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Preface

This handbook is an encyclopedic treatment of chemical elements and their
most important compounds intended for professionals and students in many
areas of chemistry throughout the manufacturing, academic, and consulting
communities. Chemicals are presented in alphabetical order in a descriptive
format highlighting pertinent information on physical, chemical, and thermo-
dynamic properties of chemicals, methods of preparation, industrial applica-
tions, chemical analyses, and toxic and hazardous properties. Synonyms, CAS
Registry Numbers, brief history of discovery and natural occurrence are pro-
vided for many entries. The objective is to provide readers a single source for
instant information about important aspects each substance. In this sense it
should serve as a combination handbook and encyclopedia.

Readers may note three unique features in this text. First, there is a sub-
stantial discussion of chemical reactions of all elements and many of their com-
pounds, a practice abandoned nowadays by most modern reference and
handbooks. Second, analytical methods are presented for identification and
measurement of practically all entries. In many instances, the method is based
on my own research and experience. Third, a preparation method is given for
all entries. For most compounds, more than one preparative method is pre-
sented, covering both laboratory and commercial production. Also, a brief his-
tory of the discovery and early production of selected elements is presented to
serve as background against which modern methods may be judged and his-
torical perspective maintained.

It has been a hard task indeed to select a limited number of compounds from
among over one hundred thousand inorganic chemicals used in industry.
Because of space limitations, only a small number have been selected as main
entries, but many more have been cited under each entry.

I hope that you find this book useful, and that you will let the publisher and
me know how we may make it more useful to you.

Pradyot Patnaik,
Burlington, NdJ.
November, 2001
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Elements

Introduction

All of the elements and many important compounds are presented in this ref-
erence. Substances are arranged in alphabetical order. Each entry topic is dis-
cussed briefly below.

Chemical names are followed by Chemical Abstract Service (CAS) registry
numbers. This is followed by symbols, atomic numbers, atomic weights, group
numbers in the Periodic Table (the older but more common CAS system and
the present IUPAC Group numbers given in parentheses), electron configura-
tion, valence states, most stable oxidation states, and atomic and ionic radii.
Naturally occurring stable isotopes, abundance, artificial radioactive isotopes
and longest- and shortest-lived radioisotopes with half-lives are presented for
all elements. Additionally for many elements, electronegativity and standard
electrode potential data are presented.

The next section under “Elements” is subtitled “History, Occurrence and
Uses.” This includes a brief history of chemical discoveries and the origin of
their names and symbols, natural occurrence, principal minerals, abundance
in the earth’s crust and in sea water and principal uses. Uses include commer-
cial applications, preparative reactions, analytical applications and other lab-
oratory reactions. More general information is provided in this section.

The “Physical Properties” are listed next. Under this loose term a wide range
of properties, including mechanical, electrical and magnetic properties of ele-
ments are presented. Such properties include color, odor, taste, refractive index,
crystal structure, allotropic forms (if any), hardness, density, melting point, boil-
ing point, vapor pressure, critical constants (temperature, pressure and vol-
ume/density), electrical resistivity, viscosity, surface tension, Young’s modulus,
shear modulus, Poisson’s ratio, magnetic susceptibility and the thermal neutron
cross section data for many elements. Also, solubilities in water, acids, alkalies,
and salt solutions (in certain cases) are presented in this section.

Under the title “Thermochemical Properties,” both thermodynamic and ther-
mal properties appear. These include thermodynamic properties, enthalpies of
formation, Gibbs free energy of formation, entropies and heat capacities, and
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Compounds

Introduction

thermal properties such as thermal conductivities, coefficient of linear expan-
sion, heat of fusion, and the heat of vaporization.

Under the “Recovery” or “Production” mining of ores, ore opening, separa-
tion, and isolation into pure elements are touched upon briefly.

The “Reactions” section highlights only important reactions that include for-
mation of binary compounds, oxo salts, and complexes.

The “Analysis” section includes qualitative identification and quantitative
measurement of the element in free elemental form or its compounds and alloys.

“Toxicity” or “Hazard” sections are presented last to illustrate dangerous
properties of elements and compounds that are toxic, flammable, explosive, or
otherwise harmful.

Compounds of the elements are also presented in similar format. This includes
CAS Registry Numbers, formulas, molecular weights and the hydrates they form
(if any). This is followed by occurrence (for naturally occurring compounds) and
industrial applications. The section on “Physical Properties” covers the color, crys-
tal structure, density, melting and boiling points and solubilities of the com-
pounds in water, acids, alkalies and organic solvents.

“Thermochemical Properties” mostly covers heats of formation, Gibbs free
energy, entropies, and heat capacities. For many compounds, heats of fusion
and vaporization are included.

Under the heading “Preparation” or “Production,” preparative processes are
described briefly. Chemical equations are shown wherever applicable. While
“Preparation” refers to laboratory method or a general preparative method, the
term “Production” refers to commercial manufacturing processes. For many
compounds both historical preparative methods and those in common use are
described.

The section “Analysis” starts with elemental composition of the compound.
Thus the composition of any compound can be determined from its elemental
analysis, particularly the metal content. For practically all metal salts, atomic
absorption and emission spectrophotometric methods are favored in this text
for measuring metal content. Also, some other instrumental techniques such as
x-ray fluorescence, x-ray diffraction, and neutron activation analyses are sug-
gested. Many refractory substances and also a number of salts can be charac-
terized nondestructively by x-ray methods. Anions can be measured in aqueous
solutions by ion chromatography, ion-selective electrodes, titration, and colori-
metric reactions. Water of crystallization can be measured by simple gravime-
try or thermogravimetric analysis.

A section on “Toxicity” is presented in many entries for poisonous and car-
cinogenic substances. If a substance is flammable or explosive or toxic, the sec-
tion is subtitled “Hazard.” Only substances that manifest poisoning effects
even at small doses or are highly corrosive, or highly flammable or reactive are
mentioned in this section, although most substances can be hazardous at high
doses or under unusual conditions.



Definitions

General and Physical Properties

Electron configuration of an atom indicates its extranuclear structure; that
is, arrangement of electrons in shells and subshells. Chemical properties of
elements (their valence states and reactivity) can be predicted from electron
configuration.

Valence state of an atom indicates its power to combine to form compounds.
It also determines chemical properties.

Electronegativity refers to tendency of an atom to pull electrons towards
itselfin a chemical bond. Nonmetals have high electronegativity, fluorine being
the most electronegative while alkali metals possess least electronegativity.
Electronegativity difference indicates polarity in the molecule.

Tonization potential is the energy required to remove a given electron from
its atomic orbital. Its values are given in electron volts (eV).

Isotopes are atoms of the same elements having different mass numbers.
Radioisotopes are the isotopes of an element that are radioactive or emit ioniz-
ing radiation. All elements are known to form artificial radioactive isotopes by
nuclear bombardment.

Half-life of a radioactive isotope is the average time required for one-half the
atoms in a sample of radioactive element to decay. It is expressed as t, and is
equal to:

t,, = In 2/A , where A is a decay constant.

Atomic radius refers to relative size of an atom. Among the main group of ele-
ments, atomic radii mostly decrease from left to right across rows in the
Periodic Table. Going down in each group, atoms get bigger. Ionic radius is a
measure of ion size in a crystal lattice for a given coordination number (CN).
Metal ions are smaller than their neutral atoms, and nonmetallic anions are
larger than the atoms from which they are formed. Ionic radii depend on the
element, its charge, and its coordination number in the crystal lattice. Atomic
and ionic radii are expressed in angstrom units of length (A).

Standard electrode potential is an important concept in electrochemistry.
Standard potentials for many half-reactions have been measured or calculated.
It is designated as EY and expressed in volts (V). From the values of E° one can
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predict if a species will be oxidized or reduced in solution (under acidic or basic
conditions) and whether any oxidation-reduction reaction will take place.

Solubility data are presented for practically all entries. Quantitative data
are also given for some compounds at different temperatures. In general, ionic
substances are soluble in water and other polar solvents while the non-polar,
covalent compounds are more soluble in the non-polar solvents. In sparingly
soluble, slightly soluble or practically insoluble salts, degree of solubility in
water and occurrence of any precipitation process may be determined from the
solubility product, Ksp, of the salt. The smaller the Ksp value, the less its sol-
ubility in water.

Hardness measures ability of substances to abrade or indent one another.
Several arbitrary scales have been developed to compare hardness of substances.
Mohs hardness is based on a scale from 1 to 10 units in which diamond, the hard-
est substance, is given a value of 10 Mohs and talc given a value of 0.5.

Vapor pressure is exerted by a solid or liquid in equilibrium with its own
vapor. All liquids have vapor pressures. Vapor pressure depends on tempera-
ture and is characteristic of each substance. The higher the vapor pressure at
ambient temperature, the more volatile the substance. Vapor pressure of water
at 20°C is 17.535 torr.

Refractive index or index of refraction is the ratio of wavelength or phase
velocity of an electromagnetic wave in a vacuum to that in the substance. It
measures the amount of refraction a ray of light undergoes as it passes through
a refraction interface. Refractive index is a useful physical property to identify
a pure compound.

Temperature at the critical point (end of the vapor pressure curve in phase
diagram) is termed critical temperature. At temperatures above critical tem-
perature, a substance cannot be liquefied, no matter how great the pressure.
Pressure at the critical point is called critical pressure. It is the minimum pres-
sure required to condense gas to liquid at the critical temperature. A substance
is still a fluid above the critical point, neither a gas nor a liquid, and is referred
to as a supercritical fluid. The critical temperature and pressure are expressed
in this text in °C and atm, respectively.

Viscosity is a property of a fluid indicating its resistance to change of form (or
resistance to flow). It is expressed as g/cm sec or Poise; 1 Poise = 100 centipoise.

Surface tension occurs when two fluids are in contact with each other. This
is caused by molecular attractions between the molecules of two liquids at the
surface of separation. It is expressed as dynes/cm or ergs/cm®.

Modulus of elasticity is the stress required to produce unit strain to cause a
change of length (Young’s modulus), or a twist or shear (shear modulus), or a
change of volume (bulk modulus). It is expressed as dynes/cm?,

Thermochemical and Thermal Properties

The enthalpy of formation, AH,°, is the energy change or the heat of reaction in
which a compound is formed from its elements. Two examples are shown below:

Ca(s) + O4(g) + Hy(g) — Ca(OH)(s) AH,,, = —235.68 kcal
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Ny(g) + 3Hy(g) — 2NH,(g) AH, . =-22.04 kcal

The AH/° in the above reactions are —235.68 and —11.02 kcal/mol, respec-
tively. In the second case, the value of AH/ is one-half of AH,,, since two moles
of NH; are produced in the reaction. Also note that AH,® refers to the formation
of a compound from its elements only at the standard state (25°C and 1 atm),
and not the formation from other compound(s).

The term AG,°refers to the standard free energies of formation of compounds
at 25°C and 1 atm. Its relation with enthalpy change, AH, and entropy change,
AS, at a temperature T (in °K) can be expressed as:

AG = AH - TAS

The value of AG,° can be calculated from the above equation and from
other equations also.

Entropy is a thermodynamic quantity that is a measure of disorder or ran-
domness in a system. When a crystalline structure breaks down and a less
ordered liquid structure results, entropy increases. For example, the entropy
(disorder) increases when ice melts to water. The total entropy of a system and
its surroundings always increases for a spontaneous process. The standard
entropies, S° are entropy values for the standard states of substances.

Heat capacity, C, is defined as the quantity of thermal energy needed to raise
the temperature of an object by 1°C. Thus, the heat capacity is the product of
mass of the object and its specific heat:

C, = mass X specific heat

Specific heat is the amount of heat required to raise the temperature of one
gram of a substance by 1°C. The specific heat of water is 1 calorie or 4.184 Joule.

The heat of fusion, AHg, is the amount of thermal energy required to melt
one mole of the substance at the melting point. It is also termed as latent heat
of fusion and expressed in kcal/mol or kJ/mol.

The heat of vaporization, AH,,, is the amount of thermal energy needed to
convert one mole of a substance to vapor at boiling point. It is also known as
latent heat of vaporization and expressed kcal/mol or kJ/mol.

Thermal conductivity measures the rate of transfer of heat by conduc-
tion through unit thickness, across unit area for unit difference of temperature.
It is measured as calories per second per square centimeter for a thickness of
one centimeter and a temperature difference of 1°C. Its units are cal/cm sec.’K
or W/em°K.

The coefficient of linear thermal expansion is the ratio of the change in
length per degree C to the length at 0°C.

All metals at trace concentration, or in trace quantities, can be analyzed by
atomic absorption (AA) spectrophotometry in flame or graphite furnace (elec-
trothermal reduction) mode. A rapid, multi-element analysis may use
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Hazard

advanced instruments available commercially. Also, Inductively Coupled
Plasma Atomic Emission Spectrophotometric methods (ICP-AES) are rapid,
versatile, and multi-element analytical methods. They offer certain advan-
tages over flame or furnace AA. ICP/MS (mass spectrometry) is the most sen-
sitive technique because it provides a detection level over one hundred times
lower than AA or ICP. For all such analyses, solid compounds must be dis-
solved in water by acid digestion or alkali fusion. Other instrumental tech-
niques for metal analyses include x-ray fluorescence, x-ray diffraction,
neutron activation analysis, and ion-specific electrode methods. Also, colori-
metric methods that are prone to interference effects may be applied to iden-
tify metals in their pure salts.

Anions may be measured best by ion chromatography, using appropriate
anion exchange resin columns that are available commercially. Salts may be
diluted for such measurements. Ion-selective electrode methods also yield sat-
isfactory results at trace concentrations. Numerous colorimetric methods are
reported in literature. They are susceptible to erroneous results when impuri-
ties are present. Many titration methods are available in analytical chemistry.
They may be applied successfully to measure certain anions, oxidizing and
reducing substances, acids, and bases.

Thermogravimetric analysis (TGA) and the differential thermal analysis
(DTA) may be used to measure the water of crystallization of a salt and the
thermal decomposition of hydrates.

Substances also can be identified from physical properties such as density,
melting and boiling points, and refractive index. Elemental analysis can con-
firm the identity of a compound.

Toxicity of many entries are expressed quantitatively as LD;, (median lethal
dose) or LC;, (median lethal concentration in air). The latter refers to inhala-
tion toxicity of gaseous substances in air. Both these terms refer to the calcu-
lated concentration of a chemical that can kill 50% of test animals when
administered.

A substance is usually termed “flammable” if its flash point is below 100°F
(38°C).



Some Physical Constants

Velocity of light, ¢ = 2.9979 X 10° m/s (in vacuum)
Planck’s constant, h = 1.05457 X 10 J.s
Rydberg constant, Ry; = 2.17991 X 107*J
Boltzmann constant, k = 1.3807 X 107*® erg/K
Acceleration of gravity, g = 980.6 cm/s
Electron mass, me = 9.1094 x 10" kg
Proton mass, m, = 1.6726 X 10" kg
Neutron mass, mn = 1.6749 X 10 *'kg
Proton-electron mass ratio = 1836
Atomic mass unit (amu) = 1.6605 X 10" kg
Electron charge, e = 1.60219 X 10 C
Faraday constant, F = 9.648456 X 10*C
Avogadro constant = 6.022 X 10**/mol
Molar volume at STP = 22.41384 L
Molar gas constant, R = 0.08026 L. atm/mol. K
= 8.3145 J/mol. K
= 1.9872 cal/mol. K

xiii



Units and Conversion

Temperature

°C = (°F -32)/1.8
°F = 1.8°C + 32
°K = °C + 273.15

Pressure

1atm = 101.365 KPa
= 101,365 Pa
= (0.101365 MPa
1 MPa = 9.87 atm
1 atm = 760 torr = 760 mm Hg
1 atm = 14.696 psi
1 KPa = 7.50 torr

Volume

1L = 1,000 mL

1 mL = 1 cubic centimeter (cc)
1m’=1000 L

1gal (US) =3.784 L

1 quart (qt) = 946.4 mL

1 tablespoon = 14.79 mL

1 teaspoon = 4.93 mL

Energy

lcal =4.184J

1 kecal = 1,000 cal

1kJ = 1,000 J

1eV =1.602x10"J

1 MeV = 1.602 x 10°* J
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Units and Conversion

Distance, Bond Length and Atomic Radii

Density

1km = 1,000 m

1 m = 100 cm or 1,000 mm

1 mm = 1,000 pm

1 um = 1,000 mm

1 nm = 1,000 pm

1m = 10°mm or 10°nm

1 mho = 1 siemen (S)
1A=10"m

1A = 10pm

1 micron = 1 micorometer (Lm)

Solid = g/cm®

Liquid = g/mL

Gas = g/LL

Density of gas/vapor at STP = molecular wt(g)/22.4 L
Vapor density (times heavier than air) = molecular wt/29

Concentration

1ppm (w/w) = 1mg/L (in aqueous solution)
1M = mol/L

1IN = gram equivalent weight/L

1 m = mol/kg solvent

Miscellaneous

1dyne/cm” = 0.10 Pa
lerg=10"J

1 erg/s = 10 'watt (W)

1 Faraday = 96,495 coulomb (C)
1inch = 2.54 cm

1 mho = 1 siemen (S)

1 ohm.cm = 10~ ohm.cm

1 ohm.cm = 10° microhm.cm

1 centipoise = 0.001 Pascal-second
1 centistoke = 1 X 10°m?/sec

XV
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ABBREVIATIONS AND STANDARD LETTER SYMBOLS

Absorbance (decaidic)

Absorption coefficient, linear decaidic

Activation energy
Activity (radioactive)
Adjusted retention time
Adjusted retention volume
Alcohol

Alkaline

Alpha particle

Alternating current
Amorphous

Amount concentration
Amount of substance
Ampere

Angle of optical rotation
Angstrom

Angular dispersion
Angular velocity
Anhydrous

Approximate

Aqueous solution phase
Area

Atmosphere, unit of pressure
Atomic mass unit

Atomic percent

Atomic weight

Average

Average lineaf gas velocity
Band width ™

Bar, unit of pressure
Barn, cross section (radioactivity)
Base of natural logarithms
Becquerel

Bed volume

Beta particle

Bohr magneton

Boiling point

Boltzmann constant
Bragg angle

Butyl

Calorie, unit of energy
Capacitance

Celsius temperature
Charge number of an jon

A

E,
A

th

Ve
alc

Chemical shift

Citrate

Compare (confer)

Concentration at peak maximum
Concentration of solute in mobile phase

- Concentration of solute in stationary

phase
Conductance
Conductivity
Coulomb
Critical temperature
Cross section
Curie
Cycles per second
Dalton (atomic mass unit)
Decay constant (radioactive)
Decompose
Degree of dissociatiof
Degrees Celsius
Density, critical
Detect, determine(d)
Diffusion coefficient
Diffusion coefficient, mobile phase
Diffusion coefficient, stationary phase
Diffusion current
Dilute
Direct current
Disintegration per minute
Distribution ratio
Dropping mercury electrode
Electric current
Electric potential -
Elecfrical resistance
Electromotive force
Electron
Electronvolt
Equivalent weight

et alii (and others)

et cetera (and so forth)

Ethyl

Ethylenediamine-N,N,N',N'-tetra-
acetic acid

equiv wt,
eq wt

et al.

etc.

Et

EDTA




ABBREVIATIONS AND STANDARD LETTER SYMBOLS (Continued)

Exempli gratia

Exponenfial

Faraday constant

Flowrate, column chromatography
Freezing point

Gamma radiation

Gas (physical state)

Gas constant

Gauss

Gram

Half-life .

Half-wave potential

Hertz

Hour

Hygroscopic

ibidem (in the same place)
id est (that is)

Inch

Inorganic

Inside diameter

Insoluble

In the same place

In the work cited

Joule

Kelvin

Kilo-

Liter

Logarithm, common
Logarithm, base e

Mass absorption coefficient
Maximum .
Melting point

Meter

Milliequivalent

Millimeters of mercury, pressure unit
Millimole -
Minute

Molar

Mole

Mole percent

Molecular weight

Neutron

Nuclear magnetic resonance
‘Ohm

Organic

Outer diameter

Oxalate

eg.
exp

00 Q2. my

Oxidant

Page(s)

Partition ratio

Parts per billion, volume

Parts per billion, weight

Parts per million, volume

Parts per million, weight

Pascal

Peak resolution

pH, expressed in activity
expressed in molarity

Phenyl

Plate number, effective

Pounds per square inch

Pressure, critical

Propyl

Pyridine

Radiofrequency

Reductant

Retardation factor

Retention time

Retention volume

Saturated

Saturated calomel electrode

Second

Signal-to-noise ratio

Slightly

- Solid .

Soluble

Solution \
Solvent :
Standard

Tartrate

Transit time of nonretained solute
Ultraviolet

Vacuum

Velocity \

Versus

Volt

Volume

Volume mobile phase in volume
Volume per volume

Weight

Weight percent

Weight per volume

Zone width at base

Zone width at one-half peak height

soln
solv
std

tM: tO
uv
vac
u, w
vs

V,v
viv

wt %
wiv

Win
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Barium Chromate(VI)
Barium Cyanide
Barium Hydroxide

Barium Nitrate ... Boron Trifluoride Etherate

Barium Nitrate
Barium Oxide
Barium Peroxide
Barium Sulfate
Barium Sulfide
Barium Titanate
Berkelium
Beryllium
Beryllium Carbide
Beryllium Chloride
Beryllium Fluoride
Beryllium Hydride
Beryllium Hydroxide
Beryllium Nitrate Trihydrate
Beryllium Nitride
Beryllium Oxide
Beryllium Sulfate
Bismuth
Bismuth Chloride
Bismuth Hydroxide
Bismuth Nitrate Pentahydrate
Bismuth Oxychloride
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Bismuth Oxycarbonate
Bismuth Oxynitrate
Bismuth Sulfide
Bismuth Trioxide
Borax, Anhydrous
Borax Decahydrate
Borax Pentahydrate
Boric Acid

Boric Oxide

Boron

Boron Carbide

Boron Hydrides

Boron Nitride

Boron Phosphate
Boron Trichloride
Boron Trifluoride
Boron Trifluoride Etherate

Bromic Acid ... Cadmium Sulfide

Bromic Acid
Bromine

Bromine Pentafluoride
Bromine Trifluoride
Cadmium

Cadmium Acetate
Cadmium Bromide
Cadmium Cyanide
Cadmium Chloride
Cadmium Carbonate
Cadmium Fluoride
Cadmium Hydroxide
Cadmium lodide
Cadmium Nitrate
Cadmium Oxide
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Cadmium Sulfate
Cadmium Sulfide

Calcium ... Carbonyl Fluoride
Calcium
Calcium Carbonate
Calcium Carbide
Calcium Chloride
Calcium Cyanamide
Calcium Fluoride
Calcium Hydride
Calcium Hydroxide
Calcium Hypochlorite
Calcium Nitrate
Calcium Oxide
Calcium Phosphate, Dibasic
Calcium Phosphate, Monobasic
Calcium Phosphate, Tribasic
Calcium Sulfate
Calcium Sulfide
Californium
Carbon
Carbon Dioxide
Carbon Disulfide
Carbon Monoxide
Carbon Suboxide
Carbon Tetrachloride
Carbonyl Chloride
Carbonyl Fluoride

Caro’s Acid ... Cobalt Complexes
Caro’s Acid
Ceric Ammonium Nitrate
Cerium
Cerium(I11) Chloride

XVii

= [=[=][=
Gl
[N o[

=
a1
(o]

=|[=][=
w||=llS

=
(@]
N

=|[=][=
e
oo||N[G

NEIEREEEEE
HEEEEREE
ol|Nal[sllw][Nlo]lo

=
(0]
o

NIRRT
©l||wo|[wv]|lo]|oo||eo
S [N [=] N [S]]16

=
(o]
(e)]

IEIE
©|lool[~N[~

N
o
=



Cerium(l11) Hydroxide
Cerium(l11) Nitrate
Cerium(lV) Oxide
Cerium(lV) Sulfate
Cesium

Cesium Chloride
Cesium Hydroxide
Chlorine

Chlorine Dioxide
Chlorine Monoxide
Chlorine Trifluoride
Chromium
Chromium(ll) Chloride
Chromium(l1l) Chloride
Chromium Hexacarbonyl
Chromium(l11) Hydroxide Trihydrate
Chromium(l1l) Fluoride
Chromium(I11) Oxide
Chromium(VI) Oxide
Chromium(l11) Sulfate
Chromyl Chloride
Cobalt

Cobalt(ll) Acetate
Cobalt(Il) Carbonate
Cobalt Carbonate, Basic
Cobalt(ll) Chloride
Cobalt Complexes

Cobalt(l11) Complexes ... Deuterium

Cobalt(l11) Complexes
Cobalt(ll) Cyanide
Cobalt(Il) Fluoride
Cobalt(I11) Fluoride
Cobalt(ll) Hydroxide
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Cobalt(l1) lodide
Cobalt(ll) Nitrate
Cobalt Octacarbonyl
Cobalt(Il) Oxide
Cobalt(I11) Oxide
Cobalt(ll) Sulfate
Cobalt Sulfides
Tricobalt Tetroxide
Copper

Copper(ll) Acetate
Copper Acetate, Basic
Copper(l) Acetylide
Copper(ll) Acetylide
Copper Carbonate, Basic
Copper(l) Chloride
Copper(ll) Chloride
Copper(ll) Chromate
Copper(ll) Chromite
Copper(l) Cyanide
Copper(1l) Fluoride
Copper(l1) Hydroxide
Copper(l) lodide
Copper(Il) Nitrate
Copper(l) Oxide
Copper(ll) Oxide
Copper(ll) Sulfate
Copper(ll) Sulfate, Basic
Copper(l) Sulfide
Copper(ll) Sulfide
Curium

Cyanic Acid
Cyanogen

Cyanogen Bromide
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Cyanogen Chloride
Cyanogen lodide
Deuterium

Dysprosium ... Gold(l) Sodium Thiomalate

Dysprosium
Einsteinium
Erbium
Europium
Fermium
Fluorine
Fluorine Nitrate
Francium
Gadolinium
Gadolinium(111) Chloride
Gadolinium(111) Oxide
Gadolinium(l11) Sulfate Octahydrate
Gallium
Gallium(l11) Arsenide
Galllium(111) Chloride
Gallium Phosphide
Gallium Sesquioxide
Germanium
Germanium(1V) Chloride
Germanium Dioxide
Germanium Hydrides
Gold
Gold(l) Chloride
Gold(I11) Chloride
Gold Chlorohydric Acid
Gold(l) Cyanide
Gold(l11) Fluoride
Gold(I11) Hydroxide
Gold(I11) Oxide
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Gold(l) Sodium Thiomalate

Hafnium ... Hydrogen Selenide

Hafnium

Hafnium Dioxide
Hafnium Tetrachloride
Hafnium Tetrafluoride
Helium

Holmium

Holmium Chloride
Holmium Oxide
Hydrazoic Acid
Hydrazine

Hydrazine Hydrate
Hydrazine Sulfate
Hydrazine Hydrochloride
Hydrogen

Hydrogen Bromide
Hydrogen Chloride
Hydrogen Cyanide
Hydrogen Fluoride
Hydrogen lodide
Hydrogen Peroxide
Hydrogen Selenide

Hydrogen Sulfide ... Iron Disulfide

Hydrogen Sulfide

Hydrogen Telluride
Hydroxylamine
Hydroxylamine Hydrochloride
Hydroxylamine Sulfate
Hypochlorous Acid
Hypophosphorous Acid
Indium

Indium Antimonide
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Indium Trioxide

lodic Acid

lodine

lodine Heptafluoride

lodine Monochloride

lodine Pentafluoride

lodine Pentoxide

lodine Trichloride

Iridium

Iron

Iron(11) Ammonium Sulfate
Iron(111) Ammonium Sulfate
Iron(111) Bromide

Iron Carbonyls

Iron(l1) Chloride

Iron(111) Chloride
Iron-Cyanide Complexes
Iron Dicyclopentadienyl
Iron Disulfide

Iron(11) Fluoride
Iron(l1) Hydroxide
Iron(111) Hydroxide
Iron(111) Nitrate
Iron(l1) Oxide
Iron(111) Oxide
Triiron Tetroxide
Iron(ll) Sulfate
Iron(l11) Sulfate
Iron(l1) Sulfide
Iron(l1) Thiocyanate
Krypton

Krypton Difluoride

Iron(1l) Fluoride ... Lead Carbonate
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Lanthanum
Lanthanum Chloride
Lanthanum Fluoride
Lanthanum Hydroxide
Lanthanum Nitrate
Lanthanum Oxide
Lanthanum Sulfate
Lawrencium

Lead

Lead Acetate

Lead Acetates, Basic
Lead Azide

Lead Bromide

Lead Carbonate

Lead Carbonate, Basic ... Lithium Nitride

Lead Carbonate, Basic
Lead Chromate
Lead Dichloride
Lead Difluoride
Lead Diiodide
Lead Dioxide
Lead Hydroxide
Lead Monoxide
Lead Nitrate
Lead Sulfate
Lead Sulfide
Lead Tetraacetate
Lead Tetrachloride
Lead Tetraethyl
Lead Tetrafluoride
Lead Tetroxide
Lead Trioxide
Lithium
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Lithium Aluminum Hydride
Lithium Amide
Lithium Borohydride
Lithium Bromide
Lithium Carbonate
Lithium Chloride
Lithium Fluoride
Lithium Hydride
Lithium Hydroxide
Lithium lodide
Lithium Nitrate
Lithium Nitride

Lithium Oxide

Lithium Sulfate
Lutetium

Magnesium

Magnesium Acetate
Magnesium Bromide
Magnesium Carbonate
Magnesium Chloride
Magnesium Fluoride
Magnesium Hydride
Magnesium Hydroxide
Magnesium lodide
Magnesium Nitrate
Magnesium Oxide
Magnesium Perchlorate
Magnesium Phosphates, Basic
Magnesium Silicates
Magnesium Sulfate
Manganese
Manganese(ll) Carbonate

Lithium Oxide ... Manganese(ll) Sulfate
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Manganese(ll) Chloride

Manganese Decacarbonyl

Manganese Ethylenenebis(Thiocarbamate)
Manganese(ll) Hydroxide

Manganese(ll) Oxide

Manganese(l11) Oxide

Manganese(ll,111) Oxide

Manganese(lIV) Oxide

Manganese(ll) Sulfate

Mendelevium ... Nickel Acetylacetonate

Mendelevium
Mercury
Mercury(l1) Acetate
Mercury(l) Chloride
Mercury(ll) Chloride
Mercury(ll) Cyanide
Mercury Dimethyl
Mercury Fulminate
Mercury(11) lodide
Mercury(l) Nitrate
Mercury(ll) Nitrate
Mercury(ll) Oxide
Mercury(ll) Sulfate
Mercury(I1) Sulfide
Molybdenum
Molybdic Acid And Molybdates
Molybdic Acid
Molybdates
Ammonium Molybdates
Molybdenum Blue
Molybdenum Disulfide
Molybdenum Hexacarbonyl
Molybdenum Hexafluoride
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Molybdenum Orange
Molybdenum(1V) Oxide
Molybdenum(VI) Oxide
Molybdenum Pentachloride
Neodymium
Neodymium Oxide
Neon

Neptunium

Nickel

Nickel Acetate

Nickel Acetylacetonate

Nickel Carbonate ... Nitrogen Trifluoride

Nickel Carbonate

Nickel Chloride

Nickel Complexes

Nickel Cyanide

Nickel Hydroxide

Nickel Nitrate

Nickel Oxide

Nickel Phosphate

Nickel Sulfamate

Nickel Sulfate

Nickel Sulfide

Nickel Tetracarbonyl

Niobium

Niobium Pentachloride

Niobium Pentafluoride

Niobium Pentoxide

Nitric Acid

Nitric Oxide

Nitrogen

Nitrogen Dioxide

Nitrogen Pentoxide
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Nitrogen Tetroxide
Nitrogen Trichloride
Nitrogen Trifluoride

Nitrosyl Chloride ... Phosphonium lodide

Nitrosyl Chloride
Nitrosyl Fluoride
Nitrosylsulfuric Acid
Nitrous Acid
Nitrous Oxide

Nitryl Chloride
Nitryl Fluoride
Nobelium

Osmium

Osmium Tetroxide
Oxygen

Oxygen Difluoride
Ozone

Palladium
Palladium Dichloride
Palladium Nitrate
Palladium Oxide
Phosgene
Phosphine
Phosphonium lodide

Phosphoric Acid, Meta ... Potassium Carbonate

Phosphoric Acid, Meta
Phosphoric Acid, Ortho
Phosphoric Acid, Pyro
Phosphorus
Phosphorus Acid
Phosphorus Oxychloride
Phosphorus Pentachloride
Phosphorus Pentafluoride
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Phosphorus Pentoxide
Phosphorus Trichloride
Platinic Acid, Hexachloro
Platinum

Platinum Dichloride
Platinum Dioxide
Platinum Hexafluoride
Platinum Monoxide
Platinum Tetrachloride
Plutonium

Polonium

Potassium

Potassium Acetate
Potassium Bicarbonate
Potassium Bisulfide
Potassium Borohydride
Potassium Bromate
Potassium Bromide
Potassium Carbonate

Potassium Chlorate ... Potassium Triiodo Mercurate(ll)

Potassium Chloride
Potassium Chlorate
Potassium Chromate
Potassium Cyanide
Potassium Dichromate
Potassium Ferricyanide
Potassium Ferrocyanide
Potassium Fluoride
Potassium Formate
Potassium Hydride
Potassium Hydrogen Phthalate
Potassium Hydroxide
Potassium lodate
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Potassium lodide

Potassium Nitrate

Potassium Nitrite

Potassium Oxalate

Potassium Percarbonate
Potassium Perchlorate
Potassium Periodate

Potassium Permanganate
Potassium Persulfate
Potassium Phosphate, Dibasic
Potassium Phosphate, Monobasic
Potassium Phosphate, Tribasic
Potassium Sorbate

Potassium Sulfate

Potassium Thiocyanate
Potassium Triiodo Mercurate(ll)

Praesodymium ... Silver Cyanide

Praesodymium
Promethium
Protactinium
Radium

Radon

Rhenium

Rhodium

Rhodium Chloride
Rhodium Sesquioxide
Rubidium

Rubidium Carbonate
Rubidium Chloride
Rubidium Hydroxide
Rubidium Sulfate
Ruthenium
Rutherfordium
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Samarium

Samarium Sesquioxide
Scandium

Selenium

Selenium Dioxide
Selenium Hexafluoride
Selenium Oxychloride
Silicon

Silicon Carbide

Silicon Dioxide

Silicon Hydrides
Silicon Tetrachloride
Silicon Tetrafluoride
Silver

Silver Acetylide

Silver Bromide

Silver Chloride

Silver Chromate
Silver Cyanide

Silver lodide ... Sodium Fluoride

Silver lodide
Silver Nitrate
Silver(l) Oxide
Silver(l1) Oxide
Silver Sulfate
Silver Sulfide
Sodium

Sodium Acetate
Sodium Amide
Sodium Azide
Sodium Bicarbonate
Sodium Chloride
Sodium Bisulfate
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Sodium Borohydride
Sodium Bromide
Sodium Carbonate
Sodium Cyanide
Sodium Ethoxide
Sodium Fluoride

Sodium Formate ... Tellurium

Sodium Formate

Sodium Hydride

Sodium Hydroxide

Sodium Hypochlorite
Sodium lodide

Sodium Nitrate

Sodium Oxalate

Sodium Phosphate, Dibasic
Sodium Phosphate, Monobasic
Sodium Phosphate, Tribasic
Sodium Sulfate

Sodium Sulfide

Sodium Thiocyanate
Sodium Thiosulfate
Strontium

Strontium Carbonate
Strontium Chloride
Strontium Hydroxide
Strontium Nitrate
Strontium Oxide
Strontium Sulfate

Sulfur

Sulfur Chloride

Sulfur Dioxide

Sulfur Hexafluoride
Sulfuric Acid
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Sulfurous Acid
Sulfurous Oxychloride
Sulfur Trioxide

Sulfuryl Chloride
Tantalum

Tantalum Pentachloride
Tantalum Pentoxide
Technetium

Telluric Acid

Tellurium

Tellurium Dioxide ... Uranium

Tellurium Dioxide
Terbium
Thallium
Thallium Chloride
Thallium Fluoride
Thallium Nitrate
Thallium Oxide
Thorium

Thorium Dioxide
Thorium Nitrate
Thulium

Tin

Tin(I1) Chloride
Tin(1V) Chloride
Tin(l1) Oxide
Tin(1V) Oxide
Tin(1V) Sulfate
Titanium
Titanium Dioxide
Titanium Hydride
Titanium Tetrachloride
Titanium Trichloride
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Tungsten

Tungsten Hexacarbonyl
Tungsten Trioxide
Tungstic Acid

Uranium

Uranium Dioxide ... Zirconyl Chloride

Uranium Dioxide
Uranium Hexafluoride
Uranyl Nitrate
Vanadium
Vanadium Pentoxide
Vanadyl Sulfate
Water
Xenon
Ytterbium
Ytterbium Oxide
Yttrium
Yttrium Oxide
Yttrium Sulfate
Zinc
Zinc Acetate
Zinc Bromide
Zinc Carbonate
Zinc Chloride
Zinc Cyanide
Zinc Fluoride
Zinc Hydroxide
Zinc Nitrate
Zinc Oxide
Zinc Sulfate
Zinc Sulfide
Zinc Thiocyanate
Zirconium
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Zirconium Carbide
Zirconium Hydride
Zirconium Hydroxide
Zirconium Nitrate
Zirconium Oxide
Zirconium Silicate
Zirconium Sulfate
Zirconium Tetrachloride
Zirconyl Chloride
Chemical Substances Index
CAS Registry Number Index
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ACTINIUM

ACTINIUM 1

[7440-34-8]

Symbol: Ac; a radioactive element; atomic number 89; atomic weight 227.028;
electronic config. [Rn]6d17s2; oxidation state +3; the principal isotope is 227Ac,
ty 21.77 y; emits beta rays forming thorium-227, radium-223 and several
short-lived isotopes of radon, polonium, bismuth and lead; a minor isotope is
228Ac, ty, 6.15 hr, a beta-emitter producing thorium-228; also several other
minor isotopes are known which include: 225Ac (t% 10 £ 0.1 d), 226Ac (ty, 1.224
d), 224Ac (tw 2.7 hr), 229Ac (t 1.04 hr), 231Ac (t 7.5 min), 233Ac (t» 2.4 min),
223Ac (t% 2.1 min), 230Ac (ty 2.03 min), and 232Ac (t 2.0 min).

Occurrence, Preparation and Uses

Actinium-227 occurs in uranium ore and is a decay product of uranium-235.
It is found in equilibrium with its decay products. It is prepared by bombard-
ing radium atoms with neutrons. Chemically, the metal is produced by reduc-
ing actinium fluoride with lithium vapor at 1,100°C to 1,300°C.

1,100° to 1,300°C

ACF, +3Li Ac+3LiF

The element was discovered independently by A. Debierne and F. Giesel in
1899 and 1902, respectively. It is used in nuclear reactors as a source of neu-
trons.

Physical Properties
Silvery metal; cubic crystal; melts at 1,051°C; vaporizes at 3,198°C; densi-
ty 10.0 g/cm3

Chemical Reactions

Actinium behaves like lanthanum forming mostly the trivalent salts of the
metal. It is strongly electropositive, the first ionization potential being 5.17eV.
Reacts with HCI forming AcCls; also reacts with organic acids forming corre-
sponding salts; combustion in air can produce oxide and nitride; susceptible to
react with COgz forming carbonate.

Analysis

The radioactivity can be measured by a beta counter. The metal at trace
concentrations can be determined by an atomic absorption or emission spec-
trophotometer.

Toxicity
Exposure to radiation can cause cancer.



2 ALUMINUM
ALUMINUM
[7429-90-5]

Symbol Al; atomic number 13; atomic wt. 26.982; a Group III A (Group 13)
metal; principal natural isotope 27Al; electronic config. [Ne]3s23p!; valence +3

Occurrence and Uses

Aluminum 1is the third most abundant element in the crust of the earth,
accounting for 8.13% by weight. It does not occur in free elemental form in
nature, but is found in combined forms such as oxides or silicates. It occurs in
many minerals including bauxite, cryolite, feldspar and granite. Aluminum
alloys have innumerable application; used extensively in electrical transmis-
sion lines, coated mirrors, utensils, packages, toys and in construction of air-
craft and rockets.

Physical Properties
Silvery-white malleable metal, cubic crystal; melts at 660°C; b. p. 2520°C;
density 2.70 g/cm3; insoluble in water, soluble in acids and alkalies.

Thermal, Electrochemical, and Thermochemical Properties

Specific heat 0.215 cal/g.°C (0.900 J/g.°C); heat capacity 5.81 cal/mol.°C
(24.3 J/mol.°C); AHpus (2.54 keal/mol (10.6 kd/mol); AHyap 67.9 kcal/mol (284
kd/mol); E° in aqueous soln. (acidic) at 25°C for the reaction
Al3* + 3e— — Al , —1.66V; S°298 6.77 cal/degree mol. K (28.3 J/degree mol.K)

Production

Most aluminum is produced from its ore, bauxite, which contains between
40 to 60% alumina either as the trihydrate, gibbsite, or as the monohydrate,
boehmite, and diaspore. Bauxite is refined first for the removal of silica and
other impurities. It is done by the Bayer process. Ground bauxite is digested
with NaOH solution under pressure, which dissolves alumina and silica,
forming sodium aluminate and sodium aluminum silicate. Insoluble residues
containing most impurities are filtered out. The clear liquor is then allowed to
settle and starch is added to precipitate. The residue, so-called “red-mud”, is
filtered out. After this “desilication,” the clear liquor is diluted and cooled. It
is then seeded with alumina trihydrate (from a previous run) which promotes
hydrolysis of the sodium aluminate to produce trihydrate crystals. The crys-
tals are filtered out, washed, and calcined above 1,100°C to produce anhy-
drous alumina. The Bayer process, however, is not suitable for extracting
bauxite that has high silica content (>10%). In the Alcoa process, which is
suitable for highly silicious bauxite, the “red mud” is mixed with limestone
and soda ash and calcined at 1,300°C. This produces “lime-soda sinter” which
is cooled and treated with water. This leaches out water-soluble sodium alum-
nate, leaving behind calcium silicate and other impurites.

Alumina may be obtained from other minerals, such as nepheline, sodium
potassium aluminum silicate, by similar soda lime sintering process.



ALUMINUM 3

Metal aluminum is obtained from the pure alumina at 950 to 1000°C elec-
trolysis (Hall-Heroult process). Although the basic process has not changed
since its discovery, there have been many modifications. Aluminum is also
produced by electrolysis of anhydrous AICls,

Also, the metal can be obtained by nonelectrolytic reduction processes. In
carbothermic process, alumina is heated with carbon in a furnace at 2000 to
2500°C. Similarly, in “Subhalide” process, an Al alloy, Al-Fe-Si-, (obtained by
carbothermic reduction of bauxite) is heated at 1250°C with AICI vapor. This
forms the subchloride (AICI), the vapor of which decomposes when cooled to
800°C.

Chemical Reactions
Reacts in moist air forming a coating of AloOs; reacts with dilute mineral
acids liberating Hog,

2Al1 + 3H2S0, »Alo(SOy4)3 + 3H2T

also reacts with steam to form Hge; reduces a number of metals that are less
active (in activity series), these include Fe, Mn, Cr, Zn, Co, Ni, Cu, Sn, Pb,
etc.,

Al(s) + 3Ag*(aq)

YAl3*(aq) + 3Ag(s)

Reactions, e.g., with alkyl halides in ether using Ziegler-Natta catalyst form
alkyl aluminum halides, R3AloX3s, [R2AlX]2 and [RAIX]2; with bromine vapor
forms anhydrous aluminum bromide,

2A1 + 3Bry 3 A12Br6

Combines with iodine vapor forming aluminum iodide, Alls; heating with HCI1
gas produces AlCls,

2Al + 6HCI—=52AICI, +3H,
Heating with Clg at 100°C also yields AlCls,
2Al + 3Cl, —“52AICI,

When the metal is heated with AlCl3 at 1000°C it forms monovalent alu-
minum chloride, AlCI.

Produces aluminum carbide when the powder metal is heated with carbon at
2000°C or at 1000°C in presence of cryolite,

4A1 + 3C—25Al,C,

Heating the metal powder over 1000°C with sulfur, phosphorus, or selenium
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forms aluminum sulfide AlsS3, aluminum phosphide, AIP and aluminum
selenide, AloSes, respectively,

heat

2A1 + 3S » Alg S3

Heating over 1100°C with Ny produces nitride, AIN; alkoxides are formed
when the metal powder is treated with anhydrous alcohol, catalyzed by HgCly

Al + C,H ,OH —22 5 A1(OC,H;),

xylene

Reaction with CO at 1000°C produces the oxide AlsOs and the carbide Al4Cs.

Chemical Analysis

The metal may be analyzed by atomic absorption or emission spectropho-
tometry (at trace levels). Other techniques include X-ray diffraction, neutron
activation analysis, and various colorimetric methods. Aluminum digested
with nitric acid reacts with pyrocatechol violet or Eriochrome cyanide R dye
to form a colored complex, the absorbance of which may be measured by a
spectrophotometer at 535 nm.

Hazard

Finely divided aluminum dust is moderately flammable and explodes by
heat or contact with strong oxidizing chemicals. Chronic inhalation of the
powder can cause aluminosis, a type of pulmonary fibrosis. It is almost non-
toxic by ingestion.

ALUMINUM BROMIDE

[7727-15-3]

Formula AlBrs; MW 266.72; Structure: anhydrous AlBrs is body-centered
crystal, exists in dimeric form as AlaBrg in crystal and also in liquid phases;
partially dissociates to monomeric form AlBrs in gaseous state; mass spectra
show the presence of di-, tetra-, and hexameric forms, AlsBrs, Al4Bria, AlgBris,
respectively.

Uses

The anhydrous form is used as a catalyst for the Friedel-Crafts alkylation
reaction. Its catalytic activity is similar to anhydrous AlCls. Commercial
applications, however, are few.

Physical Properties
Colorless crystalline solid in anhydrous form; melts at 97.5°C; boils at 256°C;
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density 3.01 g/em3 at 25°C; moisture sensitive, fumes in air; soluble in water
(reacts violently in cold water, and decomposes in hot water, alcohols, acetone,
hexane, benzene, nitrobenzene, carbon disulfide and many other organic sol-
vents).

Preparation
Prepared from bromine and metallic aluminum.

2Al1 + 3Bry

» AlaBrs (anhydrous)

Thermochemical Properties

AlBr; (cry) AHf® —126.0 kcal/mc
Cp 24.3 cal/degree
AlBr; (gas) AH{f° —101.6 kcal/mc
AlBr; (aq) AH{f® —214.0 kcal/mc
Al,Brg (gas) AH{f° —232.0 kcal/mc
AlBr; (aq) Se —17.8 cal/degre
Al,Brg (gas) Hiusion 10.1 cal/g

Chemical Reactions
Decomposes upon heating in air to bromine and metallic aluminum.

2 AIBr, —“ 52 Al +3Br,

Reacts with carbon tetrachloride at 100°C to form carbon tetrabromide;

4AlIBrs + 3CCly » 4A1Cl3 + 3Bry

Reaction with phosgene yields carbonyl bromide and aluminum chlorobromide;

AlBrs + COCly » COBrg + AIC13Br
Reacts violently with water; absorbs moisture forming hexahydrate,
AlBr3-6Hz0 [7784-27-2]

Chemical Analysis

Elemental composition, Al 10.11% and Br 89.89%; Al analyzed by AA spec-
trophotometry or colorimetric methods; Br™ analyzed by iodometric titration or
ion chromatography and then calculated stoichiometrically; solid may be dis-
solved in an organic solvent and determined by GC/MS, identified by mass ions
(AlBrs3 ), where n is 2, 4 and 6.

Toxicity
Skin contact can cause tissue burn. It is moderately toxic by all routes of expo-
sure. LD5p oral (rat and mouse): ~1600 mg/kg.
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ALUMINUM CHLORIDE

[7446-70-0]

Formula: AlCls; MW 133.31; Structure and bonding: an electron-deficient
compound, a Lewis acid, occurs as dimer AlsCls in hexagonal crystal form.
Above 300 °C, dissociation to monomer AlCls begins; completely dissociates to
AlCl3 at 1,100°C.

Uses

Aluminum chloride has extensive commercial applications. It is used primar-
ily in the electrolytic production of aluminum. Another major use involves its
catalytic applications in many organic reactions, including Friedel-Crafts
alkylation, polymerization, isomerization, hydrocracking, oxidation, decar-
boxylation, and dehydrogenation. It is also used in the production of rare
earth chlorides, electroplating of aluminum and in many metal finishing and
metallurgical operations.

Physical Properties

White or light-yellow crystalline solid (or amorphous solid depending on the
method of production); odor of HCI; hygroscopic; melts at 190°C at 2.5 atm;
sublimes at 181.2°C; density 2.44 g/cm? at 25°C; decomposes in water evolv-
ing heat; soluble in HCI; soluble in many organic solvents, including absolute
ethanol, chloroform, carbon tetrachloride and ether; slightly soluble in ben-
zene.

Thermochemical Data

AH®f(s) —168.3 kcal/mol
AG°f(s) —150.3 kcal/mol
Se 26.45 cal/deg mol
HsolnA —77.7 keal/mol
Hyys 8.45 kcal/mol

Preparation
Aluminum chloride is made by chlorination of molten aluminum at tempera-
tures between 650 to 750°C;

650-750°C

2 Al + 3CL————— > 2AIC],

or by chlorination of alumina (bauxite or clay) at 800°C in the presence of a
reducing agent, such as carbon or CO. It can be prepared by similar high tem-
perature chlorination of bauxite in the presence of a chlorinated organic
reductant such as CCla.

A pelletized mixture of clay, lignite and a small amount of NaCl is chlori-
nated at 900°C, producing gaseous AlCls (Toth process). Alternatively, alumi-
na is mixed with about 20% by weight carbon and a small amount of sodium
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salt. The mixture is chlorinated at 600°C (Bayer process).

In the laboratory, anhydrous AICls can be prepared by heating the metal
with dry HCI gas at 150°C. The product sublimes and deposits in the cool air
condenser. Unreacted HCI is vented out.

Reactions

Reacts with calcium and magnesium hydrides in tetrahydrofuran forming
tetrahydro aluminates, Ca(AlHu4)2; reacts with hydrides of alkali metals in
ether forming aluminum hydride;

AICL, +3LiH —2“ 5 AIH, + 3LiCl

Hydrolyzes in chilled, dilute HCI forming aluminum chloride hexahydrate,
AlCl3-6H20; reacts violently with water, evolving HCI,

AlCl; + H20 » AI(OH)3 + HC1 T
Hazard

Violent exothermic reactions can occur when mixed with water or alkene.
Corrosive to skin.

ALUMINUM CHLORIDE HEXAHYDRATE

[7784-13-6]
Formula: AlCls+6H20; MW 241.31

Uses

The hexahydrate is used in the preparation of deodorant and antiperspi-
rant. Also, it is applied in textile finishing to improve the antistatic charac-
teristics and flammability ratings of various textile materials. Commercially,
it is sold as crystalline powder or as a 28% solution in water.

Physical Properties

White or yellowish deliquescent powder; faint odor of HCI; density 2.40
g/cm3; soluble in water and polar organic solvents such as alcohol; aqueous
solution acidic.

Preparation

Aluminum chloride hexahydrate is prepared by dissolving A1(OH)3 in conc.
HCI and passing gaseous HCI through the solution at 0°C. The precipitate is
washed with diethyl ether and dried. Alternatively, it is prepared by hydrolyz-
ing anhydrous AlCls in cold dilute HCI.
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Reactions
Decomposes to alumina when heated at 300°C;

2AICI, «6H,0—"" 52A1,0, +6HCI + 9H,0

Reacts with caustic soda solution forming gelatinous precipitate of aluminum
hydroxide (hydrous aluminum oxide); yields aluminum monobasic stearate,
Al(OH)2[OOC(CHz2)16CHs] when its solution is mixed with a solution of sodi-

um stearate.

ALUMINUM HYDRIDE

[7784-21-6]
Formula AlHs; MW 30.005; Structure: polymeric, containing residual ether;
Uses

It is used as a reducing agent, and also as a catalyst for polymerization
reaction.

Physical and Thermochemical Properties
Colorless cubic crystal; very unstable; decomposes in water; AH°f —11.0
kcal/mol (-46.0kdJ/mol)

Preparation
Aluminum hydride is prepared by the reaction of lithium hydride with alu-
minum chloride in diethyl ether

3LiH + AICl, —2“ 5 AlH, + 3LiCl

Chemical Reactions

Aluminum hydride decomposes in air and water. Violent reactions occur
with both. It forms a complex, aluminum diethyl etherate with diethyl ether.
The product decomposes in water releasing heat.

AlH3s + (C2Hs5)20 yH3Al* O(CoHs)o

Similar complexes are likely to form with other lower aliphatic ethers. It also
forms a 1:1 complex with trimethyl amine, HsAl* N(CHs)s which reacts explo-

sively with water (Ruff 1967).
Aluminum hydride reduces CO2 to methane under heating:

4 AIH, +3C0.—=“ 33CH, + 2Al,0,

Reaction with lithium hydride in ether produces lithium aluminum hydride,
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AlH, + LiH—2“ 5 LiAIH,

Safety
Many reactions of aluminum hydride or its complexes may proceed with
explosive violence, especially with water or moist air.

ALUMINUM NITRATE

[13473-90-0]

Formula: AI(NOs3)s; MW 213.00; the anhydrous salt is covalent; also occurs as
hydrated salts, AI(OH)(NOg)2, AI(OH)2NOs3, and the more stable nonahydrate,
Al(NO3)3 *9H20 [7784-27-2]

Uses

The nonahydrate and other hydrated aluminum nitrates have many appli-
cations. These salts are used to produce alumina for preparation of insulating
papers, in cathode tube heating elements, and on transformer core laminates.
The hydrated salts are also used for extraction of actinide elements.

Physical Properties

White or colorless crystalline solid (nonahydrate — rhombic crystal); deli-
quescent; refractive index 1.54; melts at 73.5°C; decomposes at 150°C; highly
soluble in cold water (63.7% at 25°C), decomposes in hot water, soluble in
polar organic solvents.

Preparation

The nonahydrate is prepared by treating aluminum, aluminum hydroxide,
aluminum oxide, or aluminous mineral with nitric acid. The nitrate is crys-
tallized from the solution.

Reactions

Since AI(NOs3)s or its salt hydrates dissociates to Al3* and NOs ions in the
aqueous solution, its reactions in solutions are those of Al3* . It is partially
hydrolyzed, producing HsO* and thus accounting for the acidity of its solution
in water. The products constitute a complex mixture of mono- and polynuclear
hydroxo species.

Aluminum nitrate is soluble in bases, forming aluminates, [AI(OH)4(H20)s] .
It decomposes to AlaOs when heated at elevated temperatures.

Chemical Analysis

Elemental composition: Al 12.67%, N 19.73%, O 67.60%. Al may be ana-
lyzed by various instrumental techniques, including atomic absorption or
emission spectroscopy, or colorimetry (see under Aluminum). The nitrate
anion in aqueous phase may be measured by the NO3 ion selective electrode,
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ion chromatography, or reduction with cadmium or hydrazine, followed by col-
orimetric tests.

ALUMINUM NITRIDE

[24304-00-5]
Formula: AIN; MW 40.99

Uses
Aluminum nitride is used in manufacturing of steel and in semiconductors.

Physical Properties

White crystalline solid, hexagonal; odor of ammonia in moist air; sublimes
at 2000°C; melts in Ng atmosphere over 2200°C; density 3.26 g/cm3 ; decom-
poses in water, alkalies and acids

Thermochemical Properties

AH®f(s) —76.0 kcal/mol
AG°f(s) —68.6 kcal/mol
Se 4.82 cal/degree mol
Co 7.20 cal/degree mol

Preparation
Aluminum nitride may be prepared in the laboratory by heating powdered
aluminum metal with nitrogen.

2A1 + N, —2 5 2AIN

Commerecially, it is made by heating an aluminous mineral, such as, bauxite
with coal in a stream of nitrogen.

Chemical Reactions
The nitride reacts with water forming aluminum hydroxide and ammonia.

AIN + 3H20 »A1(OH)s + NH3
The compound decomposes in alkalies and acids forming products of complex
stoichiometry.
Analysis

Elemental composition: Al 65.82%, N 34.18%, the metal is determined by
wet analysis or AA spectroscopy. NHs liberated on hydrolysis may be deter-
mined by titration or colorimetry (see under Ammonia).
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ALUMINUM OXIDE

[1344-28-1]

Formula: AloO3; MW 101.96; available or prepared in several forms for vari-
ous commercial applications. Some of these are (i) o—alumina (corundum), (i)
activated aluminas, such as, y-alumina, m-alumina and p-alumina, (ii)
hydrated aluminas including aluminum oxide monohydrate, AloOs*H20 and
aluminum oxide trihydrate, AloO3°*3H20 (natural gibbsite) and, (iv) acidic,
neutral and basic aluminas (no definite chemical compositions; made by
adding varying amounts of water to activated aluminas)

Occurrence and Uses

Occurs in nature in abundance; the principal forms are bauxites and lat-
erites. The mineral corundum is used to produce precious gems, such as ruby
and sapphire. Activated aluminas are used extensively as adsorbents because
of their affinity for water and other polar molecules; and as catalysts because
of their large surface area and appropriate pore sturcture. As adsorbents, they
are used for drying gases and liquids; and in adsorption chromatography.
Catalytic properties may be attributed to the presence of surface active sites
(primarily OH™, 02", and Al3* ions). Such catalytic applications include sulfur
recovery from HgS (Clauss catalysis); dehydration of alcohols, isomerization of
olefins; and as a catalyst support in petroleum refining.

Physical Properties

Al,O4 Colorless hexagonal crystal; refractive index 1.768; density
3.965 g/em’ (at 25°C); mp 2072°C; bp 2980°C; insoluble in
water

o-ALO; Colorless rhombic crystal; mp between 2005 to 2025°C ;
density 4.022 g/m®; hardness 9Moh

v-AlLOs white microscopic crystal

Al,O3¢H,0 colorless thombic crystal; refractive index 1.624; density
3.014 g/em®

Al,0303H,0 white3 monoclinic crystal; refractive index 1.577; density 2.420
g/em

All forms are insoluble in water.

Thermochemical Properties

AH°f — 400.5 kcal/mol (oi-alumina)
— 395.0 kcal/mol (y-alumina crystal)
— 390.0 kcal/mol (y-alumina amorphous)
—  472.0 kcal/mol (Al,O3;¢H,0)
— 612.5 kcal/mol (Al,03¢3H,0)
AG®f — 378.2 kcal/mol (o-alumina)
— 436.3 kcal/mol (ALO3eH,0)
— 546.7 kcal/mol (ALL,O3#3H,0)
s° 12.17 cal/deg mol (ct-alumina)
3.15 cal/deg mol (AL,O3eH,0 (boehmite))
16.86 cal/deg mol (Al,O3¢H,O (diaspore))
33.51 cal/deg mol (ALO3e3H,O(gibbsite))
Cp 18.89 cal/deg mol (0i-alumina)
31.37 cal/deg mol (ALO3eH,0 (boehmite))
25.22 cal/deg mol (Al,O3;eH,O (diaspore))
44.49 cal/deg mol (ALO;e3H,O(gibbsite))
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Preparation

Pure alumina, needed to produce aluminum by the Hall process, is made by
the Bayer process. The starting material is bauxite (Al2Os * nH20). The ore
contains impurities, such as, SiOg, Fe20s, TiO2, and Na2O. Most impurities
are removed following treatment with caustic soda solution. Bauxite is dis-
solved in NaOH solution. Silica, iron oxides and other impurities are filtered
out of the solution. COgz is then bubbled through this solution. This precipi-
tates out hydrated alumina, which is heated to remove water and produce
Al30s3. These impurities are removed. Calcinations of bauxite produce alumi-
na of abrasive and refractory grades. Activated aluminas of amorphous type,
as well as the transition aluminas of v, m, %, and p forms, are obtained from
various aluminum hydroxides, such as, o- and B-trihydrates, o-monohydrate
and alumina gel. Such chemicals are obtained from bauxite by the Bayer
process also.

Chemical Reactions

Alumina exhibits amphoteric behavior. It is soluble both in acids and bases.
With acids, it produces their corresponding salts. It froms Ala(SO4)3, AI(NO3)s
and AICls upon reactions with HoSO4, HNO3 and HCI, respectively. In acid
medium, it exists as a solvated aluminum ion, in which water molecules are
hexacoordinated to trivalent Al3*, as shown below:

AlxOs + 6H30* + 3H20 » 2[A1(H20)6]3*

(Rollinson, C. L., 1978., Aluminum Compounds. In Kirk-Othmer Encyclopedia
of Chemical Technology, 3rd ed. Vol 2, pp 188-97. NY,: Wiley Interscience)

Alumina forms hydroxide in aqueous alkaline solution. The reaction is
slow. The products, aluminum hydroxides (hydrated aluminas), contain hexa-
coordinated aluminohydroxide anion:

Al2O3 + 20H™ + 7TH20 — 2[A1(OH)4(H20)2]~

In its dry state, alumina exhibiting basicity reacts with silica, forming alu-
minum silicate

Al203 + 35102 — Ala(Si03)3

Similarly, with basic CaO or MgO aluminate salts are formed
MgO + Al,O3 — Mg(AlO2)2
CaO + AlsO3 — Ca(AlOg2)s

It forms aluminum nitride, AIN when heated with coal in a stream of nitro-
gen; and aluminum borate, AloOs * B2Os when heated with B2O3 at 1000°C.
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Analysis

Elemental composition: Al 52.91%, O 47.08%. Al may be anlayzed by atom-
ic absorption or emission spectrophotometry or by colorimetric methods after
acid digestion. Different forms of alumina may be identified by x-ray diffrac-
tion analysis. The X-ray crystallogaphic data for the mineral corundum are as
follows:

crystal system: rhombohedral symmetry

space group  R3c

oo 4.7591
X0 12.9894
Z 6

x-ray density 3.9869 g/cm3

Toxicity
Chronic inhalation of AloO3 dusts may cause lung damage.

ALUMINUM PHOSPHATE

[7784-30-7]
Formula: AIPO4, MW 121.95
Synonym: Aluminum orthophosphate

Occurrence and Uses

The compound occurs in nature as the mineral, berlinite. Also, it occurs in
nature in minerals, amblygonite, [NaAl(PO4)(OH)]; augelite, [Ala(PO4)(OH)s];
lazulite, [(Mg,Fe)Ala(PO4)2(0OH)z]; variscite [(Al,Fe3+)(PO4) * 2H20]; and wavel-
lite, [Al3(OH)3*(PO4)2°5H20]. It is used as flux for ceramics; as cement in
combination with calcium sulfate and sodium silicate; and in the manufacture
of special glasses. It is also used in dried gel and therapeutically as an
antacid.

Physical Properties

White powdery solid (rhombic plate); the mineral berlinite (AIPO4) has
hexagonal quartz-like structure; refractive index 1.546; mp > 1,500°C; densi-
ty 2.566 g/cu3; insoluble in water and alcohol; Kgp 9.83x1071° very slightly sol-
uble in HCI or HNOs.

Thermochemical Properties

AH°f(s) —414.4 kcal/mol
AG°f(s) —368.7 kcal/mol
Se 166.6 cal/degree mol
(o8 22.27 cal/degree mol

Preparation
It is prepared by treating sodium aluminate with phosphoric acid.
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NaAlOs + H3POy »yAlPO4 + NaOH + HoO

It may be prepared by slowly adding (with stirring) ammonium phosphate
(0.2M) to a solution of aluminum sulfate (0.1M).

Al2(SO4)3 + 2(NH4)3PO4

» 2A1P04 +3(NH4)2S04

The compound may, alternatively, be prepared by the reaction of aluminum
sulfate with sodium phosphate.

Al2(SO4)3 + 2NasPO4 » 2A1P0O4 +3NagS04

ALUMINUM SULFATE

[10043-01-3]
Formula: Ala(SO4)3; MW 342.14

Occurrence and Uses
It occurs in nature in minerals; alunite, KAl3(SO4)2(OH)s and natroalunite,
NaAl3(S04)2(0OH)s. The anhydrous salt is used in food applications.

Physical Properties

White powder; refractive index 1.47; density 2.71 g/cm3; mp 770°C (decom-
poses); hygroscopic; readily soluble in water (31% at 0°C; solubility increases
with temperature 98% in boiling water); soluble in dilute mineral acids;
slightly soluble in alcohol.

Preparation

The anhydrous salt may be obtained by slow and progressive heating of
commercial hydrated salt, Ala(SO4)3 * 18H20. Most water molecules are lost at
heating between 250 to 420°C. The last three water molecules are lost
between 250 to 420°C at a heating rate of 10°C/min.

Chemical Reactions

The compound decomposes to y-alumina and SOs when heated between 580
and 900°C. It combines with water forming hydrated salts of various compo-
sitions.

Produces calcium aluminate with evolution of SOs when calcined with
CaCOy4, (Bayliss, N. S. 1945. J and Proc. Austral. Chem. Inst., 12, 127)

Al2(SO4)3 + CaSO4

» Ca(AlOg)2 + 4503

Reacts with NaHCO3 in aqueous solution, forming fire-extinguishing foams,
producing COg, (Albert K. 1937. French Pat. 820,492, November 12, 1937)
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Al2(SO4)3 + 6NaHCOs3 » 2 AI(OH)s + 3Nag SO4 + 6CO2
Reaction with ammonium phosphate yields AIPO4 (see Aluminum phos-
phate, preparation)

Analysis

Elemental analysis: Al 15.77%; O 56.12%; S 28.11%. Al may be determined
by colorimetric method or by atomic absorption or emission spectrophotome-
try; sulfate may be determined by BaCly precipitation method in the aqueous
solution of the salt.

ALUMINUM SULFATE OCTADECAHYDRATE

[7784-31-8]

Formula: Ala(SO4)s 18H20; MW 648.41

Synonyms: alum, cake alum (the term alum also refers to aqueous solutions
of this substance, as well as other hydrate salts containing varying number of
waters of crystallization; also the term alum applies to a whole class of sulfate
double salts, such as potassium aluminum sulfate or ammonium aluminum
sulfate.)

Uses

The compound is used heavily in the paper industry. In its acidic solution
form, which contains a slight excess of HaSOy, it is used for pH control of pulp
slurries, treatment of process waters, setting of dyes and also for precipitat-
ing dissolved resin for setting the size on the fibers. In slight basic form (con-
taining a slight excess of Al203), it is used for treatment of drinking and waste
waters (e.g., for reducing phosphorus content). Other major applications
include dyeing, tanning, catalysts, modification of concrete, and in the manu-
facture of various chemicals and pharmaceutical products.

Physical Properties
White crystal; sweet taste; density 1.62 g/cm® decomposes at 86.5°C; solu-
ble in water.

Preparation

Prepared from bauxite, kaolin or aluminum compounds on reaction with
H2SO4. The insoluble silicic acid is filtered out; the hydrate salt forms on crys-
tallization.

AMERICIUM

[7440-35-9]
Symbol: Am; Atomic Number 95; Atomic Weight 243.0614; an inner-transi-
tion, actinide series, radioactive man-made element; electron configuration:
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[Rn]86 5f66d17s2, partially filled f-orbitals; valence 2, 3, 4, 5 or 6

Isotopes Half-life Decay Mode

Am-237 1.22 hr. Orbital electron emission

Am-238 1.63 hr. Orbital electron emission

Am-239 11.90 hr. Orbital electron emission

Am-240 50.90 hr. Orbital electron emissionAlpha emission

Am-241 432.2 yr. Alpha emission

Am-242 16.01 hr. Beta emission (83%) Orbital electron emis-
sion (17%)

Am-242 ~141 yr. Isomeric transition (isomer)

Am-243 7,370 yr. Alpha emission

Am-244 10.1 hr. Beta emission

Am-244 26 min. Beta emission (isomer)

Am-245 2.05 hr. Beta emission

Am-246 39 min. Beta emission

Am-246 25 min. Beta emission (isomer)

Am-247 ~22 min. Beta emission

Occurrence

Americium does not occur in nature. It is a man-made element produced in
nuclear reactors.

Uses

One of its isotopes, Am-241, is a portable source for gamma radiography;
also a source of ionization for smoke detectors. In the glass industry, it is used
as a radioactive glass thickness gage. Other isotopes do not have much com-
mercial application.

Physical Properties

White lustrous metal when freshly prepared; turns silvery; exists in two
forms: as a double hexagonal closed-packed alpha form, and a closed-packed
cubic structure known as beta form; melts at 994°C; more volatile than its
neighbor elements, plutonium or curium; vaporizes at 2,607°C; density 13.67
g/em3; soluble in dilute acids.

Production
Am-241 may be prepared in a nuclear reactor as a result of successive neu-
tron capture reactions by plutonium isotopes:

239 1 240
wPut,n—",Put+y

240 1 241
wPut,n—",Puty
Pu-241 isotope undergoes B-decay forming Am-241:
MPu—LSNAM thsegw

Am-241 obtained as a decay product in the above nuclear reaction (over a peri-
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od of years), can be separated by extraction. Am-242 and Am-243 isotopes can
be prepared from Am-241 by neutron bombardments:

241 1 242
s Am+,n— " Am+y

242 1 243
s Am+,n— " Am+y

Also, Am-243 can be made from Pu-242, which can be prepared either by very
intense neutron irradiation of Pu-239, or from Am-241; resulting from succes-
sive neutron-capture reactions.

241 1 242
s Am+,n— " Am+y

242 242 +
s Am—" Pu+e

242 1 243
s Put n—"gPu+y

248 Py 2 4o
The Pu-242 obtained in the nuclear reaction is separated by chemical extrac-
tion. Americium metal can be prepared from its dioxide by reducing with lan-
thanum metal at high temperature in a vacuum.

elevated temp

AmO, + La———————> Am+ LaO,

or from its fluoride by reducing the latter with Ba vapors at 1,100°C to
1,200°C:

2AmF, +3Ba —22< 3 2Am + 3BaF,

The metal is soluble in a melt of its trihalide salts.

Americium may be separated from other elements, particularly from the
lanthanides or other actinide elements, by techniques involving oxidation, ion
exchange and solvent extraction. One oxidation method involves precipitation
of the metal in its trivalent state as oxalate (controlled precipitation).
Alternatively, it may be separated by precipitating out lanthanide elements
as fluorosilicates leaving americium in the solution. Americium may also be
oxidized from trivalent to pentavalent state by hypochlorite in potassium car-
bonate solution. The product potassium americium (V) carbonate precipitates
out. Curium and rare earth metals remain in the solution. An alternative
approach is to oxidize Am3* to AmO22* in dilute acid using peroxydisulfate.
AmO322* is soluble in fluoride solution, while trivalent curium and lanthanides
are insoluble.

Ion exchange techniques have been widely applied in the separation
process. In the large-scale ammonium thiocyanate process, the metal is
retained on strong base anion exchanger; thus, separating it from the lighter
lanthanide elements which are not strongly absorbed on the resin.
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Americium and other actinide elements may be separated from lanthanides
by solvent extraction. Lithium chloride solution and an eight to nine carbon
tertiary amine are used in the process. Americium is then separated from
curium by the above methods.

Chemical Reactions

The metal forms its oxide, AmO on its surface in contact with air or oxygen.
Similarly, reaction with hydrogen forms the hydride, AmHo.

Divalent Am2* is less stable than the corresponding divalent lanthanide
elements. It has not been found in aqueous solutions, even after treatment
with strong reducing agents.

Am3+ is the most stable oxidation state of the metal. In trivalent state, its
properties are similar to europium. Am3* reacts with soluble fluoride, hydrox-
ide, phosphate, oxalate, iodate and sulfate of many metals forming precipi-
tates of these anions; e.g., Am(OH)s3, Am(I03)s, etc.

No stable divalent salt is known. However, Am?2* has been detected in CaFy
matrix (0.1% Am) by paramagnetic resonance spectrum at low temperature.
Its formation is attributed to the reduction of Am3* by electrons in the lattice
set free by the effects of alpha particle emission.

Trivalent Am3* ions occur in aqueous acid solution. The solution has a pink
color and the ion exists as a hydrated species. Reactions with halide salts or
the acids produce trihalides.

In solution Am#* ion is not so stable, slowly reducing to trivalent Am3+.
However, simple and also complex tetravalent compounds of americium are
known. Some examples are Am(OH)4, AmF4, LiAmFg, and KeAmF4. Am(OH)4
is stable in basic solution and results from the oxidation of Am(OH)s by
hypochlorite ion.

All pentavalent americium compounds are complex salts. Examples are
KAmO2COs3, KAmOgF2 and LisAmO4. These are formed upon oxidation of
Am3* . For example, Am3* reacts with hypochlorite ion in hot KoCOs, precipi-
tating KAmO2COs as a crystalline solid.

No simple hexavalent americium compound is known. All Am®é* compounds
are complex salts containing oxygen. Examples are LisAmOQOs, NaAmO2ACs
(Ac is acetate ion), AmOzF2 and BasAmOs. Hexavalent americium ion is a
strong oxidizing agent and is reduced to AmO~*2 in oxidation-reduction reac-
tions. Am ion in higher oxidation states is reduced to Am3* by Am-241 alpha
radiation.

Safety Precautions

Am emits alpha and gamma radiation. The alpha decay of the isotope Am-
241 1s three times as active as radium and is associated with 59 KeV gamma
radiation, which is a serious health hazard. The alpha energies of Am-241 and
Am-243, the two longest lived isotopes, are 5.48 and 5.27 MeV, respectively,
accompanied with gamma rays. Therefore, a totally enclosed storage system
using x-ray glass should be used, maintaining a slight negative pressure.
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AMMONIA

[7664-41-7]

Formula; NHs; MW 17.03; tetrahedral planar geometry, H—-N—H bond angle
107.3°; N—H bond distance 1.0164; dipole moment of the gas 1.46 x 10-18 esu;
a Lewis base.

Occurrence and Uses

Ammonia occurs in nature, being constantly formed by putrefaction of the
protein of dead animals and plants. While some of it is washed away by the
rain into rivers and oceans where it is recycled and converted into proteins by
microorganisms, much of it is rapidly absorbed from the earth by living plants
making new proteins. Ammonia occurs in urine from which it was produced
earlier by chemists and alchemists for use as a soluble base. It occurs in gas
liquor obtained from coal gas and producer gas plants and coke ovens. Gas
liquor was a major source for producing ammonia before Haber-Bosch process
was developed. Combustion of coal, fuel oil, wood and natural gas, as well as
forest fires produce ammonia in small amounts in the range 1 to 10 1b per ton.
It occurs in many industrial effluents, wastewaters, and groundwaters at
trace concentrations. It is also found at trace levels in varying concentrations
in the air in most metropolitan cities.

