a little dilute sulfuric
acid, and place a wad of cotton near the top of the tube as a filter. Over the
mouth of the tube place a piece of filter-paper with a crystal of silver nitrate
on top.

If arsenic is present, the silver nitrate is at first turned yellow, but it
becomes black very quickly. ’
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This reaction is often used for quickly testing commercial acid for arsenic,
but it is not as reliable as the Bettendorff test (p. 228), because phosphine *
and stibine give a similar reaction with silver nitrate,
while they are not reduced by stannous chloride. AgNO,

If arsine is allowed to act upon a dilute solution of / 1 \ Paper
silver nitrate, the yellow compound AsAg;-3AgNO; is

not formed, for it is immediately decomposed hydro- S%\%J,‘; )
lytically, accordmg to the equation ?:/;; x—j; Cotton
AsH,+6AgNO;+3HOH =6HNO,+H;As0,+6Ag. Kot

If the precipitated silver is filtered off, and am-
monia then poured on top of the filtrate, the neutral
zone will appear yellow owing to the formation of
silver arsenite.

This reaction never takes place quite quantita-
tively; the deposited silver invariably contains a little
silver arsenide, Ag;As.

If the silver solution is made ammoniacal, it is
true that all the arsine will be absorbed, but the de-
posited silver still contains a little arsenic and the
solution a small quantity of ammonium arsenate. If, Fic. 23.
however, the ammoniacal solution containing the
silver nitrate and ammonium arsenite is heated to boiling, then the arsenite
is oxidized quantitatively to arsenate with deposition of silver.}

gt+As0=+O0H~— HAsO,~+2Ag.

Under these conditions eight atoms of silver are deposited from each origi-
nal molecule of arsine:

AsH;+8Agt+110H~ — AsO=+7H,0+8Ag.

If the deposited silver is filtered off and the filtrate carefully neutralized
with nitric acid, a brown precipitate of silver arsenate is formed.

Somewhat less sensitive than the original Gutzeit test, although
very satisfactory, is the modification recommended by Fliickiger {
and Lehmann.§

Instead of allowing the arsine to act upon silver nitrate, bring it into contact
with mercuric chloride || paper, which is turned yellow by a little arsine and-
reddish brown by considerable arsine.q

* Commercial zine often contains a small quantity of phosphorus.

1 Cf. REckLEBEN, LockEMANN and EckHARDT, Z. anal. Chem., 1907, 671.

} Arch. Pharm. (3], 1889, 27.

§ Pharm. Ztg. Berlin, 1892, 36.

|| To prepare the mercuric chloride paper moisten some filter paper with an
alcoholic solution of mercuric chloride, allow the alcohol to evaporate and repeat
the process four or five times.

{ Auvcust GorTHELF, J. Soc. Chem. Ind., 22, 191 (1903).
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The exact composition of these compounds is not known definitely.
Possibly As(HgCl), is formed first; and then, by further action of AsH;,
AsH(HgCl). and As.Hg; are formed.*

AsH3+3HgCle— 3HCI+4 As(HgCl);3
- 2As(HgCl)s+AsHs — 3AsH (HgCl),
As(HgCl)3+AsH; — 3HC14-As.Hgs.

These arsenic compounds are characterized by their insolubility in 80 per
cent alcohol.

Stibine gives no reaction in this test when little of it is present, but the
presence of somewhat more of it causes the formation of a brown spot which
is soluble in alcohol. If, however, arsenic and antimony are both present,
the former is recognized by cutting out the spot from the rest of the filter-
paper and placing it in 80 per cent alcohol, whereby the brown spot due to
the antimony is removed in a short time and the yellow arsenic spot appears
plainly. When considerable antimony is present, the test fails; a gray-black
spot is produced which does not disappear on treatment with alcohol.

3. The Reinsch Test is very easy to make, but it is not as sensitive
as the tests just mentioned. It depends upon the fact that when
a strip of polished copper foil is added to a solution of arsenious acid,
the copper is colored gray owing to the deposition of CusAss on the
copper. :

From concentrated solutions the arsenic separates out in the
cold, but from dilute solutions only on warming. If considerable
arsenic is present, the gray copper arsenide drops off from the copper.
Antimony is also precipitated on copper from its solutions, so that
. the deposit must be tested for arsenic in the dry way. Arsenic acid
is also reduced by copper, but only on warming.

The Reinsch test is often used in testing wall-papers for arsenic.
The pieces of paper are treated with a little hydrochloric acid (1 : 2),
a piece of copper foil added, and warmed. A gray deposit on the copper
indicates the presence of arsenic.

To confirm this test, the piece of gray copper foil is placed in a
tube of difficultly fusible glass and heated in a stream of hydrogen
gas; an arsenic mirror is produced which can be tested as described
on p. 235.

Detection of Arsenic in the Human Organs

To detect small quantities of arsenic present in the organs of persons who
have probably died from poisoning, it is necessary in the first place to destroy

* Besides the above compounds, AsH,(HgCl) and As,Hgs are said to exist.
Cf. ParTHEIL, Arch. Pharm., 237, 121.
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all the organic tissue; this may be accomplished by the action of sulfuric and
nitric acids.* Place 200 g. of the organ, 200 cc. of concentrated nitric acid and
5 cc. of 2 per cent permanganate solution in a 2-liter flask and heat until
foaming ceases. Then transfer the solution to a 1-liter flask, rinsing out
the larger flask with 100 cc. of concentrated nitric acid and 100 cc. of water.
Boil four hours, or until the solution is reduced to 80 cc. in volume. Add 100 cc.
of concentrated sulfuric acid and evaporate till fumes of sulfuric acid are
evolved. Cool, add 2 or 3 ce. of concentrated nitric acid and again heat until
white fumes are evolved and repeat this treatment with nitric acid about six
times. Then, when all the nitric acid has been expelled, cool, dilute with
100 cc. of water and test the solution by the Marsh test.