The single largest use of ammonia is its direct application as fertilizer, and
in the manufacture of ammonium fertilizers that have increased world food
production dramatically. Such ammonia-based fertilizers are now the prima-
ry source of nitrogen in farm soils. Ammonia also is used in the manufacture
of nitric acid, synthetic fibers, plastics, explosives and miscellaneous ammo-
nium salts. Liquid ammonia is used as a solvent for many inorganic reactions
in non-aqueous phase. Other applications include synthesis of amines and
imines; as a fluid for supercritical fluid extraction and chromatography; and
as a reference standard in 15N-NMR.

Physical Properties

Colorless gas; pungent suffocating odor; human odor perception 0.5 mg/ms3;
liquefies by compression at 9.8 atm at 25°C, or without compression at
-33.35°C (at 1 atm); solidifies at —77.7°C; critical temperature and pressure,
133°C and 112.5 atm, respectively; vapor density 0.59 (air=1); density of lig-
uid ammonia 0.677 g/mL at —34°C; dielectric constant at —34°C is about 22;
extremely soluble in water; solution alkaline; pKa 9.25 in dilute aqueous solu-
tion at 25°C; the gas does not support ordinary combustion, but burns with a
yellow flame when mixed in air at 16—27% composition.

Thermochemical Properties

AH®f (g) —11.02 kcal/mol
AH°f (aq) —19.19 kcal/mol
AH°f [NH4*(aq)] —31.67 kcal/mol

AG°f (g) ~3.94 keal/mol
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G°f (aq) —6.35kcal/mol
AG°f [NH4(aq)] —18.97 kcal/mol
S°(g) 45.97 cal/degree mol
S°(aq) 26.6 cal/degree mol
S° [NH4*(aq)] 27.1 cal/degree mol
Co° (2 8.38 cal/degree mol
Cp° [NH4*(aq)] 19.1 cal/degree mol
AHyap 5.57 kcal/mol
Synthesis

Ammonia is produced from nitrogen and hydrogen at elevated temperature
(500 to 550°C) and pressure (200-350 atm) (Haber—Bosch process), using a
promoted iron catalyst

500-550°C

N, +3H, —2%2%02m 5 9NH, + heat

catalyst

In the above process, finely divided iron oxide combined with sodium oxide
and silica or alumina is used as the catalyst. The reaction is favored (as per
Le Chatelier’s principle) by high pressure and low temperature. However, a
temperature of 500 to 550°C is employed to enhance the reaction rate and pre-
vent catalyst deactivation. Although at 200°C and 250 atm the equilibrium
may yield up to 90% ammonia, the product yield is too slow. The sources of
hydrogen in commercial processes include natural gas, refinery gas, water
gas, coal gas, water (electrolysis) and fuel oil, and the nitrogen source is lig-
uefied air.

Most other synthetic processes are modifications of the Haber—Bosch
process, using different pressures, temperatures, gas velocities, and catalysts.

Ammonia may be obtained by decomposition of ammonium carbonate or
bicarbonate. Such reactions, however, are not applied in commercial produc-
tion.

(NH, ),CO, —* 32NH, +CO, + H,0
60C
NH,HCO; —s NH;+CO, +H,0

Ammonia also may be produced as a by-product from gas liquor obtained
from coal, gas, and coke ovens. Organic nitrogen in the coal converts to ammo-
nium compounds which are separated from tar and distilled with an aqueous
suspension of Ca(OH)2 to produce ammonia.

(NH4)2CO3 + Ca(OH):s — CaCOs + 2H20 + 2 NH3
Reactions

Ammonia is stable at ordinary temperatures but begins to decompose to Hs
and N2 at 450°C. Decomposition is catalyzed by porcelain, pumice and metal
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surfaces (but not glass) in presence of which the dissociation starts at 300°C
and completes around 500 to 600°C.

Ammonia reacts with water producing NH4OH. The reaction is reversible;
NH4OH dissociates into NH4* and OH- ions in solution;

NH; + HoO — [NH4OH] — NH,*+ OH™

NH4OH is probably unstable in the molecular form, dissociating into ions.
There is evidence of existence of NHs*HoO and 2NHs+* H20 species in aqueous
solution ( J.R. LeBlanc, (Jr), Madhavan, S. and R.E. Porter. 1978. Ammonia.
In Kirk-Othmer Encyclopedia of Chemical Technology, 3rd ed., Vol. 2 p. 474,
New York: Wiley Interscience). Formation of such adducts may be attributed
to hydrogen bonding.

Gaseous NH3 and its aqueous solution is weakly basic, undergoing neu-
tralization reactions with acids. It reacts with HCI, HoSO4, HNOs to form cor-
responding ammonium salts (after the loss of water from evaporation):

NH3+*H20 + HCI — NH4Cl1 + H20

2NHj3+H20 + HaSO4 — (NH4)2SO4 + H2O
Similar neutralization reactions occur with phosphoric, acetic and other acids.
Liquid ammonia reacts with alkali metals forming amides and liberating Ho.
The reaction occurs in presence of a catalyst (e.g., Pt black). Alternatively,
heating alkali metals in a stream of ammonia yields their amides.

2Na + 2NHs —» 2NaNH3 + Hg
Reacts with Mg to form magnesium nitride, MgsNy liberating Ha:

3Mg + 2 NHs — MgsNs2 + 3Ha

Aqueous ammonia reacts with solutions of many metal salts forming precipi-
tates of metal hydroxides:

2NH;3+H20 + ZnSO4 — Zn(OH)s + (NHy4)2SO4

Forms cupric hydroxide, Cu(OH)2 with CuSOQOy; the precipitate, however, dis-
solves in excess ammonia, forming a tetrammine copper (II) complex ion.

Cu2t + 4NHs — [Cu(NHs)4]2*

Reacts with chlorine forming chloramines: monochloramine, dichloramine
and nitrogen trichloride:

NHs + Clz — NH2CI + HCI
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NH2Cl + Cla — NHCIs + HCI

NHCIl2+ Cla — NCls + HC1
Such chloramines may occur in trace quantities in many chlorine-treated
wastewaters that also contain trace ammonia. NCls combines with ammonia
to form an unstable adduct, NCls* NHs which reacts with excess NHs produc-
ing NH4Cl and liberating No.

NCl3*NH;3 + 3NHs — 3NH4Cl + Ngo

Chloramine is also formed when chlorine is passed into liquid ammonia; fur-
ther reaction with ammonia produces hydrazine:

NH,Cl + NHs — NoH4 + HC1

However, with excess ammonia, chlorine and bromine form ammonium chlo-
ride and bromide, respectively, liberating Na:

8NHj3 + 3Cls — Ny + 6NH4C1
Reaction with hypochlorite solution also produces chloramine. Ammonia
reacts with iodine to form nitrogen triiodide, which further combines with a
molecule of NH3 to form an adduct NIs*NHs, an insoluble brown-black solid
which decomposes upon exposure to light in the presence of NHs:
NHs + 31, — NI3 + 3HI
NIs + NHs — NI3 - NH;s

Reacts with carbon at red heat to give ammonium cyanide, NH4CN; forms
phosphine and nitrogen upon reaction with phosphorus vapor at red heat:

2NH, +2P—"* 52PH. +N,
Liquid ammonia reacts with sulfur forming nitrogen sulfide and H»S:
10S + 4NH3 __, N4S4 + 6HsS

whereas gaseous ammonia and sulfur vapor react to form ammonium sulfide
and Na:

8NH;3 + 3S — 3(NH4)2S + N2
Heating with oxygen or air produces nitrogen and water:

4NHs + 302 — 2Ns + 6H20
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However, reaction at 750°C to 900°C in presence of platinum or platinum-
rhodium catalyst produces nitric oxide and water:

4NH, + 50, —*— 4NO + 6H,0

750-900° C

Reacts with oxides of copper, zinc, silver and many metals other than those
of Group 1A and Mg at high temperatures, decomposing to N2 and water.
At ambient temperatures strong oxidants oxidize ammonia:

2 NHs+ 2 KMnO4s — 2 KOH + 2 MnOs + 2H20 + Ny
KoS90g + 2NH3 — 2KOH + 2S0s + 2Ks0 + Ny

Reactions with HsS at different stoichiometric ratios may produce ammonium
sulfide, hydrosulfide, NH4sHS and polysulfide (NH4)2Ss having varying S con-
tents, depending on temperature and stoichiometric ratios.

Forms ammonium carbamate, NHo* COO+*NH4 with CO2 and ammonium
dithiocarbamate, NHgo* CSS+*NH4 with CSa:

2NH3 + COs — NHy*COO-+*NH4
2NH3 + CSy — NHy+CSS+*NH4

The carbamate decomposes to urea and water when heated. Reaction with
chromic acid forms ammonium dichromate, (NH4)2Cr207:

2NH;3 + 2CrO3 + Ho O — (NH4)2CI‘207

Reactions with organic acids such as formic, acetic, benzoic, oxalic, and sal-
icylic acids produce their corresponding ammonium salts; concentrated
ammonia solution in excess forms ammonium stearate,
CHs+(CHg2)16* COONH4 with stearic acid.

Forms a red-colored double salt, ammonium ferric chromate, NH4Fe(CrO.4)s2
when added to an aqueous solution of Fe(NOs)s*6H20 and CrOs.

Forms a number of coordination compounds (ammonia complex) with sev-
eral metals; adds to AgCl forming soluble complex [Ag(NHs)2]Cl; forms
tetraamine complex [Cu(NH3)4]SO4 with CuSO4; and forms many hexaamine
complexes with cobalt, chromium, palladium, platinum and other metals.

Ammonia undergoes “ammonolysis” reactions with many classes of organ-
ics including alcohols, ketones, aldehydes, phenols, and halogenated hydro-
carbons. Addition and substitution reactions of ammonia are utilized in many
organic syntheses. Reactions of liquid ammonia with ethanol, or gaseous
ammonia with ethyl iodide, produce diethylamine, monoethylamine, and tri—
ethylamine in lesser amounts. Many organic amines and imines are synthe-
sized using ammonia. For example, reaction with ethylene dichloride gives
ethylenediamine.
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Analysis

Ammonia may be readily identified from its odor. It may be measured by
titrimetry. It is absorbed in an excess amount of a standard solution of dilute
sulfuric acid and the excess unreacted acid is back titrated against a standard
solution of caustic soda using methyl orange indicator. Alternatively, poten-
tiometric titration may be used to find the end point. Concentrations at trace
levels in wastewaters, groundwaters, drinking waters, and air may be mea-
sured by various colorimetric techniques or by the ammonia—selective elec-
trode method (APHA, AWWA and WEF, 1999. Standard Methods for the
Examination of Water and Wastewater, 20th ed. Washington, DC, American
Public Health Association). Ammonia reacts with Nessler reagent under alka-
line conditions, forming a yellow color. The intensity of color is measured by
spectrophotometer, absorbance being proportional to concentration of ammo-
nia in the solution. Alternatively, it may be analyzed by the indophenol blue
method. Ammonia reacts with hypochlorite to form monochloramine which
reacts with phenol in the presence of manganous sulfate catalyst to produce
blue indophenol (Patnaik, P. 1997. Handbook of Environmental Analysis.
Boca Raton, FL, Lewis Publishers). Solutions at high concentrations may be
appropriately diluted to measure ammonia within the calibration range in col-
orimetric and electrode methods.

Hazard

Ammonia causes intense irritation of eyes, nose and respiratory tract which
can lead to tears, respiratory distress, chest pain, and pulmonary edema. A
few minutes exposure to 3,000 ppm can cause severe blistering of skin, lung
edema, and asphyxia which can lead to death (Patnaik, P. 1992. A
Comprehensive Guide to the Hazardous Properties of Chemical Substances,
p. 304. New York, Van Nostrand Reinhold). Contact with liquid ammonia can
cause serious blistering and destruction of skin tissues. LCso inhalation
(mouse): 4,200 ppm/hr.

Fire or explosion hazard may arise from the following ammonia reactions:
Reaction with halogens produces nitrogen trihalides which explode on heat-
ing; its mixture with fluorine bursts into flame; reacts with gold, silver, or
mercury to form unstable fulminate-type shock-sensitive compounds; similar-
ly, shock-sensitive nitrides are formed when ammonia reacts with sulfur or
certain metal chlorides, such as mercuric, or silver chloride; liquid ammonia
reacts violently with alkali metal chlorates and ferricyanides.

AMMONIUM ACETATE

[631-61-8]
Formula: CHsCOONH4; MW 77.08

Uses
Ammonium acetate is used for preserving meats; as a mordant in the dyeing
of wool; in analytical chemistry for standardization of electrodes, and in titra-
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tions; also as a therapeutic diuretic and diaphoretic.

Physical Properties

White crystalline solid; deliquescent; melts at 114°C; decomposes at elevated
temperatures; density 1.17 g/cm3 at 20°C, density of a 10% solution 1.022
g/mL, and a 50% solution 1.092 g/mL; very soluble in cold water (1,480 g/L at
4°C); also soluble in cold alcohol and acetone (78.9 g/L in methanol at 15°C);
solution loses ammonia on standing and becomes acidic.

Preparation
Ammonium acetate is made by exact neutralization of acetic acid with
ammonia to neutral pH (pH 7):

CH3COOH + NH3z — CH3COONH4

Instead of aqueous solutions, hot glacial acetic acid and anhydrous ammonia
may be used. Ammonium acetate also is prepared by reaction of acetic acid
with ammonium carbonate:

CH3COOH + (NH4)2COS — 2CH3COONH4 + CO9 + HoO

Reactions
Ammonium acetate forms an acid salt, ammonium acetate double salt, with
hot acetic acid:

CH3COONH, + CH3COOH — CH3COONH,4 * CH3COOH

The acid salt readily dissolves in water and melts at 66°C.
Water-insoluble lead iodide dissolves in ammonium acetate solution, lead
acetate and ammonium iodide are formed:

Pbl, + 2CHsCOONH, — (CH3C00)2Pb + 2NH,I

AMMONIUM BICARBONATE

[1066—-33—7]
Formula: NHsHCO3s; MW 79.06
Synonyms: ammonium hydrogen carbonate; ammonium acid carbonate

Uses

Ammonium bicarbonate is used in preparing baking dough; in the produc-
tion of ammonium salts; in heat-exchanger tubes as a scale-removing com-
pound; in fire-extinguishing compositions; in cooling baths; in the manufac-
ture of porous plastics and ceramics; and as a “smelling salt,” mixed with oil
of lavender.
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Physical Properties

White crystalline solid; prismatic crystal; faint odor of ammonia; stable at
ambient temperature but decomposes on heating at 60°C; melts at 107.5°C on
very rapid heating; density 1.586 g/cm3; vapor pressure 435 torr at 25°C; read-
ily dissolves in water (21.6g/100g at 20°C, and 36.6g/100g at 40°C).

Manufacture
Ammonium bicarbonate is made by passing carbon dioxide through an
aqueous solution of ammonia in an absorption column or a packed tower:

NH;s + H2O + CO2s — NH,HCOs3

In this process, ammonia solution flows countercurrent to the ascending
stream of COgz. Crystals of ammonium bicarbonate precipitate out when the
solution becomes sufficiently saturated. The crystals are filtered or cen-
trifuged out of the mother liquor, washed, and air-dried. Pure product may be
obtained by using high purity COgz Alternatively, high purity ammonium
bicarbonate may be obtained by subliming the product formed at relatively
low temperatures.

Reactions
Ammonium bicarbonate decomposes to CO2, ammonia, and water vapor on
heating; it liberates CO2 when treated with dilute mineral acids:

NH HCOs + HC1 - NH4C1 + CO9 + H20

It reacts with sulfates of alkaline-earth metals precipitating out their carbon-

ates:
CaS0O4 + 2NH4HCO3 — CaCOs + (NH4)2S0O4 + CO2 + H20

The above reaction is applied in descaling calcium sulfate scale in heat-
exchanger tubes.
Ammonium bicarbonate forms double salts with many other salts.

AMMONIUM BIFLUORIDE

[1341-49-T]
Formula: NH4sHF2; MW 57.04
Synonym: ammonium hydrogen fluoride

Uses

NHsHF32 is used to solubilize silica and silicates in siliceous rocks of oil
wells, thus to regenerate oil flow; as a neutralizer for alkalies in textile plants
and commercial laundries; for removing stains from fabrics; for treating, pol-
ishing and rapid frosting of glass plates, window panes, picture frames,
ampoules and optical lenses; to produce pure salts of metal fluorides; in treat-
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ment processes to prevent corrosion on magnesium and its alloys; in the
preservation of wood; and in aluminum anodizing formulations.

Physical Properties

Orthorhombic or tetragonal crystals; etches glass; deliquescent; density
1.50 g/em3; refractive index 1.390; melts at 125.6°C; very soluble in water;
slightly soluble in alcohol.

Preparation
Commercial grade salt containing 1% NH4F is made by gas-phase reaction
of one mole of anhydrous ammonia with two moles of hydrogen fluoride:
NH; + 2 HF — NH4HF,
It may also be prepared in the anhydrous form by dehydration of ammonium
fluoride solution, followed by thermal decomposition of dry crystals.

Reactions

Thermal dissociation produces ammonium fluoride and ammonia; at ele-
vated temperatures products contain ammonia and hydrogen fluoride. It
forms a colorless double salt, ammonium iron fluoride SNH4F * FeF3 with iron,
a reaction of commercial application for removing stains from fabric. It reacts
with many metal oxides at elevated temperatures forming double fluorides:

2NH, HF, + BeO —*(NH, ), BeF, + H,0
6NH, HF, + Al,0, —*2(NH, ), AIF, +3H,0

On further heating, the double fluorides decompose to metal fluorides, liber-
ating ammonia and hydrogen fluoride:

(NH, ), BeF, —“ 5 BeF, +2NH, +2HF

(NH, ), AIF, —“— AIF, + 3NH, + 3HF

The above reactions are employed commercially for obtaining metal fluorides
in high purity.

Similar reactions occur with many metal carbonates at elevated tempera-
tures, producing double fluorides. The latter decompose to metal fluorides on
further heating:

2NH ,HF, + MgCO, — 5(NH, ), MgF, + CO,
(NH, ), MgF, —““—MgF, + 2NH, + 2HF

Analysis

Elemental composition: F 66.61%; H 8.83%; N 24.55%

A measured amount of salt is thermally decomposed to ammonia and
hydrogen fluoride. These gases liberated in stoichiometric amounts are
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absorbed in excess standard sulfuric acid solution. Ammonia is measured by
back titration of excess acid against a standard solution of caustic soda, using
methyl orange indicator. Fluoride ion is measured with an ion-specific elec-
trode. Ammonia may be collected and measured by alternative techniques
(see Ammonia).

AMMONIUM BROMIDE

[12124-97-0]
Formula: NH4Br; MW 97.94; ionic salt, cubic crystal

Uses

Ammonium bromide is used for photography in films, plates, and papers;
in fireproofing of wood; in lithography and process engraving; in corrosion
inhibitors; and in pharmaceutical preparations.

Physical Properties

White crystal or granule; strong saline taste; no odor; slightly hygroscopic;
density 2.429 g/cm3 at 25°C; refractive index 1.712; sublimes at elevated tem-
peratures: vapor pressure 54.75 torr at 300°C and 758.2 torr at 395°C; highly
soluble in water: 60.6 g and 75.5 g/100 mL at 0° and 20°C, respectively—sol-
ubility increasing approximately 16 to 18 g/100 mL for every 20°C increase in
temperature.

Thermochemical Properties

AH{f°(s) —64.73 kcal/mol
AGf°(s) —41.9 kcal/mol

Se 27 cal/degree mol
Co 23 cal/degree mol

Preparation
Ammonium bromide is prepared by treating excess ammonia with bromine:
8NHj; + 3Brg — 6NH4Br + Ng
It may be also prepared by the reaction of ammonia and hydrobromic acid:
NHs + HBr — NH4Br
NH4Br is also made by the reaction of ammonia with ferrous and ferric bro-
mide, which may be obtained by passing aqueous bromine solution over iron
filings.
2NHs + FeBry + H2O — 2NH4Br + FeO
6NHs + 2FeBrs + 3H2O — 6NH4Br + FesO3

Reactions
Ammonium bromide exhibits acid reaction in aqueous solution; acts as an
excellent acid in liquid NHs, undergoing neutralization reactions:
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NH,Br + NaNH, —2%% 5 NaBr + 2NH,

Contact with metal surfaces produces bromides of the metals; similarly reac-
tions with metal hydroxide bases yield corresponding bromides:

2NH4Br + Ca(OH)2 — CaBrg + 2NH3z + 2H20

Ammonium bromide decomposes to ammonia and hydrogen bromide when
heated at elevated temperatures:

NH,Br—"* NH, + HBr

Chemical Analysis

Elemental composition: Br 81.58%, H 4.12%, N 14.30%

Mixed with NaOH solution and distilled; distillate analyzed for ammonia
by titration, colorimetry, or electrode method (see Ammonia and Ammonium
chloride). Bromide portion of NH4Br in aqueous solution may be analyzed by
ion chromatography, or by the colorimetry method in which red to violet color
is produced upon treatment with chloramine—T, and phenol red at pH 4.5. The
colorimetry test for bromide is subject to interference from oxidizing and
reducing agents, chloride, and bicarbonate. NH4Br may then be determined
stoichiometrically.

AMMONIUM CARBAMATE

[1111-78-0]
Formula: NH2COONH4; MW 78.07,;
Synonyms: ammonium aminoformate; ammonium carbonate anhydride

Uses
Ammonium carbamate is used as an ammoniating agent. It occurs as a
mixed salt with ammonium bicarbonate and carbonate.

Physical Properties

Colorless rhombic crystal; odor of ammonia; sublimes at 60°C; very soluble
in cold water; decomposes in hot water; slightly soluble in alcohol; insoluble
in acetone.

Preparation
Ammonium carbamate is prepared from dry ice and liquid ammonia:

CO9 + 2NH3 — NH2COONH4
Reactions

Decomposes on heating to ammonia and carbon dioxide; in contact with air
at ambient temperatures, it loses ammonia, forming ammonium carbonate. In
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solution, it is partly hydrolyzed to carbonate.
NH2COONH4 + H20 — (NH4)2COs3

The carbamate is decomposed by acids and their salts.

AMMONIUM CARBONATE

[506—87—6]

Formula: (NH4)2CO3+H20; MW 114.10; not available in pure form; crystalline
products consist of double salts of ammonium carbonate, ammonium bicar-
bonate, and ammonium carbamate.

Synonyms: salt of hartshorn; sal volatile

Uses

Applications of ammonium carbonate are similar to those of ammonium
bicarbonate. It is used in baking powder; in fire extinguishers; as mordant in
dyeing; for washing and defatting wools; in tanning; in manufacture of rubber
products; as a “smelling salt”; as a source of ammonia, and as an expectorant.

Physical Properties

Colorless or translucent hard crystalline mass or white cubic crystals or
powder; sharp taste; odor of ammonia; decomposes at 58°C; slow decomposi-
tion at ambient temperatures; readily dissolves in cold water; decomposes in
hot water; insoluble in liquid ammonia, alcohol and carbon disulfide.

Preparation

Ammonium carbonate is obtained by passing carbon dioxide into aqueous
ammonia solution in a column or tower. Ammonia, carbon dioxide and water
vapor are distilled and the vapors condensed into a solid crystalline mass. It
also may be prepared by subliming a mixture of ammonium sulfate and calci-
um carbonate.

Reactions

Ammonium carbonate slowly decomposes on exposure to air, or rapidly
breaks down on heating to ammonia, COq, and water; liberates CO2 on treat-
ment with dilute mineral acids. It reacts with metals forming their carbon-
ates. Reaction with hydriodic acid produces ammonium iodide; and forms
ammonium oxalate with oxalic acid.

AMMONIUM CHLORIDE

[12125-02-9]
Formula: NH4Cl; MW 53.49
Synonym: Sal ammoniac
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Occurrence and Uses

Ammonium chloride occurs in nature in crevices near volcanoes. Also, it is
found in smoke when burning dry camel or donkey dung as fuel. Important
applications of this compound include the manufacture of dry cells for batter-
ies; as a metal cleaner in soldering; as a flux in tin coating and galvanizing;
in fertilizers; in pharmaceutical applications as a diuretic, or diaphoretic
expectorant; and as an analytical standard in ammonia analysis. Also, it is
used in freezing mixtures; washing powders; lustering cotton; in safety explo-
sives and in dyeing and tanning.

Physical Properties

Colorless cubic crystals or white granular powder; saline taste; odorless;
hygroscopic; does not melt but sublimes on heating at 340°C; vapor pressure
48.75 torr at 250°C and 251.2 torr at 300°C; density 1.5274 g/cm? at 25°C;
refractive index 1.642; readily dissolves in water, solubility: 229 g and 271 g/L
solution at O°C and 20°C, respectively; solubility lowered by alkali metal chlo-
rides and HCI; dissolution lowers the temperature of the solution; sparingly
soluble in alcohols (6 g/L at 19°C) and soluble in liquid NHs; insoluble in ace-
tone and ether.

Thermochemical Properties

AH°f(s) —75.15 kcal/mol

AH°f(s) [NHs(g) + HCl(g)] —41.9 kcal/mol

AG°f(s) —48.51 kcal/mol

Se 22.6 cal/degree mol

Co 20.1 cal/degree mol

AHup1 (1 atm) 39.6 kcal/mol
Manufacture

Ammonium chloride is produced as a by-product in the Solvay process for
manufacture of sodium carbonate:

NaCl + NH3 + COs + HoO — NaHCO3 + NH4Cl1
NaHCOg3 precipitate is filtered out of solution while NH4Cl is obtained by crys-
tallization followed by washing and drying. Ammonium chloride also is pro-
duced from spent calcium chloride liquor obtained in ammonia-soda process:

CaCls + 2NH3 + COg + HoO — NaeSO4 + 2 NH4C1
It also is made by heating a mixture of slight excess of NaCl solution with
ammonium sulfate. The filtrate containing NH4ClI is concentrated and cooled.
NH4CI crystallizes:

(NH4)2SO4 + 2NaCl — Nag2SO4 + 2 NH4C1

It is produced by direct neutralization reaction of NHs and HCI combined as
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gaseous mixtures.
NHjs(g) + HCl(g) — NH4Cl(s)

Reactions

NH4Cl is acidic in aqueous solution: the pH of 1%, 3%, and 10% solution at
25°C are 5.5, 5.1 and 5.0, respectively. (Merck 1996. The Merck Index, 12th
ed. Rahway, NJ: Merck & Co.) It loses ammonia and becomes more acidic on
prolonged exposure or storage. It reacts with iron, copper, nickel and other
metals and some of their alloys such as bronze and brass. It reacts with alka-
lies forming NHs.

NH4Cl + NaOH — NH3 + NaCl + Hz0

Ammonium chloride decomposes to ammonia and HCI when heated. The
vapor resulting from sublimation consists of equal volume of NHs and HCI,
and does not consist of molecular NH4Cl. (Young, R. D. 1976. Ammonium
Compounds. In Kirk-Othmer Encyclopedia of Chemical Technology, 3rd. ed.
Vol. 2, p. 521. New York: Wiley Interscience.)

Reacts with formaldehyde (neutralized with NaOH) forming hexamethyl-
enetetramine and HCI.

NH4Cl + 6 HCHO — CgH1sN4 + 4HCI + 6H20

Reaction with copper(Il) chloride at 2:1 ratio produces yellow orthorhombic
crystals of cupric ammonium chloride, which reacts with water to form blue
dihydrate crystal, ammonium tetrachlorodiaquocuprate(II):

heat

2NH4CI + CuCl; —— (NHy)z + CuCly

evaporation

A similar complex formation occurs with mercuric chloride, zinc chloride,
osmium chloride and platinum (II) and (VI) chlorides, forming mercuric
ammonium chloride, (NH4)2*HgCly, zinc ammonium chloride (NH4)3ZnCls or
ZnClg* 3NH4Cl, osmium ammonium chloride, (NH4)2OsClg, platinum ammo-
nium chloride, (NH4)2PtCls and platinic ammonium chloride (NH4)2PtCls,
respectively. Similarly, it reacts with palladium chloride to form ammonium
chloropalladate, (NH4)2PdCls. It precipitates out ammonium platinichloride
from solution of chloroplatinic acid (Archibald, E. H. 1920. J. Chem. Soc., 117,
1105):

H2PtCls + 2NH4Cl — (NHy4)2PtCls + 2HCI

Neutralization reaction occurs with amide, forming chloride salt and
ammonia:

NH4Cl + KNH2 — KCl1 + 2NH3
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Heating with zirconium chloride gives a tetraamine adduct:

heat

4NH,Cl+ ZrCl, — ZrCl, # 4NH, + 4HCI

Chemical Analysis

Elemental composition: Cl 66.28%, H 7.54%, N 26.18%

Ammonium chloride is analyzed by treatment with formaldehyde (neutral-
ized with NaOH) and the product HCI formed is analyzed by titration using
an acid-base color indicator such as phenolphthalein. Alternatively, it may be
mixed with caustic soda solution and distilled. The distillate may be analyzed
for NHs by titration with HoSOu4; or by colorimetric Nesslerization; or with an
ammonia-selective electrode (APHA, AWWA, WEF. 1995. Standard Methods
for the Examination of Water and Wastewater. 19th ed. Washington, DC,
American Public Health Association). The presence of ammonia or any other
ammonium compound would interfere in the test. The moisture content in
NH4Cl may be determined by Karl-Fischer method.

AMMONIUM CYANIDE

[12211-52-8]
Formula: NHsCN; MW 44.056

Uses
NH4CN is used in organic synthesis. Unstable, it is not shipped or sold com-
mercially.

Physical Properties

Colorless crystalline solid; cubic crystal; unstable; density 1.02 g/cm3;
decomposes at 36°C; sublimes at 40°C; very soluble in cold water and alcohol,;
decomposes in hot water.

Preparation
Ammonium cyanide is prepared in solution by bubbling hydrogen cyanide
into aqueous ammonia at low temperature:

HCN + NHs(aq) - NH4CN(aq)

It may be prepared in solution by the reaction of calcium cyanide and ammo-
nium carbonate:

Ca(CN)2 + (NH4)2CO3 — 2NH4CN + CaCOs

or barium cyanide and ammonium sulfate:
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Ba(CN)2 + (NH4)2S04 — 2NH4CN + BaSO4

In dry state, NH4CN is made by heating a mixture of potassium cyanide or
potassium ferrocyanide with ammonium chloride and condensing the vapors
into ammonium cyanide crystals:

KCN + NH4Cl — NH4CN + KC1

Reactions
Ammonium cyanide decomposes to ammonia and hydrogen cyanide; often
forming black polymer of HCN:

NH4CN — NH3+ HCN

It undergoes double decomposition reactions in solution with a number of
metal salts. It reacts with glyoxal producting glycine (aminoacetic acid)

NH4CN + (CHO)2 — NH2CH2COOH + HCN
Reactions with ketones yield aminonitriles:
NH4CN + CH3COCH3 - NH2CHsCHsCH-CN + H2O

Analysis

Elemental composition: H 9.15%, C 27.23%, N 63.55%.

NH4CN may be analyzed by heating the salt and trapping the decomposed
products HCN and ammonia in water at low temperatures. The aqueous solu-
tion is analyzed for cyanide ion by silver nitrate titrimetric method or an ion-
selective electrode method; and ammonia is measured by titration or electrode
technique (Patnaik, P. 1997. Handbook of Environmental Analysis, Boca
Raton, FL: Lewis Publishers).

Toxicity

The solid or its solution is highly toxic. Ingestion can cause death. Exposure
to the solid can be harmful as it decomposes to highly toxic hydrogen cyanide
and ammonia.

AMMONIUM DICHROMATE
[7789-09-5]
Formula: (NH4)2Cr207; MW 252.10

Synonym: ammonium bichromate

Uses
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Ammonium dichromate 1is used in pyrotechnics; in photoengraving and
lithography; as a source of pure nitrogen in the laboratory; and as a catalyst.

Physical Properties

Bright orange-red monoclinic crystals; odorless; hygroscopic; decomposes at
180°C; density 2.115 g/cm3 at 25°C; readily dissolves in water (26.67 g/100 g
at 20°C).

Preparation
(NH4)2Cr207 may be prepared by the reaction of ammonia gas with chromic
acid:
2NH3 + 2CrOs + HoO — (NH4)2Cr207

or ammonium sulfate with sodium dichromate:
(NH4)2SO4 + NaaCra07 — (NH4)2Cr207 + NaaSO4

Reactions

(NH4)2Cr207 decomposes at 180°C. On further heating to 225° C it begins
to swell and dissociates exothermically, liberating nitrogen and water vapor,
leaving behind a residue of chromium(III) oxide:

225°C

(NH,),Cr,0, —y N, +Cr,0, +4H,0

As an acid salt, its solution is acidic (pH 3.45 and 3.95 for a 10% and 1%
solution, respectively). It undergoes acid reactions. Also, it undergoes double
decomposition reactions, forming metal dichromates:

(NH4)2Cr207 + Pb(NO3)2 — PbCr207 + 2NH4NOs3

As an oxidizing agent, it undergoes oxidation-reduction reactions with
reducing agents at ambient and elevated temperatures.

Hazard

Ammonium dichromate is an irritant to skin. Inhalation of dusts can cause
pulmonary irritation, perforation of the nasal septum and “chrome sores.”
Ingestion can cause ulceration. It is also a flammable salt.

AMMONIUM FLUORIDE

[12125-01-8]
Formula: NH4F; MW 31.04
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Synonyms: neutral ammonium fluoride; normal ammonium fluoride

Uses
NH4F is used for etching glass; for preserving wood; as a mothproofing
agent; in printing and dyeing textiles; and as an antiseptic in brewery

Physical Properties

White, deliquescent, crystalline solid; occurs in various forms, as granular
powder (commercial products), needles or leaflets, or hexagonal prism (formed
on sublimation and condensation); density 1.009 g/cm3 at 25°C; decomposes
on heating; highly soluble in cold water (100g/100g at 0°C); decomposes in hot
water; slightly soluble in alcohol, insoluble in liquid ammonia

Thermochemical Properties

AH°f —110.89 kcal/mol
AG°f —83.36 kcal/mol

S° 17.20 cal/degree mol
Co 15.60 cal/degree mol

Preparation
NH4F is made by passing ammonia gas through a 40% aqueous solution of
hydrofluoric acid (ice-cooled):

NHs + HF — NH4F

Alternatively, it may be prepared by heating ammonium chloride with excess
sodium fluoride. Ammonium fluoride is obtained by sublimation.

NH4Cl + NaF — NH4F + NaCl

Also, it may be prepared by mixing an equimolar amount of aqueous ammo-
nia and ammonium bifluoride.

Reactions
Decomposes on heating to ammonia and hydrogen fluoride; also decompos-
es in hot water producing ammonia and ammonium bifluoride:

2NH4F — NHs + NH.F-HF
The solution is acidic; it reacts with weak bases forming double salts; i.e.,
ammonium hexafluoroaluminate, (NH4)3AlFs; ammonium hexafluorophos-
phate, NH4PFs; ammonium hexafluorosilicate, (NH4)2 SiFg; ammonium hexa-

fluorogallate, (NH4)3GaFs:

6NH4F + Al(OH)s — (NH4)3AlFs + 3NH3 + 3H20
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Chemical Analysis

Elemental composition: F 51.30%, H 10.88%, N 37.82%. A measured
amount is dissolved in water and the aqueous solution diluted appropriately
and analyzed for fluoride by fluoride ion-selective electrode, or by ion chro-
matography. Ammonium ion (or liberated ammonia) is analyzed by titration
or by ammonium ion-specific electrode (see Ammonia).

Toxicity

NH4F is a highly toxic substance; ingestion can cause nausea, vomiting,
abdominal pain, tremor, hemorrhage, muscular weakness, convulsions and
vascular collapse. Ingestion of large quantity can cause death. Chronic effects
include mottling of enamel, osteoclerosis and calcification in ligaments.

AMMONIUM FORMATE

[640-69-2]
Formula: HCOONH4; MW 63.06;
Synonym: formic acid ammonium salt

Uses
Ammonium formate is used in chemical analysis to separate base metals
from noble metal salts.

Physical Properties

White monoclinic deliquescent crystals or granules; density 1.280 g/cm3;
melts at 116°C; highly soluble in water (102 g/100 g at 0°C), solubility rapid-
ly increasing with temperature (i.e., 531 g/100 g at 80°C); soluble in liquid
ammonia, alcohol and ether.

Preparation
NH4COOH is prepared by the reaction of ammonia with formic acid:

NH3; + HCOOH — HCOONH4
or from methyl formate and ammonia:
HCOOCH3; + 2NH3 - HCOONH4 + CH3NH>»
Reactions
Thermal dissociation produces ammonia, carbon dioxide, and water; reacts

with metal salts forming their formates; oxidized by strong oxidants forming
carbon dioxide, water, and oxides of nitrogen.
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AMMONIUM HYDROSULFIDE

[12124-99-1]

Formula: NH/sHS; MW 51.113

Synonyms: ammonium sulfhydrate, ammonium bisulfide, ammonium hydro-
gen sulfide

Uses
Aqueous solutions of NH4HS are used in various commercial applications
including textile manufacture.

Physical Properties

White tetragonal or orthorhombic crystal; density 1.17g/cm3; refractive
index 1.74; unstable, sublimes readily at ordinary temperatures; vapor pres-
sure 748 torr at 32°C; highly soluble in water, alcohol, liquid ammonia and
liquid hydrogen sulfide; insoluble in benzene, hexane and ether.

Thermochemical Properties

AH°f —317.5 kecal/mol
AG°f —12.1 kcal/mol
SO 23.3 cal/degree mol

Preparation
NH4HS is prepared by the reaction of an equimolar amount of ammonia
and hydrogen sulfide:

NHs + H2S — NH4HS

Reactions
When heated, the hydrosulfide dissociates into ammonia and hydrogen sul-
fide; addition of sulfur produces ammonium sulfide:

2NHsHS + 2S5 — (NH4)2Ss + HaS

AMMONIUM MOLYBDATE

[27546-07-2]

Formula: (NH4)2Mo0O4; MW 196.01

Ammonium ion forms isopolymolybdates, such as di—, tri—, or heptamolyb-
dates with the molybdate anion. Only the dimolybdate, (NH4)2Mo0207, and
ammonium heptamolybdate (NH4)sMo07024°*4H20 [12027—67-7], have com-
mercial applications.

Uses
Ammonium molybdates are used to prepare high purity grade molybdenum
metal powder, sheet, or wire; for colorimetric analysis of phosphates and arse-
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nates; for decorating ceramics; and as catalysts.

Physical Properties

Colorless, monoclinic crystal; density 2.276 g/cm3; decomposes on heating;
soluble in water (decomposes); also soluble in acid; insoluble in alcohol and
liquid ammonia.

Preparation

Ammonium molybdate is prepared by treating molybdenum oxide with
excess ammonia in an aqueous solution. The crystals are obtained after evap-
oration of water.

MoOs + 2NH3 + HoO — (NH4)2MoO4

Reactions
Decomposes on heating or on treatment with alkalies; reacts with lead chlo-
ride and other metal salts to form their metal molybdates:

(NH4)2MoOy4 + PbCls - PbMoOy4 + 2NH4Cl

Reacts with phosphates or arsenates to form ammonium phosphomolybdate
(NH4)3PO4*12Mo00O3, or ammonium arsenomolybdate, (NH4)3AsO4* 12MoOs.

Chemical Analysis

Elemental composition: H 4.11%, Mo 48.94%, N 14.29%; O 32.65.

(NH4)2MoOy is digested with nitric acid and the molybdenum metal is ana-
lyzed by atomic absorption or emission spectrophotometry. It is dissociated to
ammonia, which may be measured by titration or by an ion-specific electrode
technique (see Ammonia). Ammonium molybdate reacts under acid conditions
with dilute orthophosphate solution to form molybdophosphoric acid which, in
the presence of vanadium, forms yellow vanadomolybdophosphoric acid; the
intensity of the yellow color may be measured by a spectrophotometer at 400
to 490 nm and is proportional to the trace amount of ammonium molybdate.

AMMONIUM NITRATE

[6484-52-2]
Formula: NH,NOg; MW 80.043

Uses

The ammonium salt produced or consumed in largest amounts is ammoni-
um nitrate. It is used widely as a fertilizer, and is the leading nitrogen fertil-
izer in the world. An advantage of this compound over other ammonium fer-
tilizers 1s that it provides both nitrate and ammonia to soil without changing
the pH. Also, it is used as a mixed fertilizer with other compounds, such as
calcium phosphate, or calcium carbonate. It also is used as an explosive for
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blasting, or as an ingredient of various mines, or in highway construction. The
salt itself, or in combination with fuel oil, powdered aluminum, or carbona-
ceous matter, is a high explosive. Its blend with trinitrotoluene, known as
Amatol, is a military explosive.

Other uses of ammonium nitrate are in the manufacture of nitrous oxide,
an anesthetic, and as a component of freezing mixtures.

Physical Properties
White crystalline solid; occurs in five different crystallographic modifica-

tions as follows:

1) tetragonal form below —18°C

(11) rhombic form between —18 to 32.1°C

(111) rhombic form between 32.1 to 84.2°C

(iv) tetragonal form between 84.2 to 125.2° C

) cubic form between 125.2 to 169.6°C;
density 1.725 g/m3 at 20°C; highly hygroscopic; the finely divided powder
cakes to a hard mass on storage; melts at 169.6°C; extremely soluble in water;
its solubility in 100 g water is as follows:

0°C 118 ¢
20°C 150 g
40°C 297 g
60°C 410 g
80°C 576 g

Dissolution is endothermic, solution becomes cold (and hence its applica-
tion in freezing bath); elevates the boiling point of water by 1°, 7.5°, 28.5° and
70°C at 10, 40, 80 and 95% (w/w) concentrations, respectively; vapor pressure
of saturated solution, 11.2 torr at 20°C.

Thermochemical Properties

AHCf (solid) —87.37 kcal/mol
AH°f (aq) —81.23 kcal/mol
AG°f (solid) —43.98 kcal/mol
AG°f (aq) —45.58 kcal/mol

S° (solid) 36.11 cal/degree mol
S° (aq) 62.10 cal/degree mol
Cp (solid) 33.3 cal/degree mol

Manufacture

NH4NO3 is made by the neutralization reaction of ammonia with nitric
acid:
NHs + HNO3 — NH4NO3 + heat

The reaction is carried out in aqueous phase using a slight excess of nitric
acid. The heat of reaction is utilized to evaporate the water. Also, evaporation
may be carried out under vacuum. Alternatively, solid ammonium nitrate is
obtained by crystallization from a concentrated solution. The particle size of
the dry product may be controlled by vacuum crystallization, granulation or
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other processes. (Young, R.D. 1978. Ammonium Compounds. In Kirk-Othmer
Encyclopedia of Chemical Technology, 3rd ed., Vol. 2, pp. 525-532. New York:
Wiley Interscience.) The solid powder should be protected from moisture to
minimize caking.

Ammonium nitrate alternatively may be prepared by double decomposition
reactions of ammonium salt with a nitrate salt; e.g., ammonium sulfate and
sodium nitrate:

(NH4)2SO4 + 2NaNOs3 — 2NH4NOs3 + Na2SOy4

Reactions
Ammonium nitrate volatilizes reversibly with dissociation at moderate
temperatures:

NHiNOs(s) <> NHs(g) + HNOs(g) ~ AH= +41 keal/mol

Thermal decomposition occurs at 170°C producing nitrous oxide and water:

NH,NO, (/) —22%€ sN,0(g)+2H,0(g) AH=-5.5 kcal/mol

N20 evolves smoothly; however, above 250°C or if the solid is strongly
shocked, violent decomposition occurs:

: 1
NH,NO, —=2¥< 3N, +2H,0 +502

Aqueous solutions of ammonium nitrate undergo a double decomposition
reaction with metal salts. NH4NOj3 acts as an oxidizing agent in aqueous solu-
tions and is reduced by various metals at ambient temperatures.

Spongy copper slowly reduces it to ammonium nitrite in the absence of air;
however, no reaction occurs with copper wire or gauge. (Basset, H. and R. G.
Durrant. 1922. J. Chem. Soc., 121, 2631):

Cu + NH4NO3 — NH4NO9 + CuO

Chemical Analysis

Ammonium nitrate dissociates in aqueous solution to NHi and NO3 ions.
The former may be measured by ammonium ion-selective electrode and the
latter by nitrate ion-selective electrode. The solid may be heated carefully at
low temperature (around 90°C) and the evolved ammonia and nitric acid
vapors are absorbed in water and measured by selective ion electrodes,
respectively.

Hazard

Heating ammonium nitrate can present a severe explosion hazard. When
heated above 210°C, its decomposition is exothermic, producing nitrous oxide
and water vapor. In closed confinement, heating the molten mass can cause a
pressure build-up. Above 300°C, there is rapid evolution of nitrogen, water
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vapor and oxygen—two mols solid producing seven mols of gaseous products.
This can cause a dangerous explosion. In the presence of readily oxidizable
substances, such as fuel oil soaked into the pores of the solid or finely divided
metal, the ignition is self-sustained—occurring at lower temperatures, and
the explosivity is enhanced. Also, it can explode dangerously in a fire. At ordi-
nary temperatures, the compound is stable and safe to handle. Calcium car-
bonate, phosphate or other substances are mixed with fertilizer grade ammo-
nium nitrate to reduce its explosivity. There are many cases of loss of human
lives from ammonium nitrate fire or explosion.

AMMONIUM PHOSPHATE, DIBASIC

[7783—28-0]

Formula: (NH4)2HPO4; MW 132.07,

Synonyms: diammonium hydrogen phosphate; secondary ammonium phos-
phate

Uses

Dibasic ammonium phosphate is used as a fertilizer; as a fire extinguisher;
a flame retardant for plywood, papers, and fabrics; to prevent afterglow in
matches; in purifying sugar; as a flux for soldering tin, copper, zinc and brass;
and to control precipitation of alkali-soluble or acid-insoluble colloidal dyes on
wool.

Physical Properties

Colorless monoclinic crystal; saline taste; refractive index 1.52; density
1.619 g/cm3; melts at 155°C (decomposes); very soluble in water (57 g/100 g at
10°C and 106.7g/100g at 70°C, respectively); insoluble in alcohol, acetone, and
liquid ammonia.

Preparation
(NH4)2HPO4 is made by reacting ammonia with phosphoric acid:

2NH3 + H3PO4 — (NH4):HPO4

Reactions
Heating at 70°C results in decomposition to monoammonium phosphate
and ammonia:

(NHy)2 HPO4 — (NH4)H5PO, + NHs

A boiling, dilute solution of diammonium phosphate evolves ammonia (the
pH of the solution decreases), which also occurs slowly at ambient tempera-
tures. The solid and its solution create an ammonia vapor pressure. Reactions
with mineral acids produce the corresponding ammonium salts.



AMMONIUM PHOSPHATE, MONOBASIC /| AMMONIUM SULFATE 43

AMMONIUM PHOSPHATE, MONOBASIC

[7722—76-1]

Formula: (NH4)H2PO4; MW 115.03,;

Synonyms: ammonium dihydrogen phosphate; ammonium biphosphate; pri-
mary ammonium phosphate

Uses

Monobasic ammonium phosphate is used in fire extinguishers; as a flame
retardant for papers, plywoods, and fabrics; in baking mixtures; and in fer-
mentation process.

Physical Properties

White crystalline powder; odorless; density 1.80 g/cm3; readily dissolves in
water (40 g/ 100 g); pH of 0.2 molar solution 4.2; slightly soluble in alcohol;
insoluble in acetone.

Preparation
Preparative method similar to its dibasic salt; obtained by reaction of equimo-
lar amounts of ammonia and phosphoric acid:

NH; + HsPO4 — (NH4)H2PO4

Reactions
Thermal decomposition produces ammonia and phosphoric acid; reaction
with sulfuric acid produces ammonium hydrogen sulfate:

(NH4)H2PO4 + H2SO4 — (NH4o)HSO4 + HsPOy4

(NH4)H2PO4 decomposes under strong oxidizing conditions producing
nitrogen, water, and phosphorus pentaoxide.

AMMONIUM SULFATE

[7783—20-2]
Formula: (NH4)2SO4; MW 132.14;

Occurrence and Uses

Ammonium sulfate occurs in trace concentrations in the upper atmosphere.
It is widely used as a fertilizer for rice and other crops. It is a source of sulfur
for the soil. It is also used as an additive to supply nutrient nitrogen in fer-
mentation processes (e.g., yeast production from molasses). It also is used for
fireproofing timber and plastics, and in treatment of hides, and leather pro-
duction.
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Physical Properties

White crystalline solid; orthorhombic crystal; density 1.769 g/cm3 at 20°C;
melts between 511 to 515°C (in a closed system): however, in an open system,
it melts with decomposition at 280°C; readily dissolves in water (solubility,
70.6 g and 104 g per 100 g water at 0°C and 100°C, respectively); insoluble in
acetone, alcohol and ether.

Thermochemical Properties

AH°f ~282.5 keal/mol

AG°f —215.6 kcal/mol

SO 52.6 cal/degree mol

Co 44.8 cal/degree mol
Manufacture

Ammonium sulfate is made by reacting synthetic ammonia (or by-product
ammonia from coke-ovens) with sulfuric acid:

2NH3 + HaSO4 — (NH4)2SO4

A mixture of ammonia gas and water vapor is introduced into a reactor (“sat-
urator”) that contains a saturated solution of ammonium sulfate and about 2
to 4% free sulfuric acid at 60°C. Concentrated sulfuric acid is added continu-
ously to keep the solution acidic, and to retain its level at 2 to 4% free acid.
The heat of reaction keeps reactor temperature at 60°C. Ammonium sulfate
formed crystallizes out of its saturated solution in the reactor.

Dry, powdered ammonium sulfate may be formed by spraying sulfuric acid
into a reaction chamber filled with ammonia gas. The heat of reaction evapo-
rates all water present in the system, forming a powdery salt.

Ammonium sulfate also is manufactured from gypsum salt, CaSO4 2H30.
Finely divided gypsum is added to ammonium carbonate solution. Calcium
carbonate precipitates out, leaving ammonium sulfate in solution.

(NH4)2CO3 + CaSO4 — (NH4)2S04 + CaCOs3

Reactions

Ammonium sulfate decomposes upon heating at 100°C in an open system,
forming ammonium bisulfate, NH4sHSO4. As a salt of a strong acid and weak
base, its solution is acidic; pH of 0.1M solution is 5.5.

In aqueous solution the reactions are those of NHi and SO% ions. For exam-
ple, addition of barium chloride, BaCls precipitates out barium sulfate,
BaSO4. The filtrate on evaporation yields ammonium chloride, NH4Cl.
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(NH4)2S04 forms many double salts (ammonium metal sulfates) when its
solution is mixed with equimolar solutions of metal sulfates and the solution
is slowly evaporated. Such double metal sulfates include ammonium cobal-
tous sulfate, (NH4)2Co(SOu4)2; ferric ammonium sulfate, (NH4)2Fe(SO4)2,
ammonium nickel sulfate, (NH4)2Ni(SO4)2; and ammonium cerous sulfate,
NH4CeSOy4.

Chemical Analysis

Elemental composition: H 6.10%, N 21.20%, O 48.43%, S 24.27%.

A small amount of solid may be dissolved in water and ammonium ion
determined by the ion-selective electrode method, or miscellaneous colorimet-
ric or titrimetric procedures (see Ammonia). Sulfate ion may be determined by
ion chromatography.

AMMONIUM SULFIDE

[12135-76-1]
Formula: (NH4)2S; MW 68.143
Synonym: ammonium monosulfide

Uses
Ammonium monosulfide is used in photographic developer; to apply patina
to bronze; and in textile manufacture.

Physical Properties
Unstable, decomposes at ambient temperature; forms yellow crystals below

—18°C; hygroscopic; soluble in water and alcohol, very soluble in liquid ammonia.

Thermochemical Properties

AH°f (aq) —55.4 kcal/mol
AGef —17.4 kcal/mol
Se 50.7 cal/degree mol

Preparation
(NH4)2S is obtained from reacting hydrogen sulfide with excess of ammo-
nia:

H2S + 2NH3 — (NHy4)2S

Reactions
Ammonium sulfide decomposes to ammonia and ammonium hydrosulfide:
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(NH4)2S — NHs + NH4HS
At elevated temperatures it forms polysulfides; also, it combines with sulfur,
forming ammonium polysulfide:

(NHyg)2S + 2S — (NH4)2Ss
Ammonium sulfide forms ammonium chloride with HCl and ammonium
nitrate with nitric acid, respectively.

Chemical Analysis

Elemental composition: H 11.83%, N 41.11%, S 47.05%. It may be analyzed
by measuring its decomposition gaseous products, ammonia and hydrogen
sulfide, either by gas chromatography using an FID or a TCD; or by selective
ion electrode or colorimetric techniques.

AMMONIUM THIOCYANATE

[1762-95-4]
Formula: NH4SCN; MW 76.122

Uses

Ammonium thiocyanate is used in the manufacture of herbicides, thiourea,
and transparent artificial resins; in matches; as a stabilizing agent in pho-
tography; in various rustproofing compositions; as an adjuvant in textile dye-
ing and printing; as a tracer in oil fields; in the separation of hafnium from
zirconium, and in titrimetric analyses.

Physical Properties

Crystalline solid forming monoclinic crystal; hygroscopic; melts at 149.6°C;
decomposes at 170°C; density 1.305 g/cm3; highly soluble in water (128 g/100 mL
at 0°C); soluble in liquid ammonia, alcohol, and acetone.

Manufacture
Ammonium thiocyanate is made in the United States by the reaction of car-
bon disulfide with aqueous ammonia. Ammonium dithiocarbamate is formed
as an intermediate in this reaction, which upon heating, decomposes to
ammonium thiocyanate and hydrogen sulfide.
CSg2+ 2NH3s(aq) » NH2C(=S)SNH4 — NH4SCN + HsS

Ammonium cyanate also may be prepared by direct sulfurization of ammoni-
um cyanide.

NH,CN +S—" 5 NH,SCN

Chemical Reactions
Ammonium thiocyanate is stable in air; however, upon heating it isomer-
izes to thiourea:
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NH,SCN —=% NH,CSNH,

The equilibrium mixtures at 150°C and 180°C contain 30.3% and 25.3% (by
weight) thiourea, respectively. When heated at 200°C, the dry powder decom-
poses to ammonia, hydrogen sulfide, and carbon difsulfide, leaving a residue
of guanidine thiocyanate [566960—-89-5].

NH4SCN is weakly acidic; reacts with caustic soda or caustic potash to form
sodium thiocyanate (NaSCN) or potassium thiocyanate (KSCN). It reacts with
ferric salts to form a deep-red ferric thiocyanate complex:

6 SCN— + Fe3* — [Fe(SCN)g|3~

Ammonium thiocyanate reacts with several metal ions including copper,
silver, zinc, lead, and mercury, forming their thiocyanate precipitates, which
may be extracted into organic solvents.

Ammonium thiocyanate reacts with alkyl halides forming alkyl thio-
cyanates, RSCN, which may also rearrange to alkyl isothiocyanates, RNCS:

RCH2Cl + NH4SCN — RCH2SCN + NH4C1
RCH2SCN — RCH2NCS

Forms thioureas with aliphatic or aromatic amine hydrochlorides:
RCH2NHy'HCI1 + NH4SCN — RCH2NHCSNH2 + NH4C1

Ammonium thiocyanate reacts with nickel sulfate and ammoniacal solu-
tion of hydrzine sulfate forming a violet-blue crystalline precipitate:

2NH4SCN + NiSO4 + (NoH4)2'H2SO4 + 2NH3 — Ni(N2H4)2(SCN)o*™ + 2(NH4)2S04

AMMONIUM THIOSULFATE

[7783-18-8]
Formula: (NH4)2S203; MW 148.21
Uses

Two principal applications of ammonium thiosulfate are: (i) as a fertilizer
blend, and (i1) in photography. It is blended with other nitrogenous fertilizers
to provide sulfur to the soil. Also, the compound itself is a fertilizer: however,
such applications are limited. In photography it dissolves undeveloped silver
halides from negatives and prints. It is also used as a desiccant and defoliant
in cotton, rice, soybean and other plants; in flue-gas desulfurization; and in
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metal cleaning. It is sold as an aqueous solution, a crystal slurry, or anhy-
drous crystal.

Physical Properties

Colorless, monoclinic crystal; hygroscopic; decomposes on heating above
100°C; density 1.679 g/cm3; very soluble in water (64 g/100 g at 20°C), insolu-
ble in alcohol, and slightly soluble in acetone.

Manufacture

Ammonium thiosulfate is made by the reaction of ammonium sulfite with
sulfur at 85 to 110°C:

(NH4 )2 SO3 + SL (NH4 )2 Szo3
or, by reacting ammonium sulfite with ammonium polysulfide:
(NH4)2S03 + (NH4)2Ss — (NH4)2S203 + (NH4)2S7

or, using sulfur dioxide and ammonium sulfide instead of ammonium poly-
sulfide:
(NH4)2SO3 + 2(NH4)2S + 3S02 — 3(NH4)2S203

Reactions
When heated over 100°C, it decomposes to ammonium sulfite and sulfur:

(NH,),S,0, +S—=* 5 (NH,), SO, +S
Also, its aqueous solution decomposes slowly below 50°C.

Chemical Analysis

Elemental composition: H 5.44%, N 18.90%, O 32.39%, S 43.27%. It is dis-
solved in water and the aqueous solution may be analyzed for thiosulfate by
titrating against a standard solution of an oxidizing agent, such as potassium
dichromate or potassium permanganate. Ammonium ion in the aqueous solu-
tion may be determined by colorimetry, titrimetry, or ion-specific electrode
method (see Ammonia).

ANTIMONY

[7440-36-0]

Symbol Sb; atomic number 51; atomic weight 121.75; Group VA (group 15)
element; atomic radius 1.41A; ionic radius Sb3+ 0.76A; covalent radius Sh3*
1.21A; electronic configuration [Kr] 4d!05s25p3; a metalloid element; elec-
tronegativity 1.82 (Allred-Rochow type); valence states +5, +3, 0 and -3; iso-
topes and natural abundance: Sb-121 (57.3%), Sb-123 (42.7%)

Synonym: Stibium
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Occurrence and Uses

Antimony occurs in nature primarily in the mineral stibnite, and also in
several other ores, such as valentinite, senarmontite, cervantite, kermasite,
livingstonite, and jamisonite. It is also found in lead scraps from batteries.

Antimony alloys have many commercial applications. The metal makes its
alloys hard and stiff and imparts resistance to corrosion. Such alloys are used
in battery grids and parts, tank linings, pipes and pumps. The lead plates in
the lead storage batteries constitute 94% lead and 6% antimony. Babbit
metal, an alloy of antimony, tin, and copper is used to make antifriction
machine bearings. Alloys made from very high purity grade antimony with
indium, gallium and bismuth are used as infrared detectors, diodes, hall effect
devices and thermoelectric coolers.

Physical Properties

Silvery-white, brittle metallic element; crystal system-hexagonal, rhombo-
hedral; also, exists in two unstable allotropic forms—a yellow modification
and a dark-grey lustrous amorphous powder—both of which revert to crys-
talline form; hardness 3.0 to 3.5 Mohs; density 6.697g/cm3; melting point
630.5°C; boiling point 1635°C; electrical resistivity 39.1 microhm-cm at 0°C;
magnetic susceptibility —0.87 x 10-6 emu/g.

Thermal Properties

Specific heat at 25°C 0.050 cal/g°C

Latent heat of fusion 38.5 cal/g

Latent heat of vaporization 161 cal/g

Coefficient of linear expansion at 25°C 9x 106 /°C

Thermal conductivity at 25°C 0.185 watts/cm°C
Production

Antimony is obtained from its ores, stibnite, SbaSs or tetrahedrite, 3CuasS -
Sb2Ss. The metal is recovered from high-grade stibnite by reduction with iron:

SboSs + 3 Fe — 2 Sb + 3 FeS

Alternatively, low-grade stibnite ore is converted to its oxide which is then
reduced with carbon. Tetrahedrite may be treated with sodium sulfide solu-
tion. The solution containing thioantimonate formed is then electrolyzed in a
diaphragm cell using a steel cathode and lead anode. The metal is further
refined by oxidation or electrorefining process.

Sb may be made in the laboratory by reduction of antimony pentoxide with
potassium cyanide.

Reactions

Antimony is stable in dry air and not readily attacked by moisture; slowly
oxidized by moist air. Under controlled conditions oxidation may result form-
ing tri-, tetra-, and pentaoxides; SbaOs, Sb204 and Sb20s, respectively.

Sb reacts with sulfur, combining in all proportions, forming tri-, and pen-
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tasulfides, SbaS3 and Sb2Ss, respectively.

Sb is oxidized by nitric acid, forming a gelatinous precipitate of hydrated
antimony pentoxide. It does not react with cold dilute sulfuric acid. However,
reaction occurs in hot concentrated acid: an oxysulfate of indefinite composi-
tion and low acid-solubility is formed. It reacts with hydrofluoric acid to form
soluble antimony trifluoride and pentafluoride. Hydrochloric acid in the
absence of air does not readily attack the metal; however, finely divided anti-
mony reacts with hot concentrated acid forming chloride salt.

Sb reacts with chlorine or bromine forming antimony chloride or bromide;
with iodine, the reaction occurs in boiling benzene or halogenated organic sol-
vent to form antimony triiodide, Sbls.

Analysis

The metal may most conveniently be analyzed in the aqueous phase by atom-
ic absorption spectrophotometry using flame or a graphite furnace or by ICP
emission spectrophotometry at wavelength 206.83 or 217.58 nm. Such measure-
ments are accurate at trace concentration levels. The metal or its ore is digested
with hot nitric acid and the acid extract is appropriately diluted and measured.

ANTIMONY PENTACHLORIDE

[7647-18-9]

Formula SbCls; MW 299.02; the solid is a dimer of two SbCls units attached
by two bridging Cl atoms.

Synonym: antimony perchloride

Uses
Antimony pentachloride is used as a catalyst in organic synthesis.

Physical Properties

Colorless or yellow oily liquid; fumes in air; freezes at 2.8°C; boils at
140°C with some decomposition; bp 85°C at 55 torr; density 2.336g/mL at
20°C; refractive index 1.601; decomposes in water; soluble in hydrochloric
acid, chloroform and carbon tetrachloride.

Thermochemical Properties

AH®f —105.2 kcal/mol
AG°f —83.7 kcal/mol
Se 72 cal/deg mol

Preparation
Antimony pentachloride is prepared by passing chlorine gas into molten
antimony trichloride:

SbCls + Cls —-SbCls
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or by the reaction of the element with excess chlorine:
2 Sb + 5 Cla— 2 SbCls

Reactions
Antimony pentachloride hydrolyzes to antimony pentaoxide in excess
water, forming HCI:

2 SbCl; + 5 HoO — SbeOs5 + 10 HC1

However, with calculated quantities of cold water or with moisture, monohy-
drate, SbCls * H20 and tetrahydrate, SbCls * 4H20 are formed. It reacts vio-
lently with many organics producing their chloro derivatives.

When added to a dilute solution of caustic soda or caustic potash, it forms
[Sb(OH)¢]~ ion in the solution, from which the sodium or potassium salt,
NaSb(OH)s or KSb(OH)g crystallizes out. It forms two adducts with ammonia,
a red triammine, SbCls « 3NHs3, and a colorless tetraammine, SbCls + 4NHas.
SbCl;5 dissociates on heating to trichloride and chlorine; dissociation comenc-
ing around 120°C and completing at 300°C.

SbCls reacts with HoS forming antimony (V) thiochloride:

SbCls +H2S — SbSCls + 2 HCl

SbCls undergoes vigorous reaction with carbon disulfide, producing carbon
tetrachloride, antimony trichloride and sulfur:

2 SbCls + CSg — CCly +2 SbCl3 +2 S

Reaction with iodine forms iodine monochloride, IC1 which combines with
excess SbCls to form adducts, SbCls ¢ 2IC1 and SbCls ¢ 3ICl; similarly reaction
with chlorine trifluoride, C1F3 gives antimony dichlorotrifluoride, SbClaF's.

Analysis

Elemental composition: Sb 40.72%, Cl 59.28%.

The compound is digested with nitric acid and the solution is analyzed for
antimony by AA or ICP spectrophotometry (see Antimony). To determine the
chlorine content a measured amount of substance is heated at 300°C and the
liberated Clz is passed into an acidic solution of KI and analyzed by iodomet-
ric titration using a standard solution of sodium thiosulfate or phenyl arsine
oxide and starch indicator.

Hazard

Antimony pentachloride reacts explosively with phosphonium iodide, PH4I
(Mellor, J. W. 1947. A Comprehensive Treatise on Inorganic and Theoretical
Chemistry, Oxford, UK: Longmans and Green) and explodes mildly when
treated with oxygen difluoride at 150°C (Bretherick, L. 1995. Handbook of
Reactive Chemical Hazards, 5% edition, ed. P.G.Urben, p. 1420. Oxford, UK:
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Butterworth-Heinemann). The liquid is corrosive to skin. Exposure to its dust
can cause irritation of upper respiratory tract and slightly delayed abdominal
pain; the effect attributed to HCI produced upon contact with moist tissues
(Cordasco, E.M. 1974. Angiology, 25, p. 590).

ANTIMONY PENTAFLUORIDE

[7783-70-2]
Formula SbF5; MW 216.74; linear polymeric chains in liquid state and cyclic
tetramer structures in solid phase associated with F bridging atoms. Such F
bridges exist even in the gas phase (Passmore, J. 1985. J Chem. Soc. Dalton
Trans., p. 9)

Uses
Antimony pentafluoride is used as a fluorinating agent for fluorination of
organic compounds.

Physical Properties

Colorless oily liquid; highly viscous; hygroscopic; freezes at 8.3°C; boils at
149.5°C; density 2.99 g/cm3 at 23°C; soluble in excess water (with violent reac-
tion) and glacial acetic acid; also soluble in potassium fluoride.

Preparation
Antimony pentafluoride is prepared by the reaction of antimony pentachlo-
ride with anhydrous hydrogen fluoride:

SbCls +5 HF — SbF5 +5 HCI

It may also be prepared from antimony trifluoride and fluorine, or by treat-
ing antimony pentaoxide with aqueous hydrofluoric acid and evaporing water.

Reactions

Antimony pentafluoride reacts with calculated amount of water forming a
solid dihydrate, SbFs « 2H20. The reaction is violent in excess water when the
dihydrate dissolves forming a clear solution. It hydrolyzes slowly in caustic
alkalies forming a hexacoordinated complex anion, Sb(OH)s ~. It reacts with
organics forming their fluoro derivatives. It combines with iodine forming
two dark-colored adducts, SbF;5I (m.p. 80°C) and SbaFi0l (m.p. between 110°C
to 115°C), both of which readily decompose in water. Similarly reaction with
nitrosyl fluoride, NOF forms a stable adduct, NOSbFs. It forms mixed pen-
tahalides, such as SbCl4F, SbClsFs and SbCloFs. Sulfur dissolves in antimo-
ny pentafluoride forming a dark blue solution from which antimony
thiopentafluoride, SbSF5 crystallizes out.

Being a fluoride ion acceptor, SbCls enhances the acidities of HF and
HSOsF solutions, forming SbFs ™~ ion or more complex species. Thus, SbF5 in
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liquid HF gives a conducting solution as per the following equation:
2 HF + SbFs — HoF* + SbFg~

(Cotton, A. F. and G. Wilkinson, 1988. Advanced Inorganic Chemistry, 5th Ed.,
p- 394, New York: John Wiley)

Analysis

Elemental composition: Sb 56.17%, F 43.38%

The compound is cautiously dissolved in nitric acid and the solution is
appropriately diluted for the analysis of antimony by AA spectrophotometry
or ICP emission spectrophotometry; and fluoride ion is determined by
ion—selective electrode or ion chromatography.

Hazard
The liquid is corrosive to skin; vapors can cause respiratory tract irritation.

ANTIMONY PENTASULFIDE

[1315-04—4]
Formula SbaSs; MW 403.82 indefinite composition; antimony occurs in the
trivalent state containing a variable amount of sulfur.

Synonyms: golden antimony sulfide; golden sulfide of antimony; antimonic
sulfide

Uses
Antimony pentasulfide is used in vulcanization of rubber to produce red
rubber; in fireworks; and as a pigment.

Physical Properties

Orange-yellow or reddish amorphous powder; density 4.12 g/cm3; decom-
poses at 75°C; insoluble in water and alcohol; soluble in hydrochloric acid,
caustic alkalies and ammonium hydrosulfide.

Preparation
The compound is made commercially by converting antimony trisulfide to
tetrathioantimonate by boiling with sulfur in caustic soda solution:

4 SbeS3+ 8 S +18 NaOH — 5 NagShbS4 + 3 NaSbOs + 9 HoO
The sparingly soluble sodium antimonate is filtered out of the solution. The
yellow-orange antimony pentasulfide precipitates out on treatment with

hydrochloric acid.

2 NasSbS4 + 6 HC1 — SbaS5 + 6 NaCl + 3 HaS
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It may also be prepared by the reaction of antimony pentachloride in HCI
with hydrogen sulfide and removing any free sulfur by extraction with carbon
disulfide:

2 SbCl; + 5 HoS — SbeS5 + 10 HCIL

Reactions

Antimony pentasulfide reacts with caustic soda forming soluble sodium
thioantimonate, NasSbS4 It is sparingly soluble in sodium antimonate,
NaSbOs. It forms a yellow solution with ammonia, and leaves a residue of
antimony trisulfide, SbaS3 and sulfur.

Analysis
Elemental composition: Sb 60.30%, S 39.70%
Antimony is analysed using AA or ICP spectrophotometry.

ANTIMONY PENTOXIDE

[1314-60-9]

Formula Sb205; MW 323.50; always occurs in hydrated form, Sb2O5 « nHsO;
commercial product is either hydrated SbaO5 or —Sb2O4

Synonyms: antimony(V) oxide; antimonic acid (hydrated oxide)

Uses

Antimony pentoxide is used as an ion-exchange resin for a number of
cations in acidic solution including Na* (especially for their selective reten-
tions); and as a polymerization and oxidation catalyst.

Physical Properties

Yellow powdery solid; density 3.80 g/ cm3; very slightly soluble in water;
hydrated pentoxide is insoluble in nitric acid; dissolves in an aqueous solution
of caustic potash.

Thermochemical Properties

AH°f —232.30 kcal/mol
AGef —198.20 kecal/mol
So 29.9 cal/deg mol

Preparation

The hydrated oxide is prepared by hydrolysis of antimony pentachloride; or
by acidification of potassium hexahydroxoantimonate(V), KSb(OH)g [12208—
13-8]. The product, filtered and air dried at ambient temperature has approx-
imate composition Sb2Os5 ¢ 3.5H20. It may be also prepared by oxidation of
antimony trioxide with nitric acid.
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Reactions

When heated at 700°C the yellow hydrated pentoxide converts to an anhy-
drous white solid with a formula Sb2O13 containing both Sb(III) and Sb(V).
Heating at 900°C produces a white insoluble powder of SbO2z of both o and
forms. The B form consists of Sb(V) in octahedral interstices and pyramidal
Sb(IIT)O4 units.

Hydrated pentoxide reacts with metal hydroxides to form hydrated anti-
monate(V) salts, with the general formula M(SbOs)2 + 12H20. In these com-
pounds Sb(V) atom is octahedrally coordinated to six —OH groups.

Treatment with NaOH solution produces sodium pyroantimonate,
Na(H20)6 [Sb(OH)g]2 [10049-22—6] and sodium hexahydroxo antimonate(V),
Na[Sb(OH)e] [12339—41-2]. Heating with metal oxides and carbonates pro-
duces various polyantimonate(V) derivatives.

ANTIMONY TRICHLORIDE

[10025-91-9]
Formula SbCls; MW 228.13; pyramidal molecular structure in the upper
phase; Sb—Cl bond distance 2.38A

Uses

Antimony trichloride is used as a catalyst for polymerization, hydrocrack-
ing and chlorination reactions; as a mordant; and in the production of other
antimony salts. Its solution is used as an analytical reagent for chloral, aro-
matics and vitamin A.

Physical Properties

Colorless crystalline solid; orthorhombic crystal; hygroscopic; density 3.14
g/em3; melts at 73.4°C; boils at 220.3°C; readily dissolves in water undergoing
hydrolysis; soluble in dilute hydrochloric acid, ethanol, acetone, benzene, diox-
ane and CSa.

Thermochemical Properties

AH°f —91.4 kcal/mol
AG®f —77.4 keal/mol
Se 44.0 cal/mol deg
Co 25.8 cal/mol deg

Preparation

SbCls is prepared by reaction of chlorine with antimony, antimony trioxide
or antimony trisulfide. It also may be made by treating antimony trioxide
with concentrated hydrochloric acid.

Reactions
Antimony trichloride hydrolyzes readily with water. With limited quantities
of water and under carefully controlled conditions it becomes antimony chlo-
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ride oxide, SbOCI, a butter-like mass, which is also formed when the trichlo-
ride picks up moisture from the air. A common hydrolysis product from partial
hydrolysis is tetraantimony dichloride pentoxide, Sb4sO5Clg, initially a thick
white solid which changes to colorless crystal. Other partially hydrolyzed prod-
ucts include SboOCly, SbsO3(OH)3Cls, Sbg011Cla and SbgOCles. With excess
water hydrous antimony oxide, Sb2Os * nH20 is formed.

Heating with chlorine, or passing the gas into the molten trichloride yields
antimony pentachloride, SbCls. Reaction with HF produces trifluoride, SbFs.

SbCls forms complexes with neutral donors. It also behaves as a Lewis acid
forming chloroantimonate (III) ions, such as SbCls* SbCls2-, SbClg3-, SboCl72-
etc., which are likely to form in the presence of metal ions and excess Cl™ ion.
It forms a number of adducts with organic bases, such as, aniline and
trimethylamine. Example of such adducts include SbCls * HoNCgHs, SbCls e
(CH3)3N, 2SbCls « (CHs)sN, SbCls * (C2Hs)20 and SbCls « 2CH3COCH3. It also
forms 2:1 and 1:1 complexes with benzene, p—xylene, naphthalene and other
aromatics, i.e., 2SbCls * C¢Hg and SbCls + CgHs.

Antimony trichloride also behaves as a Lewis base. However, such reac-
tions are very limited. They include the formation of carbonyl complexes
Fe(CO)3(SbCls)2 and Ni(CO)3SbCls.

Analysis

Elemental composition: Sb 53.37%, Cl 46.63%. The compound may be iden-
tified from its melting and boiling points. Antimony may be analyzed by AA
or ICP spectroscopy. The trichloride may be hydrolyzed with limited quanti-
ties of water, the thick white precipitate turns to colorless crystals of Sb4O5Cly
which is separated and analyzed for elemental composition.

Health Hazard

The compound is corrosive to skin. Inhalation of its vapors can produce
upper respiratory tract irritation, slightly delayed abdominal pain, and loss of
appetite (Taylor, P. J. 1966. Brit. J. Ind. Med., 23, p. 318).

ANTIMONY TRIOXIDE

[1309-64—4]
Formula Sb203; MW 291.50
Synonyms: antimony(III) oxide; antimony sesquioxide

Occurrence and Uses

Antimony trioxide occurs in nature as minerals, valentinite [1317-98-2]
and senarmontinite [12412-52—1]. It is used as a flame retardant in fabrics;
as an opacifier in ceramics, glass and vitreous enamels; as a catalyst; as a
white pigment in paints; as a mortar in the manufacture of tartar emetic; and
in the production of metallic antimony.
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Physical Properties

Occurs as colorless orthorhombic modifications, valentinite, or colorless
cubic form, senarmontite; density 5.67 g/cm3 (valentinite), 5.20g/cm3 (senar-
montite); cubic modification is dimeric consisting of SbaOg discrete molecules;
refractive index 2.087; melts in the absence of oxygen at 656°C; boils at
1,5650°C (sublimes); sublimes in vacuum at 400°C; very slightly soluble in
water, insoluble in organic solvents; soluble in HCI, caustic alkalies and tar-
taric acid.

Thermochemical Properties
AH®f —164.90 kcal/mol
Hfus 46.3 cal/g

Preparation
Antimony trioxide is obtained by roasting stibnite:

2 SbeS3+ 9 Oy — 2Sbo03 + 6S09

Temperature and air feed is carefully controlled in the process to suppress
any formation of antimony tetroxide (Sb2O4). Antimony trioxide is separated
from any arsenic trioxide (As20s) that may be present as an impurity by
volatilization, as the latter is much more volatile than the former. It may be
also prepared by alkaline hydrolysis of antimony trichloride and subsequent
dehydration of hydrous oxide under controlled heating (rapid or vigorous
heating may partially oxidize Sb(III) to Sb(V).

Antimony trioxide also may be made by heating the metallic element with
oxygen or air. The volatilizing trioxide is condensed and collected.

Reactions

Antimony trioxide is an amphoteric oxide, exhibiting both acidic and basic
behavior. It dissolves in strong acids forming antimony salts; e.g., reacts with
aqueous hydrofluoric acid to form antimony trifluoride, SbFs. It reacts with
strong alkalies to form antimonites, such as sodium or potassium anti-
monites, NasSbOs or KsSbOs:

SboO3 + 6 KOH — 2 K3SbO3 + 3 H20
It is oxidized to antimony pentoxide, Sb20Os5 on treatment with nitric acid; and

forms potassium antimony tartrate (tartar emetic, KSb(OH)2 * C4H206) when
heated with acid potassium tartrate.

ANTIMONY TRISULFIDE

[1345-04-6]
Formula: SbaSs; MW 339.72
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Synonym: antimony sesquisulfide; antimony sulfide

Occurrence and Uses

Antimony trisulfide occurs in nature primarily as the mineral, stibnite,
which consists of two parallel Sb4Se chains linked together. It is used in fire-
works; in certain types of safety matches; as a pigment in paints; and in the
manufacture of ruby glass.

Physical Properties

Natural stibnite is black orthorhombic crystal; or grayish-black powder; the
compound also exists as an amorphous substance in yellow-red modification;
distorted octahedral arrangement; density 4.64 g/cm3 for the natural stibnite
and 4.12 g/cm3 for the red modification; melts at 550°C; vaporizes around
1150°C; insoluble in water (1.756mg/L at 18°C) and acetic acid; soluble in
hydrochloric acid and caustic soda solution; also, soluble in alcohol, ammoni-
um hydrosulfide and potassium sulfide.

Thermochemical Properties
Black stibnite crystal

AH°f —41.8 kcal/mol

AG°f —41.5 kcal/mol

Se 43.5 cal/deg mol

Co 28.65 cal/deg mol
Red amorphous modification

AH°f —35.2 kcal/mol

Preparation

The pure sulphide is obtained from its ore. Stibnite is separated from other
ores by grinding and flotation. The ore is then heated to 550-600°C in a per-
forated vessel. The pure molten material is collected and cooled. It is also pre-
pared by passing hydrogen sulfide into a solution of antimony trichloride:

2 SbCls + 3 HoS — SbeS3 + 6 HCI
or treating antimony trichloride solution with sodium thiosulfate.
Alternatively, heating antimony metal or antimony trioxide with sulfur
forms antimony trisulfide:
2 Sb +3 S — SbaSs
2 SbeO3+9 S — 2 SbheS3 + 3 SO
All these above preparative methods yield amorphous antimony trisulfide.
Reactions

Heating with sodium sulfide and sulfur or with sodium polysulfide pro-
duces sodium thioantimonate, NasSbS4 (also, known as Schlippe’s salt),
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SboS3 +3NasS + 2 S — 2NasSbSy

which on treatment with hydrochloric acid decomposes to antimony pentasul-
fide:
2NasSbS4 + 6HCl — Sb2S5 + 6 NaCl + 3 HaS

Heating with sodium sulfide alone forms sodium thioantimonite:
SbeS3 + 3 NasS — 2 NasSbSs

Sodium antimonate and thioantimonate are formed when a mixture of anti-
mony trisulfide and sulfur are added to an excess boiling aqueous caustic soda

solution:
4 SbeS3+ 8 S+ 18 NaOH — 5 NasSbSs + 3 NaSbOs + 9 HoO

It dissolves in and reacts with concentrated hydrochloric acid, liberating HoS:
SbaSs +6 HC1 — 2SbCls + 3 HaeS

Analysis

Elemental composition: Sb 71.68%, S 28.32%

The compound is treated with concentrated HCI; HaS is liberated and is
identified from its odor; which also turns lead acetate paper black. The liber-
ated HsS is transported onto a GC port by helium carrier gas and determined
by an FID, TCD or FPD. Antimony in the solution may be analyzed by flame
or furnace AA or by ICP spectrophotometry. The solid powder may be charac-
terized by X—ray diffraction technique.

[7440-37-1]

Symbol Ar; atomic number 18; atomic weight 39.948; an inert gas element;
electronic configuration 1s22s22p63s23p6; 1t ionization potential 15.76eV; sta-
ble isotopes and natural abundance: Ar-40 99.6%, Ar-36 0.337%, Ar—38
0.063%; unstable isotopes, half-life and disintegration mode:

Ar-35 1.83sec a-decay

Ar-37 35 days electron capture

Ar-39 265 yr B~ decay

Ar—41 9.17 yr B~ decay

Ar—42 ~3.5 yr - decay
Occurrence

The element was discovered by Lord Raleigh and Sir William Ramsay in
1894. Argon is the third most abundant element in the atmosphere. Its con-
centration in air is 0.934% by volume. Also, it occurs in earth’s crust at a con-
centration of 3.4 mg/kg, and in the sea water at 4.3 ug/L. It was most likely
formed in earth crust by radioactive decay of K—40 and seeped out into the
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atmosphere. Argon—40 has been detected in the atmosphere of Mars, estimat-
ed to be about 1.6% by volume.

Uses

Argon has numerous applications in metallurgy, cryogenic, electronic, lab-
oratory and as light sources. It is used in low-pressure gas discharge tubes as
a filler gas, emitting bluish light. It is also used mixed with other inert gases
in mercury- and sodium-vapor lamps. In metallurgy it is used to shield and
protect welding metal arcs; in surface cleaning of metals; as a working fluid
in plasma arc devices; as an inert blanket in melting and casting of certain
alloys; to atomize molten metals and produce their powder; and in high-tem-
perature soldering and refining operations; and powder metal sintering. In
the laboratory, argon is used as a carrier gas for gas chromatography; or for
metal analysis by furnace atomic absorption or inductively coupled plasma
emission spectrophotometry; and as a filler gas (often mixed with other gas)
in Geiger—Muller, proportional cosmic ray and scintillation counters. It is also
used as inert atmosphere in glove boxes to carry out reactions and handling
of air-sensitive substances.

Argon is used as a low-temperature cryogenic fluid for isothermal baths. It
is also used in air sampling by condensing the air in a trap and subsequently
analyzing organic pollutants. In electronic industry argon and helium are
used as protective atmosphere and heat-transfer medium to grow single crys-
tals of ultrapure semiconductors; and as diluents and carriers of dopant gases
such as phosphine or arsine.

Physical Properties

Colorless and odorless gas; heavier than air, density of the gas 1.7838 g/L
at 0°C and 1.394 g/Li for the liquid at the normal boiling point; liquefies at
—185.9°C; solidifies at —189°C; critical temperature —122.3°C; critical pressure
48.34 atm; density at critical point 0.536 g/ml; viscosity of the gas 226.4
micropoise at 25°C and 1 atm and that for the liquid 2.75 millipoise at the
boiling point; sonic velocity 307.8 m/sec at 25°C and 1 atm; practically insolu-
ble in water (5.6 cc/100 cc at 0°C or 100 mg/L at 0°C).

Thermochemical Properties

Heat of vaporization 1550 cal/mol

(At the normal boiling point)

Heat of fusion 283 cal/mol

(At the triple point)

Heat capacity, Cp 4.99 cal/deg mol
Manufacture

Air is the primary source of argon. Argon is obtained by liquefaction of air
followed by separation from liquid oxygen and nitrogen by distillation. High
purity—grade gas is made from the crude gas by passage over heated copper
or by selective adsorption. An alternative purification process involves addi-
tion of hydrogen followed by catalytic combustion of trace oxygen in argon and
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then reliquefication of argon to remove excess hydrogen.

Chemical Properties

No true chemical compound of argon is known. Its hydrate has been char-
acterized; so have the ion molecules, such as (ArH)*, (ArXe)* or (ArKr)*
formed in electric discharge tubes. Unstable AgF [566617—31-3] is produced in
excited state by electron-beam pumping or discharge pumping of argon and
fluorine gas mixture. Also, it forms a clathrate with —hydroquinone (see under
Argon Hydroquinone Clathrate). None of these above products shows atoms
chemically bonded to argon.

Analysis

Argon is analyzed by mass spectrometry (characteristic ion m/z 40) or by
gas-solid chromatography. Its concentration can be increased by several times
by selective adsorption over a suitable adsorbent followed by thermal desorp-
tion of the gas onto the GC injection port.

ARGON HYDROQUINONE CLATHRATE

ARSENIC

[14343-01-2]

Argon forms a cage-type clathrate with -hydroquinone where it fits into the
small cage opening space or cavity of the hydroquinone structural unit. The
diameter of the cage system is 0.42 nm. The molecular ratios of argon to
hydroquinone in such nonstoichiometric inclusion substances are in the range
0.3 to 0.85 molecule of Ar for three molecules of hydroquine (in a three-dimen-
sional network), which is equivalent to a mass of 3.6 to 10.3 g argon per 100 g
hydroquinone. The heat of formation is in the range 5.86 kcal/mol. Argon is
adsorbed to hydroquinone by weak Van der Waal force and there is no evi-
dence of any type of chemical bonding. The clathrate is stable at room tem-
perature and atmospheric pressure and can be stored for several weeks with-
out much loss of argon. It may be noted that the presence of argon in the
clathrate cages stabilizes modification of the hydroquinone molecule, which
otherwise is unstable itself.

[7440-38-2]

Symbol As; atomic number 33; atomic weight 74.922; covalent radius As3*
1.21A; electron configuration [Ar] 4s23d194p3; a Group VA (Group 15) metal-
loid element; electronegativity 2.20 (Allred-Rochow type); principal valence
states, +5, +3, 0, and —3; stable isotope As—75.

Occurrence
Arsenic is widely dispersed in nature: found in the minerals arsenopyrite,
FeAsS; orpiment, AsaSs; realgar, As2Sg; lollengite, FeAsq; enargite, CuS -
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As9Ss. Terrestrial abundance of this element is estimated to be 5 g/ton
(Carapella (Jr), S. C. 1968. In The Encyclopedia of the Chemical Elements, ed.
Clifford A. Hampel, pp. 29-33, New York: Reinhold Book Corp.).

Uses

The major uses are in metallurgy, primarily as an additive to lead, copper,
brass and many lead-base bearing alloys to improve their mechanical and
thermal properties. Small amounts are added to lead in the manufacture of
lead shot to improve its sphericity; also added to lead-base cable sheathing
and battery grid metal to improve hardness. Addition of very small quantities
to copper enhances the corrosion resistance. It prevents cracking in brass.

Physical Properties

Steel-gray crystalline brittle metal; hexagonal crystal system; atomic vol-
ume 13.09 cc/g atom; three allotropes are known: namely, the o—metallic
form, a black amorphous vitreous solid known as B—arsenic, and also a yellow
allotrope. A few other allotropes may also exist but are not confirmed.
Sublimes at 613°C when heated at normal atmospheric pressure; melts at
817°C at 28 atm; density 5.72 g/cc (B—metallic form) and 4.70 g/cm (B—amor-
phous form); hardness 3.5 Mohs; electrical resistivity (ohm-cm at 20°C)
33.3x10-¢ (B—metallic polycrystalline form) and 107 (B—amorphous form);
insoluble in water.

Thermal Properties

Cp 0.082 cal/g/°C
AH fus 88.5 cal/g
AH subli 102 cal/g

Coeff. linear expansion, 20°C 4.7x10-¢/°C

Manufacture

The metallic arsenic is obtained primarily from its mineral, arsenopyrite.
The mineral is smelted at 650 to 700°C in the absence of air. However, the
most common method of production of the metal involves reduction of arsenic
trioxide, AsOs with charcoal. Arsenic trioxide is produced by oxidation of
arsenic present in the lead and copper concentrates during smelting of such
concentrates. The trioxide so formed, readily volatilizes and is collected in a
dust flue system where further treatment and roasting can upgrade the tri-
oxide content. The trioxide vapors are then condensed and further purified by
pressure leaching and recrystallization techniques. It is then reduced with
charcoal to give metallic arsenic.

Chemical Properties
Elemental arsenic is stable in dry air but exposure to moist air tarnishes
its surface to a golden bronze color which converts to a black oxide on further
exposure. Arsenic vapors react with oxygen to form arsenic trioxide (sesquiox-
ide):
2 As + 3 02 — As20¢
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Ordinarily arsenic does not react with water, hydrogen, caustic soda or
hydrochloric acid. However, in presence of an oxidant it reacts with concen-
trated HCI. In concentrated HCI solution it reacts with hydrogen sulfide to
form a precipitate of yellow arsenic sulfide, As2Ss. It forms orthoarsenic acid,
Hs3AsO4 on reaction with concentrated nitric acid and chlorinated water.

When heated with chlorine, bromine or iodine vapors arsenic forms the cor-
responding trihalides; however, with fluorine, arsenic pentafluoride, AsF5 is
produced. With sulfur it forms mixtures of sulfides, As2Ss, AsaS2 and AsaSs in
vitreous forms and varying proportions depending on the conditions of reac-
tions.

Arsenic combines with electropositive metals to form their arsenides, i.e.,
MgsAsg or AlAs.

Analysis

Microgram amounts may be measured by atomic absorption spectropho-
tometry either in flame or furnace mode. The metal is digested with nitric acid
and converted to hydride vapors prior to flame AA determination. It may be
determined over a much wider concentration range using inductively coupled
plasma emission spectrometry. Also, it can be determined by neutron activa-
tion analysis, titration, gravimetry or by colorimetric techniques. Arsenic
sample is treated with a strong HCI solution, distilled as trichloride, AsCls.
The trichloride is precipitated as silver arsenate which is dissolved in HNOs
and titrated by Volhard method. In trivalent state the metal may be titrated
with iodine, KMnO4 or KBrOs. Trace quantities may be determined colori-
metrically. The metal forms colored complex on treatment with diethyldithio-
carbamate or molybdenum blue. Gravimetric methods may be applied to esti-
mate arsenic in amounts greater than 1 mg. It may be precipitated as trisul-
fide by HaS or as pentasulfide by treatment with thioacetamide and deter-
mined gravimetrically.

Toxicity

Elemental arsenic is much less toxic than its soluble compounds. Only its
uncommon yellow allotrope is highly toxic. Inhalation of metal dusts can
cause ulceration of nasal septum. Ingestion may produce systemic skin and
gastrointestinal effects in humans. Arsenic and its compounds are human car-
cinogens producing liver tumors.

ARSENIC ACID

[7778-39—4]
Formula H3AsO4 + 0.5H20; MW 150.95;
Synonyms: orthoarsenic acid, arsenic acid hemihydrate

Commercial arsenic acid is usually the orthoarsenic acid [7774—41-6] cor-
responding to the above hemihydrate formula. The aqueous solution of this
acid behaves as a triprotic acid: the dissociation constants, Ki, K2 and Kjs
being 5.6x10-3, 1.7x10-7 and 3.0x10-12 respectively. The meta and pyro forms



64

ARSENIC PENTASULFIDE

of the acid are also known, namely metaarsenic acid, HAsO3 or As(OH)O2
[10102-53—1] and the pyroarsenic acid, H4As207 [13453-15-1]. All these
forms are interconvertible. For example, orthoarsenic acid or its orthoarsen-
ate salt is produced when the meta— or the pyro form is treated with cold
water. Similarly heating at 100°C converts orthoarsenic acid to pyroarsenic
acid. Further heating produces metaarsenic acid.

Physical Properties

Hygroscopic translucent crystals; density between 2 to 2.5 g/cm3; melts at
35.5°C; loses water when heated to 160°C; highly soluble in cold water; solu-
ble in alcohol, glycerol and alkalies.

Thermochemical Properties
AH°f (H3AsOy4, solid) —216.6 kcal/mol
AH°f (H3AsO4, aq) —216.2 kcal/mol

Preparation

Arsenic acid is prepared by treating arsenic trioxide with concentrated
nitric acid; or by combination of arsenic pentoxide with water. The latter reac-
tion is very slow. It is also formed when meta- or pyroarsenic acid is treated
with cold water.

Reactions

Arsenic acid reacts with metal salts forming their orthoarsenates, e.g., cal-
cium orthoarsenate. Reaction with silver nitrate in neutral solution produces
a chocolate-brown precipitate of silver orthoarsenate. It forms pyroarsenic
acid (or pyroarsenate) on heating over 100°C. It is reduced to arsenous acid
(or arsenites) when treated with reducing agents.

Toxicity
The solid or aqueous solution is highly toxic. Toxic symptoms are similar to
other soluble arsenic compounds. See Arsenic.

ARSENIC PENTASULFIDE

[1303—-34—0]
Formula: As2Ss; MW 310.14;
Synonyms: diarsenic pentasulfide; arsenic (V) sulfide

Uses
Arsenic pentasulfide is used as pigment; and as a light filter in thin sheets.

Physical Properties

Yellow-brown glassy amorphous solid; sublimes on heating; decomposes
around 500°C; insoluble in cold water (~1.4 mg/L at 0°C); dissolves in alkalies
and solutions of alkali metal sulfides, and in nitric acid.
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Preparation

Arsenic pentasulfide is prepared by precipitation from an acidic solution of
orthoarsenic acid, HsAsOyu, or arsenic pentachloride, AsCls or any other solu-
ble As(V) salt by passing hydrogen sulfide. It may be also prepared by heat-
ing a mixture of arsenic and sulfur, extracting the fused mass with ammonia
solution and reprecipitating arsenic pentasulfide at low temperature by addi-
tion of HCI.

Reactions

Arsenic pentasulfide hydrolyzes in boiling water, giving arsenous acid,
HsAsOgs and sulfur:

AsoSs + 6 HoO — 2 H3AsO3+ 2 S+ 3 HeS

It oxidizes in air at elevated temperatures producing arsenic oxides, the prod-
ucts and yields of which depend on the air supply. In alkali metal sulfide solu-
tions arsenic pentasulfide forms thioarsenate anion, [AsS4]3- and its alkali
metal salts, e.g., NasAsS,.

ARSENIC PENTOXIDE

[1303—28-2]
Formula: As2Os; MW 229.84;
Synonyms: arsenic(V) oxide; arsenic acid anhydride

Uses and Occurrence

Arsenic pentoxide is used to make colored glass; in fungicide formulations;
in adhesive for metals; in wood preservatives; in dyeing and printing; and to
prepare arsenates.

Physical Properties

White amorphous solid; deliquescent; density 4.32 g/cm3; melts at 315°C;
dissolves slowly in water but is very soluble (230 g/100g at 20°C); also soluble
in alcohol.

Thermochemical Properties

AH®f —221.2 kcal/mol
AGef —187.1 kcal/mol
Se 25.20 cal/deg mol
Co 217.86 cal/deg mol

Preparation

Arsenic pentoxide is prepared by dehydration of crystalline arsenic acid at
200°C or above. The former is made by treating arsenic metal or arsenious
oxide with nitric acid. Also, the pentoxide can be prepared by the reaction of
arsenic trioxide with oxygen under pressure.
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Reactions

The aqueous solution of arsenic pentoxide is arsenic acid which probably
corresponds to the hemihydrate formula H3AsO4 ¢ 0.5H20. See Orthoarsenic
acid. It behaves as a triprotic acid forming various arsenate derivatives of
metals.

Arsenic pentoxide loses oxygen on heating at 300°C, near its melting point,
producing arsenic trioxide, As2Os. It is an oxidizing agent, liable to react vig-
orously with reducible substances, i.e., it liberates chlorine from HCI.

Toxicity
Highly toxic, LDs5o oral (rat): 8 mg/kg; carcinogenic.

ARSENIC SESQUISULFIDE

[1303-33-9]

Formula AsaS3; MW 246.04;

Synonyms: arsenic trisulfide; arsenic sulfide; arsenous sulfide; king’s gold;
king’s yellow; orpiment; yellow arsenic sulfide

Occurrence and Uses

Arsenic sesquisulfide occurs in nature as the mineral orpiment. It is used
as a pigment; in the manufacture of infrared-transmitting glass; in semicon-
ductors and photoconductors; in pyrotechnics; in linoleum and oil cloth; for the
removal of hairs from hides; and as a reducing agent.

Physical Properties

Yellow or orange monoclinic crystal or powder; a red allotrope modification
also known; density 3.46 g/cm3; melts at 310°C; boils at 707°C; insoluble in
water; soluble in liquid ammonia and alkalies.

Thermochemical Properties

AH°f —40.41 kcal/mol
AG°f —40.32 kecal/mol
Se 39.12 cal/deg mol
Co 217.81 cal/deg mol

Preparation
Arsenic sesquioxide may be prepared by heating arsenic trioxide with
hydrogen sulfide:

AsoO3+ 3 HoS — AseS3+ 3 HoO
Alternatively, it may be precipitated out from a solution of arsenous acid or

arsenic trioxide in dilute hydrochloric acid by passing hydrogen sulfide into
the solution:
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2H3As03 + 3HoS — AseS3 + 6H20

Reactions
Arsenic sesquisulfide burns in air giving arsenic trioxide and sulfur diox-
ide:
2As9S3 + 909 — 2As903 + 6S02

Reaction with chlorine produces arsenic trichloride and sulfur chloride:
2As9S3 + 9Cls — 4AsCls + 3S2Cls

When mixed with sodium sulfide solution it forms sodium dithioarsenite:
As2S3 + NasS — 2 NaAsSy

The reaction in polysulfide solution produces thioarsenate ion, AsS{. Ttis
oxidized by common oxidants including nitric acid, hydrogen peroxide, ozone
and permanganate undergoing vigorous to violent decomposition.

Analysis
Elemental composition: As 60.90%, S 39.10%. See Arsenic.

ARSENIC SULFIDE

[12279-90-2]

Formula AssS4; MW 427.95;

Synonyms: arsenic disulfide; arsenic monosulfide; red arsenic sulfide; ruby
arsenic; realgar; red orpiment.

Occurrence and Uses

Arsenic sulfide occurs in nature as the mineral realgar. It is used as a pig-
ment; in pyrotechnics to produce blue fire; in dyeing and calico printing; and
as a depilatory for hides.

Physical Properties

Red monoclinic crystal; changes into a black allotropic modification at
267°C; density 3.50g/cm3; melts at 320°C; boils at 565°C; insoluble in water;
soluble in alkalies.

Thermochemical Property
AH®f —68.15 kcal/mol

Preparation
Arsenic sulfide is prepared commercially by heating a mixture of iron
pyrites and arsenopyrite; or by heating arsenic trioxide with sulfur. The com-
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pound is then sublimed and collected. It may be also made from arsenic
sesquisulfide — by either heating with sodium bicarbonate in a sealed tube or
on prolong treatment with boiling solution of sodium carbonate.

Reactions

When heated in air at 800°C AssSs vapors begin to dissociate to AsaSq
which then ignites to form arsenic oxides. Ignition in chlorine produces
arsenic chloride. Reaction with fluorine forms arsenic trifluoride. It is stable
in water; and also in the air at ambient temperatures. It does not react with
hot concentrated HCI but is decomposed by nitric acid. It forms thioarsenite
ion, AsS33- and elemental arsenic when warmed with caustic soda solution.
Similar reaction occurs with sodium sulfide.

Analysis
Elemental composition: As 70.03%, S 29.97%. See Arsenic.

ARSENIC TRICHLORIDE

[7784-34-1]
Formula AsCls; MW 181.28; pyramidal structure; dipole moment in molecule
in the gas phasel.59 u/D; Synonym: arsenic (III) chloride; arsenic chloride

Uses
Arsenic trichloride is used in the preparation of many chloroderivatives of
arsenic that have pharmaceutical and insecticide applications.

Physical Properties

Colorless oily liquid; fumes in air; density 2.163 g/ml at 20°C; refractive
index 1.621 at 14°C; melts at 0.16°C; boils at 130.2°C; vapor pressure 9.75 torr
at 25°C; decomposes in water; soluble in alcohol, ether, HCI and HBr.

Thermochemical Properties

AH®f (liq) —72.9 keal/mol
AH®f (gas) —62.5 keal/mol
AG°f (lig) —59.5 keal/mol
S° (lig) 51.7 cal/deg mol
S° (gas) 78.17 cal/deg mol
Cp (lig) 18.10 cal/deg mol
AI_Ivap 8.9 kecal/mol

Preparation

The compound is generally made from arsenic trioxide by (i) passing chlo-
rine over it or (ii) treating the trioxide with sulfur monochloride, SoClo.
Alternatively it is prepared from arsenic trioxide by distillation with either
concentrated hydrochloric acid or a mixture of sulfuric acid and a metal chlo-
ride. Arsenic trichloride may also be prepared by combination of arsenic and
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chlorine.

Reactions
Hydrolysis with water gives arsenous acid and HCI:

AsCls + 3H20 — As(OH)3 + 3HCl

Reaction with potassium bromide or iodide forms arsenic tribromide or
arsenic triiodide.

Analysis
Elemental composition: As 41.32%, Cl 58.68%. See Arsenic.

Toxicity
Highly toxic by all routes of exposure, LLCio inhalation (cat): 100 mg/m3/1
hour; human carcinogen.

ARSENIC TRIFLUORIDE

[7784-35-2]
Formula AsF3; MW 131.91

Physical Properties

Colorless oily liquid; fumes in air; etches glass; density 2.666 g/ml at 0°C;
boils at 60.4°C; vapor pressure 100 torr at 13.2°C; solidifies at —8.5°C; decom-
poses in water; soluble in alcohol, ether, benzene and ammonia solution.

Thermochemical Properties

AH°f(liq) —196.3 kcal/mol
AH°f(gas) —187.8 kcal/mol
AG°f(liq) —184.0 kcal/mol
Se(liq) 43.31 cal/deg mol
S°(gas) 69.07 cal/deg mol
Co (lig) 30.25 cal/deg mol
Co (gas) 15.68 cal/deg mol

Preparation

The compound is prepared by reaction of arsenic trioxide with fluorosul-
fonic acid. Also it may be prepared by treating arsenic trioxide with a mix-
ture of sulfuric acid and calcium fluoride.

Reactions

Arsenic trifluoride is hydrolyzed by water. It reacts with chlorine gas at ice-
cold temperature to form arsenic dichloride trifluoride, AsCloF's, a solid hygro-
scopic product that consists of the ions AsCl; and AsFs.

It forms nitrosonium hexafluoroarsenate(V), [NO][AsFs] with nitrosyl fluo-
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ride; and a stable adduct with sulfur trioxide having the formula 2AsFs « 3SOs.

Analysis
Elemental composition As 56.79%, F 43.21%. See Arsenic.

Toxicity
Highly toxic by all routes of exposure; LC 1o inhalation (mouse): 2000
mg/m3/10 min; a human carcinogen.

ARSENIC TRIIODIDE

[7784—-45-4]
Formula Asls; MW 455.635; pyramidal molecule with covalent bonding;
Synonym: arsenic (III) iodide; triiodoarsine; arsenous triiodide

Uses
Formerly the compound was used in dermatitides.

Physical Properties

Red solid; density 4.39 g/cm3 at 15°C; melts at 146°C; boils at 403°C; spar-
ingly soluble in cold water (6 g/100 ml at 25°C), decomposes in hot water;
readily dissolves in chloroform, benzene and toluene and moderately soluble
in alcohol, ether and carbon disulfide (5.8%).

Thermochemical Properties

AH°f —13.9 kcal/mol
AG°f —14.2 kcal/mol
S°(s) 50.92 cal/deg mol
S°(g) 92.79 cal/deg mol
Co () 25.28 cal/deg mol
Co (2) 19.27 cal/deg mol

Preparation

Arsenic triiodide is prepared by treating elemental arsenic with a solution
of iodine in carbon disulfide. Alternatively, it can be precipitated out from a
hot solution of arsenic trioxide or arsenic trisulfide in hydrochloric acid on
treatment with potassium or sodium iodide. Also, it is made by the reaction of
arsenic trichloride with potassium iodide.

Reactions

Hydrolysis occurs slowly in water forming arsenic trioxide and hydriodic
acid. The reaction proceeds via formation of arsenous acid which exists in
equilibrium with HI:

AsIs + 3 HoO = H3AsOs + 3 HI
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The aqueous solution is highly acidic, pH of 0.1N solution is 1.1. It readily
decomposes to arsenic trioxide, elemental arsenic and iodine when heated in
air at 200°C. The decomposition, however, commences at 100°C:

6 AsIs+3 02 — 2As903 + 2 As + 9 Ls.

Analysis
Elemental composition: As 16.44%, I 83.56%. See Arsenic.

Toxicity
Toxic and carcinogen.

ARSENIC TRIOXIDE

[1327-53-3]

Formula: As20Os; MW 197.82

Synonyms: arsenic oxide; arsenic sesquioxide; white arsenic; arsenic (III)
oxide; arsenious acid anhydride

Uses

Arsenic trioxide is used as a starting material to prepare metallic arsenic
and a number of arsenic compounds. It is also used as a decolorizer for bottle
glass; in pigments and ceramic enamels; for preserving hides; as a wood
preservative; as an analytical standard in oxidimetry titrations; and in many
rodenticide and herbicide formulations.

Physical Properties

White crystalline solid; occurs in two modifications, namely, an octahedral
or cubic form known as arsenolite and a monoclinic form, claudetite; arseno-
lite consist of dimeric, AseO¢ arranged in a diamond-type lattice, subliming
above 135°C and dissociating above 800°C to As20s; density 3.86 and 3.74
mg/cm3 for arsenolite and claudetite, respectively; melts at 274°C (arsenolite)
and 313°C (claudetite); boils at 460°C; vapor pressure 5 torr at 234°C; spar-
ingly soluble in cold water (1.7% at 25°C, dissolves very slowly), moderately
soluble in boiling water (6.7%); soluble in dilute acids and alkalies; practical-
ly insoluble in organic solvents.

Thermochemical Properties

AH°f(arsenolite) —314 kcal/mol
AH°f(claudetite) —313 kcal/mol
S° (arsenolite) 51 cal/deg mol
S° (claudetite) 55 cal/deg mol

Preparation
Arsenic trioxide is obtained by roasting the mineral arsenopyrite, FeAsS, in
air at 650 to 700°C. It is also obtained as a by-product during the smelting of



72 ARSENOUS ACID

copper and lead concentrates during the extraction of these metals from their
ores that contain arsenic. The latter readily oxidizes to arsenic trioxide which
is volatilized. The vapors are then condensed and collected. High purity—grade
oxide can be obtained by resublimation of the crude trioxide or by pressure
leaching and recrystallization. Arsenic trioxide may also be prepared by
hydrolysis of arsenic trichloride, —tribromide or —trifluoride.

Reactions

Arsenic trioxide dissolves in water to a slight extent, undergoing a slow
hydrolysis reaction, forming weakly acidic orthoarsenous acid, As(OH)s.

Its solution exhibits amphoteric behavior. It dissolves in aqueous bases to
give arsenite ions that have formulas, [AsO(OH)z]", [AsO2(OH)]?" and [AsO3]*".

Arsenic trioxide reacts with oxygen under pressure to form arsenic pentox-
ide, As20s5, a thermally unstable compound which dissociates around 300°C.
It is oxidized by most common oxidizing agents including nitric acid, dichro-
mate, permanganate, hypochlorite and iron(III) ion. Treatment with concen-
trated nitric acid produces arsenic acid, HsAsO4 * nH20.

Arsenic trioxide is reduced by stannous chloride, SnCly in HCI to arsenic
monohydride, AssHs, a brown amorphous powder.

Reactions with fluorine and chlorine give arsenic trifluoride AsFs3 and
arsenic trichloride AsCls, respectively.

Similarly, arsenic tribromide AsBrs forms when the trioxide reacts with
bromine vapors. Reaction with concentrated HCl under heating produces
arsenic trichloride.

Arsenic trioxide dissolves in concentrated HaSO4 forming arsenyl sulfate,
(AsO2)2S04, a hygroscopic crystalline solid. Reaction with sulfur trioxide, SOs
at 100°C produces arsenic trisulfate, As2(SO4)s. It forms arsenic monosulfide,
As4S4 when heated with sulfur.

Analysis
Elemental composition: As 75.74%, O 24.26%. See Arsenic.

Toxicity

Toxic by all routes of exposure and a carcinogen. Systemic effects from oral
intake include muscle weakness, hypermotility, sleep change, diarrhea and
cardiac arrhythmias. D5 oral (rat): 14.6 mg/kg.

ARSENOUS ACID

[13464—-58-9]
Formula H3AsO3s or As(OH)s; MW 125.94.

Arsenous acid is a weak acid, known to exist only in solution. Its molecule
has three —OH groups attached to the arsenic atom. The dissociation constant
of this acid is 8.0 x 10-16 at 25°C. It is produced by hydrolysis of arsenic tri-
oxide in water. The trioxide is sparingly soluble in water and the rate of
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hydrolysis is generally slow, taking several hours before equilibrium is
reached. It forms arsenite ions in aqueous bases, and all its reactions in the
aqueous phases are those of arsenic trioxide (see Arsenic Trioxide).

[7784-42-1]
Formula AsHs; MW 77.95;
Synonyms: arsenic trihydride; hydrogen arsenide

Uses and Occurrence

Arsine is used as a reducing agent; and to synthesize many organoarsine
derivatives. It is also used as a doping agent for solid state electronic compo-
nents. Earlier, it was used as a military poison gas. It does not occur freely in
nature but is susceptible to form upon contact of arsenic compounds with acid
in presence of a metal. Thus commercial acids stored in metal tanks and con-
taminated with arsenic impurities may produce arsine.

Physical Properties

Colorless gas; garlic-like unpleasant odor; liquefies at —55°C; solidifies at
—116.3°C; heavier than air; gas density 2.695 (air =1); sparingly soluble in cold
water (~ 20 mg/100 g water or about 640 mg/L at the NTP); soluble in chloro-
form and benzene.

Thermochemical Properties

AH°f 15.88 kcal/mol
AG°f 16.47 kecal/mol
Se 53.22 cal/deg mol
Co 9.10 cal/deg mol

Preparation
Arsine is produced by the reaction of arsenic trichloride, arsenic trioxide or
any inorganic arsenic compound with zinc and sulfuric acid. It is also made by
treating a solution of sodium arsenide or potassium arsenide in liquid ammo-
nia with ammonium bromide:
lig NH,
- AsHj3 + 3 NaBr + 3 NHj

NasAs + 3 NH4Br

It may be also prepared by decomposition of alkali metal arsenides by water;
or arsenides of other metals with acids:

CazAs,; + 6 HCl —» 2 AsHs + 3 CaCly

A poor yield may be obtained if water is substituted for acids. Thus calcium
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arsenide reacts with water to produce about 15% arsine.

Reactions

Oxidation in air at elevated temperatures form arsenic along with arsenic
trioxide or arsenic pentoxide, the nature of the product depending on the
arsine to oxygen ratio:

4 AsH3 +3 Oy — 4 As + 6 HoO
2 AsH3 + 3 Oy — Ass0O3 + 3 H20O
2 AsHs + 4 Oy — Ass05 + 3 HoO

Such oxidation in air, however, does not occur at ordinary temperatures.
Moist arsine decomposes readily in the presence of light forming deposits of
shiny black arsenic. When heated in the absence of air it decomposes to its ele-
ments.

Arsine is a strong reducing agent, reducing many oxidizing agents, i.e,
reduces chlorine to hydrogen chloride:

2 AsH3+ 3 Cly - 2 As + 6 HCI

At low temperatures partial reduction of chlorine occurs, forming yellow
unstable chloro derivatives, arsenic dihydrogen chloride and arsenic hydrogen
dichloride:

AsH3 + Cly — AsHCl + HC1
2 AsHsz + 3 Cla —» 2 AsHCIs + 4 HC1

Reaction with mercuric chloride gives mercuric arsenide, HgsAso:
2 AsHs + 3 HgCla — HgsAss + 6 HCI

Arsine reacts with cupric chloride solution to give cupric arsenide. Oxidation
with stannic chloride, SnCly, forms hydrogen diarsenide, As4Ho. It reacts with
dilute silver nitrate solution forming metallic silver.

Arsine forms a hexahydrate, AsHs « 6H20 at temperatures below —10°C or
under pressure.

Analysis

Elemental composition: As 96.12%, H 3.88%. Arsine may be absorbed in
potassium permanganate solution or in bromine water and the solution may
be analyzed for arsenic by atomic absorption or emission spectrophotometry
(see Arsenic). Alternatively arsine may be oxidized by moist air in presence of
light to arsenic which may then be digested with nitric acid and determined
as above.
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Toxicity

Arsine is a dangerously acute toxicant and a carcinogen. Exposure to 250
ppm for 30 minutes can be fatal to human.

At lower concentrations toxic effects may manifest few hours after expo-
sure. The symptoms include headache, weakness, dizziness, dyspnea, abdom-
inal pain, nausea, vomiting and bronze skin. Chronic exposure can produce
jaundice, hemolytic anemia and hemoglobinuria. PEL-TWA and TLV-TWA
0.05 ppm or 0.2 mg/m3 (OSHA and ACGIH).

ASTATINE

[7440—-68-8]

Symbol At; atomic number 85; a radioactive halogen group element; elec-
tronic configuration [Xe]4f145d106s26p>; most stable isotope At—210. The half-
lives and decay modes of astatine isotopes are given below (Hyde, E. K.,
Perlman, I., and Seaborg, G. T. 1964. In The Nuclear Properties of Heavy
Elements, Vol. II, pp. 1081-1082. Englewood Cliffs, NJ: Prentice-Hall);

At-200 0.8 min o—decay

At-201 1.5 min o—decay

At—-202 3 min electron capture (88%)
o—decay (12%)

At-203 7.4 min electron capture (86%)
o—decay (14%)

At-204 9.3 min electron capture (95.5%)
o—decay (4.5%)

At-205 26 min electron capture (82%)
o—decay (18%)

At-206 29 min electron capture (99.1%)
o—decay (0.9%)

At-207 1.8 hr electron capture (90%)
o—decay (10%)

At-208 1.7 hr electron capture (99.5%)
o—decay (0.5%)

At—-209 5.5 hr electron capture (95%)
o—decay (5%)

At-210 8.3 hr electron capture (99.8%)
o—decay (0.17%)

At-211 7.2 hr electron capture (59%)
o—decay (41%)

At-212 0.2 sec o—decay

At-213 <1 sec o—decay

At-214 0.002 sec o—decay

At-215 104 sec o—decay

At-216 3 x 104 sec o—decay
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At-217 0.018 sec o—decay
At-218 2 sec o—decay
At-219 0.9 min o—decay (97%)

B—decay (3%)

Occurrence

Astatine is one of the rarest elements in nature. Extremely small amounts
of short-lived isotopes At—215, At-217, At-218 and At-219 are naturally
found occurring in equilibrium with uranium, neptunium and thorium iso-
topes. The element was named by Corson, MacKenzie and Segre who pro-
duced the first of its isotope At—211 in 1940 by bombarding bismuth with
alpha particles. Since then many isotopes in the mass range 200 to 219 have
been synthesized. All isotopes, however, are unstable, their half-lives ranging
between a few microseconds to less than ten hours. The most stable ones are
At—210, At—211 and At—209. No use of this element is known so far.

Physical Properties

Physical properties of this element have not been well investigated due to
short half-lives of isotopes. The element is volatile; may be distilled in vacu-
um at room temperature in a glass apparatus; and condensed in a dry ice
trap. It is soluble in chloroform, ether, hexane and many other organic sol-
vents. Solubility in water should be of low order.

Synthesis
The more stable astatine isotopes may be synthesized in a nuclear reactor
by bombarding bismuth with energenic alpha particles:

2 Bi+)He——"1) At +3n
A Bity He——". At +2n
N Bi+yHe——"0 At +4n

The isotopes formed are distilled out from target by heating in air. Isotopes of low
masses may be synthesized from other nuclei, i.e., fusion of gold and carbon atoms.

Reactions

Reactions of astatine should be similar to that of iodine. However, there is
no evidence of existence of diatomic molecule, Ats. In aqueous solution it is
known to exist in oxidation states —1, 0, +5 and +7 and several compounds or
polyanions are known. Such species include HAt; interhalogen compounds
AtCl, AtBr and Atl; polyhalide complex ions AtCl2-, AtI2- AtIBr-, AtICl- and
AtBr2*; astatine anion AtO3- and several organic compounds such as CeHsAt,
CeH5AtCls, At(CsHsN)2ClO4, p—AtCeH4COOH and HOCgH4At.

Analysis
The element may be determined from its radioactivity using tracer tech-
niques. Isotopes of the element may be identified by mass spectrometry.
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Health Hazard
Exposure to radiation may cause cancer. Studies on experimental animals
show it induces tumors.

[7440-39-3]

Symbol Ba; atomic number 56; atomic weight 137.327; a Group ITA (Group
2) alkaline earth element; electronic configuration [Xe]s2; valence state +2;
lonic radius of Ba%* in crystal (corresponding to coordination number 8) 1.42
A, first ionization potential 10.00eV; stable isotopes and their percent abun-
dances: Ba—138 (71.70), Ba—137 (11.23), Ba—136 (7.85), Ba—135 (6.59),
Ba-134 (2.42); minor isotopes: Ba—130 (0.106) and Ba—132 (0.101); also
twenty-two radioisotopes are known.

Occurrence

Barium was discovered in 1808 by Sir Humphrey Davy. Its abundance in
the earth’s crust is about 0.0425% (425 mg/kg). The element also is found in
sea water at trace concentration, 13 pug/L. It occurs in the minerals barite or
heavy spar (as sulfate) and witherite (as carbonate).

Uses

The most important use of barium is as a scavenger in electronic tubes. The
metal, often in powder form or as an alloy with aluminum, is employed to
remove the last traces of gases from vacuum and television picture tubes.
Alloys of barium have numerous applications. It is incorporated to lead alloy
grids of acid batteries for better performance; and added to molten steel and
metals in deoxidizing alloys to lower the oxygen content. Thin films of barium
are used as lubricant suitable at high temperatures on the rotors of anodes in
vacuum X-ray tubes and on alloys used for spark plugs. A few radioactive iso-
topes of this element find applications in nuclear reactions and spectrometry.

Physical Properties

Silvery-white metal; soft and ductile; density 3.51 g/cm3; melts at 727° C;
vaporizes at 1897°C; vapor pressure 0.1 torr at 730°C; electrical resistivity
34.0 microohm-cm at 25°C; reacts with water.

Thermochemical Properties
AH®f (cry) 0.0 kcal/mol
AH®f (gas) 43.04 kcal/mol
G° f (gas) 34.93 kcal/mol

S° (gas) 40.70 cal/degree mol
Co (gas) 4.97  cal/degree mol
Manufacture

The metal is obtained by the reduction of barium oxide with finely divided
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aluminum at temperatures between 1,100 to 1,200°C:
4 BaO + 2 Al — BaO-+Al:0O3 + 3Ba (gas)

Barium vapor is cooled by means of a water jacket and condensed into the
solid metal. The solid block may be cast into rods or extruded into wires. Being
a flammable solid, it is packaged under argon in steel containers or plastic
bags.

Reactions

Barium metal reacts exothermically with oxygen at ambient temperatures
forming barium oxide. The reaction is violent when the metal is present in
powder form. It also reacts violently with water forming barium hydroxide
and liberating hydrogen:

Ba + 2H20 — Ba(OH)2 + Ha

Barium reacts violently with dilute acids, evolving hydrogen. Reactions with
halogens give barium halides:

Ba + Cls — BaCls
Barium is a strong reducing agent. The E° for the reaction:
BaZ* (aq) + 2e- <~ Ba(s) is—-2.90V
It reduces oxidizing agents reacting violently. The metal combines with nitro-
gen and hydrogen at elevated temperatures producing barium nitride, BasNag,
and barium hydride, BaHs, respectively.
Barium reduces oxides, chlorides and sulfides of less reactive metals pro-
ducing the corresponding metals; e.g.,
Ba + CdO — BaO + Cd
Ba + ZnCls — BaCls + Zn
3Ba + AlsSs — 3BaS + 2Al
When heated with nitrogen in the presence of carbon, it forms barium
cyanide:

Ba + N2 + 2C — Ba(CN)q

Barium combines with several metals including aluminum, zinc, lead, and
tin, forming a wide range of intermetallic compounds and alloys.

Hazard
The finely divided powder is pyrophoric. It can explode in contact with air
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or oxidizing gases. It is likely to explode when mixed and stirred with halo-
genated hydrocarbon solvents. It reacts violently with water.

All barium salts, especially the water and acid-soluble compounds, are
highly toxic. Barium ion can cause death through ventricular fibrillation of
the heart. It is a stimulant to the heart muscle. Intake of a few grams of bar-
ium salt can be lethal to humans. The insoluble salts such as barium sulfate,
however, have little toxic action.

Analysis

The metal may be analyzed in the solid matrices by x-ray fluorescence or x-
ray diffraction, and neutron activation techniques. Trace quantities in solu-
tion may be measured by flame or furnace atomic absorption spectrophotom-
etry or by ICP emission technique. Measurements at further lower concen-
trations may be made by an ICP, coupled with a mass spectrometer (ICP/MS).
Also, barium ion in solution may be measured by various wet methods, includ-
ing gravimetry and volumetric analysis. In gravimetry, the metal is precipi-
tated in slightly acidic solution as insoluble sulfate or chromate.
Complexometric titration using the complexing agent, diethylenetriamine-
pentaacetic acid, and Eriochrome Black T as indicator, measures calcium and
strontium along with barium and, therefore, is not suitable to analyze barium
in a mixed solution.

BARIUM ACETATE

[643-80—6]
Formula: Ba(C2H302)2; MW 255.42

Uses

Barium acetate is used as a mordant for printing textile fabrics; for drying
paints and varnishes; in lubricating oil; in the preparation of other acetates;
and as a catalyst in organic synthesis.

Physical Properties

White powdery solid; density 2.47g/cm3; decomposes on heating; highly sol-
uble in water (55.8g /100g at 0°C), sparingly soluble in methanol (~1.43 g per
liter).

Preparation
Barium acetate is made by the reaction of barium carbonate with acetic
acid:
BaCOs + 2CHsCOOH — (CH3COO)2Ba + CO2 + H20

The solution is concentrated and the anhydrous barium acetate crystallizes at
a temperature above 41°C. At temperatures between 25 to 40°C, barium
acetate monohydrate, Ba(CaH302)2°H20 [5908-64—5] (density 2.19 g/cm3)
crystallizes out of solution.
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Barium acetate also may be prepared by treating barium sulfide with acetic
acid, followed by slow evaporation and subsequent crystallization of the salt
from the solution:

BaS + 2CH3COOH — (CH3C0O0)2Ba + H2S

Reactions

Barium acetate converts to barium carbonate when heated in air at elevat-
ed temperatures. Reaction with sulfuric acid gives barium sulfate; with
hydrochloric acid and nitric acid, the chloride and nitrate salts are obtained
after evaporation of the solutions. It undergoes double decomposition reac-
tions with salts of several metals. For example, it forms ferrous acetate when
treated with ferrous sulfate solution and mercurous acetate when mixed with
mercurous nitrate solution acidified with nitric acid. It reacts with oxalic acid
forming barium oxalate.

Analysis

Elemental composition: Ba 53.77%, C 18.81%, H 2.37%, O 25.05%. The salt
may be digested with nitric acid, diluted appropriately, and analyzed for bar-
ium. (See Barium.)

Toxicity
The salt or its aqueous solution is highly toxic. LLD1o (oral) rabbit: 236
mg/kg; LD1o (subcutaneous) rabbit: 96 mg/kg. See Barium.

BARIUM AZIDE

[18810-58-T]
Formula: Ba(N3)o; MW 221.37

Uses
Barium azide is used in explosives. A saturated solution is generally used.

Physical Properties
Colorless monoclinic crystal; density 2.936 g/cm3; decomposes at 120°C;
soluble in water, slightly soluble in ethanol.

Preparation

Barium azide may be prepared by reacting sodium azide with a soluble bar-
ium salt. The solution is concentrated to allow crystals grow. Crystals will
explode if fully dried, or subject to friction. Product should be stored damp
with ethanol.

Hazard
The dry solid is sensitive to shock, impact and friction. It decomposes
explosively when heated to 275°C. Contact with acid can produce the explo-
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sive compound hydrazoic acid. Contact with lead, silver, and many other met-
als can form the explosive azides of those metals. Presence of sodium, potas-
sium, barium and iron ions as impurities can enhance the shock sensitivity of
barium azide. Barium azide also is a toxic compound. The toxic effects are
similar to those of other soluble salts of barium.

BARIUM BROMIDE

[10553-31-8]
Formula: BaBrg; MW 297.14

Uses
Barium bromide is used to make photographic compounds, phosphors, and
other bromides.

Physical Properties

White orthorhombic crystal; density of anhydrous BaCls 4.78 g/cm3, and
dihydrate BaCls « 2H20 3.58 g/cm3; melts at 857°C; vaporizes at 1,835°C;
readily dissolves in water (92.2 g/100 g water at 0°C)

Thermochemical Properties

AH°f (gas) —181.1 keal/mol

G° (gas) —176.2 kcal/mol

S° (gas) 34.9 cal/degree mol
AI_Ifus 7.64 kecal/mol

Preparation
Barium bromide is prepared by the reaction of barium carbonate or barium
sulfide with hydrobromic acid:

BaCO3 + 2HBr — BaBry + COg + H2O
BaS + 2HBr — BaBrs + HsS

The white crystal of the dihydrate, BaBrz*2H20 is crystallized from aque-
ous solution. The anhydrous salt is obtained by heating the dihydrate at
120°C.

Reactions

Reactions in aqueous phase are similar to those of barium chloride. When
treated with sulfuric acid, hydrofluoric acid, phosphoric acid or oxalic acid, the
insoluble barium salts of these anions are formed. Similarly, many insoluble
barium salts may form by double decomposition reactions when treated with
soluble salts of other metals.
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Analysis

Elemental composition: Ba 46.22%, Br 53.78%. Barium may be determined
by various instrumental or wet methods (see Barium). Bromide may be ana-
lyzed by ion chromatography or titrimetry. Presence of other halide ions can
interfere in titrimetry tests.

Toxicity
Ingestion of the salt or its aqueous solution can produce severe poisoning.

BARIUM CARBONATE

[613—-77-9]
Formula: BaCO3; MW 197.37

Occurrence and Uses

Barium carbonate is found in nature as mineral witherite. The compound
has many major commercial applications in brick, glass, ceramics, oil-drilling,
photographic and chemical industries. It is mixed with wet clay to immobilize
many water-soluble salts in making uniform red bricks. In the glass industry,
barium is added to glass as barium carbonate or barium oxide to improve the
refractive index of optical glass; also to promote sintering and lower the vis-
cosity of melted glass to make glass bead formation easy. It is used in the
manufacture of television picture tubes and photographic paper. Another
important application involves its use as a fluxing ingredient in ceramic
industry for enamels, glazes and ceramic bodies. Barium carbonate is used in
oil-well drilling to insolubilize gypsum and inhibit coagulation; in ferrous met-
allurgy for steel carburizing; in chlor-alkali cells for treating salt brines to
remove sulfates; and to make ferrite, and barium titanate. Many barium salts
are prepared from barium carbonate.

Physical Properties

White powder; orthorhombic crystal system; density 4.286 g/cm3; refractive
index 1.60; hardness 3.50 Mohs; melts at 811°C; insoluble in water (c. 25 mg/L
at 25°C); Ks, 2.0 x 109

Manufacture
Barium carbonate is made commercially from barium sulfide either by
treatment with sodium carbonate at 60 to 70°C (soda ash method) or by pass-
ing carbon dioxide at 40 to 90°C:
BaS + NasCO3 — BaCOs3 + NasS
BaS + COz +H20 —BaCOs + HaS

In the soda ash process, solid or dissolved sodium carbonate is added to bari-
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um sulfide solution, and the barium carbonate precipitate is filtered, washed,
and dried.

Reactions

Barium carbonate decomposes to barium oxide and carbon dioxide when
heated at 1,300°C. In the presence of carbon, decomposition occurs at lower
temperatures. Barium carbonate dissolves in dilute HCl and HNOs liberating
COg. Similar reaction occurs in acetic acid. The solid salts, chloride, nitrate
and acetate that are water soluble may be obtained by evaporation of the solu-
tion. Dissolution in HF, followed by evaporation to dryness, and then heating
to red heat, yields barium fluoride.

Barium carbonate forms barium iodide on treatment with ferrous iodide
solution:

BaCOs + Fely — Bals + FeCOs

Barium carbonate produces barium potassium chromate, a pale yellow pig-
ment, known as Pigment E, when heated with potassium dichromate.

Calcination at 1,300°C with titanium dioxide yields barium metatitanate,
BaTiOs:

BaCO, + Ti0, —2*< 5 BaTiO, + CO,

Analysis

Elemental composition: Ba 69.58%, C 6.09%, O 24.32%. The compound is
digested with nitric acid under heating and the solution is analyzed for bari-
um by atomic absorption or emission spectrometry (see Barium). Carbon diox-
ide may be determined by treating a small amount of the solid with dilute HCI
and analyzing the evolved gas by GC using a thermal conductivity detector or
a mass spectrometer. The characteristic mass of COg is 44.

BARIUM CHLORIDE

[10361-37-2]
Formula BaCle; MW 208.23; also forms a dihydrate, BaCla*2H20
[10326-27-9]

Uses

Barium chloride is used to make red pigments and color lakes. Two such
common pigments are Lithol Red [50867-36—2] and Red Lake C [5160-02—1].
It is used for weighting and dyeing textile fabrics and as a mordant for acid
dyes. Other commercial uses of this compound include its application as an
ingredient in eutectic mixtures for heat-treating baths; for tanning leather; as
a flux in the production of magnesium metal; for softening of water in boilers;
in additives for lubricating oils; and as a reagent for sulfate analysis by wet
methods. It may be used to prepare other barium salts.
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Physical Properties

White crystal or powder; (crystal systems: anhydrous BaCls is orthogonal,
transition to cubic form occurs at 925°C, and the dihydrate, BaClz*2H20 1is
monoclinic); hygroscopic; bitter, salty taste; density 3.856 g/cm3 (dihydrate
3.0979/cm3); melts at 962°C; vaporizes at 1,560°C; readily dissolves in water;
also dissolves in methanol, but is insoluble in other polar organic solvents.

Thermochemical Properties

AH°f —205.3 kcal/mol

AG°f —193.8 kcal/mol

Se 29.6 cal/degree mol

Co 17.9 cal/degree mol
Manufacture

Barium chloride usually is prepared by treatment of barium sulfide with
hydrochloric acid:

BaS + 2HCI — BaCls + H2S

Impurities such as heavy metal sulfides are filtered out. Water-soluble sulfur
compounds are oxidized to insoluble barium sulfate and removed. The solu-
tion is then evaporated to crystallize barium chloride.

Barium chloride may also be made by treating barium carbonate with HCI;
or by heating a mixture of barium sulfate, calcium chloride and carbon:

BaSO, + CaCl, +2C—"“—BaCl, + CaS+2CO,

Reactions

Anhydrous barium chloride adsorbs moisture forming dihydrate,
BaCly*2H20. The latter forms a monohydrate, BaClz* HoO when shaken with
methanol. In an aqueous solution with sulfuric acid it forms a precipitate of
barium sulfate. Similar precipitation reactions occur with hydrofluoric acid,
arsenic acid, phosphoric acid and oxalic acid forming sparingly soluble barium
fluoride, BaF2, and insoluble barium arsenate, Bas(AsQO4)2, barium phosphate,
Bas(PO4)2 , and barium oxalate, BaC204, respectively. Reactions with alkali
metal carbonate, molybdate, niobate, selenate, ferrocyanide and hexafluo-
rosilicate produce insoluble barium salts of these anions. Anhydrous barium
chloride forms lower melting eutectics with alkali metal chlorides.

Analysis

Elemental composition: Ba 65.95%, Cl 34.05%. The metal may be analyzed
by various instrumental and wet methods (see Barium). Chloride ion may be
determined in an aqueous solution of the salt by ion chromatography or by
titrimetry using either silver nitrate titrant and an indicator such as potassi-
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um chromate; or by mercuric nitrate titration using diphenyl carbazone indi-
cator to detect the end point.

Toxicity

The acute toxicity is high by all routes of exposure. The effects are similar
to other soluble compounds of barium (see Barium). The oral and subcuta-
neous lethal doses in dogs are as follows: (R. N. Lewis (Sr.). 1996. Sax’s
Dangerous Properties of Industrial Materials, 9th ed., New York: Van

Nostrand Reinhold.)
LD1,0 oral (dog): 90mg/kg
LD1o subcutaneous (dog): 10 mg/kg

BARIUM CHROMATE(VI)

[10294-40-3]

Formula: BaCrO4; MW 253.32; Cr occurs in +6 oxidation state.

Synonyms: lemon yellow; permanent yellow; C.I. Pigment yellow 31; Baryta
yellow; ultramarine yellow; C. I. 77103; Steinbuhl yellow.

Uses

Barium chromate is used as a pigment in paints, ceramics, coloring glass-
es, fuses, and porcelains; as a corrosion inhibitor to prevent elecrochemical
corrosion at the joints of dissimilar metals; in safety matches; in metal
primers; in ignition control devices; in pyrotechnic compositions; and as an
initiator for explosives.

Physical Properties

Yellow orthorhombic crystal; density 4.50 g/cm3; darkens on heating; insol-
uble in water and organic solvents; dissolves in mineral acid with decomposi-
tion.

Analysis

Elemental composition: Barium: 54.21%, chromium 20.53%, oxygen
25.26%. The compound is digested in nitric acid, diluted, and analyzed for bar-
ium and chromium by flame- or furnace-AA or ICP-AES (see Barium and
Chromium). Also, it may be characterized by x-ray diffraction, and the metal
content determined by other x-ray techniques.

Toxicity
Barium chromate is a toxic substance and an EPA-confirmed human car-
cinogen.



86 BARIUM CYANIDE / BARIUM HYDROXIDE

BARIUM CYANIDE

[542-62-1]
Formula: Ba(CN)2; MW 189.36

Uses
Barium cyanide is used in electroplating and other metallurgical process-
es.

Physical Properties
White crystalline powder; slowly decomposes in air; highly soluble in water,
soluble in alcohol.

Preparation
Barium cyanide is prepared by reacting barium hydroxide with hydro-
cyanic acid:
Ba(OH)2 + 2HCN — Ba(CN)2 +2H20

The product is crystallized from the solution.

Reactions
Barium cyanide reacts with acids producing hydrogen cyanide:

Ba(CN)z + H2SO4 — 2HCN + BaSOy4

Ba(CN)2 can form many insoluble cyanides from double decomposition reac-
tions.

Analysis

Elemental composition: Ba 72.52%, C 12.68%, N 14.79%. Barium metal can
be analyzed by various instrumental and wet methods (see Barium). Cyanide
ion in the aqueous solution of the compound may be determined by using a
cyanide ion—specific electrode or by colorimetry using pyridine-barbituric acid
reagent (APHA, AWWA, and WEF. 1999. Standard Methods for the
Examination of Water and Wastewater, 20th ed., Washington, DC: American
Public Health Association).

Toxicity

Barium cyanide is a deadly poison. Ingestion of a small amount can cause
death.

BARIUM HYDROXIDE

[17194-00-2]
Synonyms: caustic baryta; barium hydrate
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Formula Ba(OH)q

Uses

Barium hydroxide is used to produce barium soaps which are additives for
high temperature lubricants. Other chemical applications include refining of
vegetable oils; vulcanization of synthetic rubber; in drilling fluids; in corrosion
inhibitors; as an ingredient in sealing compositions; in plastics stabilizers; for
softening water; and to prepare other alkalies.

Physical Properties

Monohydrate, Ba(OH)s* H2O is a white powder; density 3.743 g/cm3; slight-
ly soluble in water; soluble in dilute mineral acids. Octahydrate,
Ba(OH)2+8H20 1is a colorless monoclinic crystal; density 2.18 g/cm3 at 16°C;
refractive index 1.50; melts at 78°C; vapor pressure 227 torr; loses seven mol-
ecules of water of crystallization when its solution is boiled in the absence of
atmospheric CO2 forming solid monohydrate; further heating produces anhy-
drous Ba(OH)2 melting at 407°C; readily dissolves in water (3.76 g/100 g at
20°C and 11.7 g/100 g at 50°C); aqueous solution highly alkaline; also soluble
in methanol; slightly soluble in ethanol; insoluble in acetone.

Thermochemical Properties
AH°f —225.9 kcal/mol
AHfys 3.99 kcal/mol

Preparation

Barium hydroxide is made by dissolving barium oxide in hot water. The
octahydrate, Ba(OH)z2*8H20, crystallizes upon cooling. It also is prepared by
precipitation with caustic soda from an aqueous solution of barium sulfide:

BaS + 2NaOH — Ba(OH)2 + NaaS

Reactions

Barium hydroxide decomposes to barium oxide when heated to 800°C.
Reaction with carbon dioxide gives barium carbonate. Its aqueous solution,
being highly alkaline, undergoes neutralization reactions with acids. Thus, it
forms barium sulfate and barium phosphate with sulfuric and phosphoric
acids, respectively. Reaction with hydrogen sulfide produces barium sulfide.
Precipitation of many insoluble, or less soluble barium salts, may result from
double decomposition reaction when Ba(OH)2 aqueous solution is mixed with
many solutions of other metal salts.

Analysis
Elemental composition: Ba 80.15%, H 1.18%, O 18.67%. (See Barium.)

Toxicity
An acute poison; toxic symptoms are similar to other soluble salts of bari-
um (see Barium).
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BARIUM NITRATE

[10022—-31-8]
Formula: Ba(NOs)2; MW 261.37;
Synonym: nitrobarite

Uses
Barium nitrate is used to produce green color in flares, pyrotechnic devices;
in green signal lights; and in tracer bullets.

Physical Properties
White cubic crystal; density 3.24 g/cm3; melts at 590°C; soluble in water (5
g and 10.5 g/100 g at 0°C and 25°C, respectively), insoluble in alcohol.

Thermochemical Properties

AH®f —237.11 kcal/mol
Gef -190.42 kcal/mol
SO 51.1 cal/degree mol
Co 36.2 cal/degree mol

Preparation
Barium nitrate is prepared by the reaction of barium carbonate or barium
sulfide with nitric acid:

BaCOs; + 2HNO3; — Ba(NOgs)2 + CO2 + H20

Barium carbonate is suspended in nitric acid. The solution is filtered and
the product crystallizes out. Alternatively, barium carbonate and nitric acid
are added to a saturated solution of barium nitrate. The product is obtained
by crystallization. It also may be prepared by adding sodium nitrate to a sat-
urated solution of barium chloride. Barium nitrate precipitates out from the
solution. The precipitate is filtered, washed and dried.

Reactions
At elevated temperatures, barium nitrate decomposes to barium oxide,
nitrogen dioxide, and oxygen:

2Ba(NO3)2 &)2Ba0 + 4N02 + 02

In an atmosphere of nitric oxide, thermal decomposition produces barium
nitrite, Ba(NO3)2. Reactions with soluble metal sulfates or sulfuric acid yield
barium sulfate. Many insoluble barium salts, such as the carbonate, oxalate
and phosphate of the metal, are precipitated by similar double decomposition
reactions. Ba(NOs)2 1is an oxidizer and reacts vigorously with common reduc-
ing agents. The solid powder, when mixed with many other metals such as
aluminum or zinc in their finely divided form, or combined with alloys such as
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aluminum-magnesium, ignites and explodes on impact.
Analysis

Elemental composition: Ba 52.55%, N 10.72%, O 36.73%. Barium may be
determined by various instrumental techniques (see Barium). The nitrate ion
can be determined by preparing an aqueous solution of the compound and
analyzing by ion-chromatography, or nitrate ion-selective electrode.

Toxicity

Barium nitrate exhibits high-to-moderate toxicity by oral, subcutaneous
and other routes. The oral lethal dose in rabbit is 150 mg/kg and the oral LDso
in rat is 355 mg/kg (Lewis Sr., R. J. 1996. Sax’s Dangerous Properties of
Industrial Materials, 9th ed., New York: Van Nostrand Reinhold).

BARIUM OXIDE

[1304-28-5]
Formula: BaO; MW 153.33
Synonyms: calcined baryta; barium monoxide; barium protoxide.

Uses

Barium oxide is used to remove water from alcohols, aldehydes, ketones,
petroleum ether, and other organic solvents; and for drying gases. It also is
used in the manufacture of detergent for lubricating oil.

Physical Properties

Colorless cubic crystal or white yellowish powder; density 5.72 g/cm3; melts
at 2,013°C; moderately soluble in water at ambient temperatures (3.48 g/ 100
g at 20°C), highly soluble in boiling water (90.8 g/100 g at 100°C); aqueous
solution highly alkaline; also, soluble in ethanol, dilute mineral acids and
alkalies; insoluble in acetone and liquid ammonia.

Thermochemical Properties

AH°f ~132.35 keal/mol
AG°f —125.56 kecal/mol
SO 16.8 cal/degree mol
Co 11.4 cal/degree mol
AHgpys 14.1 kecal/mol

Preparation
Barium oxide is made by heating barium carbonate with coke, carbon black
or tar:

BaCO, + C—*5Ba0 +2CO

It may be also prepared by thermal decomposition of barium nitrate.
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Reactions
Barium oxide reacts with water forming hydroxide, and with carbon diox-
ide it forms barium carbonate. Both reactions are rapid and exothermic:

BaO + H2O — Ba(OH)q (AHyxn = —24.4 kcal/mol)
BaO + CO2 — BaCOsgs (AHyxn = —63.1 kcal/mol)

It readily forms barium peroxide BaO2 when heated in air or oxygen at 450°C
to 500°C: .
2Ba0 +0, —*“52Ba0,

When heated with silica to incandescence, it forms monobarium silicate,
Ba0O-Si032 or BasSiOs,

Aqueous solution of barium oxide undergoes neutralization reactions with
acids forming precipitates of insoluble barium salts, such as BaSO4 and
Bas(POy)s.

BaO reacts slowly with alcohols forming barium alcoholates.

Analysis
Elemental composition: Ba 89.57%, O 10.43%. The oxide is identified by x-
ray diffraction and barium content determined by AA or ICP.

Hazard

Barium oxide is toxic by subcutaneous route. Because of its affinity for
moisture, the compound is corrosive to skin. Contact with water or COg2
evolves much heat. Therefore, any use of CO2 to extinguish a BaO fire may
cause further incandescence. Accumulation of barium oxide or peroxide dust
can create a fire hazard.

BARIUM PEROXIDE

[1304—29-6]
Formula: BaOg; MW 169.33
Synonyms: barium dioxide; barium superoxide.

Uses

Barium peroxide is used as a bleaching agent for fibers and straw. It also
1s used to decolorize glass; in dyeing textiles; to produce pure oxygen; to pre-
pare hydrogen peroxide; and as an oxidizing agent.

Physical Properties
Grayish-white, heavy powder; tetragonal crystal system; density 4.96
g/cm?®; melts at 450°C; insoluble in water.

Preparation
Barium peroxide is prepared by heating barium oxide with air or oxygen at
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500°C:
2Ba0 + O2 — 2Ba0g

Reactions

Barium peroxide decomposes to barium oxide and oxygen when heated to
700°C. At lower temperatures, decomposition occurs slowly. It also decompos-
es slowly in contact with water, forming barium hydroxide. It reacts with
dilute acids to form hydrogen peroxide:

BaOq + 2HCI — BaCly + H209

Analysis
Elemental composition: Ba 81.11%, O 18.89%. The compound is decom-
posed by dilute HCI1 and the barium content by AA or ICP-AES.

Hazard

Barium peroxide may ignite or explode in contact with reducible sub-
stances. Also, it is toxic by the subcutaneous route.

LDs5o subcutaneous (mouse): 50 mg/kg

BARIUM SULFATE

[7727-43-T]
Formula: BaSO4; MW 233.39
Synonyms: barite; baryte; heavy spar; blanc fixe

Occurrence and Uses

Barium sulfate is widely distributed in nature and occurs as the mineral
barite (also known as barytes or heavy spar). It often is associated with other
metallic ores, such as fluorspar. Barites containing over 94% BaSO4 can be
processed economically.

Barium sulfate has many commercial applications. It is used as natural
barite, or precipitated BaSO4. The precipitated salt in combination with
equimolar amount of co-precipitated zinc sulfide formerly was used as a white
protective coating pigment, known as lithophone. Similarly, in combination
with sodium sulfide, it is used to produce fine pigment particles of uniform
size, known as blanc fixe. Natural barite, however, has greater commercial
application than the precipitated salt. It is used as drilling mud in oil drilling
to lubricate and cool the drilling bit, and to plaster the walls of the drill hole
to prevent caving. It is used as a filler in automotive paints, plastics and rub-
ber products. It also is used in polyurethane foam floor mats; white sidewall
rubber tires; and as a flux and additive to glass to increase the refractive
index.

Other chemical applications of barium sulfate are as the opaque ingredient
in a barium meal for x-ray diagnosis; as a pigment for photographic paper;
and to prepare many barium salts.
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Physical Properties

Soft crystalline solid; rhombic crystal; pure salt is white but color may vary;
the color of the mineral barite may vary among red, yellow, gray or green
depending on impurities; density 4.50 g/cm3; refractive index 1.64; melts
around 1,580°C; decomposes above 1,600°C; hardness 4.3 to 4.6 Mohs; insolu-
ble in water (285 mg/L at 30°C) and alcohol; K, 1.1 x 10-10; soluble in con-
centrated sulfuric acid.

Thermochemical Properties

AH°f —-352.3 kcal/mol

AG°f -325.7 kecal/mol

SO 31.6 cal/degree mol

Co 24.3 cal/degree mol

AI_Ifus 9.71 kecal/mol
Production

Natural barium sulfate or barite is widely distributed in nature. It also con-
tains silica, ferric oxide and fluoride impurities. Silica is the prime impurity
which may be removed as sodium fluorosilicate by treatment with hydrofluo-
ric acid followed by caustic soda.

Very pure barium sulfate may be precipitated by treating an aqueous solu-
tion of a barium salt with sodium sulfate:

BaCls + NasSO4 — BaSO4 + 2NaCl

Precipitated BaSOy is often used in many industrial applications. Blanc fixe
and Lithopone are made by the reactions of barium sulfide with sodium sul-
fate and zinc sulfate, respectively.

Reactions

Barium sulfate is one of the most insoluble salts of barium. It does not
undergo double decomposition reactions in aqueous phase. It dissolves in con-
centrated H2SO4 to form an acid sulfate which breaks down to BaSO4 upon
dilution.

Reduction with coke under heating produces barium sulfide:

BaSO, +4C—"* 5 BaS+4CO

BaSO4 reacts violently when heated with aluminum or explosively when
mixed with potassium.

Analysis

Elemental composition: Ba 58.84%, O 27.42%, S 13.74%. Barite may be
identified by x-ray diffraction. The metal may be analyzed by various instru-
mental techniques (see Barium).
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BARIUM SULFIDE

[21109-95-5]
Formula: BaS; MW 169.39

Barium also forms several other sulfides. Among them are: Barium hydro-
sulfide, Ba(SH)2 [25417-81-6]; Barium disulfide, BaSs [12230-99-8];
Dibarium trifulfide, BasSs [53111-28-7]; Barium trisulfide, BaSs
[12231-01-5]; Barium tetrasulfide monohydrate, BaSs*H2O [12248-67-8];
Barium pentasulfide, BaS; [12448-68-9].

Occurrence and Uses

Barium sulfide occurs in the form of black ash, which is a gray to black
impure product obtained from high temperature carbonaceous reduction of
barite. It is the starting material in the manufacture of most barium com-
pounds including barium chloride and barium carbonate. It is used in lumi-
nous paints; for dehairing hides; as a flame retardant; and for generating HaS.

Physical Properties
Colorless crystalline solid; density 4.25 g/cm3; refractive index 2.155; melts

at 1,200°C; soluble in water (decomposes); insoluble in alcohol.

Thermochemical Properties

AH°f —110 kcal/mol
AG°f —109 kcal/mol
Se 18.7 cal/degree mol
Co 11.8 cal/degree mol

Preparation
Barium sulfide is prepared by heating barite with coal or petroleum coke in
a rotary kiln at 1,000°C to 1,250°C in an oxygen-free atmosphere:

BaSO, +4C —%20C s BaS+4CO

The product, black ash, is a gray or black powder containing carbonaceous
impurities and unreacted barite. Barium sulfide is separated from impurities
by extraction with hot water and filtration. It is obtained as an aqueous solu-
tion of 15 to 30% strength. The commercial product is 80% to 90% BaS.

Barium sulfide may also be made by high temperature reduction of barium
sulfate with methane.

Reactions
Barium sulfide dissolves in water, dissociating to 10%, forming barium

hydrosulfide and barium hydroxide:

2BaS + 2H20 — Ba(SH)2 + Ba(OH)s
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The solution is highly alkaline. When the aqueous solution is cooled, crystals
of barium hydroxide appear first.

The aqueous solution of barium sulfide oxidizes slowly in the air forming
elemental sulfur and various anions of sulfur including sulfite, thiosulfate,
polysulfides and sulfate. The yellow color of barium sulfide solution is attrib-
uted to the presence of dissolved elemental sulfur that results from its slow
oxidation in the air. In the presence of an oxidizing agent, barium sulfate is
formed. Violent to explosive oxidation may occur when heated with strong oxi-
dants such as phosphorus pentoxide or potassium chlorate.

Barium sulfide undergoes double decomposition reactions with hydrochlo-
ric acid and nitric acid, giving barium chloride and barium nitrate, respec-
tively, when the solution is evaporated.