To determine the quantity of arsenic present, transfer the solution to a dis-
tilling flask, add 20 cc. of concentrated sulfuric acid, 50 gms. of sodium chloride,
1 gm. of potassium chloride and 10 gms. of ferrous sulfate crystals. Distill
into a flask containing 50 gms. of sodium bicarbonate and 100 ce. of water
until all the solid bicarbonate dissolves. Titrate the sodium arsenite solution
thus obtained with iodine as described in Vol. II. A blank experiment should
be made with all the reagents to make sure that they are free from arsenic.

REACTIONS IN THE DRY WAY

Metallic arsenic burns, giving off a garlic odor. Mixed with sodium
carbonate and heated on charcoal, all arsenic compounds give this
odor.

Oxygen compounds of arsenic are easily reduced to metal in the
upper reducing flame. On holding a porcelain dish (glazed on the
outside and filled with water) directly over the sample, the arsenic
vapors are condensed on the dish, forming a brownish-black coat-
ing which is soluble in sodium hypochlorite solution, disappearing
instantly, the arsenic being oxidized to arsenic acid;

As24-5NaOCl+4-3H20 =5NaCl+2H3As04.

If the porcelain dish is not held closely above the reducing flame,
but above the upper oxidizing flame, the arsenic vapors are burned
with a bluish flame to white arsenious oxide which deposits on the
dish.

If this deposit is moistened with silver nitrate, and ammonia
vapors blown upon it, a yellow coloration due to AgsAsOs is formed,
which disappears if more ammonia is allowed to act upon it (differ-
ence from antimony):

* Cf. GAuTIER, Bull. soc. chim. Parts, 25, 252 (1875); Cr1TTENDEN and DoNaLD-
soN, Am. Chem. J., 11, 236 (1880-1); JoacHimocga1, Arck. exp. Path. Pharm., 78,
1-16 (1914).
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ASzOg + 6AgNO3 + 3H20 = 2Ag3A503 + 6HN03 .

The ammonia serves to neutralize the nitric acid formed by the
reaction, but the precipitate dissolves in excess of ammonia as well
as in nitric acid.

The microchemical method of Hartwich and Toggenburg* is often useful
when the arsenic is present as trioxide. Prepare a glass cylinder about 12 mm.
in diameter and 10 mm. in height and make sure that both the upper and
lower edges are smooth. Place this cylinder upon a small watch-glass and
pour into it a little of the substance to be tested, well mixed with ignited sand.
Cover the cylinder with a flat glass slide about 50 mm. square. Heat the
watch-glass very carefully with the flame from a small burner; the flame.
should not be over 5 mm. high and 30 to 40 mm. below the watch-glass. After
heating ten or fifteen minutes, allow to cool slowly and finally examine the
bottom surface of the glass slide. If arsenic is present as trioxide, it will have
sublimed and the vapors will have condensed, upon the slide for the most part,
in the form of beautiful octahedrons, the shape of which is very distinct when
viewed under the microscope. These crystals are visible when only 0.01 mg.
of arsenic is present. The sublimate may be identified further by the silver
reaction.

ANTIMONY, Sb. At. Wt. 120.2
Sp. Gr.=6.7-6.8. M. Pt.=630° C. B. Pt.=about 1450° C.

Occurrence.—Antimony seldom occurs free in nature, although
large amounts of the metal have been found recently in Australia.
The most important compounds containing antimony are (as with
arsenic) the sulfur compounds. Stibnite, SbeSs3, orthorhombie, is
found in Japan in beautiful crystals. The occurrence of kerme-
site, Sba0S2, is interesting, as this compound is often met with in
analysis. ,

Of the oxygen compounds the dimorphous antimony trioxide is

known as isometric senarmontite and orthorhombic valentinite.
Antimony also occurs in many thio salts, of which the tribasic silver
thioantimonite, or pyrargyrite, AgsShS3, may be mentioned.
- Antimony is a silver-white, brittle metal. It burns readily in
the air to antimony trioxide. The solvent for antimony is aqua regia,
by which it is converted into chloride. Nitric acid attacks antimony,
changing it into Sb204, which dissolves slightly in concentrated acid,
but is insoluble in dilute acid.

* Schweiz. Wochenschrift fir Chem. u. Pharm. 1909, No. 52, p. 1.
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Antimony forms three oxides: antimony trioxide, Sb2Os; anti-
mony pentoxide, Sh20s; and antimony tetroxide, Sh2O4, which may
be regarded as antimonous antimonate, and is a very indifferent
substance chemically. Antimony trioxide as a rule shows basic prop-
erties, while antimony pentoxide has more the character of an acid
anhydride.

A. Compounds of Antimony Trioxide

By burning the metal in the air, the trioxide is obtained, which
on stronger ignition in the presence of air is changed to the inert
Sb204.

The trioxide is dissolv