Reaction with carbon dioxide produces barium carbonate and hydrogen sul-
fide:

BaS + COs + HoO — BaCOs + HsS
Analysis

Elemental composition: Ba 81.08%, S 18.92%. The metal may be analyzed
by various instrumental techniques (see Barium). In the powder form, the
compound may be identified by x-ray methods. In solution, it undergoes
hydrolysis forming barium hydroxide and hydrosulfide. The former is neu-
tralized by acid titration to a pH of 8.4 while the hydrosulfide is titrated with
acid to pH 4.2 for neutralization.

Toxicity
Highly toxic by ingestion (see Barium).

BARIUM TITANATE

[12047-27-T7]
Formula: BaTiOs; MW 233.19
Synonyms: barium metatitanate; barium titanate (IV)

Uses

Barium titanate has many important commercial applications. It has both
ferroelectric and piezoelectric properties. Also, it has a very high dielectric
constant (about 1,000 times that of water). The compound has five crystalline
modifications, each of which is stable over a particular temperature range.
Ceramic bodies of barium titanate find wide applications in dielectric ampli-
fiers, magnetic amplifiers, and capacitors. These storage devices are used in
digital calculators, radio and television sets, ultrasonic apparatus, crystal
microphone and telephone, sonar equipment, and many other electronic
devices.

Physical Properties
White crystalline solid; exists in five crystal modifications; the common
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tetragonal form has a Curie point of 120°C; exhibits ferroelectric and piezo-
electric properties; density 6.02 g/cm3; melts at 1,625°C; insoluble in water
and alkalies; slightly soluble in dilute mineral acids; dissolves in concentrat-
ed sulfuric acid and hydrofluoric acid.

Preparation

Barium titanate is made by sintering a finely powdered mixture of barium
carbonate and titanium dioxide in a furnace at 1,350°C. The calcined mass is
finely ground and mixed with a binder (plastic). The mixture is subjected to
extrusion, pressing or film casting to obtain ceramic bodies of desired shapes.
Plastic is burnt off by heating and the shaped body is sintered by firing and
then polished.

The compound also may be prepared by other methods. These include igni-
tion of barium and titanium alcoholates in an organic solvent; treatment of
tetraethyl titanate or other alkyl ester of titanium with an aqueous solution
of barium hydroxide; and ignition of barium titanyloxalate.

Analysis

Elemental composition: Ba 58.89%, Ti 20.53%, O 20.58%. The solid is
digested with a mixture of concentrated HaSO4 and HNOs3, diluted and the
aqueous solution is analyzed for the metals Ba and Ti by flame or furnace
atomic absorption or ICP emission spectrophotometry. The compound in the
crystalline powdered form may be identified by various x-ray techniques.

BERKELIUM

[7440-71-3]

Symbol Bk; atomic number 97; atomic weight of most stable isotope 247.07;
a transuranium radioactive element; synthesized in the laboratory; electron-
ic configuration [Rn]5/97s2; oxidation states +3 and +4. Isotopes, half-life
and decay modes are given below:

Isotopes Half-Life Decay Mode

Bk-241 2.4 min. electron capture
Bk—-242 7 min. electron capture
Bk-243 4.5 hr. electron capture
Bk-244 4.4 hr. electron capture
Bk-245 4.95 days electron capture
Bk-246 1.8 days electron capture
Bk-247 1,400 years alpha particle emission
Bk-248 23.7 hr. beta decay, electron capture
Bk-249 320 days beta decay

Bk-250 3.2 hr. beta decay

Bk-251 56 min. beta decay
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Occurrence and Uses

Berkelium does not occur in nature. The element was synthesized in 1949
at the Lawrence Berkeley Laboratory in Berkeley, California by Thompson,
Ghiorso and Seaborg (Thompson, S.G., Ghiorso, A. and G. T. Seaborg. 1950.
Phys. Rev., 77, 838). It has 12 isotopes. It is the fifth man-made transurani-
um element. Presently, the element has no commercial application.

Physical Properties

Physical properties of the element are anticipated or calculated. Silvery
metal having two allotropic forms: (i) alpha form that should have a double
hexagonal closed-packed structure and (ii) a face-centered cubic type beta
form; density 14.78 g/cm3 (alpha form), and 13.25 g/cm3 (beta form); melting
point 985°C; soluble in dilute mineral acids.

Synthesis

All isotopes of the element are synthesized in the nuclear reactor. The first
isotope synthesized had the mass 241, produced by irradiation of milligram
quantities of americium—241 with alpha particles of 35 MeV in a cyclotron:

241 4 243 1
os Am+,He—"0 Bk +2n

The product was separated by ion exchange.

While the lighter isotopes are prepared by alpha particle bombardment, the
heavier ones by neutron irradiation of large quantities of americium, curium
or plutonium:

243 1 244

os Am+,n—"5. Am
244 244 -
s Am—" Cm+e

249 249 -
s Cm—" Bk +e

Only a small fraction of Bk—249 is obtained by the above reaction because
neutrons also induce fission. Alternatively, uranium—238 may be converted to
Bk—249 by very short but intense neutron bombardment followed by five suc-
cessive beta decays.

Chemical Properties

The chemical properties of berkelium are rare earth-like character because
of its half-filled 5f subshell and should be similar to cerium. The element
readily oxidizes to berkelium dioxide, BkO2 when heated to elevated temper-
atures (500°C). In aqueous solutions, the most common oxidation state is +3
which may undergo further oxidation to +4 state. A few compounds have been
synthesized, the structures of which have been determined by x-ray diffrac-
tion methods. These include the dioxide, BkOg; sesquioxide, BkaOs; fluoride,
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BkFs3; chloride, BkCls; oxychloride, BkOCI; and the hydroxides, Bk(OH)s and
Bk(OH)4.

Toxicity

Berkelium accumulates in the skeletal system. The radiation can cause
damage to red blood cells. The maximum permissible body burden reported
for the isotope Bk—249 in the human skeleton is 0.4 ng (Cunningham, B.B.,
1968, Berkelium. In The Encyclopedia of the Chemical Elements. C.A.
Hampel, ed., p. 48. New York: Reinhold Book Corporation).

BERYLLIUM

[7440-41-7]

Symbol Be; atomic number 4; atomic weight 9.012; a Group IIA (Group 2)
metal; the lightest alkaline-earth metallic element; atomic radius 1.06A; ionic
radius (Be?*) O.3OA; electronic configuration 1s22s2; ionization potential, Be*
9.32eV, Be2+ 18.21 eV; oxidation state +2

Occurrence and Uses

Beryllium is widely distributed in the earth’s crust at trace concentration,
2.8 mg/kg. The element was first discovered by Vauquelin in 1797. Wohler
and Bussy in 1828 independently isolated beryllium in the metallic form from
its oxide. In nature, beryllium occurs in several minerals, mostly combined
with silica and alumina. The most common minerals are beryl,
3BeO -+ Als03°6Si02; chrysoberyl, BeO+Al20O3; phenacite, 2BeO+SiO2; and
bertrandite, 4BeO *2Si0s*H20. Also, it is found in trace amounts in the ore
feldspar, and in volcanic ash. It’s abundance in the sea water is estimated in
the range 5.6 ppt.

Beryllium oxide is a component of precious stones, emerald, aquamarine
and topaz. Beryllium is utilized in nuclear reactors to moderate the velocity of
slow neutrons. It is hot-pressed to appropriate shapes and sizes that yield
high strength and ductility for its applications.

Production

Metallic beryllium is produced by reduction of beryllium halide with sodi-
um, potassium or magnesium. Commercially, it is obtained primarily from its
ore, beryl. Beryllium oxide is separated from silica and alumina in ore by
melting the ore, quenching the solid solution, and solubilizing in sulfuric acid
at high temperatures and pressure. Silica and alumina are removed by pH
adjustment. Beryllium is converted to its hydroxide. Alternatively, beryl is
roasted with complex fluoride. The products are dissolved in water and then
pH is adjusted to produce beryllium hydroxide.

The impure hydroxide obtained above is purified by converting to a double
salt, ammonium beryllium fluoride, which subsequently, on thermal decom-
position, gives beryllium fluoride. The latter is heated with magnesium metal
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to form pure beryllium metal:
BeF, + Mg—"* 5 Be + MgF,

It finally is purified by either vacuum melting or chelation with an
organophosphate reagent followed by liquid-liquid extraction.

Beryllium halide alternatively may be reduced to the metal or converted to
alloy by electrolysis.

Physical Properties

Grayish metal; hexagonal close-packed crystal system, lattice constant,
a=2.286 A and ¢=3.584 A; density 1.85 g/cm3; permeable to x-rays; highly duc-
tile; modulus to weight ratio very high, elastic modulus 44.5 x 106 at 25°C (for
hot-pressed block and sheet); melting point 1,287°C; vaporizes at 2,471°C;
sound transmission velocity 12,600 m/sec; reflectivity (white light) 55%; ther-
mal neutron absorption cross-section 0.0090 barns/atom; electrode potential,
Be/Be2*(aq) 1.85 V; electrical resistivity 3.36 x 10-19 ohm.m (at 20°C).

Thermochemical Properties

Specific heat (at 25°C) 0.436 cal/g°C

AHjpus 210 cal/g

AHyap 5917 cal/g

Coefficient of linear expansion, (at 25°C) 11.3 x 106 /°C

Thermal conductivity, (at 27°C) 2.00 W/em K
Reactions

Most chemical reactions of beryllium are similar to those of aluminum and,
to a lesser extent, magnesium. In general, all the common mineral acids
attack beryllium forming their corresponding salts with evolution of hydro-
gen:

Be + 2HCI1 — BeCly + Hs

Cold, concentrated nitric acid, however, has no effect when mixed with the
metal.

Reactions with alkalies first produce insoluble beryllium hydroxide with
evolution of hydrogen. Excess alkali converts the hydroxide to water-soluble
beryllate:

Be(OH)2 + 2NaOH — NasBeO2 + H20

Beryllium does not react with oxygen at ordinary temperatures and normal
atmosphere. When heated above 700°C, the metal combines with nitrogen, (in
an oxygen-free atmosphere) forming beryllium nitride, BesNos.

Beryllium combines with carbon when heated above 900°C in the absence
of air to form beryllium carbide.

2Be + C—=22¢ 5Be,C
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Beryllium reacts incandescently with fluorine or chlorine, producing beryl-
lium fluoride or chloride.

Analysis

Elemental Be may be analyzed in acidified aqueous solutions at trace con-
centrations by flame or furnace atomic absorption spectrophotometer. Also,
the analysis may be performed by ICP emission spectrophotometry. In both
the furnace-AA and the ICP spectrometry, concentrations at the low ppb lev-
els in aqueous matrices may be analyzed accurately. Be may be measured at
an even lower detection level (low ppt) by ICP-mass spectrometry. In the
absence of these instruments, the element in aqueous matrices may be ana-
lyzed at low ppb levels by colorimetry. An aluminum (aurintricarboxylic acid
triammonium salt) buffer reagent is added to aqueous sample to form a beryl-
lium lake and the color developed is measured at 515 nm by spectrophotome-
ter or filter photometer. A small amount of ethylenediamine tetraacetic acid
is added as a complexing agent to prevent interference from other metals in
the analysis. (APHA, AWWA and WEF. 1998. Standard Methods for the
Examination of Water and Wastewater, 20th ed. Washington, DC: American
Public Health Association.) The element in solid matrix is brought into solu-
tion by heating and digesting with nitric acid.

The metal also may be analyzed in solid matrices by nondestructive meth-
ods such as x-ray diffraction or x-ray fluorescence techniques.

Toxicity

Elemental Be and its compounds are very poisonous by inhalation or intra-
venous route. Chronic inhalation of beryllium dusts or fumes can cause a seri-
ous lung disease, berylliosis, after a latent period ranging from several
months to many years. Inhalation of airborne dusts can also cause an acute
disease manifested as dyspnea, pneumonitis and tracheobronchitis with a
short latency period of a few days. Skin contact with soluble salts of the metal
can cause dermatitis. Beryllium also is a carcinogen. There is sufficient evi-
dence of its inducing cancer in animals and humans.

It is one of the US EPA’s listed priority pollutant metals in the environ-
ment.

BERYLLIUM CARBIDE

[606—66—1]
Formula: BeoC; MW 30.035

Uses
Beryllium carbide is used in a nuclear reactor as core material.
Physical Properties
Red cubic crystal; hard and refractory; density 1.90 g/cm3; decomposes
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when heated above 2,100°C; reacts with water.

Preparation

Beryllium carbide is prepared by heating the elements beryllium and car-
bon at elevated temperatures (above 900°C). It also may be prepared by reduc-
tion of beryllium oxide with carbon at a temperature above 1,500°C:

2BeO +3C—%€ 5 Be,C+2CO

Beryllium carbide decomposes very slowly in water:
BeoC + 2H20 — 2BeO + CHy

The rate of decomposition is faster in mineral acids with evolution of
methane. However, in hot concentrated alkalies the reaction is very rapid,
forming alkali metal beryllate and methane:

BeoC + 4NaOH — 2NagsBeOs + CH4

Analysis

Elemental composition: Be 60.02%, C 39.98%. Beryllium may be analyzed by
various instrumental techniques (see Beryllium). Additionally, the compound
may be treated with a dilute mineral acid. The product methane gas slowly
evolved is then analyzed by GC equipped with a TCD, or by GC/MS.

BERYLLIUM CHLORIDE

[7787—47-5]
Formula: BeClg; MW 79.92

Uses

Beryllium chloride, an electron-deficient compound similar to aluminum
chloride, is a Lewis acid. The anhydrous salt is used as a catalyst in organic
reactions. Its applications, however, are limited.

Physical Properties

White or yellowish orthorhombic crystal; hygroscopic; density 1.90 g/cm3;
melts at 399°C; vaporizes at 482°C; sublimes in vacuum (at ~2 torr) at 300°C;
highly soluble in water; moderately soluble in alcohol, ether and pyridine;
insoluble in benzene, choroform, acetone and ammonia.

Thermochemical Properties
AH°f —117.3 kecal/mol
AGef —106.6 kcal/mol
Se 19.6 cal/degree mol
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Co 15.5 cal/degree mol
AHjpus 2.07 keal/mol
AHyap 25.1 kecal/mol

Preparation
Beryllium chloride is prepared by passing chlorine over beryllium oxide
and carbon:

BeO + C + Cl; = BeClz + CO
It also is made by combination of beryllium with chlorine.

Reactions

Beryllium chloride is stable in dry air, but absorbs moisture forming
tetrahydrate, BeCls*4H20. It readily dissolves in water undergoing hydroly-
sis and evolving hydrogen chloride:

BeCl; + 2H,0 — Be(OH); + 2HCL

Cold aqueous solution of BeCls reacts with HaS forming beryllium sulfide,
BeS, which decomposes on heating.

Toxicity
Highly toxic by ingestion (see Beryllium); LLD5g oral (rat): 86 mg/kg. It is a
confirmed carcinogen and can cause an adverse reproductive effect.

Analysis

Elemental composition: Be 11.28%, Cl 88.72%. Beryllium may be analyzed
in aqueous solution or in solid form by different instrumental techniques (see
Beryllium). Chloride may be measured in aqueous solution (after appropriate
dilution) by titration with a standard solution of silver nitrate or mercuric
nitrate; or by ion chromatography or a selective chloride ion electrode.

BERYLLIUM FLUORIDE

[7787-49-T7]
Formula: BeFo; MW 47.01

Uses

Beryllium fluoride is the intermediate compound in the magnesium-reduc-
tion process to produce beryllium metal. The compound also is used in the
manufacture of glass, and in nuclear reactors.

Physical Properties
Glassy solid; tetragonal crystal system; hygroscopic; density 2.1 g/cm3; melts
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at 552°C; vaporizes at 1,169°C; very soluble in water; sparingly soluble in
alcohol.

Thermochemical Properties

AH°f —245.5 kcal/mol
AGef —234.2 kcal/mol

SO 12.77 cal/degree mol
Co 12.39 cal/degree mol
AHgys 1.14 kcal/mol

Preparation
Beryllium fluoride is made by thermal decomposition of ammonium beryl-
lium fluoride at 900 to 950°C:

(NH, ), BeF, —%=0C ; BeF, + 2NH, + 2HF

Analysis

Elemental composition: Be 19.17%, F 80.83%. The metal is analyzed by
instrumental techniques (see Beryllium), and fluoride may be determined in
the aqueous solution by a selective fluroide ion electrode.

Toxicity
Highly toxic by all routes of exposure and also a carcinogen:
LDs5o oral (mouse): 100 mg/kg; LDso subcutaneous (mouse): 20 mg/kg.

BERYLLIUM HYDRIDE

[7787-52-2]
Formula: BeHs; MW 11.03

Uses
Beryllium hydride has few commercial applications. It is used in rocket
fuels.

Physical Properties
White amorphous solid; density 0.65 g/cm3; decomposes at 250°C; reacts
with water.

Preparation

Beryllium hydride is made by treating an ethereal solution of beryllium
borohydride with triphenylphosphine, or by pyrolysis of di-tert-butylberylli-
um.

Reactions
Beryllium hydride reacts with water, dilute acids, and methanol, liberating
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hydrogen. The reactions with acids are violent, presenting a fire risk. Also, it
reacts violently with oxidizing agents and organic matter. It decomposes,
rapidly liberating hydrogen when heated at 220°C.

BERYLLIUM HYDROXIDE

[13327-32-T]
Formula Be(OH)2; MW 43.03 Synonym: beryllium hydrate

Uses
Beryllium hydroxide is used to produce beryllium oxide and other berylli-
um compounds.

Physical Properties

Crystalline solid or amorphos powder; exists in two forms, alpha and beta
forms; the alpha form is a granular powder; the beta form is a gelatinous mass
of indefinite composition; density 1.92 g/cm3; decomposes to beryllium oxide
when heated at elevated temperatures (decomposition commences at 190°C
and completes at red heat); practically insoluble in water and dilute alkalies;
soluble in acids and hot concentrated caustic soda solution.

Thermochemical Properties

AH°f —215.8 kcal/mol
AG°f —194.9 kcal/mol
SO 12.4 cal/degree mol

Preparation

Beryllium hydroxide is prepared by treating basic beryllium acetate,
BesO(C2H302)6 with caustic soda solution; or by precipitation from a strongly
alkaline solution of sodium beryllate. The precipitate is dried at 100°C.

Toxicity
The compound is poisonous by intravenous route and a carcinogen; intra-
venous lethal dose in rat is about 4 mg/kg.

BERYLLIUM NITRATE TRIHYDRATE

[13597-99-4]
Formula: Be(NO3)2*3H20; MW 187.07

Uses
Be(INO3)2* 3H20 is used to produce beryllium oxide; and as a mantle hard-
ener in incandescent acetylene or other gas lamps.
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Physical Properties
White or yellowish crystalline solid; deliquescent; melts at 60°C; decom-
poses on further heating; very soluble in water, moderately soluble in alcohol.

Preparation

Beryllium nitrate is made by dissolving beryllium oxide or hydroxide in
concentrated nitric acid, followed by crystallization. Also, it may be prepared
by mixing beryllium sulfate and barium nitrate solutions followed by evapo-
ration and crystallization.

Analysis
Elemental composition: Be 4.82%, N 14.97%, H 3.23%, O 76.98%

Toxicity
Be(NO3)2* 3H20 is toxic by subcutaneous, intravenous and intraperitoneal
routes; and also is a carcinogen. LLD5so intraperitoneal (mouse): 5 mg/kg

BERYLLIUM NITRIDE

[1304-54-7]
Formula: BesNg2; MW 55.05

Uses
Beryllium nitride is used in nuclear reactors; and to produce radioactive
carbon—14 isotope for tracer applications.

Physical Properties
Gray cubic crystal; hard and refractory; density 2.71 g/cm3; melts at
2,200°C; decomposes in acid or alkali; slowly reacts with water.

Preparation
Beryllium nitride may be prepared by heating beryllium metal powder with
dry nitrogen in an oxygen-free atmosphere above 700°C:
3Be+ N, —X1%0C ,Be N,
Reactions
Beryllium nitride reacts with mineral acids producing ammonia and the
corresponding salts of the acids:
BesNy + 6HCl 3BeCly + 2NHs

In strong alkali solutions, a beryllate forms, with evolution of ammonia:

BesNy + 6NaOH — 3NasBeOs + 2NH3
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Both the acid and alkali reactions are brisk and vigorous. Reaction with
water, however, is very slow:

BesNg + 6H:O0 — 3Be(OH)2 + 2NH3

When heated above its melting point, it vaporizes first, and then on further
heating dissociates to its elements:

Be,N, —20€ 53Be+ N,

Reactions with oxidizing agents are likely to be violent. It is oxidized when
heated at 600°C in air.

Analysis

Elemental composition: Be 49.11%, N 50.89%. Analysis may be performed
by treatment with HCI. The soluble BeCls solution is then measured for Be by
AA or ICP techniques. The ammonia liberated is determined by titrimetry,
colorimetry or by ammonia-selective electrode (see Ammonia).

BERYLLIUM OXIDE

[1304—56-9]
Formula: BeO; MW 25.01
Synonym: beryllia

Uses

Beryllium oxide shows excellent thermal conductivity, resistance to ther-
mal shock, and high electrical resistance. Also, it is unreactive to most chem-
icals. Because of these properties the compound has several applications. It is
used to make refractory crucible materials and precision resistor cores; as a
reflector in nuclear power reactors; in microwave energy windows; and as an
additive to glass, ceramics and plastics.

Physical Properties

White amorphous powder; density 3.02 g/cm3; hardness 9 Mohs; melts at
2,507°C; vaporizes at 3,900°C; insoluble in water; dissolves slowly and spar-
ingly in concentrated acids and concentrated aqueous solutions of alkalies.

Thermochemical Properties

AH®f —145.72 kcal/mol
AG°f —138.7 kcal/mol
Se 3.30 cal/degree mol

Cp (at 100° C) 7.48 cal/degree mol
AHjtys 20.36 kecal/mol
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Preparation
Beryllium oxide is obtained by thermal dissociation of beryllium nitrate or
hydroxide:

Be(NO, ), —“—BeO + N, 0,

Be(OH):—* 5 BeO + H:0

Also, it may be prepared by heating beryllium sulfate at elevated tempera-
tures. Dissociation begins at 550°C and completes at 1,000°C.

Analysis

Elemental composition: Be 36.03%, O 63.97%. The solid powder may be
characterized by x-ray techniques. The metal can be analyzed by microwave-
assisted, strong acid digestion followed by flame or furnace AA or ICP spec-
trophotometric determination.

Toxicity
Chronic inhalation of the powder can cause cancer and adverse reproduc-
tive effects.

BERYLLIUM SULFATE

[13510-49-1]
Formula: Be(SO4)2; MW 105.08; also forms a tetrahydrate Be(SO4)2°4H20
[7787-56-6] MW 177.14)

Uses
No major commercial application of beryllium sulfate is known.

Physical Properties

Colorless crystalline solid; tetragonal crystal system; hygroscopic; density
2.50 g/lcm3 (tetrahydrate 1.71 g/cm3); tetrahydrated salt loses water of crys-
tallization on heating; further heating to 550°C causes decomposition; soluble
in water, tetrahydrate more soluble in water (30.5g/100g at 30°) than the
anhydrous salt; insoluble in alcohol.

Thermochemical Properties

AH°f —288.2 kcal/mol
AG°f —261.5 kcal/mol
SO 18.63 cal/degree mol
Co 20.49 cal/degree mol

Preparation
Beryllium sulfate may be prepared by treating an aqueous solution of any
beryllium salt with sulfuric acid, followed by evaporation of the solution and
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crystallization. The hydrated product may be converted to anhydrous salt by
heating at 400°C.

Analysis

Elemental composition: Be 8.58%, S 30.51%, O 60.91%. The metal may be
analyzed by various instrumental techniques (see Beryllium). Sulfate may be
measured in the aqueous solution of the salt by gravimetric method (adding
BaCly solution and precipitating BaSO4) or by ion chromatography.

Toxicity
The compound is acutely toxic by all routes of exposure, and a carcinogen.
LDs5o oral (mouse): 50 mg/kg.

[7440-69-9]

Symbol Bi; atomic number 83; atomic weight 208.98; a heavy metallic element
of the nitrogen group in the periodic table; atomic radius 1.88A (coordination
number 12); ionic radii in crystals corresponding to coordination number 6:
Bis+ 1.03A, Bi5*+ 0.76 A; atomic volume 21.3 cc/g-atom; electronic configuration
[Xe] 4f145d106s26p3; ionization potentials, Bi(+3) 25.56eV and Bi(+5) 56.0 eV;
electron affinity 0.946 eV; electronegativity (Allred-Rochow type) 1.67;
valence states +3, +5.

Occurrence and Uses

Bismuth occurs in nature in ores, bismite (Bi2Os3), bismuth glance or bis-
muthinite (Bi2Ss), tetradymite (a mixed sulfide and telluride), and also as car-
bonates in bismutite and bismutophaerite. It also is found in elemental form
or native bismuth in small quantities associated with the ores of zinc, silver,
tin and lead. The concentration of bismuth in the earth’s crust is estimated to
be in the range 8.5 x 10-3 mg/kg and in sea 20 ng/L (ppt). The major commer-
cial applications of bismuth are in pharmaceuticals and as fusible alloys.
Some bismuth compounds also find catalytic applications in the manufacture
of acrylic fibers. It is used in electric fuses, fusible boiler plugs, low-melting
solders, thermoelectric materials, and semiconductors, and as an additive to
steel and other metals. Many bismuth compounds are used in medicine as
antacids, antisyphilitics and anti-infectives; and in cosmetics such as lip-
sticks, powder and eye shadow.

Physical Properties

Grayish-white metal with pinkish tinge; high metallic luster; soft and brit-
tle; rhombohedral crystal system (a= 4.7 457A, axial angle 57° 14.2°); density
9.79 g/cm3; hardness (Brinnel) 7; melting point 271°C (contracts on melting,
volume expansion on solidification 3.32%); vaporizes at 1,564°C; vapor pres-
sure 10, 100 and 400 torr at 1,100, 1,200, and 1,400°C, respectively; poor con-
ductor of electricity, electrical resistivity 106.8 and 160.2 microhm-cm at 0
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and 100°C, respectively (higher in solid than in liquid state); greatest Hall
effect (increase in resistance when placed in a magnetic field) among all met-
als; mass susceptibility —1.35 x 106 (highly diamagnetic).

Thermochemical Properties

AH°f (2) 49.52 kcal/mol
G°f (g 40.22 kcal/mol
S° (g) 44.7 cal/degree mol
Co (2) 6.10 cal/degree mol

Specific heat (20°C)  0.0294 cal/g°C
Coeff. Lin. expansion 13.3 x 10-6/°C
Thermal conductivity

at 20°C 0.020 cal/sec/cm3

at 250°C 0.018 cal/sec/cm3

at 400°C 0.037 cal/sec/cm3
AHgpys 2.70 kcal/mol
AHyap 42.7 keal/mol

Production

Bismuth is obtained as a by-product in smelting and refining of lead, cop-
per or tungsten ores. The metal is partially volatilized when the ore is smelt-
ed at the high temperature. Separation from copper is achieved by electrolyt-
ic refining, bismuth accumulating in the anode slimes with lead, arsenic, anti-
mony, tellurium, and other metal impurities. All throughout the smelting and
refining operations bismuth accompanies lead. It finally is removed from lead
by Betterton-Kroll or Betts processes. The Betterton-Kroll process involves
the addition of calcium-lead alloy or magnesium metal to lead slime, thus con-
verting bismuth to high-melting bismuthides of calcium or magnesium,
CasBig or MgsBig, respectively. These bismuthides liquate from the bath and
are separated as dross. Bismuth dross is then melted in kettles forming
Bi;MgsK9 which liquates to the top of the bath and is removed from the
molten lead. Treatments with caustic soda finally produce the high quality
bismuth.

In a modified process, potassium substitutes for calcium to form BisMggCag
which liquates to the top of the bath and is removed from the molten lead.
The Betts process is based on electrolytic refining using a solution of lead flu-
orosilicate and fluorosilicic acid. While lead is deposited on the cathode, bis-
muth goes to the anode where it is collected with other impurity metals. It is
then filtered, dried, smelted, and further refined, depending on the purity
desired. Impurities are removed by adding molten caustic and zinc, and final-
ly by chlorination.

Bismuth may be obtained from other ores, too. The recovery process howev-
er, depends primarily on the chemical nature of the ores. For example, the sul-
fide ore requires smelting, carbon reduction, and the addition of iron (to
decompose any bismuth sulfide present). Oxide ores, on the other hand, are
treated with hydrochloric acid to leach bismuth from the mineral. The bis-
muth chloride solution is then diluted with water to precipitate bismuth oxy-
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chloride. The precipitate is roasted with lime and charcoal. Satisfactory recov-
ery of the metal from its carbonate ore may be achieved by both the above
techniques.

Bismuth is sold in the form of rod, lump, powder, and wire.

Reactions

Bismuth forms trivalent and pentavalent compounds. The trivalent com-
pounds are more common. Many of its chemical properties are similar to other
elements in its group; namely, arsenic and antimony.

Bismuth is stable to both dry and moist air at ordinary temperatures. At
elevated temperatures, the vapors of the metal combine rapidly with oxygen,
forming bismuth trioxide, Bi2Os. The element dissolves in concentrated nitric
acid forming bismuth nitrate pentahydrate, Bi(NOs)s*5H20. Addition of
water to this salt solution precipitates an oxysalt, BioO3sN2O5* 2H20. Reaction
with hydrochloric acid followed by evaporation of the solution produces bis-
muth trichloride, BiCls.

Bismuth reacts with chlorine, bromine and iodine vapors forming chloride,
bromide and iodide of the metal, respectively. Molten bismuth and sulfur com-
bine to form bismuth sulfide, Bi2Ss.

Analysis

The metal in trace quantities may be analyzed by furnace or flame AA or
by ICP emission or ICP/MS techniques. The solid or liquid sample is digested
with nitric acid and the solution is diluted appropriately and analyzed. The
element may also be determined in solid salts or mixtures by various x-ray
methods.

Hazard
In powder form, the metal is pyrophoric. The toxicity of bismuth and its
compounds is very low.

BISMUTH CHLORIDE

[7787-60-2]
Formula: BiCls; MW 315.34
Synonyms: bismuth trichloride

Uses i}
Bismuth chloride is used to prepare several other bismuth salts; as a cata-
lyst in organic synthesis; and as a constituent in pigments and cosmetics.

Physical Properies
Yellowish-white crystalline solid; cubic crystals; hygroscopic; density 4.75
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g/em3; melts at 230°C; vaporizes at 447°C; vapor pressure 5 torr at 242°C;
reacts with water; soluble in acids, alcohol and acetone.

Thermochemical Properties

AH°f —117.3 kcal/mol

AGef —106.6 kcal/mol

Se 19.8 cal/degree mol

Co 15.5 cal/degree mol

AHfys 2.61 kcal/mol

AHyap 17.36 kcal/mol
Preparation

Bismuth chloride may be synthesized directly by passing chlorine over bis-
muth. Alternatively, the chloride salt may be prepared by adding hydrochlo-
ric acid to basic bismuth chloride and evaporating the solution:

Bi(OH)2Cl + 2HCI — BiCls + 2H20
Also, the compound can be prepared by dissolving bismuth in concentrated
nitric acid and then adding solid sodium chloride into this solution. Another
method of preparation is treating the metal with concentrated hydrochloric
acid:

2Bi + 6HCI — 2BiCls + 3Hz

Analysis

Elemental composition: Bi 66.27%, Cl 22.73%. The metal may be analyzed
by various instrumental techniques (see Bismuth). The solid salt may be
identified nondestructively by x-ray methods.

BISMUTH HYDROXIDE

[10361-43-0]
Formula: Bi(OH)s; MW 260.00;
Synonyms: bismuth hydrate; hydrated bismuth oxide.

Uses

Bismuth hydroxide is used as an absorbent and in the hydrolysis of ribonu-
cleic acid. It also is used in the isolation of plutonium from irradiated urani-
um.

Physical Properties
Yellowish-white amorphous powder; density 4.96 g/cm3; insoluble in water,
soluble in acids; Kgp 3.2 x 1040

Thermochemical Properties
AH®f —170.1 kcal/mol
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Preparation
Bismuth hydroxide is precipitated by adding sodium hydroxide to a
solution of bismuth nitrate.

Analysis
Elemental composition: Bi 80.38%, H 1.16%, O 18.46%. See Bismuth.

BISMUTH NITRATE PENTAHYDRATE

[10035-06—0]
Formula: Bi(NO3)3*5H20; MW 485.07

Uses

The primary use of this compound is to produce a number of other bismuth
compounds. It also is used in luminous paints and enamels; applied on tin to
produce bismuth luster; and for precipitation of alkaloids.

Physical Properties

Lustrous triclinic crystals; acid taste; hygroscopic; density 2.83 g/cm3;
decomposes at 75°C; reacts slowly with water; soluble in acids and acetone;
insoluble in alcohol

Preparation
Bismuth nitrate is prepared by dissolving bismuth in concentrated nitric
acid, followed by evaporation and crystallization .

Reactions

Addition of water precipitates out an oxysalt, BioO3sN2O5*H20. The degree
of hydrolysis and the product composition can vary with the amount of water
and the reaction temperature

Thermal dissociation gives bismuth trioxide and dinitrogen pentoxide:

2Bi(NOs)s —=“ 5 Biy03 + 3N205

Bismuth nitrate reacts with gallic acid in glacial acetic acid to form bis-
muth subgallate, C¢H2(OH)3COOBi(OH)s.

Bi(NOs)s forms bismuth oxychloride, BiOCI in dilute nitric acid solution,
upon addition of sodium chloride.

Bi(NOs)s reacts with sodium hydroxide to form bismuth hydroxide,
Bi(OH)s:

Bi(NOs)s + 3NaOH — Bi(OH)s + 3NaNOs3
Reaction with potassium chromate produces bismuth chromate:

2Bi(NOs3)s + 3NaOH — Bi(OH)3 + 3NaNO3
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Bi(NO3s)s forms bismuth sulfide, BiaSs when hydrogen sulfide is passed
through its solution in nitric acid.

BISMUTH OXYCHLORIDE

[7787-59-9]

Formula: BiOCI; MW 260.43

Synonyms: bismuth chloride oxide; basic bismuth chloride; bismuth subchlo-
ride; bismuthyl chloride

Uses

Bismuth oxychloride is used in face powder and other cosmetics. It also is
used in pigments; dry-cell cathodes; to make artificial pearls; and in medi-
cines.

Physical Properties

White powder or tetragonal crystals; density 7.72 g/cm3; practically insolu-
ble in water, alcohol and acetone; soluble in hydrochloric and nitric acids (with
decomposition); Kgp 7.0 x 10-9.

Thermochemical Properties

AH°f —87.7 kcal/mol
AG®f —77.0 kecal/mol
Se 28.8 cal/degree mol

Preparation
Bismuth oxychloride is made by treating bismuth chloride with water and
then drying the white precipitate so formed to expel a molecule of water:

BiCl; + 2H;0 — Bi(OH):Cl + 2HC1
Bi(OH)3Cl —*“5 BiOCl + H20

Also, the compound is prepared by treating a dilute nitric acid solution of bis-
muth nitrate with sodium chloride.

Analysis
Elemental composition: Bi 80.24%, Cl 13.61%, O 6.14%. The metal may be
analyzed by various instrumental techniques. (See Bismuth.)

BISMUTH OXYCARBONATE

[6892-10—4]
Formula: (Bi0)2CO3s; MW 509.97
Synonyms: bismuth subcarbonate; bismuth carbonate, basic; bismuth basic
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carbonate
Uses

Bismuth oxycarbonate is used in cosmetics, enamel fluxes, ceramic glazes,
plastic and artificial horn products. It also is used as an opacifier in x-ray
diagnosis; and in medicine for treatment of gastric ulcers, diarrhea and
enteritis.

Physical Properties
White powder; density 6.86 g/cm3; insoluble in water and alcohol; soluble
in mineral acids.

Preparation
Bismuth oxycarbonate is prepared by adding sodium carbonate to a sus-
pension of bismuth subnitrate in water.

BiONO3 + Na2CO3 — (Bi0)2CO3 + 2NaNOs3

(B10)2COs3 also may be prepared by adding ammonium carbonate to a solu-
tion of bismuth salt. The nature of the product in the preparative processes
depends on the nature of the subnitrate or the bismuth salt used, the amount
of water and the temperature.

BISMUTH OXYNITRATE

[10361-46-3]

Formula: BIONOs; MW 286.98

Synonyms: bismuth subnitrate; basic bismuth nitrate; bismuthyl nitrate; bis-
muth white

Uses

Bismuth oxynitrate is used in cosmetics, enamel fluxes and ceramic glazes.
Medical applications include treatment of diarrhea, and gastric ulcers; and
opacifier in x—ray diagnosis of alimentary canal .

Physical Properties
White powder; density 4.93 g/cm3; decomposes at 260°C; insoluble in water
and ethanol; dissolves in acids.

Preparation

Bismuth oxynitrate is prepared by hydrolysis of bismuth nitrate using
either water or sodium bicarbonate solution under mild heating (between 30
to 70°C) and stirring. The composition of the product formed can vary depend-
ing on the strength of nitric acid and the quantity of water used.

Reactions
At 260°C or above, bismuth oxynitrate decomposes to bismuth oxide and
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oxides of nitrogen. The compound is practically insoluble in water. However,
as a suspension in water, it reacts with many compounds, such as, sodium and
other alkali metal bicarbonates, several soluble metal iodides and phosphates,
and sulfur, forming precipitates of insoluble bismuth compounds.

BISMUTH SULFIDE

[1345-07-9]
Formula: BisSs; MW 514.16
Synonym: bismuth trisulfide

Occurrence and Uses

Bismuth sulfide occurs in nature as the mineral bismuthinite (bismuth
glance). It is used as a starting material to produce many other bismuth com-
pounds.

Physical Properties
Brownish black orthogonal crystal; density 6.78 g/cm3; hardness 2 Mohs;

melts at 850°C; insoluble in water; soluble in acids.

Thermochemical Properties

AH°f —34.22 kcal/mol
AGef —33.62 kcal/mol
Se 47.9 cal/degree mol
Co 29.2 cal/degree mol

Preparation

The compound occurs in nature as mineral bismuthinite. It can be prepared
in the laboratory by passing hydrogen sulfide into a solution of bismuth chlo-
ride or any soluble bismuth salt:

2BiCl; + 3HoS — BisS3 + 6HCI

Alternatively, bismuth sulfide may be obtained by melting a mixture of bis-
muth and sulfur:

2Bi + 38 /<@y BiySs

Analysis

Elemental composition: Bi 81.29%, S 18.71%. The metal may be determined
by digesting the compound in nitric acid followed by instrumental analysis (see
Bismuth). Sulfur may be measured in the acid extract by ICP/AES technique.
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BISMUTH TRIOXIDE

[1304-76-3]
Formula: Bi2O3; MW 465.96
Synonyms: bismuth oxide; bismite; bismuth yellow; bismuthous oxide

Occurrence and Uses

Bismuth trioxide occurs in nature as mineral bismite. The oxide is used in
fireproofing of papers and polymers; in enameling cast iron ceramic; and in
disinfectants.

Physical Properties
Yellow monoclinic crystal or powder; density 8.90 g/cm3; melts at 817°C;

vaporizes at 1,890°C; insoluble in water; soluble in acids.

Thermochemical Properties

AH°f —137.2 kcal/mol
AGef —118.1 kcal/mol
SO 36.2 cal/degree mol
Co 217.1 cal/degree mol

Preparations

Bismuth trioxide is commercially made from bismuth subnitrate. The lat-
ter is produced by dissolving bismuth in hot nitric acid. Addition of excess
sodium hydroxide followed by continuous heating of the mixture precipitates
bismuth trioxide as a heavy yellow powder. Also, the trioxide can be prepared
by ignition of bismuth hydroxide.

Reactions

Oxidation with ammonium persulfate and dilute caustic soda gives bis-
muth tetroxide, Bi2O4. The same product can be obtained by using other oxi-
dizing agents such as potassium ferricyanide and concentrated caustic potash
solution.

Electrolysis of bismuth trioxide in hot concentrated alkali solution gives a
scarlet red precipitate of bismuth pentoxide, Bi2Os.

Bismuth trioxide reacts with hydrofluoric acid forming bismuth trifluoride,
BiFs.

Reaction with acetic anhydride and oleic acid gives bismuth trioleate,
Bi(C1sH3302)s.

Analysis

Elemental composition: Bi 89.70%, O 10.30%. The compound may be ana-
lyzed by x-ray diffraction technique. Alternatively, it may be digested with
nitric acid and the solution analyzed for Bi by AA or ICP spectrophotometry.
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BORAX, ANHYDROUS

[1330-43-3]
Formula NasB4sO7; MW 201.22
Synonyms: sodium tetraborate; disodium tetraborate; anhydrous borax

Uses

Anhydrous borax is used in the manufacture of glasses, glass wool, and
metallurgical fluxes. Other uses are in enamels, frits, and glazes. It also is
applied in fertilizers.

Physical Properties

Colorless glassy solid; also exists in several crystalline forms; hygroscopic;
density 2.37 g/cm3 (glassy form), 2.27 g/lem3 ( crystalline form); melts at 743°C;
vaporizes at 1,575°C; the o—form stable above 600°C; dissolves slowly in cold
water; soluble in methanol (16.7% as fine crystal), and ethylene glycol (30% as
fine crystal).

Thermochemical Properties

AH°f —786.6 kcal/mol
AG°f —740.0 kcal/mol

SO 45.29 cal/degree mol
Co 44.65 cal/degree mol
AHjys 19.4 kcal/mol
AHsoln —10.28 kcal/mol

AHhydration (to decahydrate) 38.5 kcal/mol

Preparation

Anhydrous borax is made from its hydrated forms by calcination and
fusion. In the United States, it is produced by US Borax and Kerr-McGee
Corporations. The starting material is borax decahydrate. The amorphos form
is obtained by rapid cooling of molten borax. The molten material on long
standing produces the crystalline form.

Analysis

The B203s content of borax may be determined by extraction into HCI solu-
tion followed by complexation with mannitol and titration with dilute NaOH.
The NagO content of borax may be measured by titration of an aqueous solu-
tion with dilute HCl. Boron and sodium metals in the acid extract of borax
may be analyzed by atomic absorption or emission spectroscopy after appro-
priate dilution of the extract. In the solid phase B2Os and NasO may be mea-
sured nondestructively by x-ray techniques.

Hazard
None
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BORAX DECAHYDRATE

[1303-96—4]
Formula: Nas2B4O7+10H20; MW 381.37
Synonym: disodium tetraborate decahydrate

Occurrence and Uses

Borax decahydrate occurs in nature as mineral, borax (tincal). It is one of
the most common sodium borate ores. The compound has several industrial
applications. The refined material is mostly used in household cleaning prod-
ucts. It is used to make pyrex and other borosilicate glasses. Borax is added
to fertilizers in small quantities as a source of boron, as a trace nutrient for
plants. High purity grade borax is used in cosmetics, toilet products and elec-
trolytic capacitors. It also is used in fire retardants, adhesives and herbicides.

Physical Properties

White monoclinic crystal; density 1.73 g/cm3; decomposes at 75°C; soluble
in water; the vapor pressure of the pure compound 1.6 torr at 20°C and that
of a saturated solution 130 torr at 58°C; the pH of a 1% aqueous solution 9.24
(the pH is nearly independent of concentration); readily dissolves in alcohols

Production

Borax decahydrate is produced from borate ores, primarily colemanite and
also from dry lake brines. When produced from its ore, the ore is crushed and
then blended with B2Os. The blend is mixed with hot recycle liquor in a dis-
solving plant. Rock and clay particles from the liquor are removed over vibrat-
ing screens. The liquor is then fed to thickeners for settling of insolubles after
which the underflow mud is washed with water. The strong liquor of borax
hydrates is then pumped into continuous vacuum crystallizers for the separa-
tion of the pentahydrate first and then the decahydrate. The products are
dried in rotary or fluid bed driers.

In most commercial processes, borax is obtained from lake brines, tincal
and colemanite. The primary salt constituents of brine are sodium chloride,
sodium sulfate, sodium carbonate and potassium chloride. The percent com-
position of borax as NasB4O7 in brine is generally in the range 1.5 to 1.6%.
Borax is separated from these salts by various physical and chemical process-
es. The brine solution (mixed with mother liquor) is subject to evaporation and
crystalization for the continuous removal of NaCl, NasCOs and NagSOu4,
respectively. The hot liquor consists of concentrated solution of potassium
salts and borate components of the brine. The insoluble solid particles are fil-
tered out and the liquor is cooled rapidly in continuous vacuum crystallizers
under controlled conditions of temperatures and concentrations to crystallize
KCI. Cystallization of borax along with KCI from the concentrated liquor must
not occur at this stage. KCl is separated from the liquor by filtration.
Bicarbonate then is added to the liquor to prevent any formation of sodium
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metaborate. The liquor then is evaporated and refrigerated to crystallize
borax.

Reactions

Reactions with acids and bases produce borates with varying Na2O/B20s3
mole ratios. While acids produce borates with NasO/B20Os mole ratios less
than 0.5, their ratio is greater than 0.5 with bases. Treatment with sulfuric
acid produces boric acid and sodium sulfate:

NasB4O7+10H20 + HoSO4 — 4H3BO3 + NaoSO4 + 5H20

Reaction with hydrofluoric acid produces boron trifluoride, BFs,
Dehydration gives pentahydrate, NasB4O7°:5H20 and other lower
hydrates. Calcination at elevated temperatures gives anhydrous borax.

Analysis

Water of crystalization can be analyzed by TGA or DTA methods. The the-
oretical water content of borax decahydrate is 47.2%. The salt is digested with
acid and the boron and sodium content may be measured by AA or ICP spec-
trophotometry. The compound may be identified by x-ray methods.

BORAX PENTAHYDRATE

[12045-88—4]

Formula: NasB4O7+5H20; MW 291.30

Synonyms: disodium tetraborate pentahydrate; sodium tetraborate pentahy-
drate; tincalconite (mineral)

Occurrence and Uses

Borax pentahydrate occurs in nature as mineral tincalconite, formed by
dehydration of borax. It has several industrial applications, mostly the same
as its decahydrate. The pentahydrate is used in the manufacture of borosili-
cate glass. It also is used in cleaning agents; ceramic glaze; adhesives; cos-
metics; antifreeze; and herbicide formulations. It is added to fertilizers to pro-
vide boron as a nutrient to the plants.

Physical Properties

Hexagonal crystal; density 1.88 g/cm3; decomposes on heating; reversibly
converts to an amorphous dihydrate when heated at 88°C at 2 torr; soluble in
water (13% at 45°C), soluble in alcohols (17% in methanol and 31% in ethyl-
ene glycol by weight).

Thermochemical Properties
AH®f —273.3 kcal/mol
Specific heat 316 cal/g°C
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Production

Borax pentahydrate is produced from various sodium borate and magne-
sium borate ores. In the United States, it is produced from dry lake brines,
colemanite and tincal. It is commercially produced along with the decahy-
drate. The production processes are similar to decahydrate (see Borax dec-
ahydrate).

BORIC ACID

[10043-35-3]
Formula: B(OH)s; MW 61.833,;
Synonyms: orthoboric acid; boracic acid

Uses

Boric acid is used to prepare a variety of glasses including fiber glass, heat
resistant borosilicate glass, and sealing glasses. It also is used to make porce-
lain. A major application of boric acid is to prepare a number of boron com-
pounds including inorganic borate salts, boron halides, borate esters, fluobo-
rates, and many boron alloys. The compound is used as a component of weld-
ing and brazing fluxes.

Boric acid is used as an antiseptic in mouthwashes, eye washes, and oint-
ments; a preservative in natural products; to protect wood against insect dam-
age; in washing citrus fruits; as a catalyst in hydrocarbon oxidation; as a
flame retardant in cellulose insulation; in nickel electroplating baths; and as
a buffer in ammonia analysis of wastewaters by acid titration.

Physical Properties

Colorless, transparent triclinic crystal or white granule or powder; density
1.435 g/cm3; melts at 171°C under normal heating; however, slow heating
causes loss of water; sparingly soluble in cold water (4.7% at 20°C); pH of
0.1M solution 5.1; readily dissolves in hot water (19.1% at 80°C and 27.5% at
100°C); also soluble in lower alcohols and moderately soluble in pyridine.

Thermochemical Properties

AH° (cry) —261.5 kcal/mol
AH° (gas) —231.5 kcal/mol
AG#° (cry) —237.6 kcal/mol
SO 21.22 cal/degree mol
Co 19.46 cal/degree mol

Preparation

Boric acid is produced from borax, colemanite, or other inorganic borates by
reaction with sulfuric acid or hydrochloric acid, and cooling the solution to
proper temperature:

NasB4O7 * 10H,0 + HoSO4 — 4H3BO3 + NaoSO4 + 5H20
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It also may be prepared by extraction of weak borax brine with a kerosene
solution of an aromatic diol, such as 2-ethyl-1,3—hexanediol or 3—chloro—
2—-hydroxy—5—(1,1,3,3—tetramethylbutyl)benzyl alcohol. The diol-borate
chelate formed separates into a kerosene phase. Treatment with sulfuric acid
yields boric acid which partitions into aqueous phase and is purified by recrys-
tallization.

Reactions

In dilute aqueous solutions, the boric acid molecule remains undissociated
B(OH)3; but in concentrated solutions, B(OH); and complex polyborate
anions, such as B3O3(OH); are formed. Reactions with fluoride ion produce
fluoroborates, BF(OH)s , BF3(OH)2 , BF3(OH) , BF4 , and B3O3Fg3- in step-
wise sequence. It forms similar polyions with amides and borates.

Boric acid on slow heating loses water around 130°C, forming metaboric
acid HBOg which converts into different crystal modifications that depend on
the temperature. Further heating dehydrates metaboric acid to pyroboric
acid, HoB4O7 and boric oxide, B2Os.

Boric acid forms complexes with a number of inorganic ions and organic
molecules. Ammonia, hydrazine, hydroxides and oxyhalides from complexes
with boric acid. The organics include diols, thiols, dioxane, pyridine and many
other solvents in which boric acid dissolves.

Heating with metal oxides at elevated temperatures produces anhydrous
borates. Reactions with halogens in the presence of carbon at temperatures
above 500°C give boron trihalides. Heating a mixture of boric acid, ammonia
and calcium phosphate in an electric furnace produces boron nitride.

Analysis

Elemental composition: B 17.50%, H 4.88%, O 77.62%. Boric acid may be
analysed by adding calcium chloride (in excess) and sorbitol or mannitol to its
solution, followed by acid-base titration using a strong base to phenolph-
thalein endpoint. Elemental boron may be analyzed by AA or ICP spec-
trophotometry.

BORIC OXIDE

[1303-86—2]
Formula: B2Os; MW 69.620
Synonyms: boric anhydride; boron oxide; diboron trioxide

Uses

Boric oxide is used to produce many types of glass including low-sodium,
continuous filaments for glass-belted tires, and fiberglass plastics. It also is
used to make ceramic coatings, porcelain enamels and glazes. Also, the com-
pound is used as an acid catalyst in organic synthesis; and to prepare several
other boron compounds.
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Physical Properties

Colorless glassy solid or vitreous crystal; hexagonal crystal system; slight-
ly bitter taste; hygroscopic; density 2.55 g/cm3; melts at 450°C; vaporizes at
1,500°C; slightly soluble in cold water (3.3%), soluble in alcohol and boiling
water (20%).

Thermochemical Properties

AH¢® (cry) —304.4 kcal/mol
AH¢® (gas) —201.7 kcal/mol
AGf ° (cry) —285.4 kcal/mol
AGf ° (gas) —198.9 kcal/mol
S° (cry) 12.9 cal/degree mol
S° (gas) 66.9 cal/degree mol
Co (gas) 16.0 cal/degree mol

Preparation
Boric oxide is produced by treating borax with sulfuric acid in a fusion fur-
nace. At temperatures above 750°C, the molten boric acid layer separates out
from sodium sulfate. It then is decanted, cooled, and obtained in 96-97% puri-
ty. Boric acid above 99% purity may be obtained by fusing granular material.
Boric oxide may be prepared by heating boric acid:

2B(OH), —*B,0, +3H,0

Reactions
Boric oxide reacts with water forming boric acid:

B203 + 2 HoO — 2 B(OH)3

The reaction is exothermic (AH°f hydration is —18.15 kcal/mol B20s). In the
molten state, it reacts with water vapor to form gaseous metaboric acid,
HBOa..
B20s (glass) + H20 (g) — 2HBO2 (g)
Reaction with hydrochloric acid or chlorine in the presence of carbon at ele-
vated temperatures produces boron trichloride:

B,0, + 6HCl+3C—24%C ,7BCl, ++3CO +3H,

Similar reactions occur with many other chlorine-containing compounds,
BCls being produced (see Boron Trichloride reactions). Anhydrous borax and
BCls are obtained when it is heated with sodium chloride at 800°C:

7B20: + 6NaCl—2C 3 2BCl: + 3Na20 *2B20:

Reaction with hydrofluoric acid produces boron trifluoride:

B20Os+ 6HF — 2BF3 + 3H0
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When heated in an electric furnace, B20Os3 is reduced by carbon to form boron
carbide, B4C, and reacts with calcium phosphate and ammonia to form boron
nitride, BN. It reacts with sulfuric acid to produce a borate derivative,
H[B(HSO4)4]. It combines with several metal oxides to form mixed oxides
when heated above 1,000°C.

[7440-42-8]
Symbol: B; atomic number 5; atomic weight 10.811; a Group III A (Group 13)
metalloid element; atomic volume 4.70 cc/g-atom; electron affinity 0.277 eV,
electronic configuration 1s22s22pl; valence state +3; naturally occurring sta-
ble isotopes are B—10 and B-11 and their abundance 19.57% and 80.43%,
respectively.

Occurrence and Uses

The element was discovered in 1808 independently by Sir Humphrey Davy
and also by GayLussac and Thenard. Boron does not occur in nature in free
elemental form but is found in many borate ores. The principal borate miner-
als are as follows:

sassolite [10043-35-3], B(OH)s

borax (tincal) [1303-96—4], NagO-*2B203°10H20
kernite [12045-87-3], Naz0°+2B203°4H20
tincalconite [12045-88—4], Naz0°*2B203°5H20
colemanite [12291-65-5], 2CaO-*3B203°*5H20

ulexite [1319-33-1], Na20°:2Ca0-+5B203°*16H20
probertite [12229-14-0], Nas0-+2Ca0+5B203°10H20
hydroboracite [12046-12-7], CaO-*-MgO *3B203*6H20

szaibelyite [12447-04-0], 2MgO *B203°*H20
The major borate minerals found in the United States are tincal, kernite, brine,
colemanite, ulexite and probertite. Boron also is found in many volcanic spring
waters. Its abundance in the earth’s crust is estimated to be 0.001%, and in sea-
water 4.4 mg/L

The most important application of boron is to make fibers or whiskers of
single crystal or ceramic crystal. The addition of boron to metals, alloys, or
other solids, imparts resistance to plastic flow, and thereby produces unusual
strength in the material. Amorphous boron is used in rockets as an igniter, and
in pyrotechnic flares to give green color. Many boron compounds, such as borax,
boron hydrides, and boron halides, have important commercial applications
(see individual compounds).

Physical Properties

Black hard solid or brownish black amorphous powder; also occurs as
tetragonal, a-rhombohedral and B-rhombohedral crystal forms; density 2.34
g/lem3 (crystal), 2.45 g/em3 (amorphos powder); hardness 9.3 Mohs; melts at
2,075°C; vaporizes at 4,000°C; electrical resistivity 3,000,000 ohm-cm at
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100°C.

Thermochemical Properties
AHy °(gas) 135.1 kcal/mol
Gr° (gas) 124.6 kcal/mol
S° (gas) 36.68 cal/degree mol
Co (gas) 4.97 cal/degree mol
AHjys 12.0 kcal/mol
AHyap 114.8 kcal/mol

Preparation

Boron may be prepared by several methods, such as chemical reduction of
boron compounds, electrolytic reduction in nonaqueous phase, or by thermal
decomposition. Many boron compounds including boron oxides, borates, boron
halides, borohydrides, and fluoroborates can be reduced to boron by a reactive
metal or hydrogen at high temperatures:

B2Os3 + 3Ca __fear_y 2B + 3Ca0O
The metal is obtained as a black amorphous product.
2BCls + 3Hs ﬂ) 2B + 6HC1

High purity grade boron may be prepared by such hydrogen reduction at high
temperatures using a hot filament.

Electrolytic reduction and thermal decomposition have not yet been applied
in large scale commercial methods. Electrolysis of alkali or alkaline earth
borates produces boron in low purity. Electrolytic reduction of fused melts of
boron trioxide or potassium tetrafluroborate in potassium chloride yield boron
in high purity. Also, boron tribromide or boron hydrides may be thermally dis-
sociated by heating at elevated temperatures.

Impurities from boron may be removed by successive recrystallization or
volatilization at high temperatures. Removal of certain impurities such as
oxygen, nitrogen, hydrogen or carbon from boron are more difficult and
involve more complex steps.

Reactions

Reactivity of boron is relatively much lower than practically all other met-
als in the periodic table. Also, reactivity varies with physical state and parti-
cle size of the element: the micron amorphous form is more reactive than the
crystalline modifications. The element exhibits +3 oxidation state in most of
its compounds.

Boron does not react with water at ambient temperatures. The powdered
amorphous form, however, reacts slowly at 100°C producing boric acid. The
amorphous metal reacts slowly with dilute mineral acids at ambient temper-
atures; the crystalline form is inert. The former, however, reacts vigorously
with concentrated nitric acid. The amorphous powder ignites in oxygen at
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700°C.

Boron reacts with halogens to form boron halides. The reaction is instan-
taneous with fluorine but occurs at elevated temperatures with other halo-
gens. With chlorine, bromine and iodine, the formation of halides completes
around 400°C, 600°C and 900°C, respectively. Again, the amorphous powder
of the metal is more reactive than the crystalline form.

Boron combines with nonmetals at elevated temperatures. It readily com-
bines with oxygen at 1,000°C forming boron oxide, B20s; with hydrogen
around 850°C, producing diborane and other boron hydrides; and with nitro-
gen at red heat forming boron nitride, BN. It also combines with carbon at
high temperatures to give boron carbide B4C. It reacts with B20Os at above
1,000°C to form boron monoxide and suboxides of various compositions.

Boron combines with refractive metals forming their borides; e.g., AlB19,
SiBg, CrBe, ZrBg, and TiBs . Many of these borides have important industrial
applications. Most reactions occur at temperatures in the range 1,100°C to
2,000°C. The reactions are exothermic and can be rapid.

Analysis

Boron may be analyzed by various instrumental methods, such as atomic
absorption (AA) and atomic emission spectrophotometry (ICP/AES).
Individual isotopes at an exceedingly trace concentration in solution phase
may be measured by ICP/MS. The later method should be preferred over the
AA techniques.

Also, boron can be analyzed by colorimetry techniques (APHA, AWWA, and
WEF. 1999. Standard Methods for the Examination of Water and Wastewater,
20th ed. Washington DC: American Public Health Association). Boron in acid-
ified aqueous phase reacts with curcumin to form a red-colored product, roso-
cyanine. Presence of calcium and magnesium at high concentrations can
interfere in the test. Another colorimetric measurement involves the reaction
of boron with carmine or carminic acid in concentrated sulfuric acid. The color
of the solution changes from bright red to bluish red or blue, depending on
boron concentration.

Toxicty

Boron in the elemental form is nontoxic. Rubbing the amorphous powder on
the skin can produce irritation. Some compounds of boron, however, are poi-
sonous (see under individual compounds).

BORON CARBIDE

[12069-32-8]
Formula: B4C; MW 55.255

Uses
Boron carbide is used in sandblast nozzles, ceramic armor plates and abra-
sive powder grinding wheels. Because of its high neutron absorptivity and
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chemical inertness, it also is used as a shielding material in nuclear reactors.

Physical Properties

Black hard crystal; density 2.50 g/cm3; hardness 9.3 Mohs; melts at
2,350°C; vaporizes above 3,500°C; insoluble in water and acid; inert to most
chemicals at ordinary temperatures; rapidly attacked by hot alkalies.

Preparation

Boron carbide is prepared by reduction of boric oxide either with carbon or
with magnesium in presence of carbon in an electric furnace at a temperature
above 1,400°C. When magnesium is used, the reaction may be carried out in
a graphite furnace and the magnesium byproducts are removed by treatment
with acid.

BORON HYDRIDES

Boron forms a class of binary compounds known as boron hydrides or
boranes with hydrogen (Numbers in parentheses are the number of hydrogen
atoms in each compound.) The names, CAS Numbers, and formulas of some of
these compounds are:

diborane(6) [19287-45-T] BaHs
tetraborane(10) [18283-93-7] BsHio
pentaborane(9) [19624—-22-T] BsHg
pentaborane(11) [19433-84—6] BsHi:
hexaborane(10) [23777-80-2] BsHio
nonaborane(15) [19465-30-6] BoHs5
decaborane(14) [17702—-41-9] BioHi4
Uses

Boron hydrides are used in rocket propellants. They are ideal water-reac-
tive fuels, liberating high energy when exposed to moist air or traces of water.
Two other major applications of these compounds are in preparative chem-
istry, to produce borohydrides and many organoboranes, and as reducing
agents. These substances find limited applications in catalysis. Diborane is a
polymerization catalyst for olefins. Some minor applications of these com-
pounds include vulcanization of rubber, corrosion inhibition, dye stripping,
mothproofing, and as fluxing agents. Diborane also is used as a doping agent
for p—type semiconductors.

Physical Properties

Diborane(6) and tetraborane(10) are colorless gases at ambient tempera-
ture and pressure. Diborane has a repulsive odor. Higher boranes up to nine
boron atoms are colorless liquids. Decaborane(14) is a colorless crystalline
solid. Pentaborane(11) and hexaborane(12) are unstable compounds. The den-
sities and melting and boiling points of selected boron hydrides are shown in
the following table:
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boranes densities mp bp
g/mL °C °C
diborane(6) 1.214 g/LL -165.5 -92.4
tetraborane(10) 2.34 g/ -121 18
pentaborane(9) 0.60 —46.6 60
pentaborane(11) — —123 63
hexaborane(10) 0.67 -62.3 108
(decomposes)
hexaborane(12) — -82 80
nonaborane(15) 2.6 — —
decaborane(14) 0.94 99.6 213

Boron hydrides are soluble in carbon disulfide, diglyme and ethyl acetate.
They react with water.

Thermochemical Properties

borane(BH3) AHg° 23.9 kcal/mol
diborane(6) AHg° 8.509 kcal/mol

AG¢° 20.72 kcal/mol

Se 55.47 cal/degree mol

Co 13.6 cal/degree mol

AHvap at bp 3.41 kcal/mol
tetraborane(10) AHg° 15.798 kcal/mol

AHyap at bp 6.477 kcal/mol
pentaborane(9) AH¢°(1) 10.206 kcal/mol

AHy °(g) 17.495 kcal/mol

AGs° (1) 41.06 kcal/mol

AG¢° (g) 41.826 kcal/mol

S° (g) 44.02 cal/degree mol

Co (2) 36.11 cal/degree mol
pentaborane(11) AH¢°(1) 17.495 kcal/mol

AHy °(g) 24.69 kcal/mol

AHvap at bp 7.60 kcal/mol
hexaborane(10) AH¢°(1) 13.456 kcal/mol

AHy °(g) 22.61 kcal/mol
decaborane(14) AHg °(s) 7.529 kcal/mol

AG#° (s) 51.649 kcal/mol

S° (s) 84.37 cal/degree mol

Preparation
Diborane is prepared by the reaction of sodium borohydride with iodine or
boron trifluoride or trichloride in diglyme:

9NaBH, + [, —24™ 5 B Hg + 2Nal + H

3NaBH, + I, —%£2¢ 5 9B,H, + 3NaBF,
It also may be prepared by the reaction of sodium borohydride with sulfu-
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ric acid:
2NaBH4 + HoSO4 — BoHg + 2Hs + NaoSOy
Diborane also can be made by reduction of boron trichloride with either
sodium hydride at room temperature in diglyme or with hydrogen over alu-
minum at 350 to 500°C :

9BCl; + 6Hy —2— ByHg + 6HCI
350 —=500°C

Tetraborane too can be prepared from sodium borohydride. The reaction,
however, is carried out at a high temperature. The product sodium octahy-
droborate is treated with hydrochloric acid to yield tetraborane:

9NaBH, + I, —2&me 5 NaBoHg + 2H, + 2Nal
100°C

4NaBsHg + 4HC1 — 2B4H 19 + 4NaCl + 8Hy
Higher boranes can be produced from diborane by pyrolysis.

Reactions

Boranes oxidize in air to form boron oxides. Diborane spontaneously ignites
in air around 50°C. The presence of impurities can lower the ignition temper-
ature. Tetraborane decomposes slowly at ordinary temperatures but rapidly
on heating. Decaborane is very stable at ordinary temperatures. When heat-
ed at 300°C, it slowly decomposes to boron and hydrogen. All boranes decom-
pose to their elements at elevated temperatures.

Boron hydrides react with water, hydrolyzing to boric acid and hydrogen:

BsHg + 6H2O — 2H3BO3 + 6Ho

Decaborane is soluble in cold water but hydrolyzed in hot water.

Reactions with halogens give boron halides. While reaction with chlorine
can be explosive with diborane, it is slow with bromine. Diborane reacts with
alkanes forming alkylboranes. Reactions with aromatics give arylboranes.

Boranes undergo a variety of reactions, such as proton abstraction, elec-
trophilic substitution, fragmentation and adduct formation. Some of these
reactions are highlighted below with selective examples.

Lewis bases such as ammonia cleave boron hydrides unsymmetrically into
BH: and Bu-1)Hm-1) fragments:

BsHio + 2NH3 —» [HoB(NHj3)o]* [BsHg]-
BoHg + 2(CH3)20 — 2(CH3)20 < BH3

Alkali metal hydrides react with diborane to form metal borohydrides:
BoHe+ 2NaH — 2NaBH4

Decaborane reacts with pyridine, triphenyl phosphine, triethylamine, ace-
tonitrile and other weak bases forming an adduct with liberation of hydrogen:
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CioH14 + 2CsHs5N — CioHi2 © 2Cs5HsN + He

Deuterium exchange studies on decaborane and other boranes indicate
acidic character of bridge hydrogens. They react with bases undergoing pro-
ton abstraction reactions:

BioHi4+ KOH — K[B10H13] + H-0
BsH19 + NaOH — Na[B4H9] + Ho

Alkali metal hydrides too abstract protons from boranes. While water is
produced with basic hydroxides, hydrogen is liberated with hydrides. Except
diborane, all other boron hydrides undergo similar reactions, liberating
hydrogen:

B4sHip + NaH — Na[B4H9] + Ho

Many boron hydrides, especially the higher boranes, undergo halogenation,
alkylation and other substitution reactions when treated with electrophiles.
Such reactions are catalyzed by acids, yielding a variety of stable products.

Diborane and other lower boranes pyrolyze when treated with borohydrides
and other metallo borane derivatives at elevated temperatures undergoing
polyhedral expansion:

2NaBH4 + 5BoHg % NasBi12H12 + 13Ho
diglyme

Similarly, [BsHs] pyrolyze at 230°C forming [BoHo]2 , [BioH1o]z , and

[B12H1s]e borane anions.
Diborane forms stable adducts with many electron donors:

BoHg + 2N(C2Hs)3 — 2(C2Hs)sN « BH3
BoHg + (CH3)2S — 2(CH3)2S * BHs

Boranes react with carbon monoxide forming more than one adduct:
BsHi; + 2CO — BH3(CO)+ B4Hg(CO)

Analysis

Diborane in air may be analyzed by passing air through a PTFE filter and
oxidizer-impregnated charcoal. It is oxidized to boron and desorbed with 3%
H2032. Boron is measured by plasma emission spectrometry or ICP emission
spectrometry (NIOSH. 1984. Manual of Analytical Methods, 3rd ed.
Cincinnati, OH: National Institute for Occupational Safety and Health).
Boron hydrides can be analyzed by FTIR techniques.
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Hazard

Diborane ignites spontaneously in moist air. Its flash point is in the range
38 to 52°C, and it forms explosive mixtures with air over a wide range: the
lower and upper flammable limits are 0.8 to 88% by volume in air, respec-
tively. Diborane explodes in contact with chlorine and ignites with fuming
nitric acid. All boron hydrides react violently with halogenated extinguishing
agents.

Exposure to boron hydride gases or vapors can cause irritation of respira-
tory passages, acute poisoning of lungs, and pulmonary edema. Ingestion of
decaborane can cause spasm, tremor, and convulsion. For decaborane, LDso
oral (mouse) is 41 mg/kg; LDso skin (mouse) is 740 mg/kg; and LCso inhalation
(40 hr.) (mouse) is 12 ppm.

BORON NITRIDE

[10043-11-5]
Formula: BN; MW 24.818

Uses

Boron nitride is extremely hard and very resistant to both chemical attack
and thermal shock. Because of these properties, BN has many industrial
applications. Cubic crystals of boron nitride under the name Borazon are
incorporated into abrasive wheels for grinding nickel and ferrous alloys. They
also are used to make cutting tools for other hard alloys. The hexagonal crys-
tal form is applied to construct refractory materials, such as vessels, crucibles,
rectifying tubes, transistor mounting wafers, specialized equipment, and
heatshields for plasma that need high temperature electrical and thermal
insulation. Boron nitride is used to make heat resistant, high strength fibers.

Physical Properties

White powder, hexagonal graphite-like form or cubic crystal; cubic form
similar to diamond in its crystal structure, and reverts to graphite form when
heated above 1,700°C; density 2.18 g/cm3; melts at 2,975°C (under nitrogen
pressure); sublimes at 2,500°C at atmospheric pressure; insoluble in water
and acid; attacked by hot alkalies and fused alkali carbonates; not wetted by
most molten metals or glasses.

Thermochemical Properties

AHg °(cry) —60.80 kcal/mol

AG¢° (cry) -54.59 kcal/mol

S° (cry) 3.54 cal/degree mol
Cp (cry) 4.71 cal/degree mol
AHy°(g) 154.8  kcal/mol

AG° (g) 146.9  kcal/mol
S° (g) 50.74 cal/degree mol

Co (2) 7.05 cal/degree mol
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Preparation
Boron nitride is prepared by heating boric oxide with ammonia:

B2O3 + 2NH3 ﬂ% 2BN + 3H20
Alternatively, the compound can be prepared by heating boric oxide or boric
acid with ammonium chloride or an alkali metal cyanide. Purified product can
be obtained by high temperature reaction of boron halide with ammonia:

BCl; + NHj; ﬂ% BN + 3HCI

Boron nitride can also be made from the elements by heating boron and nitro-
gen at red heat.

BORON PHOSPHATE

[13308-51-5]
Formula: BPO4; MW 105.784
Synonym: borophosphoric acid

Uses

Boron phosphate is used as an acid catalyst for dehydration of alcohols to
olefins; isomemization of olefins; nitration of aromatic hydrocarbons; poly-
merization of aldehydes and other synthetic reactions. It also is used as a flux
in silica—based porcelain and ceramics; special glasses; and acid cleaners.

Physical Properties

White infusible solid; density 1.873 g/mL; sublimates slowly above 1,450°C;
soluble in water, decomposes to phosphoric acid and boric acid; pH of 1% solu-
tion is ~2.0.

Preparation
Boron phosphate is prepared by heating an equimolar mixture of boric acid
and phosphoric acid at 1,000 to 1,200°C:

H:BOs; + HsPO, —2€ 5 BPO, + 3H50

Various preparative methods are adopted at nonstoichiometric formulations,
incomplete dehydration or using oxide additives to obtain boron phosphate of
varying purity for its catalytic applications. The compound also forms
hydrates (tri— tetra—, penta—, and hexahydrates) which readily decompose in
water to phosphoric acid and boric acid.

Analysis
Elemental composition: B 10.22% ; P 29.28% ; O 60.50%. A small, measured
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amount is dissolved in water and the solution is analyzed for orthophosphate
by ion chromatography, or by molybdenum-blue colorimetric method (APHA,
AWWA and WEF. 1999. Standard Methods for the Examination of Water and
Wastewater, 20th. ed. Washington, DC: American Public Health Association).
Borate may be analyzed by ion chromatography, and elemental boron by AA
or ICP spectrophotometry, following appropriate dilution of the solution (see
Boron).

BORON TRICHLORIDE

[10294-34-5]

Formula: BCls; MW 117.17; planar geometry; CI-B—CIl bond angle 120°C; a
Lewis acid, an electron deficient compound.

Synonym: boron chloride

Uses

Boron trichloride is used as a catalyst in polymerization reactions. Other
applications include refining of alloys; soldering flux; and as a component in
certain fire extinguishers. It also is used to prepare boron fibers and other
boron compounds including diborane, sodium borohydride and several
adducts.

Physical Properties

Colorless gas (or fuming liquid); density 5.14 g/L; liquefies at 12.6°C; solid-
ifies at —107°C; vapor pressure 470 torr at 0°C; critical temperature 182°C;
critical pressure 38.2 atm; critical molar volume 239 cm3/mol; reacts with
water and ethanol; soluble in carbon tetrachloride.

Thermochemical Properties

AH () —102.1 kcal/mol
AH°(g) -96.5 kcal/mol
AG+° (D) -92 kcal/mol
AGy° (g) -92.9 kecal/mol
Se (1) 49.3  cal/degree mol
S° (g) 69.3  cal/degree mol
Co (D 25.5  cal/degree mol
Co (2) 15.0  cal/degree mol
AHyap 5.68  kcal/mol
AHjus 0.50  kcal/mol

Preparation

Boron trichloride can be prepared by high temperature chlorination of
boron trioxide, boric acid, metal borates or other boron compounds. Chlorine,
hydrogen chloride, phosgene, silicon tetrachloride, metal chlorides, carbon
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tetrachloride, sulfuryl chloride and phosphorus tri- and pentachlorides are
some of the common chlorinating agents. The reaction is carried out at tem-
peratures varying between 400° to 1,400°C, depending on the reactants used.
In commercial processes, carbon is generally used to reduce boron oxide dur-
ing its chlorination. Some of the preparative reactions are outlined below:

B20Os + 2PCls __800°c . 2BCls + P20s3

2By03 + 3CCL —22€ 5 4BCl; + 3CO3

B:0s + 3C+ 3Cl, —X< 5 2BCl; + 3CO

2B(OH)3 +3C + 3Cly —=2C 5 2BCl; + 3CO + 3H;0

B:0s + 3C + 6HC1—=2C 5 2BCl; + 3CO + 3H

NagB,07 + 7C + 14HC1 —2€ 5 4BCl3+ 2NaCl + 7CO + 7TH;
2KBF, + 3MgCly, —2=1%%"C 5 9B, + 2KF + 3MgF,

Boron trichloride may also be obtained by high temperature chlorination of

boron:

9B +3Cl; —222C 5 9BCl;

B + 3AgCl —C 5 BCls + 3Ag

vacuum

In the laboratory, boron trichloride may be made at ordinary temperatures
by the reaction of boron trifluoride with aluminum chloride:

BFs + AlCl; — BCls + AlF;3
Reactions
Boron trichloride reacts with water forming boric acid and hydrogen chlo-
ride:
BCls + 3H20 — B(OH)3 + 3HC1
Similar reaction occurs with hydrogen sulfide:

BCl3 + 3H2S — B(SH)3 + 3HCI

Reaction with lower alcohols produces alkyl derivatives of boric acid with
hydrogen chloride:

BCl; + 3CH30OH — B(OCH3)3 + 3HC1

However, tertiary alcohol gives alkyl chloride and no HCI is produced:
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BCl3 + 3(CH3)sCOH — B(OH)3 + 3(CHz)3CCl

At low temperatures, donor-acceptor complexes are obtained with Lewis
bases; for example, with ammonia and phosphine, the adducts are boron
trichloride ammonia and boron trichloride phosphine, respectively:

BCls + NHs — BCls * NHjs
BCls + PH3 — BCl3 « PHjs

Sodium, potassium, magnesium and other alkali and alkaline earth metals at
elevated temperatures reduce boron trichloride to elemental boron:

2BCl3 + 3Mg __fear o 2B + 3MgCls

Hydrogen reduces the compound to diborane when heated at 350 to 500°C
over aluminum:

2BCls + 6H2 —>350_500°C BoHg + 6HC1
Al
but at higher temperatures over 1,000°C, hydrogen decomposes boron trichlo-
ride forming boron fibers and HCI:

9BCl; + 3Hy, —X%C 5 9B + 6HCI

Alkali metal hydrides reduce boron trichloride to diborane at ordinary tem-
peratures:

2BCl; + 6NaH ﬁjic BgHg + 6NaCl
iglyme
Boron trichloride undergoes several exchange reactions with diborane,
other boron halides and trialkyl-, triaryl-, or triaryloxy boranes (Lower, L.D.
1978. Boron compounds (halides). In Kirk-Othmer Encyclopedia of Chemical
Technology, 3rd. ed. pp 129-135. New York: Wiley Interscience). The reac-
tions occur at ambient or lower temperatures:

BCls + BoHg — BHCly + BoH5C1
BCl; + BBr3 &) BCloBr + BCIBry
BCl3 + 2B(C2H5)3 — 3(C2H5)2BCl

Analysis

Elemental composition: B 9.23%, Cl 90.77%. The compound is slowly
hydrolyzed (reaction may be vigorous to violent) and the solution is analyzed
for boron by AA or ICP spectroscopy (see Boron), Also, other metals that may
be present as impurities can be measured. The product, HCI in the aqueous
solution, resulting from hydrolysis, may be analyzed by chloride ion-selective
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electrode or ion chromatography (at trace concentrations) with appropriate
dilution.

Toxicity

Boron trichloride is highly toxic, causing severe irritation of eyes, skin and
mucous membranes.

LCi0 inhalation (rat): 20 ppm/7hr.

BORON TRIFLUORIDE

[7637-07-2]

Formula: BFs; MW 67.82; planar sp? hybridization; F-B-F angle 120°; an
electron deficient compound (Lewis acid)

Synonym: boron fluoride

Uses

Boron trifluoride is used as a catalyst in esterification, polymerization and
many other organic synthetic reactions. Other applications of this compound
include measuring weak neutrons in ionization chambers and in devices to
monitor radiation levels in the earth’s atmosphere; and measuring depth for
oil drilling. It also is used in fumigation; as a flux for soldering magnesium; to
prepare diborane; and in gas brazing.

Physical Properties

Colorless gas; pungent suffocating odor; density 2.975 g/L; fumes in moist
air; liquefies at —101°C; solidifies at —126.8°; vapor pressure at —128°C is 57.8
torr; critical temperature —12.2°C; critical pressure 49.15 atm; critical volume
115 em3/mol; soluble in water with partial hydrolysis; solubility in water at
0°C 332 g/100g; also soluble in benzene, toluene, hexane, chloroform and
methylene chloride; soluble in anhydrous concentrated sulfuric acid.

Thermochemical Properties

AHg° —271.5 kcal/mol
AG¢° —267.5 kcal/mol

Se 60.8 cal/degree mol
AHyap 4.62 kcal/mol
AHfys 1.004 kcal/mol

Preparation

Boron trifluoride is prepared by treating borax with hydrofluoric acid; or
boric acid with ammonium bifluoride. The complex intermediate product is
then treated with cold fuming sulfuric acid.
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Reaction
Boron trifluoride is partially hydrolyzed when dissolved in water. The
hydrolysis products are boric acid and fluoroboric acid:

4BFs + 3H.0 — B(OH)s + 3HBF,

The tetrafluoroborate, BF4; anion can form stable salts with pyridinium,
tetraalkylammonium and other countercations.
Boron trifluoride is reduced to elemental boron when heated with alkali
metals:
BF; + 3Na —““— B+ 3NaF

The reaction is highly exothermic resulting in incandescence. Similar reduc-
tion occurs with alkaline earth metals except magnesium.

Being an electron deficient compound, boron trifluoride forms complexes
with Lewis bases and compounds that have unshared pair(s) of electrons.
With ammonia, it forms boron trifluoride ammonia. Similar coordination com-
pounds are formed with monoethylamine, BFs—NH2CsHs; diethyl ether,
CH3CH20(BF3)CH2CHs; and methanol, BFs—OHCHs. It forms a solid complex
HNO3—2BF3 with concentrated nitric acid.

BORON TRIFLUORIDE ETHERATE

[109-63-T7]
Formula: (CH3CH20)20 * BF3; MW 141.94;
Synonyms: boron fluoride etherate; boron fluoride ethyl ether

Uses

Boron trifluoride etherate is used as a catalyst in many organic reactions;
namely, alkylation, polymerization and condensation reactions.
Physical Properties

Fuming liquid; stable at ambient temperatures but hydrolyzed on expo-
sure to moist air; density 1.125 g/mL; refractive index 1.348; solidifies at
—60.4°C; boils at 125.7°C; flash point (open cup) 147°F (68.8°C); decomposes
in water.

Preparation
Boron trifluoride etherate is prepared by the reaction of vapors of boron
trifluoride with that of anhydrous diethyl ether:
BFs (g) + (C2H5)20 (g) — (C2Hs)20 « BF3

Toxicity
The compound is highly toxic by inhalation. Skin contact causes burns.
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BROMIC ACID

[7789-31-3]
Formula: HBrOs; MW 128.91

Uses
Bromic acid is used as an oxidizing agent; and also as intermediate in the
preparation of dyes and pharmaceuticals.

Physical Properties
Unstable compound; stable only in dilute aqueous solutions; solution turns
yellow on standing; decomposes when heated to 100°C.

Preparation
Bromic acid is prepared by adding sulfuric acid to barium bromate.

Ba(BrOs)2 + HoSO4 — 2HBrO3 + BaSO4

The product is distilled and absorbed in water. A 50% solution may be
obtained by slow evaporation of the dilute solution in vacuum at —12°C.

Toxicity
Contact with skin and eyes can cause severe irritation.

BROMINE

[7726-95-6]

Symbol Br; atomic number 35; atomic weight 79.904; a halogen group ele-
ment; electron affinity 3.36359 eV; electronegativity 2.8; electron configura-
tion [Ar] 3d104s24p5; most stable valence states —1 and +5, less stable valence
states +1 and +3; a diatomic molecule (Br2) in liquid and vapor states over a
wide range of temperature; two stable isotopes, Br—-79 (50.57%) and Br-81
(49.43%).

Occurrence and Uses

Bromine occurs in nature as bromide in many natural brine wells and salt
deposits. It also is found in seawater at a concentration of 85 mg/L. The ele-
ment was discovered by A. J. Balard and C. Lowig, independently in 1826.
Bromine is used in bleaching fibers and as a disinfectant for water purifica-
tion. Other applications are in organic synthesis as an oxidizing or brominat-
ing agent; in the manufacture of ethylene dibromide, methyl bromide and
other bromo compounds for dyes and pharmaceutical uses; as a fire retardant
for plastics; and in chemical analysis. Ethylene dibromide is used in anti-
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knock fluids in motor fuels. Over 80% of the bromine produced is consumed in
the manufacture of this compound.

Physical Properties

Dark reddish-brown liquid; the only nonmetallic element that is a liquid at
ambient temperatures; strong disagreeable odor; volatilizes; density 3.12
g/mL at 20°C; vapor density 7.59 g/L; refractive index 1.6475; boils at 58.8°C;
solidifies at —7.2°C; vapor pressure 64 torr at 0°C and 185 torr at 22°C; criti-
cal temperature 315°C; critical pressure 102 atm; critical volume 127 cm3/mol;
surface tension 39.8 dynes/cm at 25°C; electrical resistivity 6.5 x 1010 ohm—cm
at 25°C; sparingly soluble in water (2.31 g/100g at 0°C and 3.35 g/100g at
25°C); soluble in common organic solvents.

Thermochemical Properties

AH¢° (Bry) 0.0 kecal/mol

AH¢° (g) 26.74 kcal/mol

AG¢° (g) 19.69 kcal/mol

S° (g) 41.82 cal/degree mol

Co (9) 4.97 cal/degree mol

Co (D 8.56 cal/degree mol
Production

Bromine is obtained from natural brines, salt beds and seawater. The bro-
mide salts extracted from these sources are oxidized by chlorine to yield
bromine:

2NaBr + Cls — 2NaCl + Brs

The bromine vapors are swept out into current of air or stream from the reac-
tion chamber and trapped in an alkaline or reducing solution. Chlorine is
removed over a stripping column. Bromine is purified in a fractionating col-
umn.

Reactions

Most reactions of bromine are similar to other halogens. Its reactivity falls
between chlorine and iodine. It readily attacks a number of metals including
alkali and alkaline earth metals, palladium, platinum, aluminum, copper,
antimony and tin, forming their bromides. These reactions can be vigorous to
violent. It oxidizes a number of substances, including metal carbides, car-
bonyls, hydrides, and organic substances. It combines with hydrogen to form
hydrogen bromide. Organic compounds, such as olefins, aromatics and alka-
nes undergo addition or substitution reactions yielding bromoderivatives.
While the addition reaction with ethylene produces ethylene dibromide,
bromination of benzene in the presence of iron as catalyst produces a substi-
tution product, bromobenzene. Reaction with aqueous acetone and sodium
chlorate at 40°C forms bromoacetone. Substitution reactions with alkanes
yield alkyl bromides. Bromine combines with fluorine at room temperature
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forming bromine trifluoride, BrFs. The reaction produces luminous flame.
Diluted with nitrogen, bromine vapor and fluorine react on heating at 200°C
to form bromine trifluoride, BrFs3 or the pentafluoride, BrFs. Reaction with
iodine produces iodine monobromide, IBr.

Bromine reacts with phosphorus to form phosphorus tribromide, PBrs or
phosphorus pentabromide, PBrs. The pentabromide forms in the presence of
excess bromine. Bromine oxidizes hydrogen sulfide to sulfur:

Brs + HoS — S + 2HBr
Bromine liberates iodine from iodide solution:
Bra+2I — 2Br +1p

Combination reactions occur with several nonmetals. With sulfur, it forms
sulfur monobromide, S2Bra, With the addition of selenium, products are sele-
nium monobromide, SesBrz, and selenium tetrabromide, SeBrs. It yields
unstable tellurium monobromide, Te2Brz, and a stable tetrabromide,
TeBrs,with tellurium.

In aqueous solution, bromine hydrolyzes slightly, forming unstable hypo-
bromous acid, HOBr, which decomposes to hydrobromic acid and oxygen,
causing the bleaching action of bromine water. The decomposition is acceler-
ated by light.

Brs + HoO — HOBr + HBr
HOBr —" s HBr + O

Bromine water oxidizes aldose to lactones which hydrolyze to alfonic acids.

Bromine combines with rubidium and cesium bromides forming solid poly-
bromo complexes that can be crystallized from aqueous solutions. The com-
plexes are soluble in liquid bromine.

Bromine reacts with cold nitric oxide forming nitrosyl bromide, NOBr, and
nitrosyl tribromide, NOBrs.

Hazard

Most reactions of bromine are highly exothermic which can cause incan-
descence or sudden increase in pressure and rupture of reaction flasks. There
are a number of cases of explosions documented in the literature. (NFPA.
1986. Fire Protection Guide on Hazardous Materials, 9th ed. Quincy, MA:
National Fire Protection Association) Reactions of liquid bromine with most
metals (or any metal in finely divided state), metal hydrides, carbonyls and
nitrides can be explosive. Many oxides and halides of nonmetals, such as
nitrogen triiodide or phosphorus trioxide, react explosively or burst into flame
in contact with liquid bromine.

Bromine is moderately toxic by all routes of exposure. It is an irritant to the
eye and respiratory tract. Inhalation can cause dizziness, headache, coughing
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and lacrimation. A short exposure to 1,000 ppm for 15 minutes can be fatal to
humans. (Patnaik, P. 1999. A Comprehensive Guide to the Hazardous
Properties of Chemical Substances, 2nd edition. New York: John Wiley &
Sons). Ingestion produces nausea, abdominal pain and diarrhea. The liquid is
corrosive to skin.

BROMINE PENTAFLUORIDE

[7789-30-2]
Formula: BrF5; MW 174.896

Uses
Bromine pentafluoride is used as an oxidizer in liquid rocket propellants;
and as a fluorinating agent in the processing of uranium.

Physical Properties

Colorless to pale yellow liquid; fumes in air; density 2.466 g/mL at 25°C;
boils at 40.8°C; decomposes above 460°C; solidifies at —60.5°C; reacts violent-
ly with water.

Thermochemical Properties

AH (D) —109.6 kcal/mol
AH° (g) —102.5 kcal/mol
AGs° (1) —84.1 kcal/mol

Se 1) 53.8 cal/degree mol
S° (g) 76.5 cal/degree mol
Co (9) 23.8 cal/degree mol
AHjus 1.355 kcal/mol
AHyap (at bp) 7.31 kcal/mol

Preparation
Bromine pentafluoride is prepared by fluorination of bromine at 200°C. The reac-
tion is carried out in an iron or copper vessel. The halogens are diluted in nitrogen.

Hazard

Bromine pentafluoride is a highly reactive compound combining explosive-
ly or with ignition with most elements and their compounds. Spontaneous
explosion or flaming can occur when mixed with water, organic compounds,
metal powder, metal halides, metal oxides, metal sulfides and chlorine (upon
warming) (Patnaik, P. 1999. A Comprehensive Guide to the Hazardous
Properties of Chemical Substances, 2nd ed. New York: John Wiley).

The liquid is dangerously corrosive to skin. The vapors are highly irritating
to eyes, skin and mucous membranes.
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BROMINE TRIFLUORIDE

[7787-71-5]
Formula: BrFs; MW 136.90

Uses
Bromine trifluoride is used as a fluorinating agent; and an electrolytic sol-
vent for fluoride.

Physical Properties
Colorless liquid; hygroscopic; density 2.803 g/mL; boils at 125.8°C; solidifies

at 8.8°C; vapor pressure 8 torr at 21°C; decomposes violently in water.

Thermochemical Properties

AH (1) —71.9 kcal/mol

AH¢° (g) —61.1 kcal/mol

AGs° (D) —57.5 keal/mol

AGy° (g) —54.8 kcal/mol

Se (1) 42.6 cal/degree mol
S° (g) 69.9 cal/degree mol
Co (O 29.78 cal/degree mol
Co (9) 15.92 cal/degree mol
AHyap 11.37 kcal/mol

Preparation
Bromine trifluoride may be prepared by fluorination of bromine at 80°C.
The halogen mixtures may be diluted in nitrogen or an inert gas.

Hazard

Bromine trifluoride is a highly reactive compound. It ignites or explodes in
contact with a wide array of substances including water, finely divided met-
als, metal oxides and salts and organics. See Bromine Pentafluoride.

Skin contact with liquid can burn tissues. Vapors can damage eyes, lungs
and respiratory tract.

CADMIUM

[7440-43-9]

Symbol Cd; atomic number 48; atomic weight 112.41; a Group IIB (Group 12)
metallic element; ionization potential 8.994eV; electron configuration
[Kr]4d105s2; valence state +2; standard electrode potential, E° —0.40V. The
isotopes and their natural relative abundance are:

Cd-106 1.25%
Cd-108 0.89%
Cd-110 12.49%
Cd-111 12.80%

Cd-112 24.13%
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Cd-113 12.22%
Cd-114 28.73%
Cd-116 7.49%

Occurrence and Uses

Cadmium was discovered by F. Stromeyer in 1817. In nature, it is mostly
found in zinc deposits. The mineral, greenocktite (CdS) is found associated
with the zinc ore, sphalerite (ZnS). Similarly zinc carbonate contains otavite
(CdCO3) in small amounts. Its abundance in the earth’s crust is estimated to
be 0.15 mg/kg and in sea water 0.11 ug/L.

Cadmium is used for electroplating to impart a protective coating on iron
and steel. It provides resistance against caustic alkalis. Another major appli-
cation is in the nickel-cadmium storage battery where it enhances long ser-
vice life and a wide operating range. Cadmium alloys find wide applications
in bearing metals, solders, fusible metals, electrical conductors, power trans-
mission wires, and jewelry. Cadmium electrodes are used in photoelectric
cells, cadmium vapor lamps and selenium rectifiers. Graphite impregnated
with cadmium is used in electrical controller switches, oil-less bearings and
busing lines. Cadmium rods are used in nuclear reactors to absorb low—ener-
gy neutrons. Many cadmium compounds have a number of commercial appli-
cations.

Physical Properties

Bluish—white lustrous soft metal; closed—packed hexagonal system; densi-
ty 8.69 g/cm3; Brinnel hardness 21; melts at 321.1°C; vaporizes at 767°C;
vapor pressure 5 torr at 455°C; electrical resistivity 6.8 microhm-cm at 0°C;
insoluble in water.

Thermochemical Properties

AH° (g) 26.72 kcal/mol

S° (s) 12.38 cal/degree mol
S° (g) 40.08 cal/degree mol
Co () 6.21 cal/degree mol
Co (2) 4.97 cal/degree mol
AHjys 1.479 kcal/mol
AHyap 23.87 kcal/mol

Co—eff. linear expansion (at 25°C) 29.8x1075/°C

Production

Cadmium is obtained as a byproduct in zinc recovery processes. The metal
volatilizes during roasting of zinc concentrates and collected as dust or fume
in bag houses or electrostatic precipitators. The dusts are mixed with coal (or
coke) and zinc chloride and calcined. The cadmium chloride formed volatilizes
upon calcination and thus separates out from zinc. The chloride then is treat-
ed with sulfuric acid in the presence of an oxidizing agent. This converts lead,
present as impurity in cadmium ore, to lead sulfate which precipitates out.
Cadmium is finally separated from copper by the addition of zinc dust and
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fractional precipitation.

Cadmium also may be recovered from zinc ores and separated from other
metals present as impurities by fractional distillation. Alternatively, the cad-
mium dust obtained from the roasting of zinc ore is mixed with sulfuric acid.
Zinc dust 1s added in small quantities to precipitate out copper and other
impurities. The metal impurities are removed by filtration. An excess amount
of zinc dust is added to the solution. A spongy cadmium-—rich precipitate is
formed which may be oxidized and dissolved in dilute sulfuric acid. Cadmium
sulfate solution is then electrolyzed using aluminum cathodes and lead
anodes. The metal is deposited at the cathode, stripped out regularly, washed
and melted in an iron retort in the presence of caustic soda, and drawn into
desired shapes. More than half of the world’s production of cadmium is
obtained by elecrolytic processes.

Reactions

The metal is oxidized slowly in moist air at ordinary temperatures, forming
a protective coating of cadmium oxide, CdO. At ordinary temperatures, it is
not oxidized in dry air. However, upon heating it readily forms cadmium
oxide.

The element combines with many nonmetals upon heating, forming its
binary salts. It combines with halogens when heated, forming the corre-
sponding halides. Heating with phosphorus, sulfur, and tellurium produces
phosphide, CdsP2; sulfide, CdS; and telluride, CdTe salts, respectively.

The metal is attacked by mineral acids. It reacts with warm dilute
hydrochloric acid or sulfuric acid liberating hydrogen:

Cd + 2 HC1 — CdCl; + Hy

Reactions with hot dilute nitric acid give various oxides of nitrogen and hydro-
gen:

2Cd + 2HNO3 — 2CdO + 2NO9 + Ho

4Cd + 2HNO3s — 4CdO + 2NO + Hs

Cd + 2HNO3 — CdO + N2Os5 + He
Aqueous solutions of alkali hydroxides do not attack cadmium. Cadmium
replaces elements that are less electropositive in the activity series from their
salt solutions. The standard electrode potential:

Cd2t + 2e— — Cd E° =-0.4025V

Thus, cadmium can displace a number of metals that are less active, such as
copper, lead, silver, mercury, tin, and antimony from their aqueous salt solu-
tions:

Cu?*(aq) + Cd(s) —» Cd2*(aq) + Cu(s)
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Analysis

Cadmium in acidified aqueous solution may be analyzed at trace levels by
various instrumental techniques such as flame and furnace atomic absorp-
tion, and ICP emission spectrophotometry. Cadmium in solid matrices is
extracted into aqueous phase by digestion with nitric acid prior to analysis. A
much lower detection level may be obtained by ICP—-mass spectrometry. Other
instrumental techniques to analyze this metal include neutron activation
analysis and anodic stripping voltammetry. Cadmium also may be measured
in aqueous matrices by colorimetry. Cadmium ions react with dithizone to
form a pink-red color that can be extracted with chloroform. The absorbance
of the solution is measured by a spectrophotometer and the concentration is
determined from a standard calibration curve (APHA, AWWA and WEF.
1999. Standard Methods for the Examination of Water and Wastewater, 20th
ed. Washington, DC: American Public Health Association). The metal in the
solid phase may be determined nondestructively by x-ray fluorescence or dif-
fraction techniques.

Toxicity

Cadmium is highly toxic to humans by both inhalation and ingestion. The
acute poisoning effects are nausea, vomiting, diarrhea, headache, abdominal
pain, muscular ache, salivation, and shock. In addition, inhalation of its dusts
or fumes can cause cough, respiratory distress, congestion of lungs, and bron-
chopneumonia (Patnaik, P. 1999. A Comprehensive Guide to the Hazardous
Properties of Chemical Substances, 2nd ed. New York: John Wiley & Sons).
The LDso (oral) in rat is in the range 250 mg/kg. The metal accumulates in the
liver and kidneys, damaging these organs when exposure is chronic.
Biological half-life in humans is estimated at 20-30 years (Manahan, S. 1989.
Toxicologial Chemistry. Chelsea, MI: Lewis Publishers). Cadmium is listed by
the US EPA as one of the priority pollutant metals.

CADMIUM ACETATE

[543-90-8]
Formula: Cd(CeH302)2; MW 230.50; also, a dihydrate of the compound
Cd(C2H302)2°2H20 [5743-04—4] is known.

Uses

Cadmium acetate is used for glazing ceramics and pottery; in electroplat-
ing baths; in dyeing and printing textiles; and as an analytical reagent for sul-
fur, selenium, and tellurium.

Physical Properties
The anhydrous salt occurs as a colorless crystal while the dihydrate is a
white crystalline solid; faint odor of acetic acid; density 2.34 g/cm3 (dihydrate
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2.01 g/cm3); melts at 255°C; dihydrate decomposes at 130°C; soluble in water
and ethanol; pH of 0.2M aqueous solution 7.10.

Preparation
Cadmium acetate is prepared by treating cadmium oxide with acetic acid:

CdO + 2CH3COOH — (CH3C00)2Cd + H20

Also, the compound may be prepared by treating cadmium nitrate with acetic
anhydride.

Analysis

Elemental composition: Cd 48.77%, C 20.84%, H 2.62%, O 27.77%. Aqueous
solution may be analyzed for cadmium (see Cadmium) and the concentration
of cadmium acetate can be estimated stoichiometrically.

CADMIUM BROMIDE

[7789-42-6]
Formula: CdBreo; MW 272.22; also forms a tetrahydrate, CdBrz<4Hs0O
[13464-92—1]

Uses
Cadmium bromide is used in lithography, engraving, and in the manufac-
ture of photographic film.

Physical Properties

White to yellowish powder or flakes; hexagonal crystal system; hygroscop-
ic; density 5.192g/cm3; melts at 568°C; vaporizes at 844°C; soluble in water,
alcohol, ether, acetone, and liquid ammonia.

Thermochemical Properties

AH¢° —75.53 kcal/mol
AG¢° —70.75 kcal/mol
Se 32.79 cal/degree mol
Co 18.33 cal/degree mol
AHfys 4.995 kcal/mol
AHyap 27.49 kcal/mol

Preparation

Cadmium bromide is prepared by heating cadmium with bromine vapor.
Also the compound can be prepared by the treatment of dry cadmium acetate
with glacial acetic acid and acetyl bromide. Alternatively, it may be obtained
by dissolving cadmium or cadmium oxide in hydrobromic acid and evaporat-
ing the solution to dryness under helium in an inert atmosphere.
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Analysis

Elemental composition: Cd 41.29%, Br 58.71%. The salt is dissolved in
water and the aqueous solution is analyzed by AA or ICP spectrophotometry.
The bromide anion in the aqueous solution may be measured by ion chro-
matography. Appropriate dilution may be needed for analysis

CADMIUM CYANIDE

[542—-83-6]
Formula: Cd(CN)2 ; MW 164.45

Uses
Cadmium cyanide is used as an electrolyte for electrodeposition of thin
metallic cadmium coatings on metals to protect against corrosion.

Physical Properties

White, cubic crystal or powder; density 2.226 g/cm3; sparingly soluble in
water 1.71g/100mL (at 15°C); slightly soluble in alcohol; dissolves in alkali,
metal cyanides, and hydroxides.

Preparation

Cadmium cyanide may be prepared by treating a concentrated aqueous
solution of cadmium chloride or cadmium nitrate with potassium cyanide or
sodium cyanide. The white precipitate obtained is filtered, washed and dried.

CdClz + 2KCN — Cd(CN)z2 + 2KC1

Reactions
Cadmium cyanide reacts with dilute mineral acids, evolving hydrogen
cyanide:

Cd(CN)z + 2HCl — CdCls + 2HCN

With organic acids, the reaction is slow. Reactions with sodium cyanide or
potassium cyanide in aqueous solutions yield complex metal cyanide. For
example, with potassium cyanide, the product is potassium tetracyanocad-
mate:

Cd(CN)2 + 2KCN — K2Cd(CN)4

Analysis

Elemental composition: Cd 68.36%, C 14.61%, N 17.04%

Cadmium may be measured by various instrumental analysis (see cadmi-
um). Cyanide may be extracted by distilling an acidified solution of cadmium
cyanide and then purging the liberated hydrogen cyanide with air, passing it
into a scrubbing solution of caustic soda. Cyanide in the scrubbing solution is
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then measured by titration, or by colorimetry. In titrimetry, the distillate is
titrated against silver nitrate standard solution using p—dimethylaminoben-
zalrhodamine indicator, while for colorimetric measurement, a color-forming
reagent such as pyridine-barbituric acid or pyridine-pyrazolone may be used
(Patnaik, P. 1997. Handbook of Environmental Analysis. Boca Raton, FL:
Lewis Publishers.

CADMIUM CHLORIDE

[10108—64—2]
Formula: CdClg; MW 183.306; also forms a hemipentahydrate.

Uses
Cadmium chloride is used in metal finishing bath for cadmium plating.
Also, it is used in photocopying, dyeing and printing.

Physical Properties

Colorless powder or crystal; hexagonal crystal system; hygroscopic; density
4.047 g/lcm3; melts at 560°C; vaporizes at 960°C; highly soluble in water (140
g/100g at 20°C), also soluble in acetone; slightly soluble in alcohol; insoluble
in ether.

Thermochemical Properties

AH¢° —93.57 kcal/mol
AG¢° —82.21 kcal/mol
Se 27.55 cal/degree mol
Co 17.85 cal/degree mol

Preparation

Cadmium chloride may be prepared by heating the metal with chlorine or
hydrogen chloride gas. In the solution, it is formed by treating the metal or its
salts, such as oxide, hydroxide, carbonate, or sulfide with hydrochloric acid:

Cd + 2HCl —» CdCls + Ha

CdO + 2HCI — CdCly + H20

CdCOs3 + 2HC]1 —» CdClz + H20 + COg9
The solution is evaporated and crystallized to yield a hydrated salt. The
hydrated salt yields anhydrous cadmium chloride upon heating under hydro-
gen chloride or when refluxed with thionyl chloride.

Cadmium chloride also may be prepared by adding dry cadmium acetate to
acetyl chloride in glacial acetic acid.
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CADMIUM CARBONATE

[613-78-0]
Formula: CdCO3; MW 172.41

Uses

Cadmium carbonate occurs in nature as the mineral otavite. The commer-
cial applications of this compound are limited. It is used as a catalyst in organ-
ic synthesis and as a starting material to prepare other cadmium salts.

Physical Properties
White powdery solid; density 4.258 g/cm3; decomposes on heating below

500°C; insoluble in water and liquid ammonia; soluble in acid (with reaction).

Thermochemical Properties

AH¢° —179.4 kcal/mol
AG¢° —160.0 kcal/mol
Se 22.1 cal/degree mol

Preparation
Cadmium carbonate is precipitated by adding excess ammonium carbonate
to a solution of cadmium chloride:

CdCls + (NH4)2003 — CdCO3 + 2NH4C1

The precipitate is filtered and dried at 100°C. If an alkali metal carbonate
is used instead of ammonium carbonate, a hydrated basic carbonate is
obtained which upon heating with ammonium chloride at 150°C in the
absence of air produces anhydrous carbonate.

Cadmium carbonate also may be obtained by slow absorption of cadmium
oxide with carbon dioxide.

Reactions

Cadmium carbonate decomposes to cadmium oxide and carbon dioxide at
357°C. The compound dissolves in mineral acids forming their cadmium salts
and carbon dioxide:

CdCOs3 + 2HC1 — CdCls + CO9 + HO

Cadmium carbonate forms a cyanide complex ion, Cd(CN)42* in cyanide solu-
tions. It dissolves in concentrated aqueous solutions of ammonium salts form-
ing ammonium complexes.

Analysis
Elemental composition: Cd 65.20%, C 6.97%, O 27.84%. See Cadmium.
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CADMIUM FLUORIDE

[7790-79-6]
Formula: CdFg; MW 150.41

Uses

Cadmium fluoride is used in electronics and optics; to produce crystals for
lasers; in the manufacture of phosphors and glass; in high temperature dry-
film lubricants; and as a catalyst in organic reactions.

Physical Properties

Colorless cubic crystal; density 6.33 g/cm3; melts at 1,110°C; vaporizes at
1,748°C; vapor pressure 5 torr at 1,231°C; moderately soluble in water, 4.35
g/100mL at 25°C; soluble in hydrofluoric and other mineral acids; practically
insoluble in alcohol and liquid ammonia.

Thermochemical Properties

AH¢° —167.4 kcal/mol
AG¢° —154.8 kcal/mol

Se 18.5 cal/degree mol
AHifys 5.4 kcal/mol

AHyap 55.9 kcal/mol

Preparation
Cadmium fluoride is prepared by the reaction of gaseous fluorine or hydro-
gen fluoride with cadmium metal or its salt, such as chloride, oxide or sulfide:

Cd + Fs —» CdF:
Cd + 2HF —» CdF: + Hs
CdO + 2HF — CdFz + H20

It also may be obtained by dissolving cadmium carbonate in 40% hydrofluoric
acid solution, evaporating the solution and drying in vacuum at 150°C:

CdCO3 + 2HF — CdFs + H20 + COq

It also may be prepared by mixing cadmium chloride and ammonium
fluoride solutions, followed by crystallization.

Analysis

Elemental composition: Cd 74.74%, F 25.26%. The metal may be analyzed
by various instrumental techniques (see Cadmium). Fluoride may be deter-
mined by ion chromatography or by using a fluoride ion—selective electrode.
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CADMIUM HYDROXIDE

[21041-95-2]
Formula: Cd(OH)2; MW 146.43

Uses

Cadmium hydroxide is used in storage battery anodes, in nickel-cadmium
and silver-cadmium storage batteries, and in cadmium plating. It also is used
to prepare other cadmium salts.

Physical Properties

White powder or crystal; trigonal or hexagonal crystal system; density 4.79
g/cm3; decomposes slowly at 130°C; dehydration completes at 300°C; insoluble
in water (2.6 mg/L at 20°C); soluble in dilute acids.

Thermochemical Properties

AH¢° —134.0 kcal/mol
AGy° —113.2 kcal/mol
Se 22.94 cal/degree mol

Preparation
Cadmium hydroxide may be precipitated by adding any cadmium salt solu-
tion to a boiling solution of caustic soda or caustic potash:

CdClz + 2NaOH — Cd(OH)z + 2NaCl

Reactions
Cadmium hydroxide loses water on heating producing cadmium oxide:

Cd(OH); —beat s CdO + Hz0

Decomposition commences at 130°C and is complete at 300°C.

Cadmium hydroxide is more basic than zinc hydroxide. It forms anionic
complex Cd(OH)42” when treated with concentrated caustic soda solution. It
forms complexes with cyanide, thiocyanate and ammonium ions when added
to the solutions of these ions.

Reactions with mineral acids produce their cadmium salts. With hydrochlo-
ric acid, sulfuric acid and nitric acid, the products are cadmium chloride, cad-
mium sulfate and cadmium nitrate, respectively:

Cd(OH)z + 2HNO3 — Cd(NOs3)z + 2H20

Hydrated salts, such as Cd(NOs)2 * 4H20 or 2CdClz* 5H20, crystallize upon
evaporation.
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Analysis
Elemental composition: Cd 76.77%, H 1.38%, O 21.85%. The compound may
be identified non-destructively by x-ray techniques (see Cadmium).

CADMIUM IODIDE

[7790-80-9]
Formula: Cdlz; MW 366.22

Uses
Cadmium iodide is used in lithography, process engraving, photography,
electroplating, and in the manufacture of phosphors.

Physical Properties

White, hexagonal flakes or crystals; slowly turns yellow upon exposure to
air or light; occurs in two allotropic forms, the alpha and beta forms; density
5.67 g/lcm3; melts at 387°C (alpha form) and 404°C (beta form); vaporizes at
742°C; vapor pressures 1 and 5 torr at 416 and 481°C, respectively; soluble in
water (86 g/100 mL at 25°C), ethanol, acetone, ether, and ammonia.

Thermochemical Properties

AH/° (alpha-) —48.59 kcal/mol
AGy¢° (alpha-) —48.14 kcal/mol

S° (alpha—) 38.50 cal/degree mol
Cy (alpha-) 19.12 cal/degree mol
AHy,s (alpha-) 8.0 kcal/mol

AHyap (alpha-) 25.33 kcal/mol

Preparation
Cadmium iodide is prepared by the addition of cadmium metal, or its oxide,
hydroxide, nitrate or carbonate to hydriodic acid:

CdO + 2HI — CdIz + H20
Also, the compound can be made by heating cadmium with iodine:
Cd +I» he%at CdI,

A brownish crystalline B—form of the salt may be obtained by slow crystal-
lization from solutions or fused salt mixtures.

Reactions

In acid medium, cadmium iodide solution should exhibit the reduction reac-
tions of I" anion. Iodide anion is a fairly strong reducing agent which can
reduce many metal ions in their higher oxidation states:
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Fe + 21" — 2Fe2+ + Iy(s)

It undergoes double decomposition reactions in aqueous solution forming pre-
cipitates of insoluble products:

Cdlz + AgNO3 — 2Agl + Cd(NO3)2

When heated with hydrogen, it is reduced to cadmium metal and hydrogen
iodide:
elevated

Cdls + Hy —femperatawre o (d + 2HI

Analysis

Elemental composition: Cd 30.69%, I 69.31%. A small amount of salt is
weighed accurately, dissolved in water, appropriately diluted, and analyzed
by AA or ICP spectrophotometry. Iodide anion at similar trace concentrations
may be analyzed by ion chromatography. I” anion may be identified by adding
a few drops of 6 HNOs3 to a few drops of the aqueous solution of the salt, fol-
lowed by the addition of 1mL 0.1 M FeCls solution and 1mL methylene chlo-
ride. A purple or pink bottom layer after shaking indicates the presence of
iodide.

CADMIUM NITRATE

[10325-94-T]
Formula: Cd(NOg)2; MW 236.42; also forms a tetrahydrate, Cd(NO3)2*4H20
[10022—-68-1]

Uses

Cadmium nitrate is used for coloring glass and porcelain; (historically) as a
flash powder in photography; and in the manufacture of many other cadmium
salts.

Physical Properties
White crystal or amorphous powder; hygroscopic; density 3.60 g/cm3; melts
at 350°C; very soluble in water, also soluble in alcohols.

Preparation
Cadmium nitrate is prepared by dissolving cadmium metal or its oxide,
hydroxide, or carbonate, in nitric acid followed by crystallization:

CdO + 2HNO3 — Cd(N03)2 + H.O

Reactions
Thermal dissociation at elevated temperatures produces cadmium oxide
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and oxides of nitrogen. When hydrogen sulfide is passed through an acidified
solution of cadmium nitrate, yellow cadmium sulfide is formed. A red modifi-
cation of the sulfide is formed under boiling conditions.

When mixed with caustic soda solution, cadmium oxide forms precipitate of
cadmium hydroxide. Many insoluble cadmium salts are obtained by such pre-
cipitation reactions. For example, mixing aqueous solutions of cadmium
nitrate with ammonium tungstate results in precipitation of cadmium
tungstate.

Analysis

Elemental composition: Cd 47.55%, N 11.85%, O 40.60%. The metal may be
analyzed in its acidified aqueous solution by various instrumental techniques
(see Cadmium). Nitrate ion in the aqueous solution may be determined by ion
chromatography or by using a nitrate ion-selective electrode.

Toxicity

Cadmium nitrate is moderately toxic by ingestion, and possibly other
routes of exposure.

LDso oral (rat): 300 mg/kg
The compound also is a confirmed human carcinogen.

CADMIUM OXIDE

[1306—-19-0]
Formula CdO; MW 128.41

Uses

Cadmium oxide is used in storage battery electrodes. Its solution, mixed
with sodium cyanide, is used in electroplating baths. Other uses are in PVC
heat stabilizers; as an additive to nitrile rubbers and plastics to improve heat
resistance; and in ceramic glazes and phosphors.

Physical Properties

Occurs in two forms, alpha form—a colorless amorphous powder, and beta
form—a reddish-brown crystal; density 6.95 g/cm3 (alpha form) and 8.15 g/cm3
(beta form); decomposes on rapid heating at 900°C; sublimation temperature
1,559°C; insoluble in water and alkalis; dissolves in mineral acids.

Thermochemical Properties

AH¢° —61.76 kcal/mol
AG¢° —54.66 kcal/mol
Se 13.10 cal/degree mol

Co 10.37 cal/degree mol
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Preparation

Cadmium oxide is prepared by the reaction of cadmium vapor with oxygen.
The metal is first melted in a steel retort and transported into a heated cham-
ber where it is vaporized. The vapor is reacted with air, and the cadmium
oxide formed is collected in a bag house. The particle size of the product
depends on the ratio of air to cadmium vapor. The oxide may be further puri-
fied and particles of uniform size may be obtained by calcination at low red
heat.

Cadmium oxide also may be prepared by several other routes starting with
various cadmium salts. The compound can be made by thermal decomposition
of cadmium carbonate or cadmium hydroxide:

CdCO3 —at— CdO + CO»
Cd(OH); —— CdO + H:0
Similar thermal decomposition of cadmium nitrate or sulfate would yield
the oxide.
Cadmium oxide also may be made by high temperature oxidation of cad-
mium sulfide:

2CdS + 30, —et 5 2CdO + 280,

Finely divided oxide may be obtained by pyrolysis of cadmium salts of car-
boxylic acids, such as cadmium formate or oxalate:

(COOH)2Cd —esis 5 CdO + H0 + 2CO
(CO0)2Cd —ouelsis 5 CdO + COz + CO
Reactions
Reactions with reducing agents at elevated temperatures convert the oxide
to metal:
CdO + Hy —feat 5 Cd + H20
CdO + CO —— Cd + COq
Cadmium oxide reacts with mineral acids forming their cadmium salts:
CdO + 2HC1 — CdCls + H20

CdO + H2S04 — CdSO4 + H20

Similar reactions occur with carboxylic acids producing corresponding car-
boxylates of cadmium.
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Heating a mixture of cadmium oxide and sulfur produces cadmium sulfide:
2CdO + S —teat 5 9CdS + Oq

CdO slowly absorbs carbon dioxide forming cadmium carbonate, CdCOs.

Reaction with amorphous silicon at 900°C, catalyzed by steam produces
cadmium orthosilicate, Cd2SiO4. The same product also is obtained by reac-
tion with silica. Finely divided oxide reacts with dimethyl sulfate forming cad-
mium sulfate. Cadmium oxide, upon rapid heating with oxides of many other
metals, such as iron, molybdenum, tungsten, titanium, tantalum, niobium,
antimony, and arsenic, forms mixed oxides. For example, rapid heating with
ferric oxide at 750°C produces cadmium ferrite, CdFe2O.4:

CdO + Fes03 —2%C 5 CdFes0,4

Analysis

Elemental composition: Cd 87.54%, O 12.46%. CdO may be identified non-
destructively by various x-ray techniques. Cadmium may be analyzed in aque-
ous phase by AA or ICP spectrophotometry following acid digestion. The oxide
also can be analysed by various x-ray techniques.

CADMIUM SULFATE

[10124-36-4]

Formula: CdSO4; MW 208.48; also forms two hydrates, cadmium sulfate
monohydrate, CdSO4*H20 [7790-84-3] and cadmium sulfate octahydrate,
CdSO4°8H20 [15244-34-6].

Uses
Cadmium sulfate is used as electrolyte in standard cells and electroplating
baths. Also, it is used in pigments and fluorescent screens.

Physical Properties

Colorless orthogonal crystal; the hydrates have monoclinic crystal system;
density 4.69 g/cm3 (density of mono-, and octahydrates is 3.79 and 3.08 g/cm3,
respectively); melts at 1,000°C (octahydrate decomposes at 40°C); soluble in
water, insoluble in ethanol.

Thermochemical Properties

AHy° —223.1 kcal/mol
AG¢° —196.6 kcal/mol
Se 29.4 cal/degree mol

Co 23.8 cal/degree mol
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Preparation
Cadmium sulfate is prepared by the reaction of cadmium metal or its oxide
or hydroxide with dilute sulfuric acid:

CdO + H2S04 — CdSO4 + He
CdO + H2S04 — CdSO4 + H20
Cd(OH)z + HaSO4 — CdSO4 + 2H20

Analysis

Elemental composition: Cd 53.92%, O 30.70%, S 15.38%. CdSOQy4 is dissolved
in water and cadmium is analysed by atomic absorption or emission spec-
trophotometry, following appropriate dilution (see Cadmium). Sulfate ion in
the solution may be determined by ion—chromatography or by gravimetry fol-
lowing treatment with barium chloride solution.

CADMIUM SULFIDE

[1306-23-6]
Formula: CdS; MW 144.48

Occurrence and Uses

Cadmium sulfide occurs in nature as the mineral greenoktite. The com-
pound is widely used in pigments for paints, baking enamels, ceramics and
plastics. It imparts bright yellow to maroon, with strong retention of color and
resistance to alkalis. It also is used in inks, phosphors, and fluorescent
screens. Other applications of this compound are in photovoltaic and solar
cells (for converting solar energy to electrical energy), photoconductors (in
xerography), thin film transistors and diodes, rectifiers, scintillation counters,
pyrotechnics, and smoke detectors.

Physical Properties

Yellow to orange crystal; occurs as two polymorphs, hexagonal alpha form
and cubic beta form; exhibits stable wurtzite structure at lower temperature,
and zinc blende type structure at higher temperatures; the beta form converts
to alpha form when heated at 750°C in sulfur atmosphere; sublimes at 980°C;
practically insoluble in water (1.3 mg/L at 20°C); Kgp 3.6x10-29; dissolves in
dilute mineral acids on heating or concentrated acids at ordinary tempera-
tures (decomposes with liberation of HsS).
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Thermochemical Properties

AH¢° —38.70 kcal/mol
AG¢° —37.40 kcal/mol
Se 15.51 cal/degree mol

Preparation

Cadmium sulfide may be prepared by precipitation from an aqueous solu-
tion of its soluble salts such as cadmium chloride or cadmium nitrate by pass-
ing hydrogen sulfide. The reactions may be carried out in acidic, neutral or
alkaline solutions using various cadmium salts to obtain different crystal
modifications as shown in the table below.

Reaction of H,S with Cadmium Salts under Varying Conditions

Aqueous Solution of Cd
Salt
CdClz

CdCl:
Cd(NOs3)2

Cd(NOs3)2
CdSO4

CdSOq
Cd(C2H402)2

Cd(C2H402)2

Cd(ClO4)2

Reaction Conditions

neutral pH; ordinary
temperature

acidic pH; boiling solution
neutral pH; ordinary
temperature

acidic pH; boiling solution
neutral pH; ordinary
temperature

acidic pH, boiling solution
acidic pH; ordinary
temperature

alkaline ammoniacal
solution

acidic pH; warm solution

CdS Color
yellow crystal

red crystal
yellow crystal

red crystal
yellow crystal

red crystal,
yellow crystal

red solution

yellow crystal

Cadmium sulfide also may be obtained by treatment of sodium or other alka-
Ii metal sulfide solution with that of a soluble cadmium salt. The compound
also may be prepared by heating a mixture of cadmium or its oxide with sul-
fur at 800°C; or by the reaction of HaS with cadmium vapor at 800°C.

Analysis

Elemental composition: Cd 77.81%, S 22.91%. In crystalline state, it may
be identified by x-ray diffraction measurement. In aqueous acid extract fol-
lowing digestion with nitric acid, cadmium may be measured by various
instrumental techniques. (see Cadmium). Warming with dilute mineral acids
liberates H2S, which may be identified by its odor or by browning of a white
paper soaked in lead acetate solution.

Toxicity
Cadmium sulfide is moderately toxic to experimental animals by all routes
of exposure. Toxicity in humans is low. It is, however, carcinogenic to humans.
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[7440-70-2]

Symbol: Ca; atomic number 20; atomic weight 40.078; a Group ITA (Group 2)
alkaline—earth metallic element; ionic radius 1.06 A (Ca2*); electron configu-
ration [Ar]4s2; valence state +2; standard electrode potential, E° = —2.87V;
stable isotopes and their abundance: Ca—40 (97.00%), Ca—44 (2.06%); Ca—42
(0.64%), Ca—48 (0.18%), Ca—43 (0.145%), and Ca—46 (0.003%); also the ele-
ment has six unstable isotopes of which Ca—41 has the longest half-life,
1.1x105 yr (decay mode: electron capture), and Ca—38 has shortest half life
0.66 sec (B—decay).

Occurrence and Uses

A few calcium compounds, such as calcium oxide and calcium carbonate
have been known since ancient times. The metal was isolated by Davy in
1808. Earlier its amalgam was prepared by Berzelius and Pontin. Calcium is
the fifth most abundant element in the earth’s crust, constituting 4.15 % by
weight. Its concentration in sea water is 412 mg/L. Calcium is a highly reac-
tive metal and is never found in free elemental form. Its compounds, howev-
er,are widely distributed in nature. Some of its common ores are limestone
(CaCOg), gypsum (CaSO4+2H20), fluorite (CaF2), anorthite (CaAlaSiaOs) and
apatite (CasFP3012). It also occurs in living matter, as an essential element in
bones, teeth, shell, corals, and plant leaves. It constitutes about 2% of body
weight, found mostly in bones and teeth. Its concentration in the blood is
about 100 mg/L, found in blood proteins and serum.

The few limited applications of calcium are mostly in metallurgy. It is used
to produce alloys with aluminum, lead, beryllium, copper, silicon, and other
metals; as a desulfurizer, decarburizer, and deoxidizer for ferrous and non-
ferrous alloys; for removal of bismuth from lead; and as a reducing agent for
zirconium, uranium, thorium, and other metals. Minor, non-metallurgical
applications include dehydration of organic solvents; purification of helium,
argon, and other inert gases to remove nitrogen and other impurities; and as
a “getter” for residual gases in vacuum tubes. Calcium compounds have
numerous applications (see individual compounds).

Physical Properties

Bright, silvery-white metal; face-centered cubic crystal structure (o =
0.5582 nm) at ordinary temperatures, transforming to body-centered cubic
form (o = 0.4407) at 430°C; density 1.54 g/cm3 at 20°C; hardness 2 Mohs, 17
Brinnel (500 kg load); melts at 851°C; vaporizes at 1,482°C; electrical resis-
tivity 3.43 and 4.60 microhm—cm at 0° and 20°C, respectively; modulus of
elasticity 3—-4x106 psi; mass magnetic susceptibility +1.10x10-6 cgs; surface
tension 255 dynes/cm; brick-red color when introduced to flame (flame test);
standard reduction potential E° = -2.87V

Manufacture
Calcium may be obtained by electrolytic or thermal reduction of its salts.
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Electrolytic reduction involves electrolysis of partially molten calcium chlo-
ride at 780° to 800°C in a graphite lined steel vessel. The method requires pre-
cise control of temperature and current. The solid deposit of metal produced
may contain entrapped salt and impurities such as chlorine and nitrogen. It
is re-melted to reduce impurity levels.

Currently, thermal reduction processes have replaced the electrolysis
method. The starting material in these methods is limestone, which is cal-
cined to produce calcium oxide. The latter is ground, mixed and compacted
with aluminum, and reduced at temperatures between 1,000° to 1,200°C
under vacuum. Calcium vapors formed in low yield under such thermody-
namic conditions are transferred from the reactor and condensed in cool
zones, thus shifting the equilibrium to allow formation of more calcium
vapors. The reactions are as follows:

4Ca + 2Al — Ca0-+Alx03 + 3Ca (vapor)
6Ca + 2A1 —» 3Ca0O-Al203 + 3Ca (vapor)

Reactions
Calcium forms divalent compounds. At ordinary temperatures it does not
oxidize readily in dry air. However, at 300°C the reaction is rapid in dry oxy-
gen. The oxidation can occur at ambient temperatures in moist air. Reaction
with hydrogen at 400°C gives calcium hydride, CaHs. Ca metal reacts with a
number of nonmetallic elements forming their corresponding binary com-
pounds. While the reaction with fluorine occurs at ambient temperatures,
other elements combine only at elevated temperatures in the range
300-900°C. Calcium combines with chlorine, bromine and iodine at 400°C and
nitrogen at 900°C forming calcium halides or nitride. With sulfur, phospho-
rus, carbon and boron, the products are the sulfide CaS, phosphide CasPs, car-
bide CaCg, and boride CasBa, respectively.
Calcium reacts vigorously with water at ordinary temperatures with the
evolution of hydrogen:
Ca + 2H20 — Ca(OH)2 + Ho
Violent reactions occur in dilute mineral acids with evolution of hydrogen. Ca
reacts with carbon dioxide on heating, forming calcium oxide and calcium car-
bide:
5Ca + 2C0O2 — 4Ca0 + CaCs

Calcium combines with a number of metals at elevated temperatures form-
ing alloys and intermetallic compounds.

Calcium is a strong reducing agent and can reduce most metal oxides and
halides into their metals at elevated temperatures. It can reduce all the lower
electropositive metals; e.g.

Ca + ZnCly — Zn + CaCls
Analysis
Calcium may be analyzed by several instrumental techniques such as
atomic absorption and emission spectrophotometry, ICP-MS, neutron activa-
tion, and x-ray fluorescence and diffraction methods. For all these techniques,
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except the x-ray methods, the compounds of calcium must be digested in aque-
ous medium and diluted sufficiently prior to analysis. The metal may be mea-
sured at the wavelength 422.7nm by flame-AA or 317.93 or 315.89nm by ICP-
AES. Soluble calcium compounds in water also may be measured by EDTA
complexometric titration using Eriochrome Black or Calmagite indicator.
Magnesium interferes with this test.

Hazard
Calcium is nontoxic. It can be handeled safely. However, contact with acids,
oxidizing agents or oxidizable substances can progress to explosive reactions.

CALCIUM CARBONATE

[471-34-1]
Formula: CaCO3; MW 100.09

Occurrence and Uses

Calcium carbonate occurs in nature as limestone in various forms, such as
marble, chalk, and coral. It is probably the most widely-used raw material in
the chemical industry. It has numerous applications, primarily to produce
cement, mortars, plasters, refractories, and glass as building materials. It also
is used to produce quicklime, hydrated lime and a number of calcium com-
pounds. It is produced either as powdered or precipitated calcium carbonate.
The latter consists of finer particles of greater purity and more uniform size.
They also have many important commercial applications. Various grades of
precipitated calcium carbonate are used in several products, such as textiles,
papers, paints, plastics, adhesives, sealants, and cosmetics.

Physical Properties

Calcium carbonate occurs in two forms—hexagonal crystal known as cal-
cite, and orthorhombic form, aragonite. Calcite decomposes on heating at
825°C, aragonite melts at 1,339°C (at 102.5 atm). Density 2.71 g/cm3 (calcite),
2.83 g/cm3 (aragonite); insoluble in water (15mg/L at 25°C); Ksp 4.8x10-9; sol-
uble in dilute mineral acids.

Thermochemical Properties

AH¢° —288.6 kcal/mol

AG¢° —269.9 kcal/mol

Se 21.92 cal/degree mol

Co 19.9 cal/degree mol
Production

Calcium carbonate is obtained from natural limestone deposits. The puri-
fied compound, known as precipitated calcium carbonate, is synthesized from
limestone. Limestone is calcined to calcium oxide and carbon dioxide in a kiln.
The products are recombined after purification. Calcium oxide is hydrated
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with water to give a slurry called milk of lime, which is then carbonated by
bubbling CO2 through it. The reactions involved in the process are as follows:

CaCO; —bat 5 CaO + CO2
CaO + HoO —slakine Ca(OH)2
Ca(OH)2 + CO2 — CaCO3 + H20

The crystal sizes required for various commercial applications may be con-
trolled by temperature, pH, concentrations, and mixing rate.

Calcium carbonate also may be precipitated by mixing solutions of calcium
chloride and sodium carbonate.

Reactions

Calcium carbonate decomposes to calcium oxide and COgz on heating.
Treatment with dilute mineral acids produces corresponding calcium salts
with liberation of COx:

CaCOs3 + 2HC1 — CaCls + H20 + CO2

In the presence of COg it dissolves in water with the formation of bicar-
bonate: B
CaCOs + HoO + COg — Ca2t + 2HCOg3

It 1s reduced to calcium carbide when heated with coke or anthracite in an
electric furnace:

high temperature

2CaC03 + 5 ————2CaCz + 3CO2

Analysis

Elemental composition: Ca 40.04%, C 12.00%, O 47.96%. CaCOs3 dissolves
in water in the presence of a few drops of HCI. The solution is analyzed for cal-
cium by AA or ICP spectroscopy or by treatment with ammonium oxalate fol-
lowed by titration with potassium permanganate.

CALCIUM CARBIDE

[75—-20-7]
Formula: CaCq; MW 64.100

Uses

The most important application of calcium carbide is the production of
acetylene. It also is used to produce calcium cyanamide, CaCNg, a nitrogen
fertilizer and a source of ammonia.
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Physical Properties
Grayish-black orthorhombic crystal; density 2.22 g/cms3; melts at 2,200°C;
reacts with water.

Thermochemical Properties

AHy° —14.29 kcal/mol
AG¢° —15.51 kcal/mol
Se 16.73 cal/degree mol
Co 14.99 cal/degree mol

Preparation
Calcium carbide is produced by the reaction of calcium oxide with carbon in
an electric furnace at temperatures in the range 1,800° to 2,100°C:

Ca0 + 3¢ —22° 5 CaCsy + CO

Reactions
Calcium carbide reacts with water producing acetylene:

CaCgz + 2H20 — CoHg + Ca(OH)2

Reaction with nitrogen at elevated temperatures produces calcium
cyanamide, used as a fertilizer:

CaCs2 + Ng — CaCNy + C

Analysis
Elemental composition: Ca 62.53%, C 37.48%. The compound can be deter-
mined by various x-ray techniques.

Hazard
Contact with water can be hazardous due to the formation of acetylene
which is highly flammable.

CALCIUM CHLORIDE

[10043-52-4]

Formula: CaClg; MW 110.99; also forms mono-, di-, tetra- and hexahydrates;
CaCly*H20 [22691-02-7], CaCl2°2H20 [10035-04-8], CaClz4H20
[256094-02—4] and CaCls*6H20 [7774-34-7], respectively.

Occurrence and Uses

Calcium chloride may be found in nature as the mineral tachhydrite,
CaCly*2MgClz* 12H20. It also is found in other minerals. Its concentration in
sea water is about 0.15%.
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Calcium chloride has several industrial applications. The major applica-
tions of this compound are in deicing of roads, dust control, imparting stabil-
ity to roads and buildings, and to improve traction in tractor tires. It is mixed
with ice to make freezing mixtures. Hexahydrate mixed with crushed ice can
lower the temperature of the cooling bath to below —50°C. It also is used as a
desiccant for dehydrating gases and liquids. It is added to cement in various
proportions to manufacture different types of concrete. Other uses are in
adhesives, to lower gel temperatures, and as a calcium source in liquid feed
supplements for dairy cattle. Also, the compound is used to control particle
size development and reduce coalescence in plastics.

Physical Properties

White crystal, powder or flake; highly hygroscopic; the compound and its
solutions absorb moisture from the air at various rates depending on calcium
chloride concentrations, relative humidity and vapor pressure of water in the
air, temperature, surface area of exposed material, and the rate of air circu-
lation; at 40% and 95% relative humidity and 25°C, one gram anhydrous cal-
cium chloride may absorb about 1.4 g and 17 g water, respectively. (Shearer,
W. L. 1978 . In Kirk-Othmer Encyclopedia of Chemical Technology, 3rd ed.,
vol. 4, pp. 432—6. New York: Wiley Interscience); density 2.15, 2.24, 1.85, 1.83
and 1.71 g/cm3 for the anhydrous salt and its mono-, di-, tetra- and hexahy-
drates, respectively; anhydrous salts melts at 772°C, while the mono-, di-,
tetra- and hexahydrates decompose at 260°, 175°, 45.5° and 30°C, respec-
tively; the anhydrous salt vaporizes at 1,935°C; highly soluble in water, mod-
erate to high solubility in alcohol.

Thermochemical Properties

AH;° (CaCly) —190.11 kecal/mol
AHy® (CaCls *H20) —265.53 kcal/mol
AH¢° (CaCly *2H20) —335.56 kecal/mol
AHy° (CaCls *4H30) —480.40 kcal/mol
AHy° CaCls *6H20) —623.33 kecal/mol
AG¢° (CaCly) —178.97 kcal/mol

S° (CaCly) 25.91 cal/degree mol
Cp (CaCly) 17.42 cal/degree mol
Cp (CaClz*Hz0) 25.39 cal/degree mol
Cp (CaClz+2H20) 41.33 cal/degree mol
Cp (CaCi2+4H20) 60.03 cal/degree mol
Cp (CaClz*6H20) 71.87 cal/degree mol
AHgys (CaCly) 6.82 kcal/mol

AHgys (CaClg* H20) 4.13 kcal/mol

AHg,s (CaClg* 2H20) 3.09 kcal/mol

AHgys (CaClg*4H20) 7.13 kcal/mol

AHgys (CaClg* 6H20) 10.94 kcal/mol
*AHgomn (CaCly) —174 kcal/mol
*AHgomn (CaCla* H20) -96.8 kcal/mol

*AHgomn (CaCls* 2H20) —72.8 kcal/mol
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*AHgomn (CaCls*4H20) —14.2 kcal/mol
*AHgom (CaCls* 6H20) 17.2 kcal/mol

* to infinite dilution in water.

Preparation

Calcium chloride is obtained as a by-product in the manufacture of sodium
carbonate (soda ash) by ammonia-soda (Solvay) process. The process involves
the reaction of sodium chloride with calcium carbonate and ammonia.
Calcium chloride is currently produced in bulk amounts by evaporation of nat-
ural underground brines. In the laboratory, calcium chloride can be prepared
by treating limestone with hydrochloric acid followed by evaporation of solu-
tion to obtain crystals. The crystals are dehydrated to obtain anhydrous salt.
Calcium oxide or hydroxide may be used instead of carbonate.

Reactions

In aqueous solutions, calcium chloride undergoes double decomposition
reactions with a number of soluble salts of other metals to form precipitates
of insoluble calcium salts. For example, mixing solutions of calcium chloride
with sodium carbonate, sodium tungstate and sodium molybdate solutions
precipitates the carbonates, tungstates, and molybdates of calcium, respec-
tively. Similar precipitation reactions occur with carboxylic acids or their sol-
uble salt solutions. CaClsz forms calcium sulfide when HsS is passed through
its solution. Reaction with sodium borohydride produces calcium borohydride,
Ca(BHy)2. It forms several complexes with ammonia. The products may have
compositions CaClg*2NH3s, CaClz*4NHs, and CaCls* 8NHs.

Analysis

Elemental composition: Ca 36.11%, CI 63.89%. An aqueous solution of the
compound may be acidified and analyzed for calcium by AA or ICP methods
(see Calcium). The solution may be analyzed for chloride ion by ion selective
electrode, ion chromatography or by argentometric titration.

CALCIUM CYANAMIDE

[156—62-T7]

Formula: CaCNy ; MW 80.11; cyanamide ion is linear and structurally simi-
lar to COg; Structure N = CN = Ca

Synonyms: calcium carbimide; lime nitrogen; nitrolime

Uses

Calcium cyanamide is used primarily as a fertilizer. It also is used as a
defoliant and pesticide. Other major applications of this compound are in
hardening iron and steel, and in preparation of calcium cyanide and
melamine.
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Physical Properties

Pure product is a colorless, hexagonal crystal or white powder. Commer-
cial grade material may be grayish-black powder or lump (the color is due to
presence of calcium carbide and other impurities); density 2.29 g/cm3; melts
around 1,340°C; sublimes around 1,150 to 1,200°C on rapid heating; reacts
with water.

Preparation

Calcium cyanamide is prepared from calcium carbide. The carbide powder
is heated at about 1,000°C in an electric furnace into which nitrogen is passed
for several hours. The product is cooled to ambient temperatures and any
unreacted carbide is leached out cautiously with water.

elecric furnace

CaCa+ Ny —— > CaCNz2+ C  (AHs°=—-69.0 kcal/mol at 25°C)

Reactions

Calcium cyanamide partially hydrolyzes to calcium hydrogen cyanamide,
CaHCNzg. The final hydrolysis products are calcium carbonate and ammonia.
The reaction is slow, occurring in moist soil:

CaCNsy + 3H20 — CaCOs + 2NH;3

When heated at elevated temperatures in oxygen (or air) it oxidizes to cal-
cium oxide, carbon dioxide and oxides of nitrogen.

Analysis

Elemental composition: Ca 50.03%, C 14.99%, N 34.98. A measured amount
of the compound is hydrolyzed with water. The product CaCOs is filtered,
dried and determined by gravimetry. Calcium carbonate or the parent calci-
um cyanamide may be digested with nitric acid, diluted appropriately, and
analyzed for Ca by AA or ICP spectroscopy. The hydrolysis product in solu-
tion, ammonia, may be measured by ammonium ion selective electrode, or by
colorimetry followed by Nesslerization.

FLUORIDE

[7789-75-5]
Formula: CaFq; MW 78.075

Occurrence and Uses

Calcium fluoride occurs in nature as the mineral fluorspar or fluorite. It is
used as a flux in ferrous metallurgy to enhance the fluidity of the slag. An
important application of this compound is in the manufacture of fluorine and
hydrofluoric acid, starting materials for producing many fluoroorganics. It
also 1s used in glass and ceramics. Pure crystals are used in lasers, optics, and
electronics. Other applications are in high temperature, dry-film lubricants;
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catalysis, and fluoridation of drinking water.

Physical Properties

White cubic crystal or powder; refractive index 1.434; density 3.18 g/cm3;
hardness 4 Mohs; melts at 1,418°C; vaporizes at 2,533°C; insoluble in water
(16 mg/L at 20°C); Ksp 3.9x10-11; slightly soluble in dilute mineral acid; solu-
ble in concentrated acids (with reaction).

Thermochemical Properties

AH¢° —293.5 kcal/mol

AG¢° —281.0 kcal/mol

Se 16.37 cal/degree mol

Co 16.01 cal/degree mol

AHjys 7.1 kcal/mol
Production

The commercial product is obtained from naturally occurring mineral
fluorspar, which is purified and powdered. Also, it may be precipitated by mix-
ing a solution of sodium fluoride with a soluble calcium salt:

Ca(NOs3)2 + 2NaF — CaFz + NaNOgs

Alternatively, it may be obtained by treating calcium carbonate with hydro-
fluoric acid:

CaCOs + 2HF — CaFs + COg + H20
Reactions

Reaction with concentrated sulfuric acid yields hydrogen fluoride and cal-
cium sulfate:

CaFs+ H2S04 — 2HF + CaSO.4
Similar HF liberation occurs with other concentrated mineral acids.
Analysis
Elemental composition: Ca 51.33%, F 48.67%. The compound may be
analysed nondestructively by x-ray techniques. Calcium may be measured in

acid extract by AA or ICP spectrophotometry. The insoluble salt is digested in
concentrated nitric acid and the acid extract diluted for analysis.

CALCIUM HYDRIDE

[7789-78-8]
Formula: CaHe; MW 42.094
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Uses

Calcium hydride is used as a source of hydrogen, liberating hydrogen either
on heating or shaking in water. When mixed in water, 1 g calcium hydride
would release 1.16 L hydrogen at NTP or about twice the volume of hydrogen
generated from equivalent mass of calcium metal in water. Other applications
are in organic synthesis as a reducing agent to reduce metal oxides to metals,
and as a drying agent.

Physical Properties
Grayish orthorhombic crystal or powder; stable at ambient temperature;

density 1.70 g/em3; melts at 816°C; reacts with water and alcohol.

Thermochemical Properties

AH{f® —43.38 kcal/mol
AG¢° —34.06 kcal/mol
Se 9.89 cal/degree mol
Co 9.80 cal/degree mol

Preparation

Calcium hydride may be prepared from its elements by direct combination
of calcium and hydrogen at 300 to 400°C. It also can be made by heating cal-
cium chloride with hydrogen in the presence of sodium metal:

CaCls + Hy + 2Na —2 5 CaHs + NaCl

Alternatively, calcium hydride may be prepared by the reduction of calci-
um oxide with magnesium in the presence of hydrogen:

CaO + Mg + Ha — CaHa + MgO

Reactions
Calcium hydride reacts with water, evolving hydrogen:

CaHs + 2H20 — Ca(OH)s + 2Ho>
Similar reaction occurs with lower alcohols and carboxylic acids:

CaHs + 2C2H50H — (C2H50)2Ca + Ho
CaHy + 2CH3COOH — (CH3C00)2Ca + 2Hs2
Calcium hydride is a strong reducing agent. It reduces most metal oxides
to metals:
CaHgz + 2Cu0O — 2Cu + Ca(OH)s
3CaHy + 2A1503 — 4Al + Ca(OH)q

When heated with chlorine, bromine or iodine, the reaction goes to incan-
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descence with the formation of calcium halide and hydrogen halide:
CaHy + 2C1 —%“ 5 CaCly + 2HCI

Analysis

Elemental composition: Ca 95.41%; H 4.79%. A measured amount of the
solid is carefully treated with water and the volume of evolved hydrogen is
measured using a manometer (1g liberates 1.16 L. Hy at NTP). The solution is
then acidified with nitric acid and diluted for the measurement of calcium by
AA or ICP spectrophotometry, or by a wet method (see Calcium). The liberat-
ed hydrogen gas may be analyzed by GC using a TCD. Many packed and cap-
illary GC columns are commercially available.

Hazard

Calcium hydride ignites in air on heating and can explode violently if mixed
and rubbed with a strong oxidizing agent such as perchlorate or bromate.
Contact with water produces hydrogen which can create a fire hazard in a
confined space.

HYDROXIDE

[1305-62—0]
Formula: Ca(OH)2; MW 74.093
Synonyms: hydrated lime; slaked lime; calcium hydrate

Uses

Calcium hydroxide has wide industrial applications. It is used to make
cement, mortar, plaster, and other building materials. It also is used in water
soluble paints, and for fireproofing coatings and lubricants. Other applica-
tions are in the manufacture of paper pulp; as a preservative for egg; in vul-
canization of rubber; as a depilatory for hides; and in preparation of many cal-
cium salts.
Physical Properties

Soft white crystalline powder; hexagonal; density 2.34 g/cm3; slightly bitter
taste; loses water when heated at elevated temperatures (5680°C); slightly sol-
uble in water; Ky, 1.2x10-14; aqueous solution alkaline; soluble in glycerol and
acids; insoluble in alcohol.

Thermochemical Properties

AH° —235.47 kecal/mol
AGy° —214.51 kcal/mol
Se 19.93 cal/degree mol

Co 20.90 cal/degree mol



168 CALCIUM HYPOCHLORITE

CALCIUM

Production
Calcium hydroxide is produced commercially by treating lime with water:

CaO + H20 — Ca(OH)2

In the laboratory it may be prepared by treating an aqueous solution of any
calcium salt with an alkali.

Reactions

Calcium hydroxide on heating at 580°C loses its water, forming calcium
oxide (Ca0O). Ca(OH)z2 forms calcium carbonate by absorbing CO2 from air or
when COg3 is passed through a suspension in water. Reaction with sulfuric
acid yields calcium sulfate dihydrate:

Ca(OH)z + HaSO4 — CaS04°2H20

Mixing with other mineral acids following crystallization or evaporation of
solution produces corresponding calcium salts.

It combines with sulfur dioxide to form calcium sulfite hemihydrate,
CaSO0Os°%H20 which can oxidize in air in the presence of moisture to give cal-
cium sulfate dihydrate, CaSO4°*2H20. However, when SOg is passed through
a solution of calcium hydroxide, calcium bisulfite, Ca(HSO3)2 is obtained. The
solution is yellowish when it contains bisulfite in aqueous SOs.

When heated with carbon monoxide under pressure, the product is calcium
formate, Ca(HCOO)a:

Ca(OH), +2C0—"2; Ca(HCOO),

pressure

Hot aqueous solution of calcium hydroxide and iodine react in the presence of
chlorine to form calcium iodate, Ca(I0s3)s.

Analysis

Elemental composition: Ca 54.09%, H 2.72%, O 43.19%. Calcium may be
measured by atomic absorption or emission spectroscopy (see Calcium). Its
concentration in its alkaline aqueous solution may be measured by acid-base
titration.

HYPOCHLORITE

[7778-54-3]
Formula: Ca(OCl)2; MW 142.99
Synonym: calcium oxychloride
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Uses

Calcium hypochlorite is used as a disinfectant and bactericide. It also is
used as a fungicide; a deodorant; an oxidizing agent; and as a bleaching
agent for paper and textiles. Some other applications of this compound are in
refining sugar and producing chlorine.

Physical Properties
White crystalline solid; density 2.35 g/cm3; decomposes when heated to
100°C; soluble in water and alcohol (with decomposition).

Preparation

Calcium hypochlorite may be prepared by passing chlorine into a slurry of
lime and sodium hydroxide. Alternatively, chlorine is passed into a solution of
hydrated lime to produce bleaching powder, CaCl(OCl)* H20:

Ca(OH)z + Clz — CaCl(OCl)-H20

The bleaching powder solution is then treated with sodium chloride to salt out
calcium hypochlorite. The product obtained in its dihydrate form is dried
under vacuum.

The commercial grade material usually contains 50 to 70% calcium
hypochlorite.

Reactions

Calcium hypochlorite is an oxidizing agent. It undergoes vigorous to violent
reactions with reducing agents and organics. In aqueous solution, it dissoci-
ates to calcium and hypochlorite ions. The hypochlorite ions form hypochlor-
ous acid and molecular chlorine, which coexist in equilibrium.

Analysis

Elemental composition: Ca 28.03%, CI 49.59%, O 22.38%. Calcium can be
measured by various instrumental techniques or wet methods (see Calcium).
Hypochlorite ion may be analyzed by ion chromatography. Free chlorine (as
Clp) in the aqueous solution may be measured by DPD colorimetry or by iodo-
metric titration (see Chlorine).

NITRATE

[10124-37-5]

Formula: Ca(NOs)2; MW 164.09; also forms a tetrahydrate, Ca(NO3)2*4H20
[13477-34—4]

Synonyms: lime nitrate; lime saltpeter; Norwegian saltpeter, nitrocalcite
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Uses

Calcium nitrate is used in explosives, matches and pyrotechnics. Other
applications are in the manufacture of incandescent mantle; and as an addi-
tive to diesel fuel for corrosion inhibition.

Physical Properties
White cubic crystal; hygroscopic; density 2.50g/cm3; melts at 561°C; highly

soluble in water; also dissolves in alcohols and acetone.

Thermochemical Properties

AH° —244.24 kcal/mol
AG¢° —177.53 kecal/mol
Se 46.18 cal/degree mol
Co 35.71 cal/degree mol

Preparation
Calcium nitrate may be prepared by the reaction of nitric acid with calci-
um carbonate or calcium sulfide:

CaCOs + 2HNO3 —2 3 Ca(NOs); + CO + Hz0
CaS + 2HNO3 — 5 Ca(NOs)s + HsS

Analysis

Elemental composition: Ca 24.42%, N 17.07%, O 58.50%. Calcium ion in its
aqueous solution may be measured by various instrumental techniques or
titrimetry (see Calcium). Nitrate ion can be measured by ion—chromatography
or using a nitrate ion-selective electrode. The aqueous solutions must be
diluted appropriately for such measurements.

Hazard

Calcium nitrate is a strong oxidizing agent. Mixing with organic substances
such as fuel oil or hydrocarbons or other oxidizable compounds can cause
explosion.

CALCIUM OXIDE

[1305-78-8]
Formula: CaO; MW 56.077
Synonyms: quicklime; lime; burnt lime; unslaked lime; fluxing lime

Uses

Calcium oxide is one of the most important industrial chemicals. It is used
in the manufacture of building and construction materials, including bricks,
mortar, stucco and plaster. It also is used as a flux in the manufacture of steel.
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Other important products made from application of calcium oxide in their
manufacturing processes include glass, pulp and paper, aluminum and mag-
nesium. Some other major applications of this compound are in flotation of
non-ferrous ores; removal of phosphate and pH control in sewage treatment;
neutralization of acid waste effluents; depilatory for hides; drilling fluids;
refining cane and beet sugar; in pesticides and fungicides; and as an
absorbent for carbon dioxide in the form of soda-lime (a mixture with caustic
soda). Also, calcium oxide is used to produce sodium carbonate (Solvay
process) and many calcium compounds. Its slaked form, known as slaked lime,
Ca(OH)2 has numerous industrial applications (see Calcium Hydroxide).

Before the advent of electricity, calcium oxide was used to produce the so-
called “lime light” to spotlight or illuminate the stage. When heated by an oxy-
hydrogen flame, it incandesces emitting bright white light.

Physical Properties

Gray-white granular powder or lumps; cubic crystals; density 3.34 g/cm3;
melts at 2,572°C; becomes incandescent when heated to its melting point;
vaporizes at 2,850°C; soluble in water forming slaked lime; also soluble in
acids with decomposition; practically insoluble in alcohol.

Thermochemical Properties

AHy° —151.74 kcal/mol

AGy° —144.19 kcal/mol

Se 9.11 cal/degree mol

Co 10.04 cal/degree mol

AHgpys 14.1 kcal/mol
Production

Calcium oxide is commercially obtained from limestone. The carbonate is
roasted in a shaft or rotary kiln at temperatures below 1,200°C until all COq
is driven off. The compound is obtained as either technical, refractory or agri-
cultural grade product. The commercial product usually contains 90 to 95%
free CaO. The impurities are mostly calcium carbonate, magnesium carbon-
ate, magnesium oxide, iron oxide and aluminum oxide.

Reactions
Calcium oxide reacts with water forming calcium hydroxide:

CaO + H20 — Ca(OH)2

The reaction is highly exothermic, with powdered material.
CaO absorbs CO2 forming calcium carbonate:
CaO + COz —» CaCO3

With sulfur dioxide, calcium sulfite is the product which slowly oxidizes to cal-
cium sulfate:

Ca0O + SOz — CaSOs ;
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and with hydrogen sulfide the product is calcium sulfide:
CaO + HzS — CaS + H20

Reactions with acids give corresponding calcium salts:
CaO + H2S04 — CaS0O4 + H20

and with hydrogen halides or their acids, calcium halide is formed:
CaO + 2HF — CaFs + H20

When pulverized calcium oxide is heated with carbon (crushed coke or
anthracite) in an electric furnace, calcium carbide is produced:

elevated
temperatures

CaO+3C — > CaC:+CO

Analysis

Elemental composition: Ca 71.47%, O 28.53%. Acidified CaO solution may
be analyzed for Ca by flame AA or ICP spectrometry (see Calcium). The oxide
may be determined by x-ray techniques. The compound may be identified by
adding a small quantity slowly and carefully to water (reaction may be vio-
lent) and testing the pH (pH should be alkaline). Passage of COzg into its clear
solution should turn the solution milky due to formation of CaCOs.

Hazard

Skin contact of the powder can cause severe irritation. Mixing the powder
form of the compound with water can produce explosive reactions with liber-
ation of large quantities of heat. The reaction occurs after a few minutes delay
(Mellor, J. W. 1941. Comprehensive Treatise on Inorganic and Theoretical
Chemaistry, Vol. 3, pp. 673. London: Longmans Green). The presence of mois-
ture in storage containers or bottles may produce an explosion hazard.
Hydration of granular lumps, however, is slow and smooth.

PHOSPHATE, DIBASIC

[7757-93-9]

Formula: CaHPO4; MW 136.06; also occurs as dihydrate CaHPO4°*2H20
[7789-77-7] known as brushite.

Synonyms: calcium hydrogen phosphate; secondary calcium phosphate; bical-
cium phosphate

Uses
Dibasic calcium phosphate is found in nature as the mineral monetite. It is
used as a food supplement and source of calcium, both in human food and ani-
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mal feed. It is used in dough conditioner; in several dental products and in
medicine. Other applications are in fertilizers, plastics and in the manufac-
ture of glass.

Physical Properties

White triclinic crystal; density 2.92 g/cm3 (anhydrous) and 2.31 g/cm3 (dihy-
drate); hardness 3.5 Mohs; decomposes on heating; inosluble in water and
alcohol; Ksp 2.7x10-7; soluble in dilute mineral acid.

Preparation

Dibasic calcium hydrogen phosphate may be prepared by several methods.
It is precipitated by mixing solutions of calcium chloride and disodium hydro-
gen phospate:

CaCls + NagHPO4 — CaHPO4 + 2NaCl

It also is prepared by treating phosphoric acid with lime water (suspension of
calcium hydroxide in water). Also, it is obtained as a by-product in the prepa-
ration of hydroxypatite. The preparation involves the reaction of phosphoric
acid with calcium phosphate.

HsPO4 + Ca3(PO4)2 — 3CaHPO4

Analysis

Elemental composition: Ca 29.46%, H 0.74%, P 22.77%, O 47.04%. The com-
pound may be identified by x-ray analysis. Calcium may be analyzed by AA or
ICP spectrometry in aqueous matrix following acid digestion. Phosphorus in
the aqueous solution may be determined by colorimetry (see Phosphorus).

PHOSPHATE, MONOBASIC

[7758-23-8]

Formula: Ca(H2POu4)s2;

MW 234.06; readily forms monohydrate, Ca(HsPO4)2*H20

Synonyms: monocalcium orthophosphate; calcium biphosphate; primary calci-
um phospate, calcium dihydrogen phosphate.

Uses

Monobasic calcium phosphate is primarily used in fertilizers. It also is used
in baking powders; as a mineral supplement in food; as a buffer for pH con-
trol; and as a stabilizer for plastics.

Physical Properties
Colorless shiny crystals, granules or powder; the impure material is hygro-
scopic due to the presence of trace phosphoric acid and other impurities; acid
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taste; density (monohydrate 2.22 g/cm3); monohydrate loses water at 100°C;
decomposes at 200°C; moderately soluble in water; aqueous solution acidic;
soluble in dilute mineral acids and acetic acid.

Preparation
Monobasic calcium phosphate may be prepared in the laboratory by the
reaction of calcium carbonate with phosphoric acid:

CaCOs + 2H3POs — Ca(H2PO4)2 + CO2 + H2O

Fertilizer grade product is obtained by pulverized phosphate rock (tricalci-
um phosphate) in phosphoric or sulfuric acid and evaporating the solution.

Analysis
Elemental composition: Ca 17.12%, H 1.72%, P 26.47%, O 54.69%
Calcium may be analyzed by AA or ICP spectrophotometry. Its aqueous
solution may be analyzed for phosphorus by colorimetry (see Phosphorus).

PHOSPHATE, TRIBASIC

[7758-87—-4]

Formula: Cas(PO4)3; MW 310.20

Synonyms: calcium orthophosphate; calcium phosphate; tricalcium phos-
phate; tertiary calcium phosphate; precipitated calcium phosphate; bone ash
(technical product).

Occurrence and Uses

Tribasic calcium phosphate occurs in nature as minerals, oxydapatite,
whitlockite, voelicherite, apatite, phosphorite. It has many industrial applica-
tions. Some are similar to the monobasic and dibasic salts. It is used in fertil-
izers, dental products, ceramics and polishing powder. Some other important
applications are in plastics as a stabilizer; as an anticaking agent; as a nutri-
ent supplement in cattle food; for clarifying sugar syrup; as a mordant in dye-
ing textiles; and as a buffer to control pH.

Physical Properties
White amorphous powder; refractive index 1.63; density 3.14 g/cm3; melts
at 1,670°C; insoluble in water; Ksp 1.0x10-25; soluble in acids.

Thermochemical Properties

AH¢° —984.9 kcal/mol
AG¢° -928.5 kecal/mol
Se 56.4 cal/degree mol

Co 54.4 cal/degree mol
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Preparation

Tribasic calcium phosphate is obtained from naturally occurring minerals
for fertilizer applications. The compound may be prepared in the laboratory
by the reaction of sodium phosphate with calcium chloride with excess of
ammonia. Also, it can be prepared by treatment of calcium hydroxide with
phosphoric acid:

2H3PO4 + 3Ca(OH)2 — Cas(PO4)2 + 6H20

Analysis

Elemental composition: Ca 38.76%, P 19.97%, O 41.26%. Calcium may be
analyzed by AA, and ICP, or x-ray methods (see Calcium). The orthophos-
phate anion may be analyzed by colorimetry (see Phosphorus). For colorimet-
ric analysis the insoluble tribasic phosphate must be brought into aqueous
phase by dissolving in dilute sulfuric acid.

CALCIUM SULFATE

[7778-18-9]
Formula: CaSO4; MW 136.14; also forms hemihydrate, CaSO4°*%H20
[10034—76—1] and the dihydrate, CaSO4°*2H20 [10101-41-4].

Synonyms: anhydrous calcium sulfate-anhydrite; muriacite; karstenite;
anhydrous gypsum; anhydrous sulfate of lime hemihydrate-plaster of Paris;
annalin; dried gypsum; dried calcium sulfate dihydrate-gypsum; alabaster;
satin spar; mineral white; terra alba; satinite; light spar; selenite; precipitat-
ed calcium sulfate; native calcium sulfate

Occurrence

Both the anhydrous calcium sulfate and dihydrate occur in nature, the for-
mer as the mineral, anhydrite, and the latter as gypsum. Gypsum is widely
distributed in nature. It has been known since ancient times.

Uses

All three forms of calcium sulfate have many important commercial appli-
cations. The anhydrous salt, as insoluble anhydrite, is used in cement and as
a paper filler. The soluble anhydrite, highly efficient in absorbing moisture, is
commonly used as a desiccant for drying gases and liquids. It is known under
the trade name Drierite. The most useful form of calcium sulfate, however, is
gypsum. It is used in Portland cement, plaster for walls (gypsum plasters),
wall boards, blocks, and mortars. It also is used in agriculture for condition-
ing soil. Gypsum also is used to produce other calcium compounds.

Hemihydrate is commonly used as plaster of Paris in numerous applica-
tions. It 1s used to make gypsum wallboards, molding plasters and pottery
plasters. Pottery plasters are used in ceramics, pottery, and artworks.
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Plasters made from hemihydrate also find applications in many orthopedic
and dental materials and sanitary wares.

Physical Properties

Anhydrous calcium sulfate is a crystalline substance; orthorhombic; the
color may vary as white, gray, blue or brick-red; occurs as insoluble anhydrite
or porous soluble anhydrite; density 2.96 g/cm3; hardness 3.5 Mohs; insoluble
anhydrite is practically insoluble in water (0.21% at 20°C); soluble anhydrite
readily absorbs moisture and is soluble in water.

Hemihydrate is a white fine powder; sparingly soluble in water (3g/L at
25°C); combines with water, setting to a hard mass.

Dihydrate may occur as lumps or powder; density 2.32 g/cm3; partially loses
water on heating at 100°C; slightly soluble in water (2.4 g/Li at 25°C); Kgsp
=2.4x10-%; almost insoluble in organic solvents.

Thermochemical Properties

AH° (anhydrite) —342.76 kcal/mol
AG#° (anhydrite) —315.93 kcal/mol
S° (anhydrite) 25.50 cal/degree mol
Cp (anhydrite) 23.82 cal/degree mol
AH{° (hemihydrate) -376.85 kcal/mol
AG#° (hemihydrate) —343.41 kcal/mol
S° (hemihydrate) 31.20 cal/degree mol
Cp (hemihydrate) 28.54 cal/degree mol
AH° (dihydrate) —483.42 kcal/mol
AG#° (dihydrate) —429.60 kcal/mol
S° (dihydrate) 46.40 cal/degree mol
Cp (dihydrate) 44.46 cal/degree mol
Manufacture

Gypsum may be produced from the natural mineral by surface quarrying or
mining from natural deposits. Natural gypsum is generally found to contain
both the anhydrous and dihydrate forms together. Also, it contains a number
of impurities, such as, clay, silica, limestone, and magnesium carbonate. The
rock is crushed to size as required and calcined. The dihydrate is dehydrated
to hemihydrate or anhydrite. The calcination usually is done in a steel cylin-
drical vessel known as a kettle for several hours under hot air flow at tem-
peratures ranging between 100 to 125°C. Calcination may be carried out
under steam pressure. Soluble anhydrite may be produced by further heating
the calcined product at temperatures between 200 to 220°C, and may be
obtained in fine powder or granule form. Insoluble anhydrite may be produced
in a similar manner, however, by calcination over a longer time period.
Temperature controls and rate of heatng are crucial factors in the manufac-
ture of various forms of calcium sulfate.

Calcium sulfate also is manufactured by various synthetic reactions. The
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products, generally known as synthetic gypsums, may be obtained as dihy-
drate or hemihydrate. Many commercial plants operate on synthetic routes to
produce calcium sulfate. It is produced by the reaction of a calcium salt with
sulfuric acid or sulfur dioxide:

Ca3(POy4)2 + 3H2504 +6H20 — 3CaSO,*2H20 +2H35P04
Ca(OH)z + HoSO4 — CaS04°2H20

Ca(OH)z + SO4 — CaS04 + 2H20

2CaS03 +02 — 2CaS04

Reactions

Calcium sulfate exhibits high thermal stability. At elevated temperatures,
it occurs in anhydrous form. The dihydrate loses its water molecules upon
strong heating. When ignited with charcoal, it is reduced to calcium sulfide:

elevated
temperature

CaS04 + 2C CaS + 2CO2

In aqueous solution, the dihydrate, CaSO4°2H20 (soluble in water) under-
goes double decomposition reactions with other soluble salts, precipitating out
insoluble salts:

CaS04 + 2AgNO3 — Ca(NOs3)2 + AgaS0O4

Analysis

Elemental composition: Ca 29.44%, S 23.55%, O 47.01%. The compound
may be digested with nitric acid and the acid extract may be analyzed for Ca
by AA or ICP spectrophotometry. Various x-ray techniques may be applied for
the nondestructive identification of the compound. Water of crystallization
may be determined by gravimetry following high temperature heating to
expel all water from the hydrated crystals.

CALCIUM SULFIDE

[20548-54-3]
Formula: CaS; MW 72.144

Occurrence and Uses

Calcium sulfide occurs in nature as the mineral oldhamite. It has several
applications. The ‘luminous’ calcium sulfide is used in phosphors, luminous
paints and varnishes. Calcium sulfide also is used as an additive to lubri-
cants; and as a flotation agent in ore extraction.
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Physical Properties

Pure compound is white cubic crystal or powder; impure or luminous calci-
um sulfide is pale yellow to light gray; bitter taste; odor of HaS in moist air;
hygroscopic; refractive index 2.137; hardness 4.0 Mohs; density 2.59 g/cm3;
melts at 2,525°C; slightly soluble in water; insoluble in alcohol; soluble in
acids with decomposition.

Thermochemical Properties

AH¢° —115.30 kcal/mol
AGy° —114.10 kcal/mol
Se 13.50 cal/degree mol
Co 11.33 cal/degree mol

Preparation

Crude calcium sulfide may be obtained by ignition of pulverized calcium
sulfate with charcoal. The products also may contain calcium carbonate, sul-
fite, carbonaceous ash and unreacted calcium sulfate. In the laboratory, pure
calcium sulfide may be prepared by heating pure calcium carbonate with
hydrogen sulfide and hydrogen at 1,000°C:

CaCOs + HoS + Hy —22C 5 (aS + CO + 2H:0

Luminous calcium sulfate is prepared by the ignition of calcium carbonate
with sulfur in the presence of small quantities of manganese or bismuth salts.

Reactions
When heated in dry air or oxygen, the compound is oxidized to calcium sul-
fite and then to the sulfate, CaSOu:

CaS+ 20, —"“— CaSO,
Partial decomposition occurs in hot water with the evolution of HaS:
CaS+ H;0 —%“ Ca(OH): + H2S

Reactions with acids evolve HaS; evaporation and crystallization of the solu-
tions give corresponding calcium salts:

CaS + 2HCI — CaCly + HsS

Vigorous to violent reactions can occur with oxidizing agents, such as potas-
sium chlorate, potassium nitrate or lead dioxide.

Analysis

Elemental composition: Ca 55.56%, S 44.44%. The compound may be iden-
tified from the odor of HaS evolved when mixed with dilute acids. A paper
moistened with lead acetate solution and exposed to liberated Ha2S turns
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black. This is a qualitative test for sulfide. Calcium may be analysed by vari-
ous instrumental techniques, such as AA or ICP spectroscopy and x-ray tech-
niques. (see Calcium).

CALIFORNIUM

[7440-71-3]

Symbol: Cf; atomic number 98; atomic weight 251 (the principal isotope); cal-
ifornium is a transuranium radioactive actinide element; electron configura-
tion [Rn]5f107s2; valence state +3; most stable isotope 1 Cf, half-life 800
years; 1sotope properties are presented below:

isotopes half-life decay mode
californium—244 25 min o, —emission
californium-245 44 min orbital electron capture
o —emission
californium—246 35.7 hr. o —emission
californium—-247 2.4 hr. orbital electron capture
californium—-248 350 days o, —emission
spontaneous fission
californium—249 360 yr. o, —emission
californium-250 10 yr. o, —emission
spontaneous fission
californium-251 800 yr. o, —emission
californium—252 2.55 yr. o, —emission
spontaneous fission
californium—253 19 days positron decay
californium—-254 60 days spontaneous fission

History, Occurrence and Uses

The element was synthesized in 1950 by S. G. Thompson, A. Ghiorso, K.
Street, and Glen T. Seaborg, It was named after the state of California.
Californium does not occur in nature. It can be synthesized only in microgram
amounts in a nuclear reactor. The principal compounds of the element that
have been synthesized are the californium trifluoride, CfFs; californium
trichloride, CfCls; californium oxide, Cf2Os; californium oxychloride Cf(OCl)s;
and californium hydroxide Cf(OH)s. The element has not yet been obtained in
metallic state.

The isotope californium—252 undergoes spontaneous fission generating
neutrons. It serves as a convenient source of neutrons for neutron activation
analysis, neutron moisture gages, and in the determination of water and oil-
bearing layers in well-logging. It is expected to have many other potential
applications, including synthesis of other heavy isotopes.

Production

Isotopes of californium may be produced in a cyclotron by neutron irradia-
tion or charged particle bombardment. Lighter isotopes of californium may be
produced by bombardment of curium—242 or curium—244 with alpha particles
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having 35.5 MeV energy:

242 4 245 1
96 Cm +,He =" Cf +2n

244 4 247 1
os Cm + He—> " Cf +n

The above method was used for producing californium—245 during its first
ever synthesis. Heavier isotopes of californium may be obtained by intense
neutron irradiation:

1

249 n 250 n o 251 on 254
98Cf"% 98Cf+)/°—> 98Cf+)/°—>... 98Cf

249
The isotope 98 Cf may be obtained by p-decay of 233 Bk.

This, in turn is produced by successive slow neutron irradiation of curi-
um—244: Californium—254 may be produced by thermonuclear explosion
resulting in the reaction of uranium—-238 with intense neutron flux followed
by a sequence of B~ decays (Cunningham, B. B. 1968. In Encyclopedia of
Chemical Elements, ed. Clifford A. Hampel, New York: Reinhold Book Co.)

244 ] 245 ! 246 : 249 BT 249 BT 249
oe Cm—4—%0 Cm—s1—% O —2 o Cm—L—0 Bk—L—"Cf

238 1 254 B- 254 B- 254 B- 254
»U+16,n 5 U o3 NP s Pu .og CF

Californium is separated from other elements by fractionation and precipita-
tion, and further purified by solvent extraction or ion exchange.

Health Hazard

Exposure to Cf radiation can cause cancer. Similar to other radioactive ele-
ments, californium can accumulate in the skeletal system, causing damage to
the red cell forming mechanism.

[7440—44-0]

Symbol C; atomic number 6; atomic weight 12.011; a Group IV A (Group 14)
nonmetal element; atomic radius 0.77A; electron configuration 1s22s22p?; pri-
marily forms tetravalent covalent compounds with linear, triangular (planar)
and tetrahedral geometry, with coordination numbers 2, 3, and 4, respective-
ly; electronegativity 2.5; isotopic composition C-12 98.89%, C-13 1.11%, the
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beta emitter radioisotope C—14 has a half-life of 5,570 years.

Occurrence

Carbon is probably the most widely distributed element on earth. It is
found in all living organisms; in coal, petroleum and natural gases; in numer-
ous rocks as carbonates (limestone, dolomite and marble); in the atmosphere
as carbon dioxide; and is the basic elemental constituent of all organic com-
pounds. It forms more compounds (with the exception of hydrogen) than all
other elements combined. Carbon and hydrogen together, or additionally in
combination with oxygen, nitrogen, sulfur, phosphorus, and halogens form
over eight million organic compounds.

Carbon also occurs in abundance in the sun, stars and the atmospheres of
planets and their moons. The latter consist of carbon dioxide and methane. Its
abundance in the earth’s outer crust is estimated to be 0.2%.

Elemental carbon has many important applications. The diamond is a pre-
cious gem, known to mankind for ages; graphite is used as an electrode and
has numerous other applications; carbon—14 isotope is used in carbon dating;
and the isotope carbon—13 in tracer studies and NMR. Carbon black is used
in paints, pigments and inks. Activated carbon is used as an adsorbent for
purification of water and separation of gases. Coke is used for electrothermal
reduction of metal oxides to their metals. These applications are discussed
below in more detail.

Allotropy

Carbon exists in three allotropic forms; diamond, graphite, and fullerenes,
each distinctly differing from others in physical and chemical properties.
Diamond [7782—-40-0] is one of the hardest substances known. The Mohs
hardness is 10.0, the highest in the scale as Mohs reference standard. Its den-
sity 3.513 g/em3; refractive index 2.417; and melting point about 3,700°C. The
carbon atoms in diamonds are arranged in cubic form having stacked layers
perpendicular to the diagonals of the cube. Also, the diamond occurs in hexag-
onal form which is less stable than the cubic form. The hexagonal form of dia-
mond is found in meteorites and can be synthesized.

The diamond is found in natural deposits in many parts of the world. Also,
it can be synthesized from graphite or other carbonaceous materials. Graphite
can be converted to diamond under high temperatures (about 1,400°C) and
very high pressure (in the range 4,000-5,000 atm) in the presence of a metal
catalyst such as iron or nickel. Presence of trace impurities can impart differ-
ent coloration to diamonds. For example, introducing trace boron or nitrogen
causes blue or yellow coloration.

Graphite [7440-44-0] is black hexagonal crystal. The hexagonal layer has
each carbon atom surrounded by three other carbon atoms. The C-C bond
length is 1.415A. Each network of hexagonal layer is separated from other
superposed layers by a distance of 3.35 A, and is held by weak van der Waal
force. Because of this very weak attractive force between each layer, graphite
is very soft—probably one of the softest solids, with high lubricity. Its density
is 2.25 g/lem3. Graphite exhibits two manifestations; the stable hexagonal form
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that commonly occurs at ambient conditions, and a less stable rhombohedral
form.

Fullerenes are polyhedral carbon allotropes consisting of large carbon mol-
ecules containing 60 to 120 C atoms. [60] Fullerene or fullerene—C60 is made
up of arrays of 60 atoms in a roughly spherical shaped molecule. It has a
geometry of truncated icosahedron consisting of 20 hexagons and 12 pen-
tagons. The [120] fullerene is a dumbbell shaped dimer of [60]fullerene.
Fullerene-C70 is slightly more stable than [60]fullerene. Many other
fullerenes are known that have a different number of total carbon atoms per
molecule in their five and six membered fused rings. They are strained mole-
cules with moderate stability. The stability of this class of carbon molecules is
relatively much lower than diamond or graphite. They decompose when heat-
ed at high temperatures. Their decomposition temperatures vary with the
number of C atoms in the molecule and its geometric shape. The decomposi-
tion temperature of [60]fullerene, one of the most common fullerenes is 750°C.

Fullerenes are found in soot, charcoal and carbon black. They also occur in
many other carbonaceous matters. They have also been detected in some
meteorites and interstellar matter. In the laboratory they may be produced by
passing high electric current through graphite rods and rapidly evaporating
the rod in an atmosphere of helium or other inert gases. The fullerene soots
produced are dissolved in an organic solvent and separated on a column.
Solvent molecules are removed from the crystal by vacuum sublimation. Such
preparative methods primarily yield [60]— and [70]fullerenes, and small
amounts of higher clusters.

Fullerenes have potential applications in the preparation of carbon support
catalyts and diamond films. They have high electrical conductivity and chem-
ical reactivity.

Carbon also is produced and used in other forms; namely, activated carbon,
carbon black, and coke, that have many commercial applications. Structurally
they are amorphous forms of carbon belonging to the graphites. Activated car-
bon or activated charcoal has a highly porous honeycomb-like internal struc-
ture and adsorbs many gases, vapors, and colloidal solids over its very large
internal surface area. Some of its major applications include purification of
water and air, air analysis, waste treatment, removal of sulfur dioxide from
stack gases, and decolorization of sugar.

Activated carbon is produced by destructive distillation of carbonaceous
substances, such as wood, bones, and nut shells. The carbon obtained from
distillation is then heated to 800—900°C with steam or carbon dioxide.

Carbon black includes several forms of artificially prepared carbon, such as
furnace black, channel black, lamp black, and animal charcoal. It is a finely
divided form of carbon consisting of particles of extremely fine size. It is
obtained by partial combustion (in 50% required air) of vapors of heavy oil
fraction of crude oil in a furnace; or by thermal cracking of natural gas.
Carbon black is used in many abrasion-resistant rubber products including
tire treads and belt covers. It also is used in typewriter ribbons, printing inks,
carbon paper, and paint pigments. It also can be an absorber for solar energy
and UV radiation.
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Coke is obtained by destructive distillation or carbonization of bituminous
coal, coal-tar pitch and petroleum produced during petroleum cracking. Coke
from bituminous coal is used to reduce iron ore in blast furnaces; and to pro-
duce synthesis gas. Petroleum coke or that obtained from coal-tar pitch is
used in electrolytic reduction of aluminum oxide to aluminum and in the
preparation of several metal carbides. .

Thermochemical Properties

AH{° (graphite) 0.0 kcal/mol

AH° (diamond) 0.45 kcal/mol

AH;® ([60]fullerene) 10.16 kcal/mol
AH;® ([70]fullerene) 9.66 kcal/mol

AG¢° (diamond) 0.69 kcal/mol

S° (graphite) 1.36 cal/degree mol
S° (diamond) 0.57 cal/degree mol
Cp (graphite) 2.03 cal/degree mol
Cp (diamond ) 1.46 cal/degree mol

CARBON DIOXIDE

[124-38-9]
Formula: COg; MW 44.009; structure O=C=0, linear molecule, bond angle
180°C; net dipole moment zero.

Occurrence and Uses

Carbon dioxide is found throughout nature. Its concentration in the air is
0.036% by volume. It is the primary component of exhaled air of all animals.
It also is the product of oxidation of all carbonaceous matter and an end prod-
uct of complete combustion. It also is found dissolved in natural waters. It
occurs in the earth’s crust and in volcanic eruptions.

All plants depend on carbon dioxide and water for their survival, making
their food by the process of photosynthesis. Carbon dioxide is found in abun-
dance in the atmospheres of many other planets and their moons throughout
the solar system.

Carbon dioxide is a greenhouse gas, which traps the infrared radiation re-
radiated back by the earth’s surface, causing global warming and, therefore,
changing the climate. The COg2 concentration in the atmosphere over a 30-
year period from 1960 to 1990 has increased significantly from about 320 to
356 ppm by volume, which is widely attributed to the growth of industrial and
automobile CO2 emission during this period.

Carbon dioxide has extensive commercial applications. Some important
applications of this compound include carbonation of beverages; as a fire
extinguishing agent; in the manufacture of carbonates; as dry ice (solid COy)
for refrigeration; as an aerosol propellant; as a shielding gas for welding; as
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an inert atmosphere in preparation and handling of flammable substances; in
cloud seeding; in fumigation of rice; to produce harmless smoke on stage; as
an antiseptic; and as a supercritical fluid to extract organic pollutants for
their analyses.

Physical Properties

Colorless, odorless and tasteless gas; 1.53 times heavier than air; density
1.80 g/L at 25°C; can be liquefied under pressure; liquefies at —56.6°C at 5.2
atm; density of liquid CO2 at 0°C and 34 atm 0.914 g/mL; solidifies to white
snow-like flakes known as dry ice, density 1.56 g/cm3 at —79°C; dry ice sub-
limes to COg2 gas at —78.5°C; critical temperature 31°C; critical pressure 72.79
atm, critical density 94 cm3/mol; moderately soluble in water, solubility 173
mL and 88mL CO2/100 mL water at 0°C and 20°C, respectively; solubility
increases with pressure.

Thermochemical Properties

AH¢° —94.05 kcal/mol

AG¢° —94.26 kcal/mol

Se 51.1 cal/degree mol

Co 8.87 cal/degree mol

AHfys 2.156 kcal/mol
Production

Carbon dioxide is produced as a by-product in many processes. It is pro-
duced as a by-product in the manufacture of lime from calcium carbonate:

calcination

CaCO3 ——— CaO + COq

COg also is derived from synthesis gas which is a mixture of CO, COq, Ha
and Ng from air obtained by steam reforming. Carbon dioxide also is obtained
by combustion of natural gas:

CH4 + 209 — CO9 + 2H50

It also is obtained as a by-product in the Haber—Bosch process for the man-
ufacture of ammonia. The method involves passing steam and air over hot
coke.

Carbon dioxide also is produced along with ethanol from fermentation of
carbohydrates by yeast:

yeast

CgHi1206 ——— 2CO0s + 2C2H;0H

In the laboratory, CO2 may be produced by the reaction of any carbonate
with a dilute mineral acid:

CaCOs3 + 2HC1 — CaCls + CO9 + HoO
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Reactions
Carbon dioxide is slightly acidic in nature. Its aqueous solution is carbonic
acid, HoCOs , a weak unstable acid:

COz + H20 — H2CO3

Reactions with alkalis yield carbonates:
NaOH + CO2 —» NasCOs

It turns lime water milky due to the formation of calcium carbonate:
Ca(OH)2 + COz — CaCOs3 + H20

When passed through a solution of alkali or alkaline earth metal sulfide, the
corresponding carbonate is produced with deposition of sulfur:

BaS + 3CO2 — 2BaCO3+ S

Many metal oxides form carbonates. When passed into an aqueous solution of
carbonate, the corresponding bicarbonate is produced:

NasCOs3 + CO2 + HoO — 2NaHCO3

When passed into an aqueous solution of chloride salt of alkali or alkaline
earth metal, the product is bicarbonate:

CaCls + CO2 + HoO — CaHCO3 + 2HCI1

Carbon dioxide reacts with heated calcium metal, forming calcium carbide
and calcium oxide:

3Ca + COy —™ 5 2Ca0 + CaC

The photosynthetic conversion of carbon dioxide and water in the presence
of sunlight and chlorophyll produces carbohydrates, such as glucose and other
sugars, and oxygen:

6CO2 + 6H20 light CeH 1206 + 602
SR

chlorophyll

Analysis

Carbon dioxide may be readily analyzed by various instrumental tech-
niques, such as IR, GC, and GC/MS. Many portable infrared analyzers are
available commercially for rapid, on site monitoring of COg. Also, it can be
analyzed by GC using a TCD or an FID. It readily may be identified by mass
spectrometry from its characteristic ionic mass 44. Dissolved COz in water
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may be calculated nomographically from temperature, pH, total dissolved
solids, and alkalinity. (APHA, AWWA and WEF.1999. Standard Methods for
the Examination of Water and Wastewater, 20th ed. Washington, D.C.:
American Public Health Association.)

Toxicity

Although CO2 is nontoxic, exposure to a high concentration can cause
asphyxiation due to lack of oxygen. Exposure to 5 to 10% volume in air can be
fatal.

CARBON DISULFIDE

[75-15-0]
Formula: CSg; MW 76.139
Synonym: carbon bisulfide; dithiocarbonic anhydride

Uses

Carbon disulfide is used in the manufacture of rayon, cellophane, electron-
ic vacuum tubes, and xanthogenates. It is used to make carbon tetrachloride.
It also is used as an industrial solvent; and as an analytical solvent. Because
of its low response to GC-FID, it is used widely in air analysis of organic com-
pounds.

Physical Properties

Colorless liquid; commercial grade has a pungent disagreeable odor, in its
purest form the odor is sweet and pleasant; flammable; refractive index
1.6295; density 1.261 g/mL at 20°C; boils at 46.3°C; freezes at —110.8°C; crit-
ical temperature 279°C, critical pressure 77.97 atm, critical volume 173
cm3/mol; slightly soluble in water, 0.29 g/100g at 20°C; soluble in alcohol,
ether, benzene, chloroform, and oils; forms an azeotrope with water (CSz2: H2O

=97.2%)

Thermochemical Properties
AHy° 21.44 kcal/mol
AG¢° 15.60 kcal/mol
Se 36.17 cal/degree mol
Co 18.10 cal/degree mol
AHyap (at bp) 84.1 cal/g
AI_Ifus 1.05 kecal/mol

Preparation

Carbon disulfide is manufactured by heating sulfur vapor with charcoal,
and condensing vapors of the compound formed. Alternatively, it may be
obtained by heating sulfur with natural gas or petroleum fractions. Instead of
sulfur, HaS may be used. The reaction occurs at very high temperatures. The
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product obtained in these reactions may contain sulfur impurities. Carbon
disulfide is purified by distillation.

Analysis

Elemental composition: C 15.77%, S 84.23% carbon disulfide. It may be
analyzed by GC using a sulfur chemiluminescence detector or by GC/MS. A
concentration of 1 ppm in the air may be measured by mass spectrometry. The
primary characteristic ionic mass for identification of this compound by mass
spectrometry is 76. Many GC columns are available commercially.

Hazard

Carbon disulfide is an extremely flammable liquid, the closed cup flash
point being —22°F (—30°C). Its autoignition temperature is 90°C (194°F). Its
vapors form explosive mixtures with air, within a wide range of 1.3 to 50.0%
by volume in air. Reactions with certain substances can progress to explosive
violence. They include finely divided metals, alkali metals, azides, fulminates,
and nitrogen dioxide.

The compound is toxic. Repeated inhalation of vapors can produce
headache, fatigue, dizziness, nervousness, psychosis, tremors, loss of appetite,
and gastric problems. Ingestion of the liquid can be fatal to humans.

CARBON MONOXIDE

[630—08-0]
Formula: CO; MW 28.01

Occurrence and Uses

Carbon monoxide is found in varying concentrations in unventilated and
confined spaces resulting from partial oxidation of carbonaceous matter.
Burning wood, paper, kerosene, or other organic materials in inadequate air
can produce this gas. It also is found in automobile exhaust and tobacco smoke
emissions.

Carbon monoxide has many important industrial applications. It is used in
Fischer—Tropsch process to produce liquid or gaseous hydrocarbons, synthet-
ic fuels and many oxygenated derivatives. This process was applied before and
during World War II to produce synthetic fuels. Probably the most important
application of this compound involves production of oxygenated organics in
the Synthol process and in oxo synthesis. Many aliphatic alcohols, alehydes
and ketones are produced by catalytic hydrogenation of carbon monoxide. Oxo
synthesis produces aldehydes from olefins. Carbon monoxide also is the start-
ing material for preparing metal carbonyls. In metallurgy, it is used as a
reducing agent to reduce oxides. In the Mond process it recovers nickel.

Physical Properties
Colorless, odorless and tasteless gas; density 1.229 g/L; very flammable,
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burns in air with a bright blue flame; liquefies at —191.5°C; solidifies at
—205°C; critical temperature —140°C, critical pressure 34.53 atm, critical vol-
ume 93 cm?3/mol; soluble in chloroform, acetic acid, ethyl acetate, ethanol, and
ammonium hydroxide; sparingly soluble in water (2.3 mI./100 mL water at
20°C).

Thermochemical Properties

AHy° —26.41 kcal/mol

AG¢° —32.79 kcal/mol

Se 47.25 cal/degree mol

Co 6.96 cal/degree mol

AHfys 0.198 kcal/mol

AHyap 1.44 kcal/mol
Production

Carbon monoxide may be prepared by several methods. Large scale pro-
duction is carried out by controlled oxidation of natural gas or by the catalyt-
ic steam reforming of methane or light petroleum fractions. The products
obtained are mixtures of CO, Hg, and COs. It also is made by gasification of
coal and coke with oxygen at about 1,500°C.

Removal of CO2 may be achieved by passing the gaseous products through
an aqueous base. Alternatively, CO may be recovered by complexing with
CuAlCly in benzene or toluene. In pure form it may be prepared by passing a
mixture of oxygen and carbon dioxide over incandescent graphite or coke.

Alternatively, carbon monoxide may be prepared by action of steam either
on natural gas or on hot coke or coal. In the laboratory, CO may be produced
by heating CaCOs with zinc dust; or by dehydration of formic acid:

CaCOs + Zn —™“ 5 CaO + CO + ZnO

heat+catalyst

HCOOH CO + H20
Reactions

Many CO reactions are industrially important; some of which are outlined
briefly below:

Reaction with steam catalyzed by ZnO—CuO or Fe—Cr yields hydrogen. This
reaction, known as “water gas shift,” is a source of industrial hydrogen.

CO + HoO —c@abst . 004 + Hy

The Fischer-Tropsch reaction involves reduction of CO with Hz and com-
bination with methanol and olefins in presence of various catalysts to produce
an array of oxygenate products of high industrial values.

Reduction with Hs in the presence of Fe, Ni, or Ru produces methane and
other alkanes along with oxygenates.

CO + 3H; —ZR 5 CH, + H0
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CO + Hy —2%C s HCHO

(formaldehyde)
CO+2H, —21/S, CH;0H —2—5 CH5COOH —****— CH5COOCHs;
(methanol) (acetic acid) (methyl acetate)

HCHO —<%%: , HOCHs-CHO —— (CH;0H);
(glyoxal) (ethylene glycol)

CO + 2H, —Zvew2sc . cHy0H —%% 5 CH3CHO + CH3CH20H
(acetaldehyde) (ethanol)

2C0 + 3H, 250F__y (CH20H),
catalyst * (ethylene glycol)

Oxo reaction or hydroformylation reaction involves addition of a hydrogen
atom and a formyl group (~CHO) to C=C double bond of an olefin making both
anti—-Markovnikov and Markovnikov products:

CO/Hz, 200 at
RCH = CH; ———=2 3 RCH>CH3(CHO) anti-Markovnikov
180°C, Co catalyst

CO/H3, 200 at
RCH = CHy ————5 RCH(CHO) Markovnikov addition
180°C, Co catalyst

Oxo reactions give both linear and branched—chain aldehydes and alchols.

Reppe reaction involves carbonylation of methanol to acetic acid and
methyl acetate and subsequent carbonylation of the product methyl acetate to
acetic anhydride. The reaction is carried out at 600 atm and 230°C in the pres-
ence of iodide-promoted cobalt catalyst to form acetic acid at over 90% yield.
In the presence of rhodium catalyst the reaction occurs at milder conditions
at 30 to 60 atm and 150-200°C. Carbon monoxide can combine with higher
alcohols, however, at a much slower reaction rate.

Carbonylation of acetic acid to higher carboxylic acids can occur in presence
of ruthenium/iodide catalysts. The reaction involves reduction and several
carbonylation steps. The overall reaction may be written as follows:

CH3COOH + CO + 2Hy —— CH3CH2COOH + H-20

Carbonylation of olefins produces aldehydes that are converted to other deriv-
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atives. Reaction with ethylene yields acrolein:

CH>=CHz + CO — H2C=CHCHO
Carbonylation of butadiene at 300 atm, catalyzed by dicobalt octacarbonyl in
presence of pyridine and subsequent methylation produces methyl ester of
adipic acid. The overall reaction is as follows:

CHy=CH-CH=CH, + 2CO + 2CH;0H f—)% CH300C-CHy— —CHy—CHz-CHz-COOCHs
Hydrolysis of the ester forms adipic acid, used to manufacture nylon—6.
Carbonylations of nitroaromatics are used to synthesize an array of products
including amines, carbamates, isocyanates, ureas and azo compounds. These
reactions are catalyzed by iron, ruthenium, rhodium and palladium complex-
es. For example, carbonylation of nitrobenzene in the presence of methanol
produces a carbamate:

CeH5NO3 + 3CO + CHsOH —““" 5 CeH;NHC(O)OCH;3 + 2C05

Oxidative carbonylation reactions have been employed successfully to produce
a variety of industrial products. The reaction involves carbonylation in the
presence of oxygen or oxidizing agents. These reactions occur at 150-200°C
and 50 to100 atm in the presence of palladium or other noble metal catalysts.
Synthesis of oxalate ester to produce ethylene glycol, carbonylation of aniline
to obtain alkylphenylcarbamate, and synthesis of dimethylcarbonate are
some examples of such oxidative addition of carbon monoxide. The overall
equations for these reactions are:

catalys
2RONO +2C0 — = (COOR); + 2NO
where R is an alkyl group; RONO is obtained by the reaction:
2NO + 2ROH + %02 — 2 RONO + H20

C¢HsNHs + CO + CoH50H + %0y —1855C.83atm o ¢ I NHCOOC:H5 + H20
PdCL/CuCl, (ethylphenylcarbamate)

2CH30H + C4HyO—OC4Hg + CO —£4=C* , (CH30)2C=0 + 2C4HyOH
(dimethylcarbonate)

Carbon monoxide reacts with many finely divided metals under pressure,
forming carbonyls:

4CO + Ni —— Ni(CO)4
(nickel tetracarbonyl)
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5CO + Fe —< 5 Re(CO)s
(iron pentacarbonyl)

In liquid ammonia, CO reacts with alkali metals forming white solid metal
carbonyls.

Carbon monoxide thermally decomposes to carbon and CO2 when heated
from 500 to 700 °C; while catalytic decomposition occurs at ambient tempera-
tures in presence of Pd/silica gel or MnO2/CuO catalysts.

Analysis

Elemental composition: C 42.88%, O 57.12%. Carbon monoxide may be
identified and determined quantitatively at low ppm level by infrared sensors.
Such CO detectors are commercially available. Also, it can be analyzed by GC
using TCD or FID or by GC/MS. The characteristic ion mass for CO identifi-
cation is 28 (same as Nz or ethylene, both of which can interfere).

Hazard

Carbon monoxide is a highly flammable and poisonous gas. Its flammable
limits in air are 12.5 to 74.2% by volume, and the autoignition temperature
700°C. It explodes when exposed to flame. Reactions with interhalogen com-
pounds, such as, bromine pentafluoride or halogen oxides can cause explosion.
It forms explosive products with sodium or potassium that are sensitive to
heat and shock.

Carbon monoxide binds to hemoglobin, the oxygen carrier in blood, form-
ing carboxyhemoglobin. This prevents transport of oxygen through blood into
all tissues in the body. The toxic symptoms are headache, dizziness, weak-
ness, nausea, vomiting, loss of coordination, respiratory depression, decreased
pulse rate, collapse, and unconsciousness. Brief exposure to high concentra-
tions of this gas can cause death from asphyxiation. A 5 minute exposure to
5,000 ppm can be lethal to humans.

CARBON SUBOXIDE

[604—-64-3]
Formula: C302; MW 68.032; Structure O=C=C=C=0
Synonyms: tricarbon dioxide; 1,2—propadiene—1,3—dione

Uses
Carbon suboxide is used in the preparation of malonates; and as an auxiliary
to improve dye affinity of fibers.

Physical Properties

Colorless gas; strong, pungent odor; gas density 2.985 g/L; liquid density 1.114
g/mL at 0°C; refractive index 1.4538 (at 0°C); vapor pressure 588 torr at 0°C;
liquefies at 6.8°C; freezes at —111.3°C; burns with a blue sooty flame; reacts
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with water. The compound is unstable, polymerizing on storage.

Preparation
Carbon suboxide is prepared by dehydration of malonic acid with phosphorus
pentoxide in vacuum at 140 to 150°C:

CH2(COOH); —2%, (C50;+ 2H:0
150°C,vacuum
Alternatively, the compound may be prepared by thermal dissociation of
diacetyltartaric anhydride.

Reactions
Carbon suboxide decomposes slowly in water giving malonic acid:

C302 + 2H20 — HOOCCH2COOH
Reaction with ammonia gives malonamide:

C302 + 2NH3 — HoNCOCH2CONHy
Similar reaction occurs with amines and imines; the decomposition is rapid:

C302 + 2NH(C2Hs)2 — (C2Hs)sNCOCH2CON(C2Hs)s
Photolysis produces unstable dicarbon oxide, C20, which reacts with
olefins (Cotton, F.A., G.Wilkinson, C.A. Murillo and M. Bochmann, 1999. In
Advanced Inorganic Chemistry, 6th ed. p 226, NY: Wiley Interscience). C302
polymerizes slowly at ambient temperature forming yellow to violet products.
The products are soluble in water.

Analysis

Elemental composition: C 52.96%, O 47.04%. It may be analyzed by treatment
with water. The product malonic acid formed may be measured quantitatively by
direct injection of aqueous solution into a GC for FID detection. Alternatively,
the aqueous solution may be evaporated and the residue may be derivatized to
methyl ester and identified by mass spectrometry. Also, the gas may react with
ammonia or an amine, and the amide derivative may be identified and quanti-
tatively determined by GC—FID, GC-NPD, GC/MS or infrared techniques.

Hazard

Carbon suboxide forms explosive mixtures in air. The lower and upper explo-
sive limits are 6 to 30% by volume in air, respectively. The gas 1s a strong
lacrimator and an irritant to eyes, nose and respiratory tract. Exposure to
high concentations is dangerous. .

CARBON TETRACHLORIDE

[66—23-5]
Formula: CClsy; MW 153.82; tetrahedral structure; a nonpolar molecule with
zero dipole moment.
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Synonyms: tetrachloromethane; perchloromethane

Uses

Carbon tetrachloride is used in refrigerants; in fumigants for crops; in metal
degreasing; and in the manufacture of semiconductors. It also is used as a sol-
vent in many industrial processes. It is an excellent solvent for organic com-
pounds that are nonpolar or have low polarity.

Physical Properties

Colorless noncombustible liquid; chloroform-like odor; refractive index 1.4601;
density 1.5867g/mL at 20°C; boils at 76.8°C; freezes at —23°C; critical tem-
perature 283.5°C, critical pressure 44.57 atm, critical volume 276 cm3/mol;
practically insoluble in water; soluble in alcohol, ether, chloroform and ben-
zene.

Thermochemical Properties

AH¢° —32.37 kcal/mol

AG¢° —15.60 kcal/mol

Se 51.72 cal/degree mol

Co 31.49 cal/degree mol

AHjus 0.78 kcal/mol
Production

Carbon tetrachloride is made by the reaction of carbon disulfide and chlo-
rine in the presence of a catalyst, such as iron or antimony pentachloride:

CSs + 3Cly, —2— CCly + SoCly

Sulfur chloride is removed by treatment with caustic soda solution. The
product is purified by distillation.

Alternatively, CCls may be prepared by heating a mixture of chlorine and
methane at 250 to 400°C.

CH, + 4Cly —2229°C 5 ol + 4HCI

Analysis

Elemental composition: C 7.81%, CI 92.19%. Carbon tetrachloride may be
analyzed by GC or GC/MS. For GC determination, an FID or a halogen-spe-
cific detector such as ECD or HECD may be used. Trace concentrations in
aqueous matrix or soil, sediments or solid wastes may be determined by
‘purge and trap’ or thermal desorption techniques followed by GC or GC/MS
measurements. The characteristic masses for identification of CCls by GC/MS
are 117, 119 and 121.

Different sampling techniques are documented for analysis of CCls in the
air (Patnaik, P. 1997. Handbook of Environmental Analysis. Boca Raton, FL:
Lewis Publishers).

Toxicity
Carbon tetrachloride is a poison and also a carcinogen. The acute toxicity
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of this compound in humans is of low order. However, the ingestion of the lig-
uid can be fatal, death resulting from acute liver or kidney necrosis. (Patnaik,
P. 1999. A Comprehensive Guide to the Hazardous Properties of Chemical
Substances, 2nd ed. New York: John Wiley & Sons.) The acute poisoning
effects are headache, dizziness, fatigue, stupor, nausea, vomiting, diarrhea,
and liver damage. Chronic exposure can damage both liver and kidney.
Carbon tetrachloride also is a suspected human carcinogen. It causes liver
and thyroid cancers in experimental animals.

CARBONYL CHLORIDE

[75-44-5]
Formula: COCly; MW 98.915

Synonyms: phosgene; carbon oxychloride; chloroformyl chloride; carbonic
dichloride

Uses

Carbonyl chloride is used in the manufacture of isocyanates, polycarbonate
resins, polyurethane, carbamate pesticides and herbicides and dyes. It was
used as a war gas.

Physical Properties

Colorless gas at ambient temperature; strong, pungent odor; density of the
gas 4.045 g/Li at 25°C; density of the liquid 1.392 g/mL at 4°C; liquefies to a
light yellow fluid at 8.2°C; freezes at —128°C; critical temperature 182°C, crit-
ical pressure 55.96 atm, critical volume 190 cm3/mol; slightly soluble in water
with slow hydrolysis; soluble in benzene, toluene and acetic acid.

Thermochemical Properties

AH¢° —52.30 kcal/mol
AG¢° —48.90 kcal/mol

Se 67.74 cal/degree mol
Co 13.78 cal/degree mol
AI_Ifus 1.37 kecal/mol

Preparation
Phosgene is prepared by the reaction of carbon monoxide and chlorine. The
mixture of these gases is passed over activated carbon:

activated
carbon

CO + Clg ——— > COClg

Alternatively, phosgene can be made by reacting carbon monoxide with
nitrosyl chloride, or by treating carbon tetrachloride with oleum.
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Reaction
Phosgene reacts with water forming hydrochloric acid and carbon dioxide:
COClz2 + H2O — CO2 + 2HC1
When heated at elevated temperatures, it decomposes to carbon monoxide
and chlorine. The equilibrium constant, Kc at 360°C for the reaction

COCl; (g) —2%°, CO (g) + Cl; (g) is 8.3x10-4

In a closed container at an initial concentration of 0.5 mol/L, the above Kc
value corresponds to a 4% decomposition. However, if the concentration is
decreased to 0.01 mol/L, the corresponding decomposition of phosgene to car-
bon monoxide and chlorine at 360°C is 25%.

Reaction with ammonia yields urea:

COCly + 4NH3 — NH2CONH; + 2NH4C1

Reaction with alcohol can produce two different types of products. While
two molar equivalent of alcohol yields dialkyl carbonate, with one molar
equivalent of alcohol the product is an alkyl chloroformate:

COCl; + 2CH3CH20H — CH3CH20C(0))CH2CH3 + 2HC1
(diethyl carbonate)

ROH + COClz - ROCOCI + HCl

Ce¢H5CH2OH + COCly — CeHsCH2OCOCI + HCI1
(benzyl alcohol) (benzyl chloroformate)

Analysis

Elemental composition: C 12.14%, O 16.17%, Cl 71.69%. Phosgene can be
analyzed by GC using FID or a halogen-specific detector; or by GC/MS.
Ambient air may be collected in a metal container placed in an argon bath or
condensed into any other type cryogenically cooled trap. Alternatively, the air
may be collected in a Tedlar bag. The sampled air may be sucked by a con-
densation mechanism into the GC column.

Carbonyl chloride in air at maximum allowable concentration may be mea-
sured by colorimetry. Prepare a solution containing 5% p—dimethylaminoben-
zaldehyde and 5% diphenylamine in carbon tetrachloride. Soak a paper in this
solution. Allow it to dry. The color of the paper turns from yellow to deep
orange in the presence of carbonyl chloride.

Toxicity

The gas is treacherously toxic, as its effects cannot be recognized immedi-
ately. The initial symptoms are mild. Death can result from severe congestion
of lungs or pneumonia several hours after exposure. Toxicity is due to HCI
forming from its reaction with water. The symptoms are coughing, burning of
the throat, choking, chest pain, vomiting, difficulty in breathing, and
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cyanosis. Inhalation of this gas at 100 ppm concentration in the air for 30 min-
utes may be fatal to humans. (Patnaik, P. 1999. A Comprehensive Guide to the
Hazardous Properties of Chemical Substances, 2nd ed. New York: John Wiley
& Sons.)

CARBONYL FLUORIDE

[353—50—4]

Formula: COF; MW 66.01

Synonyms: carbon oxyfluoride; carbonyl difluoride; fluoroformyl fluoride; flu-
orophosgene

Uses
No commercial application of this compound is known.

Physical Properties
Colorless gas; pungent odor; hygroscopic; unstable; liquid density 1.139 g/mL
(at —114°C); liquefies at —83.1°C; solidifies at —114°C; decomposes in water.

Thermochemical Properties

AH¢° —151.7 kcal/mol
AG¢° —148.0 kcal/mol
Se 61.78 cal/degree mol
Co 11.19 cal/degree mol

Preparation
Carbonyl fluoride is prepared by the reaction of carbon monoxide with flu-
orine gas or silver fluoride:

CO + F2 —» COF2

Also, it may be produced by the action of carbon monoxide with bromine tri-
fluoride, BrFs.

Analysis

Elemental composition: C 18.19%, F 57.57%, O 24.24%. Carbonyl fluoride
may be analyzed by FTIR, GC or GC/MS. For the GC analysis, it may be
transported with the carrier gas helium from the reaction vessel into a cryo-
genically cooled injector port, then thermally desorbed and analysed by FID.
The system should be free of moisture. The characteristic ions for mass spec-
troscopic identification are 66, 26, and 40.

Toxicity

Carbonyl fluoride is a strong irritant to the eyes, nose and respiratory tract.
Contact with skin can cause irritation. Prolonged exposure to high concentra-
tions of this gas is lethal.
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CARO’S ACID

[7722-86-3]
Formula: H2SO35; MW 114.08;
Structure:

0

I
H—0—S—0—0H

1

0]

Synonyms: peroxymonosulfuric acid; persulfuric acid: sulfomonoperacid

Uses
Caro’s acid is used in the preparation of dyes and bleaching agents. It also is
used as a strong oxidizing reagent to convert ketones to lactones, to convert
olefins to glycols and esters, and to analyse pyridine, aniline and many alka-
loids.

Physical Properties

White crystalline solid; unstable, decomposes at 45°C; commercial product is
a syrupy liquid containing equal parts of Caro’s acid and sulfuric acid; stored
at dry ice temperature; very soluble in water.

Preparation

Caro’s acid may be prepared by several methods depending on what form of
the reagent is desired. Most commonly, it is made by treating potassium per-
fulfate (K2S20sg) with sulfuric acid. The dry form is prepared by slowly stirring
100 g K2S20s into 60 mL of concentrated H2SO4, followed by adding 300 g
potassium sulfate. A liquid Caro’s acid is obtained by slowly stirring KaS20s
into three times the mass of HaSO4. The dilute form of the reagent may be
obtained by either mixing K2S20s to 40% H2SO4 or by treating KeSo0s with
H2SO4 and adding ice to the mixture.

Alternatively, Caro’s acid may be prepared from hydrogen peroxide by treat-
ment with either chlorosulfonic acid or with HaSO4 at —40°C. A 90% H202 is
used in the preparation.

Caro’s acid is a strong oxidizing agent and is very unstable. All laboratory
preparations must be carried out in an explosion-proof fume hood under tem-
perature-controlled conditions and in the absence of impurities and oxidizable
substances.

Hazard

Many accidents have been reported involving the preparation and the use of
this compound. The compound is sensitive to heat and shock. Reactions with
organic matter, finely divided metals and other readily oxidizable substances
can be violent to explosive. It is a strong irritant to skin, eyes and mucous
membranes.
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CERIC AMMONIUM NITRATE

[16774-21-3]
Formula: (NH4)2Ce(NO3)s; MW 548.22
Synonyms: ammonium ceric nitrate; ammonium hexanitratocerate (IV)

Uses

Ceric ammonium nitrate is used as a volumetric oxidizing reagent in many
oxidation-reduction titrations. Cerium(IV) ion is a strong oxidant similar to
permanganate ion. It is the most widely-used primary standard among all
Ce(IV) compounds. Other applications of this compound are in organic oxida-
tion reactions; and as a catalyst in polymerization of olefins.

Physical Properties
Reddish-orange monoclinic crystals; very soluble in water.

Preparation

Ceric ammonium nitrate is prepared by electrolytic oxidation of cerous
nitrate in nitric acid to ceric nitrate, followed by the addition of ammonium
nitrate solution. It is separated from the solution by crystallization. It may be
prepared alternatively by dissolving cerium(IIl) oxide, CeO+*H20 in concen-
trated nitric acid followed by treatment with ammonium nitrate.

Reactions

The most important reactions of this compound are the oxidations, attrib-
uted to Ce?* ion in the solution. The standard reduction potential E° for the
formal half-reaction: Ce4t + e= ¢— Ce3* in 1 M H2SOy4 is 1.44 V. The oxi-
dizing strength is comparable to permanganate (MnQO3), bromate (BrO3), and
dichromate (Cr207%2-) anions. Analytical applications involve reactions with
reductants such as sodium oxalate (Nag2C204) or arsenic (ITI) oxide (As203) in
the presence of iron, with ferroin (1,10-phenanthroline iron(II) complex) as
the indicator.

Analysis

Elemental compostion: Ce 25.56%, H 1.47%, N 20.44%, O 52.53%. The
aqueous solution of the compound may be analyzed for Ce by AA or ICP spec-
trophotometry. Also, the solution may be measured for NH{ ion by ammoni-
um ion-selective electrode and the NO3 ion by nitrate ion-specific electrode,
ion chromatography or cadmium-reduction colorimetry. For all these mea-
surements, the solution may require sufficient dilutions. For quantitation, its
solution may be standardized by titration with a reducing agent such as sodi-
um oxalate in the presence of iron and ferroin indicator.

Hazard
The compound is a powerful oxidizing agent. Precautions should be taken to
avoid accidental contacts with orgnaic or other readily oxidizable substances.
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[7440-45-1]

Symbol: Ce; atomic number 58; atomic weight 140.115; a rare-earth metal; a
lanthanide series inner-transition f-block element; metallic radius (alpha
form) 1.8247A(CN=12); atomic volume 20.696 cm3/mol; electronic configura-
tion [Xe]4f15d16s2; common valence states +3 and +4; four stable isotopes;
Ce—140 and Ce—142 are the two major ones, their percent abundances 88.48%
and 11.07%, respectively. Ce—138 (0.25%) and Ce—136(0.193%) are minor iso-
topes; several artificial radioactive isotopes including Ce—144, a major fission
product (t,, 284.5 days), are known.

Occurrence and Uses

The element was discovered by Klaproth in 1803 and also in the same year
by Berzelius and Hisinger. It is named after the asteroid Ceres. Cerium is
found in several minerals often associated with thorium and lanthanum.
Some important minerals are monazite, allanite, cerite, bastnasite, and
samarskite. It is the most abundant element among all rare-earth metals. Its
abundance in the earth’s crust is estimated to be 66 mg/kg, while its concen-
tration in sea water is approximately 0.0012 microgram/L.

The compounds of cerium have many important industrial applications, espe-
cially in the glass industry, or as catalysts (see under individual compounds).
The metal itself has many uses.

Misch metal, an alloy of cerium with other lanthanides is a pyrophoric sub-
stance and is used to make gas lighters and ignition devices. Some other
applications of the metal or its alloys are in solid state devices; rocket propel-
lant compositions; as getter in vacuum tubes; and as a diluent for plutonium
in nuclear fuel.

Physical Properties

Greyish lustrous metal; malleable; exhibits four allotropic modificatins: the
common y—form that occurs at ordinary temperatures and atmospheric pres-
sure, B—form at —16°C, o—form below —172°C, and 6—form at elevated temper-
atures above 725°C; crystal structure—face-centered cubic type (y—Ce); densi-
ty 6.77 g/cm3; melts at 799°C; vaporizes at 3,434°C; electrical resistivity 130
microohm.cm (at the melting point); reacts with water.

Thermochemical Properties

AH® (cry) 0.0

AH° (g) 101.1 kcal/mol

AGs° (g) 92.02 keal/mol

S° (cry) 17.21 cal/degree mol
S° (g) 45.84 cal/degree mol
Co (cry) 6.43 cal/degree mol
Cor(g) 5.52 cal/degree mol

AI_Ifus 1.30 kecal/mol
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Production

Cerium is obtained from its ores by chemical processing and separation.
The process involves separation of cerium from other rare-earth metals pre-
sent in the ore. The ore is crushed, ground, and treated with acid. The extract
solution is buffered to pH 3-4 and the element is precipitated selectively as
Ce#t gsalt. Cerium also may be separated from other metals by an ion-
exchange process.

Also, the metal may be obtained by high temperature reduction of ceri-
um(IIT) chloride with calcium:

high temperature

2CeCls + 3Ca

2Ce + 3CaCls

Reactions

The chemical properties of cerium, like all other elements, are governed
largely by the electrons in its outermost shells. In the rare earth elements, the
energies of 4f, 5d, and 6s orbitals are very close. Cerium, which has two 6s,
one 5d and one 4f electrons can, therefore, exhibit the oxidation states of
either +3 or +4 by the loss of either two s and one d electrons or an addition-
al one f electron, respectively. Some examples of Ce3* (cerous) compounds are
Ce203, Ce(OH)3, Cea(S04)3, CeaSs, Ce(NOs)s and Cea(COs)s. Similarly, it forms
many ceric compounds in +4 oxidation state, such as CeQOg, Ce(S04)2, CeCly
and CeFs. Compounds in +2 oxidation states are also known. These include
CeHy, CeS and Cels.

The metal is stable in dry air at ordinary temperatures. Upon heating, it
converts to ceric oxide, CeOgz. The finely divided metal may ignite sponta-
neously. It is oxidized in moist air at ambient temperatures. It reacts with
water forming cerium(IIl) hydroxide.

Reactions with dilute mineral acids yield the corresponding salts:

Ce + 2HC1 — CeCly + Ho

It forms cerium(Il) hydride, CeHs, when heated under hydrogen. Reaction
with HaS yields cerium sulfide, CesSs.

The standard redox potential of the reaction Ce3* + 3e- — Ce is —2.2336 V.
The metal undergoes single replacement reactions, displacing less electropos-
itive metals from their salts in solution or melt:

2Ce + 3Hgl2 — 2Cels + 3Hg

Analysis

Cerium may be analyzed in solution by AA or ICP techniques. The metal or
its compounds are digested in nitric acid, diluted appropriately prior to analy-
sis. Also, it may be measured by ICP/MS at a still lower detection level (low
ppt). The metal may be analyzed nondestructively by x-ray techniques.
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CERIUM(IIl) CHLORIDE

[7790-86-5]
Formula: CeCls; MW 246.47: forms heptahydrate, CeCls* 7TH20, [18618—-55-8]
Synonym: cerous chloride

Uses

Cerium(III) chloride is used to prepare cerium metal and other cerium
salts. It also is used as a catalyst in olefin polymerization, and in incandes-
cent gas mantles.

Physical Properties

White, very fine powder; hexagonal crystal system; heptahydrate is yellow
orthogonal crystal and hygroscopic; density of anhydrous salt 3.97 g/cm3,
melts at 817°C; vaporizes at 1,727°C; heptahydrate begins to lose water above
90°C and becomes anhydrous at about 230°C; soluble in water and alcohol;
hexahydrate has greater solubility in these solvents.

Thermochemical Properties

AH¢° —251.79 kcal/mol

AG¢° —233.70 kecal/mol

Se 36.90 cal/degree mol

Co 20.89 cal/degree mol
Production

Cerium(III) chloride is prepared by the reaction of hydrochloric acid with a
cerium salt, such as cerium hydroxide or carbonate, followed by crystallization;

Ce(OH)3 + 3HC] — CeCls + 3H20
Ce2(CO3)3 + 6HCl — 2CeCl3 + 3COz + 3H20
Reactions
Cerium chloride in aqueous phase would undergo double decomposition
reactions with many soluble salts of other metals; e.g.:
2CeCl3 + 3Naz2CO3 — Ce2(CO3)s + 6NaCl
2CeCl3 + 3K2C204 — Ce2(C204)3 + 6KC1
Reactions with caustic alkalis yield cerous hydroxide:
2CeCl3 + 3NaOH — Ce(OH)3 + 3NaCl

When H3S is passed into the solution cerium sulfide is precipitated:

2CeCls + 3HsS — CesSs + 6HC1
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Analysis

Elemental composition: Ce 56.85%, Cl 43.15%. In the aqueous phase fol-
lowing acid digestion, cerium may be analyzed by various instrumental tech-
niques (see Cerium). Chloride ion in the solution may be measured by ion
chromatography, chloride ion-selective electrode or titration with silver
nitrate using potassium chromate indicator. The solution may require appro-
priate dilution for analysis of both the metal and the chloride anion.

CERIUM(Ill) HYDROXIDE

[15785-09-8]
Formula: Ce(OH)s; MW 191.14
Synonyms: cerous hydroxide; cerium hydroxide; cerous hydrate

Uses

The pure compound is used in glazes and enamels as an opacifying agent.
It also is used to make colored glass, imparting yellow color to the glass. The
crude form is used in flaming arc lamps. Another application of this compound
is in the preparation of several other cerium salts.

Physical Properties
White gelatinous precipitate; decomposes on heating, forming oxide; solu-
ble in acids and ammonium carbonate solution; insoluble in alkalis.

Preparation

Cerium(III) hydroxide is obtained in industrial scale from monazide sand,
(Ce, La, Th)POy4. In the laboratory, it may be prepared by treating caustic soda
solution with cerium(III) chloride, followed by crystallization.

CeCls + 3NaOH — Ce(OH)s + NaCl

Analysis

Elemental composition: Ce 73.30%, H 1.58%, O 25.11%. The compound may
be analyzed for Ce in aqueous phase by AA or ICP spectrophotometry after it
is digested with nitric acid and diluted appropriately.

CERIUM(IIl) NITRATE

[10108-73-3]

Formula: Ce(NOs3)s; MW 326.15; also forms tri-, tetra- and hexahydrates; the
hexahydrate, Ce(NOs)s © 6H20 is most stable.

Synonym: cerous nitrate
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Uses

Cerium(III) nitrate is used for the separation of cerium from other rare-
earth elements. It also is used as a catalyst in hydrolysis of phosphoric acid
esters.

Physical Properties

Hexahydrate is a colorless crystal; hygroscopic; loses water on heating—
three molecules of water of crystallization expelled at 150°C; decomposes at
200°C; readily dissolves in water, alcohol, and acetone.

Thermochemical Properties

AH;° (Ce(NOg)3) —293.0 kcal/mol
AH¢° (Ce(NOs)s3* 3H20) —516.0 kcal/mol
AH¢° (Ce(NOs)3*4H20) —588.9 kcal/mol
AH¢° (Ce(NOs)3*6H20) —729.1 kcal/mol

Preparation
Cerium(III) nitrate may be prepared by the action of nitric acid on a ceri-
um(III) salt, followed by crystallization:

Ce2(CO3)3 + 6HNO3 — 2Ce(NO3)3 + 3CO2 + 3H20

Analysis

Elemental composition: Ce 42.96%, N 12.88%, O 44.15%. The aqueous solu-
tion of this water-soluble compound may be analyzed directly for Ce (without
any acid digestion) by AA or ICP spectrophotometry, and for the nitrate ion
by ion chromatography or nitrate ion-selective electrode. The solution may
require sufficient dilution for analysis.

CERIUM(IV) OXIDE

[1306-38-3]
Formula: CeOg2; MW 172.11
Synonyms: ceria; ceric oxide

Uses

Cerium(IV) oxide is used in the glass industry as an abrasive for polishing
glass and as an opacifier in photochromic glass. It inhibits discoloration of
glass made for shielding radiation. It also is used in ceramic coatings, enam-
els, and refractory materials. Other applications of this compound are in semi-
conductors, cathodes, capacitors, and phosphors; as a diluent in nuclear fuels;
as a catalyst in organic synthesis; and in oxidimetry for analyzing cerium.

Physical Properties
White powder in pure form; technical grade material is pale yellow; pres-
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ence of other lanthanide elements as impurities may impart reddish color;
cubic crystal; density 7.65 g/cm3; melts at 2,400°C; insoluble in water.

Thermochemical Properties

AHy° —269.21 kcal/mol
AGy° —244.89 kcal/mol
Se 14.89 cal/degree mol
Co 14.72 cal/degree mol

Preparation
Cerium(IV) oxide may be obtained by heating cerium oxalate, carbonate or
other salts at elevated temperatures:

Ce2(C204)3 + 209 &) 2Ce02 + 6CO2

Analysis

Elemental composition: Ce 81.41%, O 18.59%. The oxide can be determined
by x-ray techniques. The compound may be digested with HNOs—HCI] mix-
ture, the acid extract diluted appropriately and analyzed by AA or ICP spec-
trophotometry (see Cerium).

CERIUM(IV) SULFATE

[13590-82—4]

Formula: Ce(SO4)2; MW 332.35; also forms a tetrahydrate, Ce(SQO4).4H20
[10294-42-5]

Synonym: ceric sulfate

Uses

Cerium(IV) sulfate is used in radiation dosimeters and as an oxidizing
agent in volumetric analysis. The tetrahydrate is used in dyeing and printing
textiles, and in waterproofing.

Physical Properties

White crystalline powder; orthogonal crystal system; the tetrahydrate is a
yellow-to-orange powder which, on heating at 180°C, loses all molecules of
water; density of tetrahydrate 3.91 g/cm3; anhydrous salt decomposes at
350°C forming CeOSOy; soluble in water (decomposes); soluble in dilute
H2SO4 and other concentrated mineral acids.

Thermochemical Properties
AH¢° (aq) -595.9 kcal/mol
AGs° (aq) -523.6 kcal/mol

Preparation
Cerium(IV) sulfate is prepared by heating cerium(IV) oxide, CeO2 with con-
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centrated H2SO4. Also it may be obtained by the reaction of HaSO4 with ceri-
um carbonate:

Ce(CO3)2 + 2H2S04 + H20 — Ce(SO4)2°4H20 + 2C0O2

Analysis

Elemental composition: Ce 42.18%, S 19.30%, O 38.53%. It is digested with
nitric acid, diluted appropriately and analyzed for Ce by AA or ICP spec-
troscopy (see Cerium). The compound may be dissolved in small quantities of
water (forms a basic salt when treated with large a volume of water). The
solution is analyzed for sulfate ion by gravimetry following precipitation with
barium chloride. Alternatively, the compound is dissolved in hot nitric acid
and the solution analyzed for sulfate by ion-chromatography.

[7440-46-2]

Symbol Cs: atomic number 55; atomic weight 132.905; a Group IA (Group 1)
alkali metal element; electron configuration [Xe]6s!; atomic radius 2.65 A;
ionic radius (Cs*) 1.84 A; ionization potential 3.89 eV; valence +1; natural iso-
tope Cs-133; 37 artificial isotopes ranging in mass numbers from 112 to 148
and half-lives 17 microseconds (Cs-113) to 2.3x106 years (Cs-135).

Occurrence and Uses

Cesium was discovered by Bunsen and Kirchoff in 1860. It is found in the
minerals pollucite, lepidolite, and the borate rhodizite. Pollucite, CsAlSi2Os, is
a hydrated silicate of aluminum and cesium. The concentration of cesium in
the earth’s crust is estimated to be 3 mg/kg, and in sea water 0.3ug/L.

Cesium is used as a getter in electron tubes. Other applications are in pho-
toelectric cells; ion propulsion systems; heat transfer fluid in power genera-
tors; and atomic clocks. The radioactive Cs-37 has prospective applications in
sterilization of wheat, flour, and potatoes.

Physical Properties

Golden yellow, soft and ductile metal; body-centered cubic structure; den-
sity 1.93 g/cm3; melts at 28.44°C; vaporizes at 671°C; vapor pressure 1 torr at
280°C; electrical resistivity 36.6 microhm-cm (at 30°C); reacts with water; dis-
solves in liquid ammonia forming a blue solution.

Thermochemical Properties

AH° (cry) 0.0

AH° (gas) 18.28 kcal/mol

AG#° (gas) 11.85 kcal/mol

S° (cry) 20.36 cal/degree mol
S° (gas) 41.97 cal/degree mol
Cp (cry) 7.70 cal/degree mol

AHtus 0.502 kcal/mol
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Production

Cesium is obtained from its ore pollucite. The element in pure form may be
prepared by several methods: (1) electrolysis of fused cesium cyanide, (i) ther-
mal reduction of cesium chloride with calcium at elevated temperatures, and
(111) thermal decomposition of cesium azide. It is stored under mineral oil. The
element must be handled under argon atmosphere.

Reactions
Cesium is highly reactive. It is the most electropositive metal-more elec-
tropositive and reactive than other alkali metals of lower atomic numbers.
The standard redox potential E° for the reduction Cs* + e~ — Cs is —3.026 V.
It reacts explosively with water, forming cesium hydroxide, CsOH and hydro-
gen:
Cs + H2O — CsOH + %Hz

Combustion with oxygen (or air) first forms oxide, Cs20, which converts to the
peroxide, Cs202, and then superoxide, CsOz. Peroxide and superoxide are also
formed by passing a stoichiometric amount of oxygen in the solution of cesium
in liquid ammonia. Cesium is also known to form highly colored suboxides
such as Cs1103 which look metallic.

Cesium combines with most nonmetals forming one or more binary com-
pounds. With sulfur, it forms ionic sulfides, such as CsaS, CsS4 and Cs2Ss. It
reacts violently with halogens forming the corresponding halides. Reaction
with nitrogen yields cesium nitride CssN. Heating with carbon produces inter-
stitial compounds of nonstoichiometric compositions. Cesium dissolves in
alcohols forming cesium alkoxides with liberation of hydrogen.

Cs + CH3s0H — CH30Cs + % Ho

Complex alkoxides of the type [CsOR], are known, structures of which have
not been well defined. It reacts with amines forming amido complexes of the
type CsNHR or CsNRq. The structures of crystalline complexes are compli-
cated, depending upon the solvent and other factors.

Analysis

Cesium can be analyzed by various instrumental techniques including
atomic absorption and atomic emission spectrophotometry and various x-ray
methods. The most sensitive wavelength for AA measurement is 852.1 nm. It
imparts a reddish violet color to flame. It is identified by specific line spectra
having two bright lines in the blue region and several other lines in the red,
yellow, and green.

Hazard

Cesium is a pyrophoric metal. It ignites spontaneously in air or oxygen. It
reacts violently with cold water evolving hydrogen. Similar violent reactions
occur with anhydrous acids and halogens.
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CESIUM CHLORIDE

[7647-17-8]
Formula: CsCl; MW 168.36

Uses

Cesium chloride is used in radio and television vacuum tubes. It also is
used in ultracentrifuge separations; x-ray fluorescent screens; as radiogrpahic
contrast medium, and to prepare cesium and other cesium salts.

Physical Properties
White cubic crystal; hygroscopic; density 3.99 g/cm3; melts at 645°C; vapor-

izes at 1297°C; very soluble in water, soluble in ethanol.

Thermochemical Properties

AH¢° —105.88 kcal/mol
AG¢° —99.07 kcal/mol

Se 24.19 cal/degree mol
Co 12.55 cal/degree mol
AHfys 3.80 kcal/mol

Preparation

Cesium chloride is prepared by the treatment of cesium oxide or any cesium
salt with hydrochloric acid followed by evaporation and crystallization of the
solution.

Analysis

Elemental composition: Cs 78.94%, Cl 21.06%. An aqueous solution may be
analyzed for the element Cs by atomic absorption or emission spectroscopy
and chloride by ion chromatography, chloride ion-selective electrode, or by
titration with a standard solution of silver nitrate or mercuric nitrate.

CESIUM HYDROXIDE

[21351-79-1]
Formula: CsOH; MW 149.91
Synonym: cesium hydrate

Uses

Cesium hydroxide is used as electrolyte in alkaline storage batteries. Other
applications of this compound involve catalytic use in polymerization of cyclic
siloxane; and treatment of hazardous wastes.

Physical Properties
White to yellowish fused crystalline mass; highly deliquescent; very alka-
line; density 3.68 g/cm3; melts 272°C; highly soluble in water; soluble in
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ethanol; aqueous solution is very alkaline.
Thermochemical Properties
AH° —99.7 kcal/mol
Preparation
Cesium hydroxide is prepared by electrolysis of cesium salts to obtain
cesium metal, which then reacts with water to yield hydroxide. It also is pre-
pared by the action of barium hydroxide with an aqueous solution of cesium
sulfate.
Reactions
Cesium hydroxide is the strongest base known. Its aqueous solution under-
goes neutralization reactions with acids. Precipitation reactions don’t yield
crystalline cesium salts because of their high solubility.
Analysis
Elemental composition: Cs 88.65%, H 0.67%, O 10.67%. CsOH can be stan-
dardized by acid-base titration using HCl or H2SO4 and a color indicator, or
by potentiometric titration to neutral pH.
CHLORINE

[7782-50-5]

Symbol Cl; atomic number 17; atomic weight 35.452; a nonmetallic Group
VIIA (Group 17) halogen group element; electron configuration [Ne]3s23p?;
most common valence —1; also oxidation states from +1 to +7 are known; elec-
tronegativity 3.0; occurs as a diatomic molecule Clz containing a single cova-
lent bond in which Cl-Cl bond distance 1.99 A; two stable isotopes Cl-35
(75.53%) and Cl-37 (24.37%); seven radioactive isotopes.

Occurrence and Uses

Chlorine does not occur in the elemental state because of its high reactivi-
ty. In nature the element occurs mainly as sodium chloride in seawater. Its
abundance in seawater is 1.9% by weight. It also exists as chloride in many
rocks and minerals such as carnallite (KMgCls*6H20) and sylvite (KCI).

Chlorine was discovered by Scheele in 1774 and named by Davy in 1810.
Chlorine has numerous industrial applications. Some of the most important
uses of chlorine are (i) in the production of a large number of organic chloro
derivatives used in processing or producing paper, textiles, paints, dyes, med-
icines, antiseptics, petrochemicals, pesticides, plastics, foodstuffs, solvents,
and other consumer products, (i1) as a disinfectant and bactericide in water
treatment and purification, (ii1) as an oxidizing agent, (iv) as a substituent
agent in a number of organic reactions, and (v) in making chlorinated lime
(bleaching powder) for bleaching fabrics and other substances. Other uses are
in food processing; shrink proofing wool; and removal of tin and zinc from iron.

Radioactive CI1-36 has a half-life 440,000 yr (B~ decay). It is used as a trac-
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er for studying corrosion of steel by salt water; to measure chlorosubstitution
mechanisms in organics; and to determine geological age of meteorites.

Physical Properties

Greenish-yellow gas; suffocating odor (odor threshold 3 ppm); gas density
in the air 2.46 (air = 1); becomes a pale yellow liquid at —34.04°C; the color
decreases with lowering temperature; becomes a pale yellow crystal at
—101.5°C; critical temperature 143.8°C; critical pressure 76.89 atm; critical
volume 123 cm3/mol; moderately soluble in water; solubility in water 0.061
mol Clo/L at 20°C; bulk solubility in water (including all species formed) 0.091
mol/L.

Thermochemical Properties

AH°(Clz gas) 0.0

AH;° (Cl gas) 28.99 kcal/mol

AG¢° (Cl gas) 25.17 keal/mol

S° (Cl gas) 39.48 cal/degree mol

Co (Cl gas) 5.21 cal/degree mol

AHyap 4.88 kcal/mol

AI_Ifus 1.53 kecal/mol
Production

Chlorine is produced industrially by electrolysis of brine using either mer-
cury cathode cells or, preferably, various commercially available membrane
cells. Chlorine gas is liberated at the anode while sodium hydroxide and
hydrogen are liberated at the cathode:

Na* + Cl-+ HoO — Na* + OH- + %Cls + %Ho

Also, Cl is made by electrolysis of fused sodium chloride, magnesium chloride
salt, or hydrochloric acid. The electrolytic process has practically superseded
the Weldon and Deacon processes employed earlier to produce chlorine. The
Weldon process involves the action of HCI on manganese dioxide ores to pro-
duce chlorine and manganese chloride. The MnCls liquor obtained is first con-
verted into calcium manganite (CaO *2MnOg2) or “Weldon mud,” from which
MnOg is generated back for reuse. Deacon’s process involves catalytic oxida-
tion of hydrogen chloride, catalyzed by copper:

400° C
2HCl+ %0y —> Cly+ H20

Cu catalyst

The efficiency of Deacon’s process is improved by passing the HCI over CuO
at 200°C. The product CuCls is oxidized at 300°C by treatment with oxygen:

2HCI + CuO —2%°C , CuCly + Hs0
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2CuCly + 0y —3%°C , 9Cly + 2Cu0

In the laboratory, chlorine may be prepared by oxidation of HCl with man-
ganese dioxide:

4HC1 + MnOs — MnCls + Cly + 2H20

Reactions

Chlorine gas is noncombustible but, like oxygen, it supports combustion. It
combines with practically all elements except nitrogen and the inert gases,
helium, neon, argon, crypton, and radon. A few compounds with the inert gas
xenon are also known. The diatomic Clz molecule can dissociate into Cl atoms
upon heating or irradiation with UV.

Chlorine is moderately soluble in water forming an equilibrium between
dissolved chlorine and hypochlorous acid in the aqueous solution:

Clz (g) — Cl2 (aq) K; =0.062
Cls (aq) + HoO —» H* (aq) + Cl-(aq) + HOCI (aq) Ky=4.2x10-4

The concentration of hypochlorous acid in a saturated solution of chlorine in
water at 25°C is 0.030 mol/L while dissolved chlorine, Clz (aq) is 0.061 mol/L
(Cotton, F. A., G. Wilkinson, C. A. Murillo and M. Bochmann. 1999. Advanced
Inorganic Chemisry, 6th ed. New York: John Wiley & Sons).

Chlorine reactions may be classified broadly under two types: (i) oxidation-
reduction and (i1) substitution reactions. The standard electrode potential for
ClI” — %Clg + e in aqueous solution is —1.36 V. Some examples of both types
are highlighted briefly below:

Chlorine combines with hydrogen forming hydrogen chloride, HCI. The
reaction occurs rapidly when exposed to light, involving a photochemical
chain initiation step.

Cly + Hy — 5 2HCI

Reactions with most metals yield metal chlorides. Alkali metals are obvious-
ly most reactive. With metals that exhibit varying oxidation states, the nature
of the product depends on the amount of chlorine. For example, iron reacts
with a limited amount of chlorine to produce iron(II) chloride, while in excess
chlorine the product is iron(IIT) chloride:

Fe + Cly — FeCls
2Fe + 3Cls — 2FeCl;

Among halogens, chlorine can oxidize bromide and iodide ions in solution
under acidic conditions, but not fluoride. For example, it can liberate iodine in
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acid pH, a reaction widely employed in the iodometric titration to measure
residual chlorine in water:

Clz (aq) + 2I" (aq) — Iz (g) + 2Cl (aq)

When chlorine is dissolved in a base, the hypochlorous acid, HOCI, is neu-
tralized, forming hypochlorite ion, OCI™:

Cl; + 20H- — OCI” + CI + H20

However, in hot basic solution it forms chlorate, C1Os~ and chloride, Cl™:
3Clz + 60H — 5Cl + ClO3™ + 2H20

Reaction with lime produces a calcium salt, known as bleaching powder:
Clz (g) + CaO (s) —» CaCl(OC)) (s)

Also, bleaching powder is made by passing Cla gas over slaked lime:
Ca(OH)z + Clz — CaCl(OCl) + H20

Chlorine readily combines with many nonmetals. Reaction with sulfur
yields sulfur dichloride, SCl2; and with phosphorus the products are phospho-
rus trichloride, PCls and phosphorus pentachloride, PCls.

Chlorine forms carbonyl chloride, COCl with carbon monoxide; sulfuryl
chloride SO32Cl with sulfur dioxide; and chloramines (monochloramine,
NHs2Cl, and dichloramine, NHCls) with ammonia. Chloramines are often
found at trace concentrations in sewage wastewater following chlorine treat-
ment.

Chlorine oxidizes hydrogen sulfide to sulfur:

Cls + HeS — S + 2HCI1

Many interhalogen compounds of chlorine with fluorine, bromine and
iodine are known. These include ClF, ClFs, BrCl, ICl, and ICls.

Cly + Fy —29°C | oCIF

Cly + 3F; —280°C , 2CIF;

Several classes of organic compounds can react with chlorine. While chlo-
rine adds to an olefinic double bond (=C=C=) yielding addition products, reac-
tions with aromatics and saturated hydrocarbons produce substitution prod-
ucts:

CHs=CH; + Cly —teomtemperatwre , 3] H,CH2Cl
(ethylene) (ethylene dichloride)
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The above reaction is rapid.
With alkanes, substitution occurs producing alkyl chlorides:

RH+Cl, i, RCl+HCI
room temperature, CClg
The reaction with an alkane, for example, ethane, occurs at room temperature
in the presence of UV light. However, substitution can occur in the dark when
the gaseous mixture of chlorine and ethane is at 100°C.

CeHg + Cly, 5, (CgH5Cl + HCI

room temperature

(benzene) (chlorobenzene, 90%)
Benzene undergoes a substitution reaction yielding 90% chlorobenzene.

Analysis

Chlorine gas may be identified readily by its distinctive color and odor. Its
odor is perceptible at 3 ppm concentration in air. Chlorine may be measured
in water at low ppm by various titrimetry or colorimetric techniques (APHA,
AWWA and WEF. 1999. Standard Methods for the Examination of Water and
Wastewater, 20th ed. Washington DC: American Public Health Association).
In iodometric titrations aqueous samples are acidified with acetic acid fol-
lowed by addition of potassium iodide. Dissolved chlorine liberates iodine
which is titrated with a standard solution of sodium thiosulfate using starch
indicator. At the endpoint of titration, the blue color of the starch solution dis-
appears. Alternatively, a standardized solution of a reducing agent, such as
thiosulfate or phenylarsine oxide, is added in excess to chlorinated water and
the unreacted reductant is then back titrated against a standard solution of
iodine or potassium iodate. In amperometric titration, which has a lower
detection limit, the free chlorine is titrated against phenyl arsine oxide at a
pH between 6.5 and 7.5.

Free and combined chlorine or the total chlorine in water may be measured
by titration with ferrous ammonium sulfate using N,N—diethylphenylenedi-
amine (DPD) indicator. Chlorine in aqueous solutions may be measured
rapidly using several colorimetric methods that involve addition of various
color-forming reagents, and measuring the color intensity using a spectropho-
tometer or filter photometer. Such reagents include DPD; 3,5-dimethoxy-4-
hydroxybenzaldazine (syringaldazine); or 4,4’,4”-methylidyne tris(N,N-
dimethylaniline) (also known as leucocrystal violet). Several types of chlorine
meters are available commercially for rapid in-situ colorimetric measure-
ments of chlorine in water.

Hazard

Chlorine is a pungent suffocating gas, exposure to which can cause irrita-
tion of the eyes, nose and throat; burning of mouth; coughing; choking; nau-
sea, vomiting; dizziness and respiratory distress. Exposure to 15—-20 ppm of
chlorine in air can cause irritation and coughing. A 30 minute exposure to
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500-800 ppm can be fatal to humans (Patnaik, P. 1999. A Comprehensive
Guide to the Hazardous Properties of Chemical Substances, 2nd ed. New York:
John Wiley & Sons).

Chlorine-hydrogen mixture can explode in the presence of sunlight, heat or
a spark. Also, it can explode when mixed with acetylene or diborane at ordi-
nary temperatures, and with ethylene, fluorine, and many hydrocarbons in
the presence of heat, spark or catalysts.

CHLORINE DIOXIDE

[10049-04-4]
Formula: Cl102; MW 67.45
Synonyms: chlorine peroxide; chloroperoxyl; Alcide

Uses

Chlorine dioxide is used for bleaching textiles, paper-pulp, cellulose,
leather, beeswax, oils, and fats. Other applications are in water treatment
processes to kill bacteria, oxidize impurities, and control the taste and odor of
water. It also is used to prepare many chlorite salts. Dilute solutions are used
as antiseptics.

Physical Properties

Yellow to red-yellow gas at room temperature; pungent chlorine-like odor;
density 9.99 g/Li at 11°C; liquefies to a reddish brown liquid at 11°C; liquid
density 1.64 g/mL at 0°C; freezes at —59.5° C to red crystals (explodes); solu-
ble in water, decomposes in hot water; soluble in alkalis and H2SO..

Thermochemical Properties

AH°(g) 24.5 kcal/mol
AH¢°(aq) 17.9 kcal/mol
AGy° (g) 28.8 kcal/mol
S° (g) 61.4 cal/degree mol
S° (aq) 39.4 cal/degree mol
Co (9) 10.0 cal/degree mol

Preparation
Chlorine dioxide is prepared by passing nitrogen dioxide through sodium
chlorate packed in a column:
NaClO3+ NOgs — NaNO3 + ClOg

Also, it may be prepared by the reaction of chlorine with sodium chlorite:

2NaClOg + Cly — 2Cl10g + 2NaCl
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Alternatively, it may be obtained by the treatment of sodium chlorate or
potassium chlorate with sulfur dioxide and sulfuric acid:

2NaClOs + SOy + HoSO4 — 2C109 + 2 NaHSO4

Reactions

In chlorine dioxide, chlorine is in oxidation state +4, which makes the
compound highly unstable. The pure compound or its mixture in air at 10% or
greater concentrations detonates when exposed to light, or subjected to heat
or a spark. The compound also decomposes in the dark in the presence of chlo-
rides. In water, it hydrolyzes slightly to chlorous acid, HC1O2 and chloric acid,
HCIO3s. However, in hot water it decomposes, forming chloric acid, chlorine
and oxygen:

4Cl10g + H2O — 2HCI103 + Cls + O¢

Reaction with sodium hydroxide in the presence of carbonaceous mat-
ter and lime produces sodium chlorite.

Being a strong oxidizing agent, its reactions with reducing agents or
oxidizable substances can be violent to explosive. Under controlled conditions,
it can be combined with many metals to obtain their chlorite salts.

Hazard

Chlorine dioxide explodes violently when exposed to sunlight, heat, dust or
sparks. Also, it detonates at concentrations above 10% in air in the presence
of light, heat or catalyst. Reactions with organic substances, metal hydrides,
sulfur and phosphorus are violent. The gas is highly irritating to eyes, nose,
and throat. Inhalation can produce coughing, respiratory distress, and lung
congestion.

CHLORINE MONOXIDE

[7791-21-1]

Formula: CloO; MW 86.905

Synonyms: dichlorine monoxide; dichloroxide; hypochlorous anhydride;
dichloromonoxide

Uses
Chlorine monoxide is used as a selective chlorinating agent.

Physical Properties

Yellowish-brown gas; disagreeable suffocating odor; unstable at room tem-
perature; gas density 3.89 g/L at 0°C; condenses to a reddish brown liquid at
2.2°C; freezes at —20°C; highly soluble in water; also soluble in alkalis, sulfu-
ric acid, and carbon tetrachloride.
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Thermochemical Properties

AH¢° (g) 19.2 kcal/mol

AGs° (g) 23.4 kecal/mol

S° (g) 63.6 cal/degree mol
Co 10.85 cal/degree mol

Preparation
Chlorine monoxide is prepared by passing chlorine gas over yellow mer-
curic oxide. It is stored below —80°C as a liquid or solid.

Reactions
The oxidation state of chlorine is +1. The compound is highly unstable,
decomposing to chlorine and oxygen when exposed to light, heat, spark, or
under catalytic conditions. It reacts with hot water forming hypochlorous
acid:
Cl20 + H20 — 2HOCI

It oxidizes a number of compounds, undergoing violent decomposition. It
reacts with metals under controlled conditions, forming their hypochlorites.

Hazard

Although a nonflammable gas, it reacts explosively with many substances,
including organics, metals, metal sulfides, sulfur, phosphorus, nitric oxide,
ammonia, carbon disulfide, metal hydrides, and charcoal. It is a severe irri-
tant to the eyes, nose, skin, and respiratory tract. Inhalation of the gas at 100
ppm can be fatal to humans.

CHLORINE TRIFLUORIDE

[7790-91-2]
Formula: ClFs; MW 92.45
Synonym: chlorotrifluoride

Uses

Chlorine trifluoride is used in rocket propellant; incendiaries; and in pro-
cessing of nuclear reactor fuel. It also is used as a fluorinating agent and as
an inhibitor of fluorocarbon polymer pyrolysis.

Physical Properties

Colorless gas; sweetish but suffocating odor; density of the liquid 1.77 g/mL
at 13°C; condenses to a greenish yellow liquid at 11.75°C; freezes to a white
solid at —76.3°C; reacts violently with water.

Thermochemical Properties
AH¢ (1) —45.3 kcal/mol
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Preparation
Chlorine trifluoride is obtained by heating chlorine or chlorine monofluo-
ride with fluorine:

Cly + 3Fy —20°C, 9CIF;
CIF + Fy —2C, CIF;
The gas is purified by distillation in a special steel apparatus.

Hazard

Although nonflammable, ClF3 gas is dangerously reactive. It reacts explo-
sively with water and violently with most common substances. Organic mate-
rials burst into flame in contact with the liquid. The gas is a severe irritant to
the eyes, nose, throat and skin. Inhalation can cause lung damage. The liquid
is dangerously corrosive to skin.

CHROMIUM

[7440-47-3]

Symbol: Cr; atomic number 24; atomic weight 51.996; a Group VI-B (Group 6)
transition metal; atomic radius 1.27A; electron configuration [Ar]3d®4s!; com-
mon valences +2, +3 and +6; also oxidation states +4, +5 and 0 are known; iso-
topes and their abundances: Cr—50 (4.31%), Cr—52 (83.76%), Cr—53 (9.55%),
Cr-54 (2.386%).

Occurrences and Uses

Chromium occurs in the minerals chromite, FeO-+CroOs and crocoite,
PbCrO4. The element is never found free in nature. Its abundance in earth’s
crust is estimated in the range 0.01% and its concentration in sea water is 0.3
ug/L. The element was discovered by Vaquelin in 1797.

The most important application of chromium is in the production of steel.
High-carbon and other grades of ferro-chomium alloys are added to steel to
improve mechanical properties, increase hardening, and enhance corrosion
resistance. Chromium also is added to cobalt and nickel-base alloys for the
same purpose.

Refractory bricks composed of oxides of magnesium, chromium, aluminum
and iron and trace amounts of silica and calcium oxide are used in roofs of
open hearths, sidewalls of electric furnaces and vacuum apparatus and cop-
per converters. Such refractories are made in an arc furnace by fusing mix-
tures of magnesite and chrome ore.

Chromium coatings are applied on the surface of other metals for decora-
tive purposes, to enhance resistance, and to lower the coefficient of friction.
Radioactive chromium—51 is used as a tracer in the diagnosis of blood volume.
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Physical Properties

Hard blue-white metal; body-centered cubic crystal; density 7.19 g/cm3;
melts at 1,875°C; vaporizes at 2,199°C; electrical resistivity at 20°C, 12.9
microhm—cm; magnetic susceptibility at 20°C, 3.6x10-6 emu; standard elec-
trode potential 0.71 V (oxidation state O to +3).

Reactions

Chromium is oxidized readily in air forming a thin, adherent, transparent
coating of Cr20s.

Chromium forms both the chromous (Cr2*) and chromic (Cr3*) compounds
that are highly colored.

Chromium metal reacts readily with dilute acids forming a blue Cr2* (aq)
solution with the evolution of hydrogen:

Cr + 2HCIl —» CrCly + Ho

Chromium in metallic form and as Cr?* ion are reducing agents. The Cr2+
reduces oxygen within minutes, forming violet Cr3+ion:

4Cr?*(aq) + O2(g) + 4H* (aq) — 4Cr3+ + 2H20 (1)

The standard redox potential for the overall reaction is 1.64V.

Cr3* ion forms many stable complex ions. In the aqueous medium, it forms
the violet Cr(H20)63* ion which is slightly basic. Chromium(III) ion is ampho-
teric, exhibiting both base and acid behavior.

Chromium reaction in an aqueous solution with a base produces a pale
blue-violet precipitate having composition: Cr(H20)s(OH)s.

Cr(H20)63* (aq) + 30H- (aq) — Cr(H20)3(OH)s (s) + H2O
The above precipitate redissolves in excess base:
Cr(H20)3(OH)s (s) + H* (aq) — Cr(H20)4(OH)2* (aq) + H20

Chromium forms chromium(VI) oxide in which the metal is in +6 oxidation
state. In acid medium it yields yellow chromate ion, CrO42", and the red-
orange dichromate ion, CraO72-.

Chromium is oxidized in nitric, phosphoric or perchloric acid forming a thin
oxide layer on its surface, thus making the metal even more unreactive to
dilute acids.

Elemental chromium reacts with anhydrous halogens, hydrogen fluoride,
and hydrogen chloride forming the corresponding chromium halides. At ele-
vated temperatures in the range 600 to 700°C, chromium reacts with hydro-
gen sulfide or sulfur vapor, forming chromium sulfides.

Chromium metal reacts at 600 to 700°C with sulfur dioxide and caustic
alkalis. It combines with phosphorus at 800°C. Reaction with ammonia at
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850°C produces chromium nitride, CrN. Reaction with nitric oxide forms
chromium nitride and chromium oxide.

elevated

5Cr + 3NO —feperatre , 3CyN + Cro0s

Production

Chromium metal is produced by thermal reduction of chromium(III) oxide,
Cr203 by aluminum, silicon or carbon. The starting material in all these ther-
mal reduction processes are Cr20s which is obtained from the natural ore
chromite after the removal of iron oxide and other impurities. In the alu-
minum reduction process, the oxide is mixed with Al powder and ignited in a
refractory-lined vessel. The heat of reaction is sufficient to sustain the reac-
tion at the required high temperature. Chromium obtained is about 98% pure,
containing traces of carbon, sulfur and nitrogen.

Cro03 + 2A1 ﬂme—) 2Cr + AloO3

The carbon reduction process is carried out at 1,300 to 1,400°C at low pres-
sure in a refractory reactor:

Crs05 + 3C —M0°C . oCy + 3CO

The silicon reduction process is not thermally self-sustaining and, there-
fore, is done in an electric arc furnace:

2Cr903 + 3S1 — 4Cr + 3 SiOq9

Chromium may be produced from high-carbon ferrochrome by electrolytic
process. Alternatively, the metal may be obtained by electrolysis of chromic
acid, HoCrOy.

High-carbon ferrochromium alloys are made by the reduction of chromite
ore with carbon in an arc furnace. On the other hand, low-carbon fer-
rochromium is obtained by silicon reduction of the ore. The carbon content of
ferrochromium can be reduced further by heating high-carbon alloys with
ground quartzite or by oxidation in vacuum and removal of carbon monoxide
formed. Ferrochromium alloys are used in the manufacture of stainless steel.

Analysis

Chromium metal may be analyzed by various instrumental techniques
including flame and furnace AA spectrophotometry (at 357.9 nm); ICP emis-
sion spectrometry (at 267.72 or 206.15 nm), x-ray fluorescence and x-ray dif-
fraction techniques, neutron activation analysis, and colorimetry.

Chromium metal may be detected in high nanogram to low microgram
ranges by these techniques. While AA, ICP, and colorimetric methods require
chromium to be brought into aqueous phase, the metal may be analyzed non-
destructively in the solid phase by x-ray techniques. ICP-MS technique may
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be applied to measure the metal at a much lower detection level.

Toxicity

While chromium metal or trivalent chromium is not very toxic, hexavalent
chromium (Cr8*) is carcinogenic and moderately toxic. Cr6* is corrosive to skin
and causes denaturation and precipitation of tissue proteins. Inhalation of
Cr6* dust or mist can cause perforation of the nasal septum, lung irritation,
and congestion of the respiratory passsages. Chronic exposure may produce
cancer of the respiratory tract.

CHROMIUM(II) CHLORIDE

[10049-05-5]

Formula: CrClg; MW 122.90; also forms a tetrahydrate, tetraaquochomium
dichloride Cr(H20)4Clz [13931-94-7]

Synonym: chromous chloride

Uses

Chromium(II) chloride is used as a reducing agent; as a catalyst in organic
reactions; in chromium plating of metals; and as an analytical reagent for the
dehalogenation of vic-dihalides. As a reducing agent, it is used to reduce
alpha-haloketones to parent ketones, epoxides to olefins, chloroimides to
imines, and aromatic aldehydes to corresponding alcohols.

Physical Properties

White lustrous needles or fibrous mass; hygroscopic; density 2.88 g/cm3;
melts at 814°C; vaporizes at 1,300°C; highly soluble in water, forming blue
solution; insoluble in ether. The tetrahydrate occurs in blue hygroscopic crys-
talline form, that changes to green modification above 38°C; decomposes to
trihydrate at 51°C; soluble in water.

Thermochemical Properties

AH¢° —94.50 kcal/mol
AG¢° —85.09 kcal/mol

Se 27.56 cal/degree mol
Co 17.02 cal/degree mol
AHjus 7.70 kcal/mol

AHyap 47.08 kcal/mol

Preparation
Chromium(II) chloride may be prepared by the reaction of chromium with
anhydrous hydrogen chloride at 600 to 700°C:

Cr + 2HC1 —800=700°C . 4y + Ho
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Also, the compound may be prepared by the reduction of chromium(III) chlo-
ride with hydrogen at 500 to 600°C:

2CrCls + Hy —300-600°C | 9CyCly + 2HCI

An aqueous solution of chromium(II) chloride for organic reduction may be
prepared as follows:

Amalgamate zinc by shaking 400 g zinc dust with a solution containing 32g
HgClg, 20 mL conc. HCI and 400 mL water. Decant the aqueous phase. To the
amalgamated zinc add 800 mL water, 80 mL conc. HCl, and 200 g
CrCls*6H20. Bubble CO2 through the solution to agitate it and prevent any
possible reoxidation of chromium by air. The solution that turns light blue
may be used in organic reduction.

Analysis

Elemental composition: Cr 42.31%, Cl 57.69%. The metal may be analyzed
by AA, ICP, or other instrumental techniques. Chloride may be measured by
ion chromatography or by using a chloride ion selective electrode. Because of
the blue color of its aqueous solution, end point detection in titrimetric meth-
ods may be difficult.

CHROMIUM(III) CHLORIDE

[10025-73-7]

Formula: CrCls; MW 158.35; also forms several hexahydrate isomers, the
most common of which is dark green colored ¢rans-isomer of dichlorote-
traaquochromium chloride dihydrate, trans-[CrCla(H20)4Cl]*2H20 [10064-
12-5].

Synonyms: chromic chloride; chromium trichloride; chromium sesquichloride.

Uses

Chromium(III) chloride is used for chromium plating; as textile mordant; in
tanning; as a waterproofing agent; and as catalyst for polymerization of
olefins.

Physical Properties

Reddish violet crystals; hexagonal plates; density 2.87g/cm3; melts at
1,152°C; decomposes at 1,300°C; slightly soluble in water. The color of hexa-
hydrates range from light-green to violet; all are hygroscopic; density 1.76
g/cm3; soluble in water and ethanol; insoluble in ether; dilute aqueous solu-
tions are violet in color.

Thermochemical Properties
AH° —133.01 kcal/mol
AGy° —116.18 kcal/mol
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Se 29.40 cal/degree mol
Co 21.94 cal/degree mol

Preparation
Chromium(III) chloride hexahydrate may be prepared by treating chromi-
um hydroxide with hydrochloric acid:

Cr(OH)s + 3HCI1 + 3H20 — CrCls*6H20

The anhydrous chromium(IIT) chloride may be obtained by heating the
hydrated salt CrCls*6H20 with SOCl2 and subliming the product in a stream
of chlorine at 600°C. Alternatively, the red-violet anhydrous chloride can be
obtained by passing chlorine gas over a mixture of chromic oxide and carbon:

Cro03 + 3C +3Cly — 2CrCls + 3CO

Reactions
Chromium(III) chloride at elevated termperatures decomposes to chromi-
um(II) chloride and chlorine:

2CrCly —=%%°C | 9CyCly + Cly

Heating with excess chlorine produces vapors of chromium(IV) chloride,
CrCly. The tetrahedral tetrachloride is unstable, and occurs only in vapor
phase.

When heated with hydrogen, it is reduced to chromium(II) chloride with
the formation of hydrogen chloride:

2CrCls + Hy —32°C , 9CrCly + 2HCI

Chromium(III) chloride has very low solubility in pure water. However, it
readily dissolves in the presence of Cr2* ion. Reducing agents such as SnCly
can “solubilize” CrCls in water. It forms adducts with many donor ligands. For
example, with tetrahydrofuran (THF) in the presence of zinc, it forms the vio-
let crystals of the complex CrCls+3THF.

Analysis

Elemental composition: Cr 32.84%, Cl 67.16%. Chromium(III) chloride
may be solubilized in water by a reducing agent and the aqueous solution
may be analyzed for chromium by AA, ICP, or other instrumental tech-
niques. Alternatively, the compound may be digested with nitric acid,
brought into aqueous phase, diluted appropriately, and analyzed for the
metal as above. The aqueous solution (when a nonchloride reducing agent is
used for dissolution of the anhydrous compound in water) may be analyzed
for chloride ion by ion chromatography or chloride-selective electrode. The
water-soluble hexahydrate may be measured in its aqueous solution as
described above.
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CHROMIUM HEXACARBONYL

[13007-92-6]

Formula: Cr(CO)s; MW 220.058; the CO group is bound to Cr atom through C
atom; Cr—C bond distance 1.909A.

Synonym: chromium carbonyl

Uses

Chromium hexacarbonyl is used as an additive to gasoline to increase the
octane number; as a catalyst in isomerization and polymerization reactions;
and in the preparation of chromium mirror or plate.

Physical Properties

White orthogonal crystal; density 1.77 g/cm3; sublimes at ordinary temper-
atures; vapor pressure 1 torr at 48°C; decomposes at 130°C; insoluble in water
and alcohols; soluble in ether, chloroform and methylene chloride.

Preparation

Chromium hexacarbonyl is prepared by the reaction of anhydrous chromi-
um(III) chloride with carbon monoxide in the presence of a Grignard reagent.
A 60% product yield may be obtained at the carbon monoxide pressures of 35
to 70 atm. Other chromium salts may be used with carbon monoxide and
Grignard reagent in the preparation. The compound may also be obtained by
the reaction of a chromium salt with carbon monoxide in the presence of mag-
nesium in ether or sodium in diglyme.

Reaction

Chromium hexacarbonyl decomposes on strong heating (explodes around
210°C). The product is chromous oxide, CrO. In inert atmosphere the products
are chromium and carbon monoxide. It also is decomposed by chlorine and
fuming nitric acid. Photochemical decomposition occurs when its solutions are
exposed to light.

Some important reactions of chromium hexacarbonyl involve partial or
total replacements of CO ligands by organic moieties. For example, with pyri-
dine (py) and other organic bases, in the presence of UV light or heat, it forms
various pyridine-carbonyl complexes, such as (py)Cr(CO)s, (py)2Cr(CO)4,
(py)3Cr(CO)s, etc. With aromatics (ar), it forms complexes of the type,
(ar)Cr(CO)s. Reaction with potassium iodide in diglyme produces a potassium
diglyme salt of chromium tetracarbonyl iodide anion. The probable structure
of this salt is [K(diglyme)s][Cr(CO)4].

Analysis

Elemental composition: Cr 23.63%, C 32.75%, O 43.62%. A small amount of
solid compound may be digested cautiously with nitric acid and the aqueous
acid extract may be analyzed for chromium by AA, ICP, or a related tech-
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nique. The carbonyl ligand may be determined by thermal decomposition of
the compound in an inert atmosphere at temperatures below 180°C followed
by the measurement of carbon monoxide by IR, GC-TCD, or GC/MS.
Alternatively, the compound may be dissolved in chloroform and analyzed by
the above techniques. The characteristic mass ions for GC/MS determination
should be 28 for CO and 220 for the molecular ion.

Hazard

Chromium hexacarbonyl is highly toxic by all routes of exposure. The
symptoms include headache, dizziness, nausea and vomiting. The LDso(oral)
in mice is 150 mg/kg (Patnaik, P. 1999. A Comprehensive Guide to the
Hazardous Properties of Chemical Substances, 2nd ed. NewYork: John Wiley
& Sons). It explodes upon heating at 210°C.

CHROMIUM(III) HYDROXIDE TRIHYDRATE

[1308-14-1]

Formula: Cr(OH)s*3H20; MW 157.06; occurs only as hydrates

Synonyms: chromic hydroxide; chromic oxide hydrous; chromic oxide gel;
chromium hydrate; chromic hydrate.

Uses
Chromium(III) hydroxide is used as green pigment; as mordant; as a tan-
ning agent; and as a catalyst.

Physical Properties

Bluish-green powder or green gelatinous precipitate; decomposes to
chromium(IIT) oxide on heating; insoluble in water; soluble in dilute mineral
acids when freshly prepared, becoming insoluble on aging; soluble in strong
alkalis.

Preparation

Chromium(III) hydroxide may be prepared by precipitation from mixing
ammonium hydroxide solution with a soluble chromium(III) salt, such as
chromium(IIT) chloride or nitrate:

CrCls + 3NH4OH — Cr(OH)s + 3NH4Cl

Analysis

The aqueous solution may be analyzed for chromium by AA or ICP tech-
niques. Chromium(III) may be measured by ion chromatography.
Additionally, the compound may be decomposed thermally to chromium(III)
oxide, Cr203s, which can be identified by x-ray techniques. Water content of
the hydroxide may be measured by gravimetry.
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CHROMIUM(II) FLUORIDE

[7788-97-8]

Formula: CrFs3; MW 108.99; also forms a trihydrate, triaquochromium triflu-
oride, CrFs+3H20 [16671-27-5]; tetrahydrate CrFs*4H20 and nonahydrate
CrF3+9H20 are also known.

Synonyms: chromic fluoride; chromium trifluoride

Uses

Some important uses are in printing and dyeing woolens; mothproofing of
woolen materials; metal polishing; coloring marbles; and as a catalyst in halo-
genation reactions.

Physical Properties

Dark green needles (anhydrous salt) or green hexagonal crystals (trihy-
drate); density 3.8 g/cm3 (anhydrous fluoride), 2.2 g/cm3 (trihydrate); anhy-
drous salt melts at 1,100°C and sublimes above this temperature; practically
insoluble in water and ethanol (anhydrous salt); trihydrate sparingly soluble
in water; soluble in HCI forming a violet solution.

Thermochemical Properties

AH¢° —277.0 kecal/mol
AG¢° —260.0 kcal/mol
Se 22.44 cal/degree mol
Co 18.81 cal/degree mol

Preparation
Chromium(III) fluoride may be prepared by heating chromium trichloride
under a stream of hydrogen fluoride:

CrCls + 3HF —"¢_, CrF3 + 3HCI

The compound may be prepared by the reaction of chromium hydroxide with
hydrofluoric acid:

Cr(OH)3 + 3HF <, CrF; + 3H20

Analysis

Elemental composition: Cr 47.71%, F 52.29%. A nitric or hydrochloric acid
solution of the compound may be analyzed for chromium by various instru-
mental techniques (see Chromium). The solution may be diluted appropriate-
ly and measured for fluoride ion by using a fluoride-selective electrode or by
ion chromatography.
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CHROMIUM(IIT) OXIDE

[1308-38-9]
Formula: Crs03; MW 151.99
Synonyms: chromic oxide; chromia; chromium sesquioxide; green cinnabar;

chrome green; chrome oxide green; oil green; leaf green; ultramarine green; CI
77288

Uses

Chromium(III) oxide is used as pigment for coloring green on glass and fab-
rics. Other important applications are in metallurgy; as a component of
refractory bricks, abrasives and ceramics; and as a catalyst in hydrogenation,
hydrogenolysis and many other organic conversion reactions. It also is used to
prepare other chromium salts.

Physical Properties
Green hexagonal crystal system; corundum type structure; density 5.22
g/cm3; melts at 2,330°C; vaporizes above 3,000°C; insoluble in water and alco-

hol.

Thermochemical Properties
AHy° —272.4 kcal/mol
AG¢° —252.9 kcal/mol
Se 19.41 cal/degree mol
Co 28.37 cal/degree mol
AHfys 31.07 kcal/mol

Preparation

Chromium(III) oxide may be prepared by several methods which include (i)
burning the metal in oxygen, (i1) by heating chromium(III) hydroxide, (ii1) by
heating chromium(VI) oxide, CrOs,(iv) thermal decomposition of dry ammoni-
um dichromate, (NH4)2Cr207, and (v) by heating a mixture of sodium chro-
mate, NasCrO4 or sodium dichromate, NasCra0O7 with sulfur followed by treat-
ment with water to remove the soluble sodium sulfate formed in the reaction.

Reactions

Chromium(III) oxide is amphoteric. Although insoluble in water, it dis-
solves in acid to produce hydrated chromium ion, [Cr(H20)g]3*. It dissolves in
concentrated alkali to yield chromite ion. When heated with finely divided
aluminum or carbon it is reduced to chromium metal:

Cra0s + 3A1 — 5 2Cr + AlyO3

Heating with chlorine and carbon yields chromium(III) chloride:
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Cro03 + 3Cly + 3C _ heat 2CrCls + 3CO

Analysis

Elemental composition; Cr 68.43%, O 31.57%. The compound may be iden-
tified nondestructively by various x-ray techniques. It may be digested with
concentrated nitric acid, the acid extract diluted appropriately and analyzed
for chromium by flame or furnace AA or ICP spectrophotometry.

CHROMIUM(VI) OXIDE

[1333-82-0]
Formula: CrOs; MW 99.994
Synonyms: chromium trioxide; chromic anhydride; “chromic acid”

Uses

Chromium(VI) oxide is used for chromium plating; copper stripping; as an
oxidizing agent for conversion of secondary alcohols into ketones (Jones oxi-
dation); as a corrosion inhibitor; in purification of oil; and in ‘chromic mix-
tures’ for cleaning laboratory glassware.

Physical Properties

Dark-red crystals, flakes or granular powder; bipyramidal prismatic sys-
tem; density 2.70 g/cm3; melts at 197°C; decomposes on further heating; high-
ly soluble in water, 61.7 g and 67 g/100 mL at 0°C and 100°C, respectively; sol-
uble in sulfuric and nitric acids.

Thermochemical Properties

AH°(cry) —140.9 kcal/mol
AH°(g) —92.2 kcal/mol
AHifys 3.77 kcal/mol

Preparation
Chromium(VI) oxide is prepared by heating sodium dichromate dihydrate
with a slight excess of sulfuric acid in a steel tank or cast iron container:

NasCre:07 + 2H2SO4 — 2CrOs + 2NaHSO4 + H20

The temperature of the mixture is kept above the melting point of chromi-
um(VI) oxide to evaporate water and separate the top layer of sodium bisul-
fate from the molten chromium(VI) oxide at the bottom. Temperature control
and duration of heating is very crucial in the process. Temperatures over
197°C (melting point), or allowing the molten mass to stand for a longer time,
may result in decomposition of the product.
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Reactions
Chromium(VI) oxide decomposes to chromium(III) oxide liberating oxygen
when heated at 250°C:

4Crs03 —29C 5 2Cr0; + 309

The red oxide is the acid anhydride of two acids, namely, chromic acid,
H2CrO4 or CrO2(OH)2 and the dichromic acid HoCr207. Both the chromic and
dichromic acids exist only in the aqueous solution and have not been isolated
from the solution. Dissolution of CrOsin water produces H* ion along with
dichromate ion, Cr2072- as follows:

2CrOs + HoO — 2H* + Cro072-
(red-orange dichromic acid)

The aqueous solution of CrOs is, therefore, strongly acidic because of this pro-
ton release. The Cr2O72- ion in the aqueous solution is susceptable to further
decomposition, forming chromate ion:

Cr2072- — Cr0O42+ CrOs

In the above reaction the equilibrium, however, lies far to the left. Therefore
the chromium(VI) oxide solution also contains trace amounts of chromate ion,
CrOf

Addition of stoichiometric amounts of caustic soda or caustic potash yields
orange dichromate salt which can be crystallized from the solution.

Cro072- + 2Na* — NasCro0O7

If excess base is added to this solution, it turns yellow, and yellow chromate
salt may crystallize out. Thus, as mentioned above, in an aqueous solution of
CrOs, there is an equilibrium between two Cr6+ species, namely, the chromate
and dichromate ions:

2Cr042- + 2H* — Cr2072- + H20O K. =4.2x1014
yellow orange

The addition of base (OH-) shifts the equilibrium to the left while acidification
of the solution shifts the equilibrium to the right in favor of CraO72-. In other
color/pH relations, red CrOs is acidic, green CraO3 is amphoteric and the black
CrO is basic in nature.

In acid medium chromic acid oxidizes secondary alcohols to ketones:

ReCHOH + 2H5CrO4 + 6H+ —2?¢ , 3R,C=0 + 2Cr3+ + 8H50

The reaction usually is carried out in acetone or acetic acid. Chromium is
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reduced from +6 to +3 oxidation state.
Reaction with hydrochloric acid yields chromyl chloride:

CrO3 + 2HCI — CrO9Cls + HoO

A similar reaction occurs with HF to yield chromyl fluoride CrO2F2. However,
fluorination with Fg yields the oxohalide, CrOF4.

Analysis

Elemental composition: Cr 52.00%, O 48.00%. The compound may be iden-
tified from its dark red color. Other color phases are noted above. Chromium
may be measured in the aqueous phase by AA, ICP or x-ray techniques, or in
the solid phase by x-ray methods. Hexavalent chromium (Cr6*) may be ana-
lyzed by ion chromatography. For this, the aqueous sample is adjusted to pH
9 to 9.5 with a concentrated buffer (ammonium sulfate and ammonium
hydroxide mixture) and mixed into the eluent stream of the buffer. Cr6* is sep-
arated from Cr3* on a column, and derivatized with an azide dye as a colored
product measured at 530 nm, which is identified from its retention time.
(APHA, AWWA, and WEF. 1999. Standard Methods for The Examination of
Water and Wastewater, 20th ed., Washington, DC: American Public Health
Association.)

CHROMIUM(II) SULFATE

[10101-53-8]

Formula: Cra2(SO4)3; MW 392.16; several hydrates are known; these include
the pentadecahydrate Cra(SO4)3°15H20 and the octadecahydrate
Cra(S04)3°18H20

Synonym: chromic sulfate

Uses

Chromium(III) sulfate is used as the electrolyte for obtaining pure chromi-
um metal. It is used for chrome plating of other metals for protective and dec-
orative purposes. Other important applications of this compound are as a
mordant in the textile industry; in tanning leather; to dissolve gelatin; to
impart green color to paints, varnishes, inks, and ceramic glazes; and as a
catalyst.

Physical Properties

Reddish-brown hexagonal crystal; the pentadecahydrate is a dark green
amorphous substance while the octadecahydrate is a violet cubic crystal; the
densities are 3.10 g/cm3 (the anhydrous salt), 1.87 g/cm3 (pentadecahydrate),
1.709/cm3 (octadecahydrate); the anhydrous sulfate is insoluble in water and
acids; the hydrate salts are soluble in water; the pentadecahydrate is insolu-
ble in alcohol, but the octadecahydrate dissolves in alcohol.
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Preparation
Chromium(III) sulfate is prepared by treating chromium(IIl) hydroxide
with sulfuric acid followed by crystallization:

2Cr(OH)s + 3H2SO4 — Cra(SOy4)s + 6H20

Analysis

Elemental composition: Cr 26.72%; S 24.52%, O 48.95%. Chromium may be
analyzed in the acid extract of the salt by various instrumentation techniques
(see Chromium).

CHROMYL CHLORIDE

[14977-61-8]

Formula: CrO2Clo; MW 154.90; tetrahedral structure, Cr=0 bond distance
1.581 A and Cr—Cl bond distance 2.126A.

Synonyms: chromium dioxychloride; dichlorodioxochromium; chlorochromic
anhydride.

Uses

Chromyl chloride is used in many organic synthetic reactions including oxi-
dation and chlorination. It also is used as a catalyst in olefin polymerization;
in the preparation of chromium complexes; and as a solvent for chromic anhy-
dride.

Physical Properties

Dark red, fuming liquid; reddish yellow vapors; musty buring odor; densi-
ty 1.91 g/mL; freezes at —96.5°C; boils at 117°C; reacts with water; soluble in
chloroform, carbon tetrachloride, benzene, carbon disulfide and nitrobenzene.

Preparation
Chromyl chloride is prepared by reacting chromium(IIl) chloride with
hydrochloric acid:

CrO3 + 2HCI — CrO9Cls + HoO

Also, it may be prepared by warming potassium dichromate with potassium
chloride in concentrated sulfuric acid:

KoCro07 + 4KC1 + 3H2SO4 — 2Cra02Cly + 3K2SO4 + 3H20

Reactions

Chromyl chloride reacts with water, hydrolyzing to CrO42- and HCI. The
compound is sensitive to light but stable in the dark.

Chromyl chloride is a powerful oxidizing agent employed in organic syn-
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thesis. It oxidizes toluene to benzaldehyde. The reaction is catalyzed by trace
olefin.

CeHsCH; —&%%% , CsH5CHO

It reacts with olefins forming their chromyl chloride derivatives which on
hydrolysis yield chloroalcohols (chlorohydrins) that are mostly the B-chloro-
primary alcohols:

RCH=CH, —<%% _, RCHCICH:0H
hydrolysis (35 50% yield)

Reaction with cyclohexene yields a trans— B—chlorohydrin:

CrO,Cl
10,Ch H,0

OCrCl OH

Chromyl chloride also oxidizes saturated hydrocarbons. For example, it oxi-
dizes isobutane to tert-butyl chloride:

(CH3):CHCH3 %% , (CH3)3CCl

and cyclohexane to chlorocyclohexane:

CeHig —&92% , 0gH (1

Analysis

Elemental composition: Cr 33.57%, Cl 45.77%, O 20.66%. A trace amount
may be dissolved in a suitable organic solvent and identified and measured
quantitatively by GC-FID, GC-ECD, or by mass spectroscopy. For GC-ECD
determination, use a nonchlorinated solvent. Chromium may be determined
by AA or ICP techniques following thorough digestion in nitric acid.

Hazard

Chromyl chloride reacts violently with alcohol, ammonia, and turpentine,
igniting these liquids. Reactions with other oxidiazable substances can be vio-
lent. The liquid is corrosive and possibly a poison. Skin contact can cause blis-
ters. Exposure to its vapors causes severe irritation of the eyes, nose, and res-
piratory tract. Prolonged or excessive inhalation can cause death.
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[7440-48-4]

Symbol: Co; atomic number 27; atomic weight 58.933; a transtion metal,
Group VIII (Group 9) element; electron configuration [Ar]3d74s2; valence +2
and +3; also valences 0, +1, +4, and +5 are known; natural isotopes Co-59
(99.8%) and Co-57 (0.2%); radioactive isotope Co-60.

Occurrence and Uses

Cobalt has been in use as a coloring agent for glass since ancient times. The
metal was isolated by Brandt in 1735 and confirmed as an element by
Bergman in 1780. Cobalt is widely distributed in nature, but in small concen-
trations. Its concentration in the earth’s crust is estimated to be about
0.0025% and in the sea water is about 0.02 pg/L. Cobalt minerals with their
chemical formula and CAS Registry numbers are tabulated below:

Mineral CAS Registry Chemical Formula %

cobaltite [1303-15-7] CoAsS3 35.5
carrolite [12285-42-6] CuCo2S4 38.7
cattierite [12017-06-0] CoS2(Co,Ni)Se el
linnaeite [1308-08-3] Co3S4 48.7
siegenite [12174-56-0] (Co,N1)3S4 26.0
erythrite [149-32-6] 3C00+As205°8H20 29.5
heterogenite [12323-83-0] CuO-2C0203°6H20* 57.0
asbolite [12413-71-7] CoO+*2MnO2°4H0 -
safflorite [12044-43-8] CoAssz (orthogonal) 28.2
smaltite [12044-42-1] CoAsgz (cubic), (Co, Ni)Ass 28.2
skutterudite [12196-91-7] CoAs3(Co,Ni)Ass 20.8

* The ore contains varrying waters of crystalization.

Most cobalt found on earth is diffused into the rocks. It also is found in coal
and soils, and at trace concentations in animals and plants. It is an essential
element for plants and animals (as vitamin B12). Its absence in animals can
cause retarded growth, anemia and loss of apetite. The element has been
detected in meteorites and in the atmospheres of the sun and other stars.
The most imporant use of cobalt is in the manufacture of various wear-
resistant and superalloys. Its alloys have shown high resistance to corrosion
and oxidation at high temperatures. They are used in machine components.
Also, certain alloys are used in desulfurization and liquefaction of coal and
hydrocracking of crude oil shale. Cobalt catalysts are used in many industri-
al processes. Several cobalt salts have wide commercial applications (see indi-
vidual salts). Cobalt oxide is used in glass to impart pink or blue color.
Radioactive cobalt—60 is used in radiography and sterilization of food.

Physical Properties
Silvery-white metal; occurs in two allotropic modifications over a wide
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range of temperatures—the crystalline closed-packed-hexagonal form is
known as alpha form and a face-centered cubic form is the beta (or gamma)
form. The alpha form predominates at temperatures up to 417°C and trans-
forms to beta allotrope above this temperature; density 8.86 g/cm3; cast hard-
ness (Brinnel) 124; melts at 1,493°C; vaporizes at 2,927°C; Curie temperature
1,121°C; electrical resistivity 5.6 microhm-cm at 0°C; Young’s modulus 211
Gpa (3.06x107psi); Poisson’s ratio 0.32; soluble in dilute acids.

Thermochemical Properties

AH°(cry) 0.0

S° (cry) 7.14 cal/degree mol

Cp (cry) 5.93 cal/degree mol

AH°(g) 101.51 kcal/mol

AGy° (g) 90.89 kcal/mol

S° (g) 42.90 cal/degree mol

AHifys 65.73 kcal/mol

Coeff. linear expansion, 40°C 1.336x10-5/°C
Production

Cobalt is obtained from its ores, which are mostly sulfide, arsenic sulfide or
oxide in nature. The finely ground ore is subjected to multistep processing,
depending on the chemical nature of the ore.

When the sulfide ore carrollite, CuS-*Co2Ss, is the starting material, first
sulfides are separated by flotation with frothers. Various flotation processes
are applied. The products are then treated with dilute sulfuric acid producing
a solution known as copper-cobalt concentrate. This solution is then elec-
trolyzed to remove copper. After the removal of copper, the solution is treated
with calcium hydroxide to precipitate cobalt as hydroxide. Cobalt hydroxide is
filtered out and separated from other impurities. Pure cobalt hydroxide then
is dissolved in sulfuric acid and the solution is again electrolyzed. Electrolysis
deposits metallic cobalt on the cathode.

Production of cobalt in general is based on various physical and chemical
processes that include magnetic separation (for arsenic sufide ores), sulfatiz-
ing roasting (for sulfide ores), ammoniacal leaching, catalytic reduction, and
electrolysis.

Finely divided cobalt particles can be prepared by reduction of cobalt(II)
chloride by lithium naphthalenide in glyme.

Reactions
Finely divided cobalt is pyrophoric. But the lump metal is stable in air at
ordinary temperatures. It is oxidized on heating at 300°C to cobalt oxide.
Reactions with dilute mineral acids yield the corresponding Co2* salts.
With hydrochloric acid the reaction is slow. The metal liberates hydrogen
from dilute mineral acids:

Co + 2HNO3 — Co(NOs3)2 + Ha
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Cobalt combines with halogens at ordinary temperatures to form their corre-
sponding halides. It reacts with ammonia gas at 470°C to form cobalt nitride,
which decomposes at 600°C.

4Co + 2NH; —47°°C , Co4Ns + 3Hs

Also it combines with other nonmetals on heating to yield the correspond-
ing binary compounds. With sulfur and phosphorus, cobalt forms sulfides CoS
and Co2S3 and phosphide CogP, respectively. Also, two other cobalt sulfides of
stoichiometric compositions, CoSz and CosSs4 are known. With antimony and
arsenic, several antimonides and arsenides are formed. Three antimonides
with formulas CoSb, CoSbs, and CoSbs have been reported. Three cobalt
arsenides, CoAs, CoAss, and CoAss are also known. Cobalt also combines with
carbon at elevated temperatures to form carbides of various compositions,
namely CosC, Co2C and CoCg obtained by dissolution of cobalt in the solid
solution. The carbide CosC is the primary product when the metal is heated
above 1,300°C with carbon in steel containers. When heated with carbon
monoxide above 225°C, the carbide Co2C is readily obtained with deposition
of elemental carbon. However, when the metal is in a finely divided state and
heated with carbon monoxide at 200°C under pressure (100atm), the product
is dicobalt octacarbonyl, Co2(CO)s.

When hydrogen sulfide is passed through an ammoniacal or alkaline cobalt
solution, a black precipitate of cobalt(II) sulfide, CoS forms.

Cobalt in its trivalent state forms many stable complexes in solution. In
these complexes, the coordination number of Co3* is six. The Co?* ion also
forms complexes where the coordination number is four. Several complexes of
both the trivalent and divalent ions with ammonia, amines, ethylene diamine,
cyanide, halogens and sulfur ligands are known (see also Cobalt Complexes).

Analysis

The element may be analyzed in aqueous acidified phase by flame and fur-
nace atomic absorption, ICP emission and ICP-MS spectroscopic methods.
Also, at trace concentrations the element may be measured by x-ray fluores-
cence and neutron activation analysis. Wavelength for AA measurement is
240.7 nm and for ICP analysis is 228.62 nm.

Hazard

In finely powdered form, cobalt ignites spontaneously in air. Reactions with
acetylene and bromine pentafluoride proceed to incandescence and can become
violent. The metal is moderately toxic by ingestion. Inhalation of dusts can
damage lungs. Skin contact with powdered material can cause dermatitis.

COBALT(ll) ACETATE

[71-48-7]
Formula: Co(C2H30z2)2°4H20; MW 177.02; the commercial product is manu-
factured and sold in the tetrahydrate form of the compound,
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Co(C2H309)2+4H20 [6147-53-1], MW 249.08
Synonym: cobaltous acetate

Uses

Cobalt(IT) acetate is used for bleaching and drying varnishes and laquers.
Other applications are: as a foam stabilizer for beverages; in sympathetic
inks; as a mineral supplement in animal feed; and as a catalyst for oxidation.
It also is used in aluminum anodizing solutions.

Physical Properties (Tetrahydrate)

Red-to-violet monoclinic crystals (anhydrous acetate is light pink in color);
density 1.705 g/cm3; becomes anhydrous when heated at 140°C; soluble in
water, alcohols and acids.

Preparation

Cobalt(Il) acetate is prepared by dissolving cobalt(I) carbonate or hydrox-
ide in dilute acetic acid, followed by crystallization. Also, it may be prepared
by oxidation of dicobalt octacarbonyl in the presence of acetic acid.

Analysis

Elemental composition (tetrahydrate salt): Co 23.66%, C 19.29%, H 5.67%,
0 51.39%. The aqueous solution may be analyzed for cobalt by various instru-
mental techniques (see Cobalt). The water of crystallization may be measured
by gravimetry under controlled heating at 140°C.

COBALT(ll) CARBONATE

[613-79-1]
Formula: CoCOgs; MW 118.94; also forms a hexahydrate, CoCOgz*6H20
Synonym: cobaltous carbonate

Uses

The compound occurs in nature as the mineral cobalt spar or sphaero-
cobaltite. It is used in ceramics; in cobalt pigments; as a catalyst; as a tem-
perature indicator; and in the preparation of other cobalt(Il) salts. It also is
added to soil to provide nutritional supplement in forage for cattle.

Physical Properties
Pink rhombohedral crystals; refractive index 1.855; density 4.13 g/cm3;
decomposes on heating; insoluble in water and ethanol; soluble in acids.

Preparation
Cobalt(IT) carbonate is prepared by heating cobaltous sulfate, cobaltous
chloride or any Co2* salt with sodium bicarbonate in solution:

CoS04 + NaHCO3 —’¢ , CoCO3 + NaHSO4
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Reactions
Cobalt(IT) carbonate dissolves in concentrated HCl or HNOs when heated,
evolving COaq:

CoCO3 + HC1 % CoCls + COg + H20

It is oxidized by air or weak oxidizing agents, forming cobalt(III) carbonate,
Co2(CO3)s. It decomposes on heating, forming the oxides of cobalt with the
evolution of COs.

Analysis

Elemental composition: Co 49.55% C 10.10%, O 40.35%. Analysis of cobalt
may be performed by digesting a measured amount of the compound in hot
nitric acid followed by appropriate dilution and measurement by AA, ICP or
other instrumental technique (see Cobalt). Also, treatment with hot acid lib-
erates COgz (with effervescence) which turns lime water milky. The CO2 may
be analyzed by several tests (see Carbon Dioxide).

Toxicity

The compound is moderately toxic by ingestion. (Lewis (Sr.), R. J. 1996.
Sax’s Dangerous Properties of Industrial Materials, 9th ed. New York: Van
Nostrand Reinhold.)

LDso oral (rat): 640 mg/kg

COBALT CARBONATE, BASIC

[12602-23-2]

Formula: Cos(OH)s(CO3s)2 or 2CoCO3°3Co(OH)2* HoO; MW 516.73
Synonyms: cobalt carbonate hydroxide; cobaltous carbonate basic; basic cobalt
carbonate

Uses

The cobalt carbonate basic salt is the commercially-used cobalt carbonate.
It is used primarily for manufacturing cobalt pigments. It also is used to pre-
pare cobalt(Il) oxide and other cobalt salts.

Physical Properties
Red violet crystal; insoluble in water; decomposes in hot water; soluble in
dilute acids and ammonia.

Preparation

The basic carbonate is prepared by adding a solution of sodium carbonate
to a cobalt(Il) acetate or other Co%* salt solution. The precipitate is filtered
and dried.
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Analysis

Elemental composition: Co 57.02% , C 4.65% , H 1.17% , O 37.16%. The
compound is dissolved in dilute nitric acid and analyzed for cobalt (see
Cobalt).

COBALT(Il) CHLORIDE

[7646-79-9]

Formula: CoClg; MW 129.84; also forms dihydrate CoClg*2H20 [16544-92-6]
and hexahydrate CoClz*6H20 [7791-13-1]

Synonym: cobaltous chloride

Uses

Cobalt(IT) chloride has several applications. It is used in hygrometers; as a
humidity indicator; as a temperature indicator in grinding; as a foam stabi-
lizer in beer; in invisible ink; for painting on glass; in electroplating; and a cat-
alyst in Grignard reactions, promoting coupling with an organic halide. It also
is used to prepare several other cobalt salts; and in the manufacture of syn-
thetic vitamin B12.
Preparation

Cobalt(IT) chloride is prepared by the action of cobalt metal or its oxide,
hydroxide, or carbonate with hydrochloric acid:

Co(OH)z + 2HC] — CoClz + 2H20

The solution on concentration and cooling forms crystals of hexahydrate
which on heating with SOCls dehydrates to anhydrous cobalt(Il) chloride.
Alternatively, the hexahydrate may be converted to anhydrous CoCls by dehy-
dration in a stream of hydrogen chloride and dried in vacuum at 100-150°C.
The anhydrous compound also may be obtained by passing chlorine over
cobalt powder.

Physical Properties

Blue leaflets; turns pink in moist air; hygroscopic; the dihydrate is violet
blue crystal; the hexahydrate is pink monoclinic crystal; density 3.36, 2.48
and 1.92 g/cm3 for anhydrous salt, dihydrate and hexahydrate, respectively;
anhydrous salt melts at 740°C and vaporizes at 1,049°C; vapor pressure 60
torr at 801°C; the hexahydrate decomposes at 87°C; the anhydrous salt and
the hydrates are all soluble in water, ethanol, acetone, and ether; the solubil-
ity of hydrates in water is greater than the anhydrous salt.

Thermochemical Properties

AH¢° —74.69 kcal/mol
AG¢° —64.48 kcal/mol
Se 26.10 cal/degree mol

Co 18.76 cal/degree mol
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AHtus 10.76 kcal/mol

Reactions

Cobalt(Il) chloride undergoes many double decomposition reactions in
aqueous solution to produce precipitates of insoluble cobalt salts. For exam-
ple, heating its solution with sodium carbonate yields cobalt(II) carbonate:

CoCls + NagCO3 —", CoCO3 + 2NaCl

Reaction with alkali hydroxide produces cobalt(I) hydroxide:
CoCly + 2NaOH — Co(OH)2 + 2NaCl

Reaction with ammonium hydrogen phosphate yields cobalt(Il) phosphate:
3CoCls + 2(NH4)2HPO4 — Co3(PO4)2 +4NH4C1 + 2HC1

While cobalt(II) fluoride is the product of the reaction of anhydrous cobalt(IT)
chloride with hydrofluoric acid, cobalt(III) fluoride is obtained from fluorina-
tion of an aqueous solution of cobalt(IT) chloride.

Addition of potassium nitrite, KNO2 to a solution of cobalt(Il) chloride
yields yellow crystalline potassium hexanitrocobaltate(III), KsCo(NOg)s.

Analysis

Elemental composition: Co 45.39%, Cl 54.61%. Aqueous solution of the salt
or acid extract may be analyzed for cobalt by AA, ICP, or other instrumental
techniques following appropriate dilution. Chloride anion in the aqueous solu-
tion may be measured by titration with silver nitrate using potassium chro-
mate indicator, or by ion chromatography, or chloride ion-selective electrode.

Toxicity

The compound is toxic at high doses. Symptoms include chest pain, cuta-
neous flushing, nausea, vomiting, nerve deafness, and congestive heart fail-
ure. The systemic effects in humans from ingestion include anorexia,
increased thyroid size, and weight loss (Lewis (Sr.), R. J. 1996. Sax’s
Dangerous Properties of Industrial Materials, 9th ed. New York: Van
Nostrand Reinhold). Ingestion of a large amount (30-50 g) could be fatal to
children.

COBALT COMPLEXES

Cobalt forms many complexes in both the divalent and trivalent states.
While the d7Co2* ion exhibits a coordination number of four or six in the triva-
lent state, the d®Co3" ion mostly exhibits coordination number six. Also, triva-
lent cobalt forms more stable complexes than Co?* ion, and there are many
more of them. The most common donor atom in cobalt complexes is nitrogen,



238

COBALT COMPLEXES

having ammonia and amines as ligands forming numerous complexes. Many
cobalt cyanide complexes are known in which CN- coordinates to the cobalt
ion through the carbon atom. In aquo complexes, water molecules coordinate
through the oxygen atom. Sulfur ligands and halide ions also form numerous
complexes with both Co2* and Co3*ions.

Cobalt complexes have limited but some notable applications.
Pentacyanocobalt(Il) ion can activate molecular hydrogen homogeneously in
solution and therefore can act as a hydrogenation catalyst for conjugated
alkenes. Cobalt ammine chelates exhibit catalytic behavior in hydrolysis of
carboxylate esters, phosphate esters, amides, and nitriles. Single crystals of
cyanide complex are used in laser studies. Many aquo-halo mixed complexes
are used in making invisible or sympathetic inks and color indicators for des-
iccants. Certain chelators, such as cobalt ethylenediamine complexes, have
unusual oxygen-carrying properties. These polyfunctional donor molecules
have the ability to readily absorb and release oxygen. They are used as a con-
venient source of purified oxygen.

Cobalt(IT) forms more tetrahedral complexes than any other transition
metal ion. Also, because of small energy differences between the tetrahedral
and octahedral complexes, often the same ligand forms both types of Co(Il)
complexes in equilibrium in solutions.

Some examples of Co%* complexes having varying coordination number and
geometry, are presented below:

Coordina- Shape Ligand Structure/Formula = Name of complex ion/neutral
tion complex
Number
4 tetrahedral =~ H:0 [Co(H20)4]2* tetraaquocobalt(II)
4 tetrahedral = ~(Cl-,Br-, I) [Co X4] 2~ tetrahalocobalt(IT)
4 tetrahedral =~ SCN- [Co(SCN)4]2 tetrathiocyanato cobalt(IT)
4 tetrahedral = Cl-, H:O [Co(H20)2Cl2] diaquodichlorocobalt(I)
4 tetrahedral | N5~ [Co(N3)4]2- tetraazido cobalt(II)
5 tetrahedral =~ N-methyl a dimer bis(N-methyl
salicylaldimine salicylaldiminato)cobalt (II)
6 tetrahedral = acetylacetonate a tetramer bis(acetylacetonato)cobalt (II)
Co(acac)2
4 planar dimethylglyoxime Co(dmg)2 bis(dimethylglyoximato)
cobalt (IT)
4 planar dithioacetylaceton- | Co(dtacac)z bis(dithioacetyl
ate acetonato)cobalt(IT)
4 planar salicylaldehyde Co(Salen)z bis(salicyaldehyde
ethylenediamine ethylenediamine) cobalt(II)
4 planar porphyrin Co(porph)z bis(porphyrine)cobalt(II)
4or 6 | planar/dis- ethylenediamine [Co(en)z] bis(ethylendiamino) cobalt(II)
torted accompanies with (Aglz)2 disilver diiodide
octahedral an anion
6 octahedral dimethyl sulfoxide [Co(DMSO)e)#* hexakis(dimethyl
(the ligand bound sulfoxide)cobalt(II)
through O atom)
6 octahedral CN-, H20 [Co(CN)5(H20)]3~ pentacyanoaquocobalt(IT)
6 octahedral SCN- [Co(SCN)e]>* hexathiocyanatocobalt(II)
5 triagonal trialkyl/aryl CoBrz2(PMes)s dibromotris(trimethyl
bipyramidal = phosphines, halide phosphine)cobalt(II)
ions, CN- Co(CN)2(PMe2Ph)s | dicyanotris(dimethylphenyl

phosphine)cobalt(II)
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COBALT(lll) COMPLEXES

Numerous d® cobalt(III) complexes are known and have been studied exten-
sively. Most of these complexes are octahedral in shape. Tetrahedral, planar
and square antiprismatic complexes of cobalt(Ill) are also known, but there
are very few. The most common ligands are ammonia, ethylenediamine and
water. Halide ions, nitro (NOg) groups, hydroxide (OH"), cyanide (CN"), and
isothiocyanate (NCS") ions also form Co(III) complexes readily. Numerous
complexes have been synthesized with several other ions and neutral molecu-
lar ligands, including carbonate, oxalate, trifluoroacetate and neutral ligands,
such as pyridine, acetylacetone, ethylenediaminetetraacetic acid (EDTA),
dimethylformamide, tetrahydrofuran, and trialkyl or arylphosphines. Also,
several polynuclear bridging complexes of amido (NH3), imido (NH"), hydroxo
(OH"), and peroxo (O22-) functional groups are known. Some typical Co(III)
complexes are tabulated below:

Name Formula
cobalt(Ill)hexammine chloride [Co(NH3)6]Cl;
chloropentamminecobalt(I11) chloride [Co(NH;)sCI|Cl,
aquopentamminecobalt(I1I) [Co(NH3)sH,0]Cl;
potassium hexacyanocobaltate(I1I) K;3[Co(CN)g]
ammonium tetranitrodiamiminecobaltate(I11) NH4[Co(NH3),(NO,),4
potassium hexanitrocobaltate(I1I) K;3[Co(NO,)s]
cyanocobalamine (Vitamin B-12) Ce3HgsCoN4O,4P
barium hexacyanocobaltate(I11) heptahydrate Ba;[Co(CN)g],*7H,O

The ammine complexes of Co3* are prepared by adding excess ammonia to a
solution of cobalt salt followed by air oxidation and boiling. The brown solu-
tion turns pink on boiling. The cyanide complexes are made by adding excess
potassium cyanide to a solution of cobalt salt. Acidification of the solution
with a small amount of acetic or hydrochloric acid followed by boiling yields
K3Co(CN)s. The aquo-halo mixed complexes are formed by stepwise substitu-
tion of H2O molecule with halide ion in the coordination sphere. In general, a
mixed complex may be prepared by substitution with a specific anion.

Alternatively, oxidation of a mixed solution of cobalt(I) halide-ammonium
halide or cobalt(Il) nitrate-ammonium nitrate in the presence of excess ammo-
nia can form the amine complexes. Such oxidation may be carried out by pass-
ing air through the solution for several hours. The yield is high in the pres-
ence of activated charcoal.

COBALT(ll) CYANIDE

[642-84-7]

Formula: Co(CN)2; MW 110.99; also forms a dihydrate, Co(CN)z*2H20
[20427-11-6], MW 147.00 and a trihydrate Co(CN)z*3H20 [26292-31-9]
Synonym: cobaltous cyanide
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COBALT(Il) FLUORIDE

Uses
The compound has limited commercial applications. It is used as a catalyst
and in the preparation of cyanide complexes.

Physical Properties

The anhydrous form is a deep-blue powder; hygroscopic; density 1.872
g/em3; melts at 280°C; insoluble in water. The dihydrate is pink to reddish
brown powder or needles; insoluble in water and acids; soluble in sodium or
potassium cyanide solutions, ammonium hydroxide, and hydrochloric acid.

Preparation
The trihydrate salt is obtained as a reddish brown precipitate by adding
potasium cyanide to a cobalt salt solution:
CoCly + KCN + 3H20 — Co(CN)2+3H20 + 2KCl

This on dehydration yields anhydrous Co(CN)z. The Co(CN)z2°3H20 precipi-
tate formed above redissolves when excess KCN is added, forming a red solu-
tion of potassium cobalt(II) cyanide, K4Co(CN)e. Stoichiomtric amount of KCN
should, therefore, be used in the preparation of cobalt(Il) cyanide.

Analysis

Elemental composition: Co 53.11%, C 21.64%, N 25.25%. Cobalt(II) cyanide
is digested with nitric acid, brought into aqueous phase and analyzed for Co
by various instrumental techniques. For estimating cyanide anion, a weighed
amount of solid is treated with dilute sulfuric acid and distilled. The distillate
(HCN) is collected over NaOH solution and the alkaline distillate is measured
for cyanide by titration with a standard solution of AgNO3s using dimethy-
laminobenzalrhodanine indicator. The distillate may be analyzed alternative-
ly by colorimetry following treatment with chloramine-T and pyridine-barbi-
turic acid; or by cyanide ion-selective electrode (APHA, AWWA and WEF.
1999. Standard Methods for the Examination of Water and Wastewater. 20th
ed. Washington, DC: American Public Health Association).

Toxicity
The compound is highly toxic by ingestion and possibly through other
routes of exposure.

COBALT(Il) FLUORIDE

[10026-17-2]
Formula: CoF2; MW 96.93; also forms di—, tri— and tetrahydrates.
Synonyms: cobaltous fluoride; cobalt difluoride

Uses
Cobalt(II) fluoride is used as a catalyst for organic reactions.



COBALT(lll) FLUORIDE 241

Physical Properties

Red tetragonal crystal; density 4.46 g/cm3; melts at 1,127°C; vaporizes
around 1,400°C; sparingly soluble in water; soluble in warm mineral acids;
decomposes in boiling water. Tetrahydrate is red orthogonal crystal; density
2.22 glem3; decomposes on heating; soluble in water; di— and trihydrates are
soluble in water.

Thermochemical Properties

AH¢° —165.4 kcal/mol
AG¢° —154.7 kcal/mol

Se 19.6 cal/degree mol
Co 16.4 cal/degree mol
AHgpys 14.1 kcal/mol

Preparation
Cobalt(IT) fluoride is prepared by heating anhydrous cobalt(II) chloride or
oxide in a stream of hydrogen fluoride:

CoCly + 2HF — CoFq + 2HCI1
CoO + 2HF — CoFs + 2H20

Also, cobalt(Il) fluoride can be prepared as a tetrahydrate, CoF2*4H20 by dis-
solving cobalt(Il) hydroxide in hydrofluoric acid. The tetrahydrate is then
dehydrated to anhydrous fluoride. Elemental fluorine combines with cobalt at
450°C forming mixtures of cobalt(I)"and cobalt(III) fluorides.

Analysis

Elemental composition: Co 60.80%, F 39.20%. Cobalt(Il) fluoride is dis-
solved in hot nitric acid, the solution is appropriately diluted with water and
analyzed for cobalt by AA or ICP spectrophotometry (see Cobalt). A small
amount of salt dissolved in cold water (hot water may partially decompose
forming oxyfluoride, CoF2* CoO *H20) may be analyzed for fluoride ion by flu-
oride ion-selective electrode or ion chromatography.

Toxicity
The compound is toxic by ingestion.
LDso oral (rat): 150 mg/kg

COBALT(lll) FLUORIDE

[10026-18-3]
Formula: CoFs; MW 115.93
Synonyms: cobaltic fluoride; cobalt trifluoride
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COBALT(lll) FLUORIDE

Uses
Cobalt(III) fluoride is used as a fluorinating agent for fluorination of hydro-
carbons (Fowler process).

Physical Properties
Light brown hexagonal crystal; density 3.88 g/cm3; moisture sensitive; sta-
ble in dry air; melts at 927°C; reacts with water.

Preparation
Cobalt(III) fluoride may be prepared by reaction of elemental fluorine with
cobalt(Il) fluoride, cobalt(IT) chloride or cobalt(IIl) oxide at 300 to 400°C.

2CoFs + Fo MOC—) 2CoF3
2C0oCly + 3Fy —390-400°C | 906 Fy + 2Cl,

It should be stored in a sealed glass ampule, free from moisture.

Electrolytic oxidation of cobalt(Il) fluoride in 40% hydrofluoric acid yields
hydrated cobalt(III) fluoride, CoF3+3.5H20 (3.5 is the stoichiometric amount
of water per CoFs molecule in the crystal lattice).

Reactions

Cobalt(ITI) fluoride reacts with water forming a finely divided black pre-
cipitate of cobalt(IIl) hydroxide, Co(OH)s.

When heated with hydrogen at 400°C, it is reduced first to cobalt(II) fluo-
ride and then to cobalt metal.

Heating with oxygen at 400 to 500°C converts the fluoride to oxide:

4CoF3 + 309 MO—C—) 2C0903 + 6F9

Anhydrous cobalt(IIT) fluoride reacts with many nonmetallic and metalloid
elements including bromine, iodine, sulfur, phosphorus, carbon, arsenic, and
silicon. It fluorinates these elements, and is reduced to Co2*.

Analysis

Elemental composition: Co 50.83%, F 49.17%. Cobalt (III) fluoride may be
digested with nitric acid and the resulting acid extract diluted with water and
analyzed for cobalt by various instrumental techniques (see Cobalt). The com-
pound may be identified from its reaction with water forming a black powder
material.

Toxicity
Due to its high affinity for moisture, skin contact can cause irritation.
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COBALT(ll) HYDROXIDE

[21041-93-0]
Formula: Co(OH)2; MW 92.95
Synonyms: cobaltous hydroxide; cobaltous hydrate

Uses

Cobalt(IT) hydroxide is used as a drier for paints and varnishes and is
added to lithographic printing inks to enhance their drying properties. Other
applications are in the preparation of cobalt salts; as a catalyst; and in stor-
age battery electrodes.

Physical Properties

Two forms occur, a rose-red powder (more stable) and a bluish-green pow-
der less stable than the red form; rhombohedral crystals; density 3.597 g/cm3;
decomposes on heating; practically insoluble in water 3.2 mg/L; K, 1.0x10-15;
soluble in acids and ammonia; insoluble in dilute alkalis.

Thermochemical Properties

AH¢° —129.0 kcal/mol
AG¢° —108.6 kcal/mol
Se 19.0 cal/degree mol

Preparation
Cobalt(IT) hydroxide is obtained as a precipitate when an alkaline hydrox-
ide is added to an aqueous solution of cobalt(II) salt:

CoCly + 2NaOH — Co(OH)2 + 2NaCl
Co(NOs3)2 + 2NaOH — Co(OH)2 + 2NaNOs

Reactions

Thermal decomposition to cobaltous oxide, CoO, occurs at 168°C in a vacu-
um.

Cobalt(IT) hydroxide is oxidized by air and other oxidizing agents, forming
cobalt(Ill) hydroxide, Co(OH)s. Reactions with mineral acids produce corre-
sponding Co?* salts.

Analysis

Elemental composition: Co 63.40%, H 2.17%, O 34.43%. Cobalt(II) hydrox-
ide is dissolved in nitric acid and the acid extract is analyzed for cobalt metal
by AA, ICP or other instrumental techniques following appropriate dilution
(see Cobalt).
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COBALT(Il) IODIDE

COBALT(Il) IODIDE

[15238-00-3]
Formula: Cols; MW 312.74; also forms a hexahydrate, Colz*6H20, MW 420.83
Synonyms: cobaltous iodide; cobalt diiodide

Uses
Cobalt(II) iodide is used for analysing water in organic solvents; and as a
color indicator to determine moisture and humidity.

Physical Properties

Exists in two isomorphous forms, o— and B—forms; both modifications high-
ly hygroscopic. The o~form is black hexagonal crystal; density 5.58 g/cm3;
turns dark green in air; melts at 560°C; disolves in water giving pink col-
oration. The o—forms sublimes in vacuo, partly forming an isomorous yellow
modification—the anhydrous B—form.

The p—modification is a yellow powder; density 5.45 g/cm3; converts to the
o—form when heated to 400°C; absorbs moisture from air, the yellow powder
becoming green droplets; dissolves readily in water forming a colorless solu-
tion which turns pink on heating.

The hexahydrate is red hexagonal crystals; density 2.90 g/cm3; loses water
at 130°C giving anhydrous iodide; soluble in water, ethanol, acetone, chloro-
form and ether, forming colored solutions, (while the aqueous solution is red
below 20°C and green above this temperature; the salt forms blue solution in
ethanol, chloroform and ether).

Thermochemical Properties
AHy° —21.20 kcal/mol

Preparation
Cobalt(II) iodide is prepared by heating cobalt powder in a stream of hydro-
gen iodide at 400 to 450°C:

Co + 2HI —400-450°C | (oI, + Hy

The product obtained is the black crystalline o—form.
Cobalt(IT) iodide also may be made by heating cobalt powder with iodine
vapor.

Analysis

Elemental composition: Co 18.84%, I 81.16%. Col2 may be identified from
its varying colors in different solvents. Under varying conditions, its aqueous
solution may be analyzed for cobalt by AA, ICP or other instrumental tech-
niques after appropriate dilution (see Cobalt). Iodide anion may be analyzed
in sufficiently diluted aqueous phase by ion chromatography. Also, the analy-
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sis of the compound dissolved in chloroform or acetone at low ppm concentra-
tion may be performed by GC/MS. The presence of characteristic iodide anion
mass, 127 amu, in the mass spectra serves as a further confirmatory test.

COBALT(Il) NITRATE

[10141-05-6]
Formula: Co(NOs)2; MW 182.94; occurs in common hexahydrate form,
Co(NOs3)2*6H20 [10026-26-9], MW 291.03

Uses

Cobalt nitrate is used in the decoration of porcelain and stones; in the man-
ufacture of invisible inks and cobalt pigments; in hair dyes; in animal feeds;
as an additive to soils; in catalysts preparation; and in vitamin supplements.

Physical Properties

The hexahydrate is red monoclinic crystal; deliquescent in moist air; den-
sity 1.87 g/em3; decomposes at 55°C, losing three molecules of water; decom-
poses to green cobalt(Il) oxide on further heating at 74°C; very soluble in
water (134 g/100mL at 0°C); also soluble in alcohols and acetone.

The anhydrous salt is pale red powder; density 2.49 g/cm3; decomposes
around 100°C; soluble in water.

Thermochemical Properties
AH° —100.50 kcal/mol

Preparation

Cobalt(Il) nitrate is prepared by treating the metal, or its oxide, hydroxide
or carbonate with dilute nitric acid. The solution on evaporation yields red
crystals of hexahydrate:

Co + 2HNO3 — Co(NOs3)2 + Ha
Co(OH)2 + 2HNO3 — Co(NOs3)2 + 2H20

CoCO3 + 2HNO3 — Co(NOs3)2 + CO2 + H20

Analysis

Elemental composition (anhydrous salt): Co 32.33%, N 15.31%, O 52.47%.
The aqueous solution may be analyzed for cobalt by AA or ICP or other instru-
mental methods. The nitrate anion may be measured by ion chromatography
or nitrate ion-selective electrode. The solutions may require sufficient dilution
for all these measurements.
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COBALT OCTACARBONYL

Toxicity
The compound is toxic by oral, subcutaneous, and intravenous routes.
LDLo oral (rabbit): 250 mg/kg
LDLo subcutaneous (rabbit): 75 mg/kg

COBALT OCTACARBONYL

[10210-68-1]
Formula: Co2(CO)s; MW 341.95
Synonyms: dicobalt octacarbonyl; cobalt carbonyl; cobalt tetracarbonyl dimer

Uses

Cobalt octacarbonyl is used as a catalyst in the Oxo process (see Carbon
Monoxide). It also is used as a catalyst for hydrogenation, isomerization,
hydrosilation and polymerization reactions. The compound is also a source of
producing pure cobalt metal and its purified salts.

Physical Properties

Orange crystals; density 1.78 g/cm3; melts at 51°C; decomposes above this
temperature; insoluble in water; soluble in most organic solvents including
alcohol, ether, carbon disulfide.

Preparation
Cobalt octacarbonyl is prepared by the reaction of finely divided cobalt with
carbon monoxide under pressure:

2Co + 8CO — Co2(CO)s

The compound may be prepared in a similar way from cobalt(II) iodide. Also,
it may be prepared by thermal decomposition of cobalt carbonyl hydride:

2HCo(CO)s —2°C, Cox(CO)s + Hs

Reactions

Cobalt octacarbonyl forms complexes with many types of ligands, replacing
one or more CO groups.

Reaction with potasium cyanide forms a cyano derivative that probably has
the structure K3[Co(CN)s(CO)].

Reaction with ammonia forms ammine salt, [Co(NH3s)s][Co(CO)4]2 liberat-
ing carbon monoxide (Hieber, W. and H. Schulten. 1937. Z. Anorg. Allgem.
Chem., 236, p. 17). In a strongly alkaline solution, cobalt octacarbonyl under-
goes hydrolysis, forming cobalt carbonyl hydride. This hydride, used in organ-
ic synthesis as a catalyst, may be prepared in a solution of hexane or toluene
by adding octacarbonyl to dimethylformamide (DMF), followed by acidifica-
tion:
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3Co2(CO)g + 12DMF — 2Co(DMF)[Co(CO)4]2 + 8CO
Co(DMF)6[Co(CO)4)2 + 2HCL — 2HCo(CO)4 + 6 DMF + CoCls

Metal derivatives of cobalt carbonyl hydride such as TI[Co(CO)4],
Zn[Co(CO)4]2, or Cd[Co(CO)4]2 are formed upon reaction of cobalt octacarbonyl
with these metals in the presence of carbon monoxide under pressure.
Reaction with halogens (X) produces cobalt carbonyl halides, Co(CO)Xas.

Cobalt octacarbonyl decomposes when treated with nitric acid, forming
cobalt nitrate. A similar reaction occurs with sulfuric acid or hydrochloric
acid, but at a slower rate.

Analysis

Elemental composition: Co 32.47%, C 28.10%, O 37.43%. Cobalt octacar-
bonyl may be digested with nitric acid, diluted appropriately, and analyzed
by AA, ICP, or other instrumental methods (see Cobalt). The compound may
be dissolved in methanol and the solution analyzed by GC/MS.

Toxicity

Cobalt octacarbonyl is toxic by ingestion, inhalation, and other routes of
exposure.

LDso" intraperitoneal (mice): 378 mg/kg

COBALT(Il) OXIDE

[1307-96-6]
Formula: CoO; MW 74.932
Synonyms: cobaltous oxide; cobalt monoxide

Uses

Cobalt(IT) oxide is used as a pigment for ceramics and paints; for drying
paints, varnishes and oils; for coloring glass; as a catalyst; and for preparation
of other cobalt salts. The commercial product is a mixture of cobalt oxides.

Physical Properties

The commercial product is usually dark grey powder, but the color may
vary from olive geeen to brown depending on particle size; density 6.44 g/cm3,
which also may vary between 5.7 to 6.7 g/cm3, depending on the method of
preparation; melts around 1,830°C; insoluble in water; soluble in acids and
alkalis.

Thermochemical Properties
AH° —56.86 kcal/mol
AGy° —51.19 kcal/mol



248

COBALT(Il) OXIDE

Se 12.67 cal/degree mol
Co 13.19 cal/degree mol

Preparation

Cobalt(Il) oxide is prepared by heating cobalt(I) carbonate, CoCOs,
cobalt(III) oxide, Co203 or tricobalt tetroxide, Cos04, at high temperatures in
a neutral or slightly reducing atmosphere:

elevated temperature
CoCOs3 P — CoO + COg

helium

Reactions

Cobalt(IT) oxide readily absorbs oxygen at ordinary temperatures. Heating
at low temperatures with oxygen yields cobalt(IIl) oxide.

Cobalt(IT) oxide reacts with acids forming their cobalt(Il) salts. Reactions
with sulfuric, hydrochloric and nitric acids yield sulfate, chloride and nitrate
salts, respectively, obtained after the evaporation of the solution:

CoO + H2S0O4 — CoSO4 + H20

CoO + 2HCI — CoCls + H2O

Reactions with alkali hydroxide yield cobalt(Il) hydroxide. Cobalt(IT) oxide is
readily reduced by hydrogen, carbon or carbon monoxide to cobalt:

CoO + Hy —f¢ , Co + H,0
CoO + CO <, Co + COg

It combines with silica in molten states under electrothermal heating to pro-
duce silicate, CoO *SiOa.

Analysis

Elemental composition: Co 78.65%, O 21.35%. The commercial product gen-
erally contains 76% Co. The powder is digested with nitric acid and the acid
extract, after dilution, is analyzed for Co by various instrumental techniques
(see Cobalt). Cobalt(Il) oxide may be analyzed by x-ray directly, without acid
digestion.

Toxicity

Cobalt(IT) oxide is moderately toxic by ingestion and subcutaneous and
intratracheal routes.

LDso oral (rat): 202 mg/kg
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COBALT(lll) OXIDE

[1308-04-9]
Formula: Co203; MW 165.86
Synonyms: cobaltic oxide; cobalt trioxide; dicobalt trioxide; cobalt sesquioxide

Uses
Cobalt(III) oxide is used as a pigment; for glazing porcelain and pottery;
and for coloring enamels.

Physical Properties
Grayish black powder; density 5.18 g/cm3; decomposes at 895°C; insoluble
in water; soluble in concentrated mineral acids.

Preparation

Cobalt(III) oxide is prepared by heating cobalt compounds at low tempera-
tures in air.
Reactions

Heating with hydrogen, carbon or carbon monoxide reduces the oxide to
cobalt metal.

Co203 + 3H» _heat_ 900 + 3H-0
Co203 + 3CO L@, 2Co + 3CO
2C0203 + 3C L€, 4Co + 3COy

Strong heating in air converts cobalt(III) oxide to tricobalt tetroxide.
Reactions with mineral acids produce their Co3* salts:

Co0203 + 6HCI — 2CoCl3 + 3H20

Analysis
Elemental Composition: Co 71.06%, O 28.94%. Cobalt may be analyzed in
acidified solutions by various instrumental techniques (see Cobalt).

COBALT(ll) SULFATE

[10124-43-3]
Formula: CoSO4; MW 155.00; the commercial form is heptahydrate,
CoS04+7H20 [10026-24-1]; also forms a monohydrate, CoSO4*H20 [13455-
34-0]

Synonym: cobaltous sulfate



250

COBALT(ll) SULFATE

Uses

Cobalt(IT) sulfate is used in storage batteries and electroplating baths for
cobalt. It also is used as a dryer for lithographic inks; in pigments for deco-
rating porcelains; in ceramics, glazes and enamels to protect from discoloring;
and as a additive to soils.

Physical Properties

The anhydrous salt of cobalt(IT) sulfate is a red orthogonal crystal; density
3.71g/cm3; melts above 700°C; the monohydrate is red orthogonal crystal hav-
ing a density of 3.08 g/cm3; the heptahydrate is a pink salt, monoclinic pris-
matic crystals, density 2.03 g/cm3; heptahydrate dehydrates to hexahydrate at
41°C and converts to monohydrate at 74°C; the anhydrous salt and heptahy-
drates are soluble in water; monohydrate slowly dissolves in boiling water.

Thermochemical Properties

AHy° —212.3 kcal/mol
AG¢° —187.0 kcal/mol
Se 28.2 cal/degree mol

Preparation
Cobalt(IT) sulfate is prepared by dissolving cobalt(Il) oxide, hydroxide or
carbonate in dilute sulfuric acid, followed by crystallization:

CoO + H2S0O4 — CoSO4 + H20
Co(OH)s + HaSO4 — CoSO4 + 2H20

CoCO3 + HoSO4 — CoSO4 + COg + HoO

Crystallization yields the commercial product, pink heptahydrate. Further
oxidation of this salt in dilute HoSO4 with ozone or fluorine produces hydrat-
ed cobalt(IlT) sulfate, Co02(SO4)3°18H20. This blue octadecahydrate,
Co02(S04)3°* 18H20 also is obtained by electrolytic oxidation of cobalt(Il) chlo-
ride or any cobalt(Il) salt solution in 8M sulfuric acid.

Analysis

Elemental composition: Co 38.03%, S 20.68%, O 41.29%. Solid cobalt(II)
sulfate is brought to aqueous phase by acid digestion, appropriately diluted,
and analyzed for cobalt by flame or furnace AA or ICP. It also may be deter-
mined in the solid crystalline form by x-ray methods. The sulfate anion may
be measured by dissolving an accurately measured small amount of salt in
measured quantities of water and analyzing the solution by ion chromatogra-

phy.
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COBALT SULFIDES

Occurrence and Uses
Cobalt forms four sulfides: (1) cobalt(II) sulfide or cobaltous sulfide, CoS, MW
91.00, CAS [1317-42-6]. (2) cobalt(IIl) sulfide or cobaltic sulfide, or cobalt
sesquisulfide, Co2S3, MW 214.06, CAS [1332-71-4] (3) cobalt disulfide, CoSg,
MW 123.05. (4) tricobalt tetrasulfide, CosSs, MW 305.04

Among these sulfides, only the ordinary cobalt(Il) sulfide, CoS has com-
mercial applications. It is used as a catalyst for hydrogenation or hydrodesul-
furization reactions. Cobalt(II) sulfide is found in nature as the mineral syco-
porite. The mineral linneite is made up of CosS4, tricobalt tetrasulfide.

Physical Properties

Cobalt(II) sulfide is reddish brown to black octahedral crystal; density 5.45
g/em3; melts above 1,100°C; practically insoluble in water (3.8 mg/L); slightly
soluble in acids.

Cobalt(ITI) sulfide is a grayish-black crystalline substance; density 4.80
g/em3; insoluble in water; decomposes in acids.

Cobalt disulfide is a black cubic crystal; density 4.27 g/cm3; insoluble in
water; soluble in nitric acid.

Tricobalt tetrasulfide has a reddish color; density 4.86 g/cm3; decomposes
at 480°C; insoluble in water.

Preparation

Cobalt sulfides are found in minerals, sycoporite and linneite, in different
forms. Also, they may be readily prepared in the laboratory. A black precipi-
tate of CoS is obtained by passing hydrogen sulfide through an alkaline solu-
tion of Co(II) salt, such as CoCls. Also, the compound is produced by heating
cobalt metal with HaS at 700°C. Heating CoS with molten sulfur for a pro-
longed period yields cobalt difulfide, CoS2 as a black powder. The disulfide
may decompose and lose sulfur if heated at elevated temperatures.

Heating cobalt metal at 400°C with H2S yields tricobalt tetrasulfide,
CosS4. The temperatures must be well controlled in these preparative
processes to obtain a specific sulfide. As the temperatures near 700°C the
metal yields CoS, and above 700°C, it produces a sulfide that probably has
the composition CogSs.

Analysis

The stoichiometric compositions may be determined from cobalt analysis of
nitric acid extract of the solid material by AA, ICP, or other instruments. The
structural form of sulfides and their composition may be analysed by x-ray dif-
fraction or fluorescence methods.
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TRICOBALT TETROXIDE
[1308-06-1]

Formula: Co304; MW 240.80
Synonyms: cobaltic cobaltous oxide; cobalto cobaltic oxide; cobaltosic oxide;
tricobalt tetraoxide

Uses

Tricobalt tetroxide is a minor component of commercial cobalt oxides. It is
used in ceramics, pigments, and enamels. Other applications are in grinding
wheels, in semiconductors, and for preparing cobalt metal.

Physical Properties
Black cubic crystal; density 6.11 g/cm3; decomposes above 900°C, losing

oxygen; insoluble in water; soluble in acids and alkalis

Thermochemical Properties

AHy° —212.95 kcal/mol
AG¢° —184.99 kcal/mol
Se 24.5 cal/degree mol
Co 29.5 cal/degree mol

Preparation

Tricobalt tetroxide is obtained when cobalt(Il) carbonate, cobalt(I) or
cobalt(III) oxide, or cobalt hydroxide oxide, CoO(OH) is heated in air at tem-
peratures above 265°C. The temperature must not exceed 800°C (see decom-
position temperature above).

Reactions
Heating above 900°C expels oxygen out of the molecule forming cobalt(II)
oxide:

2C0304 —22°C | 6C00 + Oy

Tricobalt tetroxide absorbs oxygen at lower temperatures, but there is no
change in the crystal structure.)
The oxide is reduced to its metal by hydrogen, carbon or carbon monoxide.

Co304 + 4Hy —"€4* , 3Co + 4H50
Co304 + 4CO L@, 3Co + 4COs

Analysis

Elemental composition: Co 73.42%, O 26.58%. The nitric acid extract of the
oxide may be analyzed for cobalt by various instrumental methods (see
Cobalt). Additionally, the solid crystalline product may be characterized by x-
ray techniques.



COPPER

COPPER 253

[7440-50-8]

Symbol Cu; atomic number 29; atomic weight 63.546; a Group IB (Group 11)
metal; electron configuration [Ar]3d104sl; (electron configuration of Cut,
[Ar]3d10 and Cu2* [Ar]3d?); most common valence states +1, +2; two natural
isotopes, Cu-63 (69.09%), Cu-65 (30.91%).

Occurrence and Uses

The use of copper dates back to prehistoric times. The metal, its com-
pounds, and alloys have numerous applications in every sphere of life-mak-
ing it one of the most important metals. Practically all coinages in the world
are made out of copper or its alloys. Its alloys, bronze and brass, date from
ancient times. More modern alloys such as monel, gun metals, and beryllium-
copper also have wide applications. The metal is an excellent conductor of
electricity and heat and is used in electric wiring, switches and electrodes.
Other applications are in plumbing, piping, roofing, cooking utensils, con-
struction materials, and electroplated protective coatings. Its compounds,
namely the oxides, sulfates, and chlorides, have numerous of commercial
applications.

Copper is distributed widely in nature as sulfides, oxides, arsenides,
arsenosulfides, and carbonates. It occurs in the minerals cuprite, chalcopyrite,
azurite, chalcocite, malachite and bornite. Most copper minerals are sulfides
or oxides. Native copper contains the metal in uncombined form. The princi-
pal copper minerals with their chemical compositions and percentage of cop-
per are listed below:

chalcopyrite CuFeS:2 34.5
chalcocite CusS 79.8
enargite CusAssS4 48.3
covellite CuS 66.4
bornite CusFeS, 63.3
azurite 2CuCOs3* Cu(OH): 55.1
malachite CuCOs3* Cu(OH): 57.3
cuprite Cu20 88.8
tenorite CuO 79.8
atacamite CuClz+3Cu(OH)2 59.4
tennantite CusAs2S7 57.0
tetrahedrite CusSh2S7 52.1
native copper Cu 100

Physical Properties

Reddish brown metal; face-centered cubic crystal; density 8.92 g/cm3; Mohs
hardness 2.5 to 3.0; Brinnel hardness 43 (annealed); electrical resistivity 1.71
microhm-cm at 25°C; Poisson’s ratio 0.33; melts at 1,083°C; vaporizes at
2,567°C; insoluble in water; dissolves in nitric acid and hot sulfuric acid;
slightly soluble in hydrochloric acid; also soluble in ammonium hydroxide,
ammonium carbonate and potassium cyanide solutions.
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Thermochemical Properties

AH°(cry) 0.0

S° (cry) 7.92 cal/degree mol

Cp (cry) 5.84 cal/degree mol

AH°(g) 80.86 kcal/mol

AGy° (g) 71.37 keal/mol

S° (g) 39.7 cal/degree mol

AHjys 3.11 kcal/mol

Coeff. Linear expansion 16.6x10-6/°C at 25°C

Thermal conductivity 3.98 watts/cm°C
Production

In general, copper metal is extracted from its ores by various wet process-
es. These include leaching with dilute sulfuric acid or complexing with ligands
(e.g., salicylaldoximes), followed by solvent extraction. The solution is then
electrolyzed to refine copper.

In most industrial processes, copper is produced from the ore chalcopyrite,
a mixed copper-iron sulfide mineral, or from the carbonate ores azurite and
malachite. The extraction process depends on the chemical compositions of
the ore. The ore is crushed and copper is separated by flotation. It then is
roasted at high temperatures to remove volatile impurities. In air, chalcopy-
rite is oxidized to iron(II) oxide and copper(Il) oxide:

2CuFeSy + 309 — 2FeO + 2CuS + 2S0¢

Then the roasted ore is combined with sand, powdered limestone, and some
unroasted ore (containing copper(Il) sulfide), and heated at 1,100°C in a
reverberatory furnace. Copper(I) sulfide is reduced to copper(I) sulfide.
Calcium carbonate and silica react at this temperature to form calcium sili-
cate, CaSiOs The liquid melt of CaSiOs dissolves iron(I) oxide forming a
molten slag of mixed silicate:

CaSiOs () + FeO (s) + SiOz (s) —19%C 5 CaSiOs- FeSiOs (1)

Lighter mixed silicate slag floats over the denser, molten copper(l) sulfide.
Slag is drained off from time to time. Molten CugS is transferred to a Bessmer
converter where it is air oxidized at elevated temperatures producing metal-
lic copper and sulfur dioxide:

elevated

CusS () + Og (g) —Lemperattures , 9Cu (1) + SO2 (g)

Metallic copper obtained above is purified by electrolytic refining. The elec-
trolytic cell consists of a cathode made of thin sheets of very pure copper con-
nected to the negative terminal of a direct-current generator, and a lump of
extracted impure copper from the ore serving as an anode. A solution of cop-
per(Il) sulfate in sulfuric acid is used as electrolyte. Electrolysis causes trans-
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fer of copper from the anode to the electrolyte solution, and from there to the
cathode. Pure copper is deposited on the cathode which grows longer and larg-
er in size. The impure copper anode correspondingly becomes smaller and
smaller in size. Also, a sludge, known as anode mud, collects under the anode.
The mud contains ore impurities, such as silver, gold, and tellurium, which
are more difficult to oxidize than copper. Copper-plating on other metals is
done by similar methods.

Reactions

Copper forms practically all its stable compounds in +1 and +2 valence
states. The metal oxidizes readily to +1 state in the presence of various com-
plexing or precipitating reactants. However, in aqueous solutions +2 state is
more stable than +1. Only in the presence of ammonia, cyanide ion, chloride
ion, or some other complexing group in aqueous solution, is the +1 valence
state (cuprous form) more stable then the +2 (cupric form). Water-soluble cop-
per compounds are, therefore, mostly cupric unless complexing ions or mole-
cules are present in the system. The conversion of cuprous to cupric state and
metallic copper in aqueous media (ionic reaction, 2Cu* — Cu® + Cu2*) has a
K value of 1.2x106 at 25°C.

Heating the metal in dry air or oxygen yields black copper(Il) oxide which
on further heating at high temperatures converts to the red cuprous form,
Cuz0.

Copper combines with chlorine on heating forming copper(II) chloride. This
dissociates into copper(l) chloride and chlorine when heated to elevated tem-
peratures.

Cu + Cly —f<@ , CuCly

elevated
2CuCls w) CusCls + Cly

A similar reaction occurs with bromine; at first copper(Il) bromide is
formed which at red heat converts to copper(I) bromide. Fluorination yields
CuF2. Heating the metal with iodine and concentrated hydriodic acid pro-
duces copper(l) iodide. When copper is heated in an atmosphere of hydrogen
sulfide and hydrogen, the product is copper(I) sulfide, CusS.

The standard electrode potentials, E° for the half-reactions are:

Cu?t (aq) + 2e- —Cu (s) +0.34 V
Cu?t (aq) + e= — Cut(aq) +0.15V

The metal is not strong enough to reduce H* from acids to Hz. Therefore,
under ordinary conditions, copper metal does not liberate hydrogen from min-
eral acids. Copper can reduce Ag*, Au3*, and Hg2* ions that have greater pos-
itive E° values for reduction half reactions, thus displacing these metals from
their aqueous solutions.
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Cu(s) + HgoCly — CuzCls + 2Hg E° cell =0.51V
Similarly, copper displaces silver from silver nitrate solution:
Cu(s) + AgNOs3 (aq) — Cu(NOs)z (aq) + Ag (s)
Copper liberates nitric oxide from nitric acid:
3Cu (s) + 2NOs™~ (aq) + 8H* (aq) — 3Cu2* (aq) + 2NO (g) + 4H20 (1)

Copper(Il) ion readily forms complexes with various ligands. It slowly
forms a deep blue solution in aqueous ammonia. Its ammonia complex,
Cu(NH3)42* is very stable, the formation constant, K being 5.6x101

Analysis

Copper may be analyzed readily at trace concentration levels by flame-AA,
furnace-AA, ICP emission spectrophotometry, ICP-MS, neutron activation
analysis, and the wavelength dispersive x-ray fluorescence method. Also, the
metal may be determined by colorimetry. In colorimetric methods, aqueous
solutions of copper salts are reduced to Cu* ions by hydroxylamine hydrochlo-
ride. The solution is treated with neocuproine (2,9-dimethyl-1,10-phenanthro-
line) to form a yellow complex or with bathocuproine (2,9-dimethyl-4,7,-
diphenyl-1,10-phenanthroline) to form an orange product, the absorbance of
which may be measured using a spectrophotometer or a filter photometer at
457 and 484 nm, respectively. The most sensitive wavelength for flame or fur-
nace AA measurement is 324.7 nm. Suggested wavelengths for ICP measure-
ment are 324.75 and 219.96 nm. ICP-MS offers a much lower detection limit
than any other method. Copper imparts a deep green (parrot green) color to
flame.

Toxicity

Although the toxicity of metallic copper is very low, many copper(Il) salts
may have varying degrees of toxicity. Inhalation of dusts, mists or fumes of
the metal can cause nasal perforation, cough, dry throat, muscle ache, chills
and metal fever. Copper in trace amounts is a nutritional requirement, used
metabolically in plant and animal enzymes and other biological molecules. It
can be either a toxicant or a nutrient within a concentration that may be in
the same order of magnitude.

COPPER(Il) ACETATE

[142-71-2]

Formula: Cu(C2H3032)2; MW 181.64; also forms a monohydrate
Cu(C2H302)2*H20 [6046-93-1], MW 199.65.

Synonyms: cupric acetate; copper acetate; cupric diacetate; crystallized verdi-
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gris; neutralized verdigris; crystals of Venus.

Uses
Copper(Il) acetate is used as a pigment for ceramics; in the manufacture of
Paris green; in textile dyeing; as a fungicide; and as a catalyst.

Physical Properties

Bluish-green fine powder; hygroscopic. The monohydrate is dimeric; densi-
ty 1.88 g/em3; melts at 115°C; decomposes at 240°C; soluble in water and
ethanol; and slightly soluble in ether.

Preparation
Copper(Il) acetate is prepared by treatment of copper(Il) oxide, CuO, or
copper(II) carbonate, CuCOs, with acetic acid, followed by crystallization:

CuO + 2CH3COOH — (CH3C00)2Cu + H20

Analysis

Elemental composition: Cu 34.98%, C 26.45%, H 3.33%, O 35.24%.
Copper(Il) acetate is digested with nitric acid, diluted appropriately and ana-
lyzed for copper by various instrumental techniques (see Copper).

Toxicity

Copper(Il) acetate is moderately toxic by ingestion and possibly other
routes of administration.

LDs5 oral (rat): c. 600 mg/kg

COPPER ACETATE, BASIC

[62503-64-7]

Formula: Cu(C2H302)2° CuO+*6H20; MW 369.27; the formula varies—several
compositions are known at different ratios of copper acetate to copper oxide/
hydroxide. The composition of blue verdigris is Cu(CgH3Oz2)2* CuO *5H20;
green verdigris 2Cu(C2H302)2°CuO-+5H20. Other compositions are
Cu(C2H302)2+3Cu0+2H20 and Cu(C2H302)2+2Cu0.

Synonyms: cupric acetate, basic; cupric subacetate

Uses

The basic copper acetate is used as a mordant in dyeing and printing; in the
manufacture of Paris green and other pigments; and as a fungicide and insec-
ticide.

Physical Properties
Color and form varies from blue crystals to greenish powder; slightly solu-
ble in water and ethanol; soluble in dilute acids and ammonium hydroxide.
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Preparation
The basic acetates are obtained by the treatment of copper with acetic acid
followed by air oxidation.

Analysis

The compositions of the basic acetates with varying copper acetate-copper
hydroxide-water ratios may be determined by elemental analyses of carbon,
hydrogen, oxygen and copper. X-ray and thermogravimetric analyses should
provide further information on their compositions.

COPPER(l) ACETYLIDE

[1117-94-8]
Formula: Cu2Ce; MW 151.11

. — o+
Structure: Cu C=C Cu
Synonyms: cuprous acetylide; cuprous carbide

Uses

Copper(I) acetylide is used in a diagnostic test for CH unit; to prepare pure
copper powder; in purification of acetylene; and as a catalyst in the synthesis
of acrylonitrile and 2-propyn-1-ol.

Physical Properties
Red amorphous powder; explodes on heating; insoluble in water; soluble in
acids.

Preparation

Copper(I) acetylide is prepared by passing acetylene gas over an aqueous
solution of ammoniacal copper salt:

HCCH + 2Cu(NH3)20H — CuCCCu + 4NHs + 2H20

Also, the compound may be obtained by reacting acetylene with a soluble
copper(l) salt solution.

Reactions
Copper(I) acetylide oxidizes in air forming copper(II) acetylide, CuCa:

2Cu2Cs + O3 = 2CuCq + CuO

Reactions with dilute mineral acids liberate acetylene and form the corre-
sponding cuprous salts:

CugCqo + H2SO4 — CueSO4 + HCCH
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Copper(I) acetylide forms a highly explosive mixture containing silver
acetylide when mixed with silver nitrate:

CuoCs + 2AgNO3 - Angz + CuNO3

Hazard

In the dry state, the compound is highly sensitive to shock, exploding on
impact. Also, it explodes when heated above 100°C. Spontaneous ignition
occurs in chlorine, bromine or iodine vapors.

COPPER(Il) ACETYLIDE

[12540-13-5]
Formula: CuCo; MW 87.568
Structure: (CuCC),
Synonyms: cupric acetylide; cupric carbide
Uses
Copper(Il) acetylide is used as a detonator.

Physical Properties
Brownish black powder; insoluble in water.

Preparation
Copper(Il) acetylide may be prepared by passing alkyl acetylene vapors
over aqueous solution of ammoniacal copper salt.

Hazard

Copper(Il) acetylide is highly sensitive to impact, friction or heat. Mild
impact or heating can cause a violent explosion. In the dry state it is flam-
mable and is more sensitive to impact or friction than copper(I) acetylide.

COPPER CARBONATE, BASIC

[12069-69-1]

Formula: CuCOs*Cu(OH)o; MW 221.12

Synonyms: copper carbonate hydroxide; cupric carbonate basic; Bremen
green; Bremen blue; mineral green.

Uses

Basic copper carbonate is used as a pigment in paint and varnish; as a
fungicide for seed treatment; as an insecticide; in pyrotechnics; and in the
manufacture of other copper salts. The compound is also added in small quan-
tities to animal and poultry feed to supply nutritional copper requirements.
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Basic copper carbonate occurs in nature as minerals, malachite and azu-
rite. While the carbonate to hydroxide molar composition ratio in natural
malachite is 1:1, the ratio in azurite [2CuCOgs* Cu(OH)g] is 2:1.

Physical Properties

Natural malachite is a dark green crystalline solid; monoclinic crystals;
density 4.0 g/cm3; refractive index 1.655; decomposes at 200°C; insoluble in
cold water and alcohols; decomposes in hot water; soluble in acids, ammoni-
um hydroxide and potassium cyanide solutions.

Natural azurite is blue monoclinic crystal; density 3.88 g/cm3; refractive
index 1.730; decomposes at 220°C; insoluble in cold water; decomposes in hot
water; soluble in ammonium hydroxide and hot sodium bicarbonate solutions.

Preparation

Basic carbonate is obtained from its naturally occurring minerals. It also
may be prepared by mixing a solution of copper sulfate with sodium carbon-
ate. The precipitate is then filtered and dried.
Analysis

Elemental composition: Cu 57.47%, C 5.43%, H 0.91%, O 36.18%. Both
malachite and azurite may be identified by x-ray analysis and analyzed qual-
itatively using physical properties such as refractive index and density. For
quantitative analysis, the compound may be digested in nitric acid and ana-
lyzed for copper by various instrumental methods (see Copper.)

COPPER(l) CHLORIDE

[7758-89-6]

Formula: CuCl (dimeric, CuzClg, in vapor state); MW 98.99; zinc blende struc-
ture consisting of tetrahedrally coordinated Cu*; Cu—Cl bond length 2.16A.
Synonym: cuprous chloride

Uses

Copper(I) chloride is used as a catalyst in the production of chlorine by oxy-
genation of hydrogen chloride. Other important applications are in the petro-
leum industry as a desulfurization and decolorizing agent; as a condensing
agent for fats and oils; as a fungicide; and as an absorbent for carbon monox-
ide in gas analysis. It occurs in nature as mineral nantokite.

Physical Properties

White cubic crystal which turns blue when heated at 178°C; density 4.14 g/cm3;
the mineral nantokite (CuCl) has density 4.14 g/cm3, hardness 2.5 (Mohs), refrac-
tive index 1.930; melts at 430°C becoming a deep, green liquid; vaporizes around
1,400°C; vapor pressure 5 torr at 645°C and 400 torr at 1,250°C; low solubility in
water (decomposes partially); Ksp 1.72x10-7; insoluble in ethanol and acetone; sol-
uble in concentrated HCI and ammonium hydroxide.
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Thermochemical Properties

AH¢° —32.79 kcal/mol
AG¢° —28.66 kcal/mol
Se 20.60 cal/degree mol
Co 11.59 cal/degree mol
AHfys 2.438 kcal/mol

Preparation
Copper(I) chloride is prepared by reduction of copper(I) chloride in solu-
tion:

2CuCly + Hy —'<¢* 5 9CuCl + 2HCI

Alternatively, it can be prepared by boiling an acidic solution of copper(II)
chloride with copper metal, which on dilution yields white CuCl:

Cu + CuCly —%“_, 2CuCl

Copper(I) chloride dissolved in concentrated HCI absorbs carbon monoxide
under pressure forming an adduct, CuCl(CO). The complex decomposes on
heating releasing CO.

Copper(I) chloride is slightly soluble in water. However, in the presence of
ClI ion, it forms soluble complexes of discrete halogeno anions such as, CuCls ,
CuCls*", and CuCl,*".

Formation of complexes and organocopper derivatives as outlined below are
not confined only to copper(I) chloride, but typify Cu* in general.

Reaction with ethylenediamine (en) in aqueous potassium chloride solution
forms Cu(Il)-ethylenediamine complex, while Cu* ion is reduced to its metal-
lic state:

2CuCl + 2en — [Cuenz]z’ + 2CI” + Cu®

It dissolves in acetonitrile, CH3CN forming tetrahedral complex ion
[Cu(CH3CN)4]* which can be precipitated with large anions such as ClO4 or
PF¢ .

Reactions with alkoxides of alkali metals produce yellow copper(I) alkox-
ides. For example, reaction with sodium ethoxide yield copper(I) ethoxide, a
yellow compound that can be sublimed from the product mixture:

CuCl + NaOCz2Hs —» CuOC2H5 + NaCl

Copper(I) chloride forms complexes with ethylene and other alkenes in
solutions that may have compositions such as [Cu(CoH4)(H20)2]* or
[Cu(C2Hy4)(bipy)]*. (bipy = bipyridyl)

Reactions with lithium or Grignard reagent yield alkyl or aryl copper(I)
derivatives, respectively. Such organocopper compounds containing Cu—Cu
bonds are formed only by Cu* and not Cu2* ions.
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Analysis

Elemental composition: Cu 64.18%, Cl 35.82%. Copper(I) chloride is dis-
solved in nitric acid, diluted appropriately and analyzed for copper by AA or
ICP techniques or determined nondestructively by X-ray techniques (see
Copper). For chloride analysis, a small amount of powdered material is dis-
solved in water and the aqueous solution titrated against a standard solution
of silver nitrate using potassium chromate indicator. Alternatively, chloride
ion in aqueous solution may be analyzed by ion chromatography or chloride
ion-selective electrode. Although the compound is only sparingly soluble in
water, detection limits in these analyses are in low ppm levels, and, therefore,
dissolving 100 mg in a liter of water should be adequate to carry out all analy-
ses.

Toxicity

Copper(I) chloride is moderately toxic by ingestion and possibly other
routes of entry into the body. The oral LDso in mouse is reported to be 347
mg/kg; and subcutaneous LDsp in guinea pigs is 100 mg/kg.

COPPER(Il) CHLORIDE

[7447-39-4]

Formula: CuClz; MW 134.45; forms a dihydrate CuClz*2H20 [10125-13-0]
MW 170.48

Synonyms: cupric chloride; cupric dichloride

Uses

Copper(II) chloride is used as a mordant in dyeing and printing of fabrics;
as an ingredient of isomerization and cracking catalysts; and as a desulfuriz-
ing and deodorizing agent in petroleum industry. Other important applica-
tions are in copper plating of aluminum; in tinting-baths for iron and tin; in
pigments for ceramics and glasses; as a fixer and desensitizer reagent in pho-
tography; in mercury extraction from ores; in laundry-marking and invisible
inks; and in manufacture of several copper salts.

Physical Properties

The anhydrous form constitutes yellow to brown monoclinic crystals. It is
hygroscopic; forms dihydrate on exposure to moist air; density 3.40 g/cm3;
melts around 630°C with decomposition; soluble in water, ethanol and ace-
tone.

The dihydrate exists as greenish blue orthorhombic crystals; density 2.51
g/cm3; decomposes at 100°C; is very soluble in water and ethanol (solubility
greater than anhydrous salt in these solvents); also soluble in acetone; insol-
uble in ether.
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Thermochemical Properties

AH¢° —52.61 kcal/mol
AG¢° —41.99 kcal/mol

Se 25.84 cal/degree mol
Co 17.18 cal/degree mol
AI_Ifus 4.88 kcal/mol

Preparation
Copper(Il) chloride may be synthesized by heating elemental copper with
chlorine:

Cu + Cly —f<@ , CuCly

Alternatively, it may be prepared by treating copper carbonate with
hydrochloric acid followed by crystallization:

CuCO3 + 2HCI1 — CuCly + COs + H2O

In the above preparation, the hydrate of the salt crystallizes, precipitates, and
may be dehydrated by heating under vacuum.

Reactions
When heated above 300°C, copper(Il) chloride partially decomposes to cop-
per(I) chloride and chlorine:

2CuCly —=2%C 5 90uCl + Cl

Also, it is reduced to CuCl and elemental copper when treated with reducing
agents.

Fluorination with fluorine produces copper(Il) fluoride, CuFs. Adding
potassium ferrocyanide to CuCly aqueous solution precipitates out reddish
brown cupric ferrocyanide. Reaction with caustic soda forms blue cupric
hydroxide:

CuCls + 2NaOH — Cu(OH)2 + 2NaCl

Black copper(II) sulfide, CusS, is obtained when hydrogen sulfide is passed
through dissolved CuCls.

CuClg forms several copper(Il) complexes with several types of ligands in
aqueous solutions.

Analysis

Elemental composition: Cu 47.26%, Cl 52.74%. Aqueous CuClz may be ana-
lyzed for copper by various instrumental methods (see Copper) and the chlo-
ride anion may be analyzed by ion chromatography, chloride ion-selective
electrode, or by titration with a standard solution of silver nitrate.
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COPPER(Il) CHROMATE

[13548-42-0]

Formula: CuCrO4; MW 179.54; several basic copper chromates are known in
combination with copper(Il) hydroxide at varying ratios of CuCrO4 to
Cu(OH)2; CuCrO4°Cu(OH)2, CuCrO4*2Cu(OH)2, and 2CuCrO4*3Cu(OH)a.
Their colors vary.

Synonyms: neutral cupric chromate; copper chromate neutral

Uses

The neutral and basic forms of copper(I) chromate are used as mordants
in dyeing textiles; as fungicides; to protect textiles from damage by microor-
ganisms and insects; and as wood preservatives.

Physical Properties

The neutral form is a reddish-brown crystalline solid; decomposes slowly to
copper(Il) chromite when heated above 400°C; insoluble in water; soluble in
acids.

The basic chromates are crystals having colors that vary from yellow to
chocolate-brown to lilac, depending on their compositions and chromate to
hydroxide molar ratios. They lose water when heated at 260°C, are insoluble
in water, and are soluble in nitric acid.

Preparation

Neutral copper(Il) chromate may be prepared by treating copper(Il) car-
bonate, CuCOs, with aqueous solutions of sodium chromate, Na2CrOs and
chromium(VI) oxide, CrOs.

Basic copper(Il) chromate may be obtained by treating copper(Il) hydrox-
ide, Cu(OH)2 with an aqueous solution of chromium(VI) oxide.

Analysis

Elemental composition (neutral CuCrO4): Cu 35.39%, Cr 28.97%, O
35.64%. These chromates are analyzed by x-ray, thermogravimetic analysis
(the basic form loses water around 260°C) and metal analysis. Copper and
chromium may be analyzed by digesting the compound(s) with nitric acid,
diluting appropriately with water, followed by AA, ICP, or other instrumental
analysis. (see Chromium and Copper).

COPPER(Il) CHROMITE

[12018-10-9]
Formula: CuCr204; MW 231.54
Synonyms: cupric chromite; cupric chromate(III)

Uses
Copper(Il) chromite or its mixture with copper(Il) oxide is used as a cata-
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lyst for selective hydrogenation of olefinic double bonds; or for the hydrogenol-
ysis of methyl esters of fatty acids (at high temperatures and pressures) to
produce fatty alcohols.

Physical Properties

Grayish-black tetragonal crystals; density 5.4 g/cm3. When heated to ele-
vated temperatures (above 900°C) copper(Il) chromite decomposes to cupric
chromate(Il), CuCrO2 and chromium (VI) oxide, CrOs. Copper(Il) chromite is
insoluble in water and dilute acids.

Preparation

Copper(Il) chromite is obtained by heating copper chromate, CuCrO4 at
400°C. The Adkin catalyst, a mixture of copper oxide and copper chromite, is
prepared by mixing aqueous solutions of copper nitrate, sodium dichromate
and ammonium hydroxide; the orange precipitate of copper ammonium chro-
mate formed is dried and then heated below 400°C.

Analysis
The elemental composition of CuCr204: Cu 27.44%, Cr 44.92%, O 27.64%.
The catalyst is analysed by measurement of surface area and pore volume;
also by differential thermal analysis, thermogravimetric analysis and x-ray
studies.

COPPER(l) CYANIDE

[644-92-3]
Formula: CuCN; MW 89.564
Synonyms: cuprous cyanide; cupricin

Uses

Copper(I) cyanide is used in copper plating of nickel, chromium, zinc alloys,
steel, and other metals or alloys. Such copper plating imparts brightness,
smoothness, hardness, and strength. The cyanide solution employed for cop-
per electroplating consists of copper cyanide and sodium cyanide. Other appli-
cations of this compound are as an insecticide, a catalyst in polmerization, and
as an antifouling agent in marine paints.

Physical Properties

Cream-colored powder or green orthorhombic or red monoclinic crystals;
density 2.90 g/cm3; melts at 474°C; decomposes at higher temperatures; prac-
tically insoluble in water, ethanol, and cold dilute acids; dissolves in ammoni-
um hydroxide and potassium cyanide solutions.

Preparation
Copper(I) cyanide is a precipitate obtained by adding potassium cyanide
solution to an aqueous solution of Cu?* salt:
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2CuCls + 4KCN — 2CuCN + C9Ny + 4KCl1

The Cu2* to CN molar ratio should be 1:2. The precipitate dissolves in an
excess of cyanide, forming soluble ions Cu(CN)2 , Cu(CN)s2 , and Cu(CN)43 .

Analysis

Elemental composition: Cu 70.95%, C 13.41%, N 15.64%. Copper(I) cyanide
is decomposed in nitric acid and the acid extract diluted appropriately and
analyzed for copper by various instrumental methods (see Copper).

Toxicity
The compound is a poison by ingestion and other routes of exposure.

COPPER(Il) FLUORIDE

[7789-19-7]

Formula: CuFg; MW 101.54; also forms a dihydrate, CuFy*2H20 [13454-88-1],
MW 137.57

Synonym: cupric fluoride

Uses

Copper(Il) fluoride is used in cathodes in nonaqueous galvanic cells, such
as high energy batteries. It also is used as a fluorinating agent. The dihydrate
is used in welding and brazing fluxes and is added to cast iron to improve its
strength. Another application of this compound is as opacifier in ceramics,
glasses and enamels.

Physical Properties

The anhydrous fluoride is a white crystalline solid; monoclinic crystals;
turns blue in moist air; density 4.23 g/cm3; melts at 836°C; vaporizes at
1,676°C; sparingly soluble in water (hydrolyzes in hot water). The dihydrate
is blue monoclinic crystal; density 2.934 g/cm3; decomposes at 130°C; slightly
soluble in water.

Thermochemical Properties
AHy° —129.71 kcal/mol
AHgpys 13.15 kcal/mol

Preparation
Copper(II) fluoride is prepared by direct fluorination of copper at high tem-

peratures:

Cu + Fo __heat | CuFe
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It also may be prepared by passing hydrogen fluoride gas over copper(Il)
oxide at 400°C:

CuO + 2HF —2°C 5 CuFy + HsO

Alternatively, it may be made by treating copper carbonate with
hydrofluoric acid followed by crystallization.

CuCOs + 2HF(aq) —» CuF2 + H20 + COgq

Reactions
Copper(Il) fluoride loses fluorine as it melts. At 950°C it converts to cop-
per(I) fluoride (cuprous fluoride), CuF:

2CuFy —2%C 5 9CuF + Fy

Also, when it is heated at 1,200°C in an atmosphere of hydrogen fluoride, cop-
per(I) fluoride is produced.

Reaction with water is slow, forming a hydrate. The product decomposes
slowly at ambient temperature with liberating hydrogen fluoride, leaving a
basic fluoride, CuFOH. The dihydrate hydrolyzes to oxyfluoride Cu(OF)z in
hot water.

Analysis

Elemental composition: Cu 62.58%, F 37.42%. Copper(Il) fluoride acid
extract is analyzed for copper by instrumental methods. Powder may be ana-
lyzed by the x-ray diffraction method. Aqueous solution (in cold water) may be
analyzed for fluoride ion using a fluoride ion-selective electrode or by ion chro-
matography.

Toxicity
Copper(Il) fluoride is moderately toxic by ingestion and other routes of
exposure.

COPPER(Il) HYDROXIDE

[20427-59-2]
Formula: Cu(OH)2; MW 97.56
Synonyms: cupric hydroxide; copper hydrate; hydrated copper oxide

Uses

Copper(Il) hydroxide is used as a mordant in pigments; for staining paper;
as an additive to cattle feed; as a catalyst; as a fungicide; and in the prepara-
tion of several copper salts.
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Physical Properties

Blue crystalline powder or gelatinous mass; density 3.36 g/cm3; decompos-
es on heating; insoluble in cold water; K, 2.20x10-20; decomposes in hot
water; soluble in acids, ammonium hydroxide and potassium cyanide.

Thermochemical Properties

AH°(cry) —107.5 kcal/mol
AHs°(aq) —94.46 kcal/mol
AGs° (aq) —59.53 kcal/mol

Preparation
Copper(Il) hydroxide is precipitated by treating a soluble copper(Il) salt
such as, CuClgz or CuSO4 with caustic soda or caustic potash:

CuCls + NaOH — Cu(OH)z + 2NaCl

Reactions
Thermal decomposition yields copper(Il) oxide. Reactions with mineral
acids yield the corresponding copper(Il) salts:

Cu(OH)2 + 2HC1 — CuCls + H20
Cu(OH)2 + 2HNO3 — Cu(NOs3)2 +2H20

Copper(Il) hydroxide dissolves in concentrated alkali hydroxides forming
deep blue anions of [Cu(OH)4]%~ and [Cu(OH)g]4~

Reaction with hydrofluosilicic acid followed by crystallization yields blue
crystals of hydrated cupric fluosilicate, CuSiFg*4H20.

When heated with abietic acid, the product is a green salt, cupric abietate,
Cu(C20H2902)2, a metal paint and fungicide.

Analysis

Elemental composition: Cu 65.13%, H 2.07%, O 32.80%

Copper is determined by AA or ICP spectrophotometry of copper(Il) hydrox-
ide nitric acid extract. Heating the solid hydroxide dehydrates to CuO. The
moles of water loss may be measured by gravimetric analysis. The black CuO
residue may be identified by x-ray analysis and physical tests.

Toxicity
Copper(Il) hydroxide is low to moderately toxic by ingestion. LDsp oral
(rat): 1,000 mg/kg.
COPPER(l) IODIDE

[7681-65-4]
Formula: Cul; MW 190.45
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Synonym: cuprous iodide

Uses

The iodide salt is used as a source of dietary iodine in table salt and animal
feed; in cloud seeding; as a coating in cathode ray tubes; as a temperature
indicator; and as a catalyst in organic reactions.

Copper(I) iodide is found in nature as mineral marshite.

Physical Properties

White powder; cubic crystals; the mineral marshite is a red-brown crytal;
density 5.67 g/cm3 ; refractive index 2.346; hardness 2.5 Mohs; melts at 606°C;
vaporizes around 1,290°C; insoluble in water and dilute acids; soluble in aque-
ous solutions of ammonia and alkali salts of cyanide, iodide and thiosulfate
ions.

Thermochemical Properties

AH¢° —16.20 kcal/mol
AG¢° —16.61 kcal/mol
Se 23.11 cal/degree mol
Co 12.93 cal/degree mol

Preparation

Copper(I) iodide is prepared by heating copper with iodine and concentrate
hydriodic acid, HI. Another preparation route is precipitation of the salt by
mixing aqueous solutions of potassium or sodium iodide with copper sulfate or
any soluble copper(Il) salt:

CuSOy4 + 2KI — Culs + KoSOy4

The unstable Culs formed rapidly dissociates into insoluble copper(I) iodide
and iodine

2Culs — 2Cul + I»

Analysis

Elemental composition: Cu 33.36%, I 66.64%. Either compound or
mineral copper(l) iodide is identified by x-ray diffraction or fluorescence
method. Copper may be analyzed in nitric acid extract of copper(l) iodide by
various instrumental techniques (see Copper).

COPPER(Il) NITRATE

[3251-23-8]

Formula: Cu(NOs3)2; MW 187.56; two hydrates are known, namely, copper
nitrate trihydrate Cu(NOg)2°3H20 [10031-43-3], MW 241.60 and copper
nitrate hexahydrate, Cu(NO3)2*6H20 [13478-38-1] MW 295.65.

Synonyms: cupric nitrate; copper dinitrate
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Uses

Copper(II) nitrate is used in light-sensitive reproduction papers; as a mor-
dant in dyeing and printing of fabrics; as a coloring reagent for ceramics; for
coloring copper black; as a burnishing agent for iron; in nickel-plating baths;
in pyrotechnic compositions; and in paints, varnishes, and enamels. Other
applications are as an oxidizing agent; nitrating agent for aromatics; as a cat-
alyst; and an analytical standard for copper.

Copper nitrate trihydrate occurs in nature as the mineral gerhardite.

Physical Properties

Blue-green orthorhombic crystals; deliquescent; density 2.05 g/cm3; melts
at 255°C; sublimes; readily dissolves in water, alcohols and dioxane.

The trihydrate and hexahydrate are blue rhombohedral crystals; hygro-
scopic; density 2.32 g/cm3 (trihydrate), 2.07 g/cm3 (hexahydrate); melts at
114°C (trihydrate); trihydrate decomposes at 170°C; hexahydrate decomposes
to trihydrate at 26.4°C; both the hydrates are very soluble in water and
ethanol.

Thermochemical Properties
AH° —72.39 kcal/mol

Preparation
Copper(II) nitrate is made by action of copper or copper(Il) oxide with nitric
acid. The solution is evaporated and the product is obtained by crystallization

CuO + 2HNO3 — Cu(N03)2 + H.0O

The nitrate salt prepared by this method is hydrated. It cannot be dehy-
drated fully without decomposition. Anhydrous CuNOs may be prepared by
dissolving copper metal in a solution of dinitrogen tetroxide, N2Oy4, in ethyl
acetate. Upon crystallization, an N2O4 adduct of Cu(NOs)2 that probably has
the composition [NO*][Cu(NO3)s] is obtained. This adduct, on heating at 90°C,
yields blue anhydrous copper(Il) nitrate which can be sublimed in vacuum at
150°C and collected.

Reactions

Thermal decomposition of copper(Il) nitrate produces copper oxides and
nitrogen oxides.

In aqueous solutions, copper(Il) nitrate undergoes many double decomposi-
tion reactions with soluble salts of other metals, forming precipitates of insol-
uble copper salts.

When H3S is passed through its aqueous solution, black CuS precipitates.

Copper(Il) nitrate reacts with ether forming a complex.

Analysis
Elemental composition: Cu 33.88%, N 14.94%, O 51.18%. Copper(Il) nitrate
aqueous solution with appropriate dilution may be analyzed for copper by var-
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ious instrumental methods (see Copper). After appropriate dilution, the
nitrate anion in the aqueous solution may be measured by ion chromatogra-
phy or nitrate ion-selective electrode.

Hazard

Copper(Il) nitrate is moderately toxic by ingestion. Skin or eye contact can
cause irritation.

LDso oral (rat): 940 mg/kg.

Copper(Il) nitrate, being an oxidizing agent, can undergo violent reactions
with readily oxidizable substances. Reaction with acetic anhydride is violent,
and heating with potassium or ammonium ferrocyanide at 220°C may cause
an explosion. It can ignite paper on prolonged contact.

COPPER(I) OXIDE

[1317-39-1]

Formula: Cu20; MW 143.09

Synonyms: cuprous oxide; copper suboxide; copper oxide red; copper protox-
ide; copper hemioxide

Uses

An important application of copper(I) oxide is in antifouling paints for steel,
wood, and other materials exposed to sea water. Other applications include
manufacture of ruby-red glass and preparation of miscellaneous copper salts.
It also is used as a reducing agent in brazing pastes; as a fungicide; in photo-
cells; and as a catalyst.

Copper(I) oxide occurs in nature as the mineral cuprite.

Physical Properties

Reddish-brown cubic crystals; density 6.0 g/cm3; Mohs hardness 3.8; melts
at 1,235°C; decomposes around 1,800°C; insoluble in water; soluble in ammo-
nium hydroxide.

Thermochemical Properties

AH¢° —40.30 kcal/mol
AG¢° —34.89 kcal/mol
Se 22.25 cal/degree mol
Co 15.20 cal/degree mol

Preparation

Copper(I) oxide is found in nature as the mineral cuprite. Copper(l) oxide
can be prepared by several methods, which include:
(1) Reduction of a copper(Il) oxide with coper at elevated temperatures in a
furnace:
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elevated

Cuo + Cu temperatures Cu2o

(2) Thermal decomposition of copper(Il) oxide:

4Cu0 —222C 5 9Cu0 + 0y

(at elevated temperatures Cuz0 is more stable than CuO)

(3) Controlled reduction of an alkaline solution of a Cu2+ salt with
hydrazine, NoH4. In this method, Cu20 is produced as a yellow powder.
(4) Oxidation of finely divided copper.

(5) Thermal decomposition of copper ammonium carbonate:

2CuNH4CO3 —, Cuz0 + 2C0O2 + 2NH3 + H20
(6) Reaction of alkali hydroxide with copper(I) chloride:
2CuCl + 2NaOH — Cu20 + 2NaCl + H20

(7) Reduction of copper(Il) hydroxide, Cu(OH)2 with sulfur dioxide, glucose,
or another reducing agent.

(8) Electrolyzing an aqueous solution of NaCl using copper electrodes.The
technical grade product should contain minimum 97% Cu0 for use in pig-
ments.

Reactions
Oxidation produces copper(Il) oxide, CuO. Heating with hydrogen reduces
the oxide to metallic copper:
Cuz0 + Hy —, 2Cu + H20
The oxide reacts with HCI forming CuCl:
Cu20 + 2HC1 —» 2CuCl + H20
CuCl dissolves in excess HCI.
Copper oxide reacts with dilute sulfuric and nitric acids forming copper(Il)
sulfate and copper(Il) nitrate, respectively, and precipitating metallic copper:
Cu20 + H2S0O4 — CuSO4 + Cu + H20
Cu20 + 2HNO3 — Cu(NOs3)2 + Cu + H20
Heating with alkali metal oxides such as NasO and K20 produces alkali metal

oxocuprates that have the compositions NasCusO4 or K4sCusO4 containing
oxocuprate, [CusO4]4- rings:
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2Cu20 + 2Nas0 —’¢% 5 Na,CusO4

Reaction with trifluoromethanesulfonic anhydride in benzene yields cop-
per() trifluoromethanesulfonate, [Cu(O3SCF3)]2* CeéHs, a white crystalline,
air-sensitive complex (Cotton, F. A., G. Wilkinson, C. A. Murillo and M.
Bochmann. 1999. Advanced Inorganic Chemistry, 6th ed. pp. 857-858. New
York: Wiley Interscience) Olefins can displace benzene in the above compound
readily, forming a variety of olefin complexes.

Analysis

Elemental composition: Cu 88.42%, O 11.18%. The oxide may be dissolved
in excess hydrochloric acid, diluted appropriately and analyzed by AA or ICP
techniques (see Copper). The mineral cuprite may be identified nondestruc-
tively by various x-ray methods.

Hazard
Copper(I) oxide is moderately toxic by ingestion.
LDso oral (rat): 470 mg/kg
Violent reaction can occur when copper(l) oxide is heated with aluminum

COPPER(Il) OXIDE

[1317-38-0]
Formula: CuO; MW 79.545
Synonyms: cupric oxide; copper oxide black

Uses

Copper(Il) oxide is used as pigments for coloring glass, ceramics, porcelain
and artificial gems; in batteries and electrodes; in antifouling paints; in elec-
troplating; in welding fluxes for bronze; in the production of rayons; for
removal of sulfur from oils; in phosphor mixtures; for polishing optical glass;
and as a catalyst. It also is used to prepare various copper compounds.

Copper(Il) oxide is found in nature as the minerals tenorite and paramela-
conite. They differ in crystalline structure: tenorite exists as triclinic crystals
while paramelaconite consists of tetrahedral cubic crystals.

Physical Properties
Black powder or monoclinic crystals; density 6.31 g/cm3; melts at 1,446°C;
insoluble in water and alcohols; soluble in dilute acids and ammonium

hydroxide.

Thermochemical Properties
AH° —37.60 kcal/mol
AGy° —31.00 kcal/mol

Se 10.18 cal/degree mol
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Co 10.11 cal/degree mol
AHjpus 2.82 kcal/mol

Preparation

Copper(Il) oxide occurs in nature as the mineral tenorite. It may be pre-
pared by pyrolysis of copper nitrate, copper carbonate or another oxo copper
salt

elevated
temperatures

CuNO3 ———— CuO + NO2

elevated
temperatures

CuCO3 ———— CuO + CO2

Also, copper(Il) oxide may be prepared by adding alkali hydroxide to a
cupric salt solution; the bulky blue slurry of hydroxide obtained is then dehy-
drated by warming:

Cu(NOs3)2 + 2NaOH — Cu(OH)z + 2NaNOs3
Cu(OH); —, CuO + H:0

Reactions
Heating above 800°C converts copper(Il) oxide into copper(I) oxide. Also,
when the black oxide is heated with copper metal, copper(I) oxide is formed:

CuO+ Cu —, Cus0

Copper(Il) oxide reacts with dilute sulfuric acid and nitric acid forming cop-
per(Il) sulfate and copper(Il) nitrate, respectively.

These salts are obtained following evaporation of the solution and crystal-
lization:

CuO + H2S04 — CuS0O4 + H20

The oxide is reduced to metallic copper when heated at high temperatures
with hydrogen and other reducing agents.
Heating with hydrogen fluoride at 400°C yields copper(II) fluoride, CuFs:

CuO + 2HF —2°C 5 CuFy+ H20

Analysis

Elemental composition: Cu 79.88%, O 20.12%. Copper(Il) oxide is dissolved
in nitric or sulfuric acid and copper content may be determined by AA or ICP
spectrometry following appropriate dilution of the acid extract. It may be
alternatively analyzed nondestructively by x-ray methods.
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COPPER(Il) SULFATE

[7758-98-7]

Formula: CuSO4 MW 159.61; also exists as a pentahydrate, CuSO4°*5H20
[7758-99-8], MW 249.69

Synonyms: cupric sulfate; blue vitriol; blue copperas; blue stone

Uses

Copper(II) sulfate is probably the most important of all copper compounds.
It is used extensively in agriculture as a soil additive to improve crop yields.
Other applications are as a feed additive to prevent copper deficiency; a mor-
dant in textiles; in pigments; in electric batteries; in copper plating; as a
fungicide (such as Bordeaux mixture); as a wood preservative; in lithography
and process engraving; in medicine; as a dehydrating agent (anhydrous salt);
and in the manufacture of other copper compounds.

The pentahydrate occurs in nature as the mineral, chalcanthite; the anhy-
drous sulfate occurs as mineral, hydrocyanite.

Physical Properties

The anhydrous salt is greenish-white rhombohedral crystals or amorphous
powder; hygroscopic; density 3.60 g/cm3; decomposes above 560°C; soluble in
water; insoluble in ethanol.

The pentahydrate is large blue triclinic crystal or light-blue amorphous pow-
der; refractive index 1.514; density 2.28 g/cm3; loses water on heating—two mol-
ecules at 30°C, becomes a monohydrate at 110°C and anhydrous at 250°C; very
soluble in water; moderately soluble in methanol; slightly soluble in ethanol.

Thermochemical Properties

AH° —184.37 kcal/mol

AGy° —158.27 keal/mol

Se 26.1 cal/degree mol
Reactions

Thermal decomposition of copper(Il) sulfate produces copper(Il) oxide and
sulfur trioxide.

When heated with rosin oil, a green precipitate of copper(Il) resinate is
obtained. Similarly, with sodium stearate, CisH3502Na, and sodium oleate,
Ci1sH3302Na, it precipitates as light blue cupric stearate, (C1sH3502)2Cu and
greenish-blue copper oleate Cu(C18H3302)9, respectively. It forms copper car-
bonate, basic Cuz2(OH)2CO3 and basic copper sulfate (varying compositions)
with sodium carbonate. With caustic soda, the reaction product is copper(Il)
hydroxide, Cu(OH)a.

When dissolved in ammonium hydroxide and treated with ethanol dark
blue complex, copper amino sulfate is obtained:

CuSO4 + 4NH3 + HoO — Cu(NH3)4S04+ H20
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Reaction with oxalic acid produces bluish-white copper(Il) oxalate,
CuC20.4.

When mixed with a solution of borax a blue-green solid of indefinite
composition, copper(Il) borate, precipitates.

Reaction with potassium cyanide yields green copper(Il) cyanide,
Cu(CN)a.

Analysis

Elemental composition (CuSO4): Cu 39.81%, S 20.09%, O 40.10%. Aqueous
solution of copper(Il) sulfate may be analyzed for copper by instrumental tech-
niques (see Copper). The sulfate anion may be determined by ion chromatog-
raphy. The crystal may be characterized by x-ray techniques and other phys-
ical tests.

Toxicity
Copper(II) sulfate is toxic to humans by ingestion and other routes of expo-
sure. Symptoms of ingestion include gastritis, diarrhea, nausea, vomiting,
kidney damage and hemolysis (Lewis (Sr.), R. N. 1996. Sax’s Dangerous
Properties of Industrial Materials, 9th ed. New York: Van Nostrand Reinhold).
LDso oral (rat): 300 mg/kg

COPPER(Il) SULFATE, BASIC

[1332-14-5]

Occurrence and Uses
The formula varies; several salts with variable compositions of CuSO4 and
Cu(OH)2 or CuO are known. Some of them occur in nature as minerals:
Copper hydroxide sulfate or cupric subsulfate is found in nature as the min-
eral dolerophane; formula: CuSQO4*CuO
Copper sulfate dibasic occurs in nature as mineral antlerite; formula:
CuSO04°2Cu(OH).
Copper sulfate tribasic occurs in nature as mineral brochantite: formula:
CuSO4+3Cu(OH)2
Copper sulfate tribasic hydrate is also found in nature as mineral langite;
formula: CuSQOy4*3Cu(OH)2*H20
These basic salts of copper(Il) sulfate are light-to-deep blue crystals of fine
particle size; density in the range 3.5 to 4.0 g/cm3; practically insoluble in
water; dissolve in acids. They may be prepared by various methods depending
on the nature of the product desired; i.e., mixing solutions of CuSO4 and
Na2COs yields Burgundy mixtures, or CuSO4 with Ca(OH)z yields Bordeaux
mixture.
Basic copper sulfate salts are used as fungicides for plants.
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COPPER(l) SULFIDE

[22205-45-4]

Formula: Cu2S; MW 159.16; slightly copper deficient, the probable composi-
tion Cui18S

Synonym: cuprous sulfide

Uses

Copper(I) sulfide is used in luminous paints; antifouling paints; in solid-
lubricant mixtures; in solar cells; in electrodes; and as a catalyst.

The compound occurs in nature as the mineral chalcocite (copper glance)
with varying colors.

Physical Properties

Dark-blue or black orthogonal crystals; density 5.6 g/cm3; hardness 2.8
Mohs; melts at about 1,100°C; insoluble in water; slightly soluble in
hydrochloric acid; decomposed by nitric acid and concentrated sulfuric acid;
moderately soluble in ammonium hydroxide; dissolves in potassium cyanide
solutions.

Thermochemical Properties

AH¢° —19.00 kcal/mol
AG¢° —20.60 kcal/mol
Se 28.90 cal/degree mol
Co 18.24 cal/degree mol

Preparation

Copper(I) sulfide is available in nature as the mineral chalcocite. It also
may be made by heating copper(Il) sulfide with hydrogen, in the presence of
small amounts of sulfur.

Alternatively, copper(l) sulfide may be prepared by heating copper with
hydrogen sulfide and hydrogen; or by heating the metal with sulfur in an
atmosphere of carbon dioxide and methanol vapor.

Reactions
When heated in air, copper(l) sulfide oxidizes forming copper(Il) oxide, and
sulfur dioxide:

CusS + 205 —"4_, 2Cu0 + SO»

Heating in the absence of air produces copper(Il) sulfide and copper:
CuzS @, CuS + Cu

When heated with nitric acid, copper(I) sulfide decomposes forming copper

nitrate and hydrogen sulfide. The compound dissolves in aqueous solutions
containing cyanide ions forming soluble copper-cyanide complexes.
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Copper(I) sulfide reacts with polysulfide anions in aqueous solutions form-
ing soluble copper polysulfides.

Analysis

Elemental composition: Cu 79.85%, S 20.15%.

Copper(I) sulfide may be analyzed by x-ray analyses. The copper concen-
tration in nitric acid extract may be measured by various instrumental tech-
niques (see Copper).

COPPER(Il) SULFIDE

Formula: CuS; MW 95.61; structurally complex, the compound probably con-
sists of So2 and S-2ions, as well as Cuz™ and Cu?* ions.
Synonym: cupric sulfide

Uses

Copper(II) sulfide is used in antifouling paints; in aniline black dye for dye-
ing of fabrics; and in the preparation of catalysts for organic reactions. It
occurs in nature as the mineral covellite.

Physical Properties

Black monoclinic or hexagonal crystals or powder; density 4.6 g/cm3; refrac-
tive index 1.45; hardness 1.8 Mohs; decomposes at 220°C; insoluble in water,
ethanol and alkalis. Kg, 8.0x10-34; soluble in nitric acid, ammonium hydrox-
ide and potassium cyanide solutions; also soluble in hot hydrochloric and sul-
furic acids.

Thermochemical Properties

AHy° —12.7 keal/mol

AG¢° —12.8 kcal/mol

Se 15.9 cal/degree mol
Co 11.43 cal/degree mol

Preparation

Copper(I) sulfide is produced from its natural mineral covellite. In the lab-
oratory it is prepared by passing hydrogen sulfide into an aqueous solution of
copper(Il) salts:

CuCly + HoS — CuS + 2HCI

Reactions

Copper(II) sulfide oxidizes to copper(Il) sulfate in moist air. The compound,
however, is stable in dry air at ordinary temperatures.

When heated strongly in the absence of air, it loses sulfur, forming cop-
per(I) sulfide:
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elevated

ZCuS temperatures Cu2S + S

When heated with hydrogen below 600°C, it produces copper(l) sulfide. The
presence of a small amount of sulfur enhances the yield of copper(I) sulfide.

Analysis

Elemental composition: Cu 66.46%, S 33.54%.

The compound may be identified by x-ray analysis. The copper content may
be analyzed by AA, ICP, or x-ray fluorescence techniques.

[7440-51-9]

Symbol: Cm; atomic number 96; atomic weight 247; a radioactive transurani-
um actinide series element; electron configuration [Rn]5f76d17s2; most stable
valence state +3; most stable isotope Cm-247. Curium isotopes, half-lives and
decay modes are:

Isotope Half-Life Decay Mode
Cm-238 2.5 hr electron capture, alpha decay
Cm-239 3 hr electron capture
Cm-240 26.8 days alpha decay
Cm-241 35 days alpha decay
Cm-242 163 days alpha decay
Cm-243 32 yr alpha decay
Cm-244 18.1 yr alpha decay
Cm-245 9,320 yr alpha decay
Cm-246 5,480 yr alpha decay
Cm-247 1.67x107 yr alpha decay
Cm-248 4.7x105 yr alpha decay
Cm-249 65 min beta decay

History, Occurrence, and Uses

Curium was discovered by Seaborg, James, and Ghiorso in 1944 during
chemical fractionation of plutonium irradiated with alpha particles (32 MeV).
The element was isolated in hydroxide form by Werner and Perlman in 1947
in microgram amounts, and later in 1950 by Crane, Wallmann, and
Cunningham in elemental form. Crane et al. also studied its magnetic sus-
ceptibility and assigned 5/7 electron configuration to this element, analogous
to 4f7 configuration of the element gadolinium in the lanthanide series. This
man-made element was named curium in honor of Marie and Pierre Curie.

Curium does not occur in nature. Even if it had occured in the primordial
age of earth, its longest lasting isoptope, Cm-247 (half-life of 17 million years),
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would almost have fully disintegrated during the more than three billion
years of earth’s existence.

The element does not have any important commercial applications. Its iso-
topes Cm-242 and Cm-244 have potential applications to generate thermo-
electric power for operation of instruments in space ships.

Physical Properties

Silvery metal; density 13.51 g/cm3 (calculated); atomic volume 18 cm3/mole;
melts in the range 1,300 to 1,380°C; magnetic susceptibility 12.2x10-8cgs
units/mole at 25°C; dissolves in mineral acids.

Production
Curium can be synthesized in a nuclear reactor by several methods. The
first synthesis involved alpha particle bombardment of plutonium-239:
232Pu+§HeM>2§62Cm+Oln
It may be synthesized by several other methods. Curium isotopes of lower
mass numbers may be obtained by charged particle bombardments of pluto-
nium-239:
59 iy 4 Ho SOV 580 s 1,

Curium-244 isotope may be obtained by irradiation of plutonium-239 by
thermal neutrons:

239 1 240 1, 243
o Put n—7"g, Pu+Y —— 3;n " Pu+ Y

o Pu o Am +e

243 1 244
os Am+,n—"G Am + vy

244 ~—decay 244 -
05 AmLL) o Cm+e

Curium-242 isotope may be obtained in the same way from plutonium-239
by successive neutron capture and B decay:

232Pu+01n . 2;‘41Pu+ Y

241 ~—decay 241 -
o4 PuLL) o Am+e
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241 1 242
os Am+,n—>"g Am + vy

242 ~—decay 242 -
05 AmLL) s Cm+e

Also, higher isotopes of curium may be produced from curium-242 by neu-
tron capture reactions.

The heavier isotopes of the element may result from rapid neutron capture
process caused by intense neutron fluxes from thermonuclear explosions, fol-
lowed by a series of P-decay (Cunningham, B.D. 1968. Curium. In
Encyclopedia of Chemical Elements, ed. C. A. Hampel, pp. 173-177. New
York: Reinhold Book Corp.)
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Chemical Properties

Most properties are similar to the rare-earth analog gadolinium that has 7f
electrons. The trivalent oxidation state (Cm3*) is most stable. The metal is
reactive, being more electropositive than aluminum.

Curium metal is stable at ambient temper