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PREFACGE

There is a trend today to abandon the second-semester freshman
course in qualitative analysis in favor of a year’s general chemistry
which includes a few weeks of analysis and chemical equilibrium. I
think that some excellent chemistry, particularly in the laboratory, is
lost that way, and in this book I use the opposite approach to cur-
riculum revision by emphasizing the best of the “qual” and adding
related general chemistry to that. Modernization of the stereotyped
“qual” program is desirable, because it has always seemed to admit
its laboratory procedures have little value outside the classroom and
palmed off the theoretical sections as chemical major preparation for
advanced study. I never became enthusiastic over that, neither did
the nonmajors who constitute the large majority of most classes, since
they were not getting anything they could use. As this is the last
chemistry required of most people, one should not feel obligated to
fit time-honored material into a narrow, half-century old outline. I
therefore try to develop the subject in both lecture and laboratory as
something alive with applications for any physical science student by
presenting it not as an isolated factual body but as a relative of many
scientific areas. This makes for a rather large volume although not
necessarily one written down to a descriptive level. The text probably
cannot be completely covered in a semester, but the instructor can
vary the course within it, and extra reading and laboratory work are
available as needed.

This book assumes a reader’s sound background of at least one
semester or two quarters of general college chemistry which considered
such topics as properties of matter, chemical symbolism, nomen-

i



viii PREFACE

clature and equations, structure of atoms and molecules and their
weight relationships, the periodic system, the gas laws, types of solu-
tions, introductory redox and equilibrium, and descriptive chemistry
of important nonmetals. The second course may then be free to use
its own text, such as this one, for the chemistry of the metals, some
topics in “modern” inorganic chemistry, the elaboration of equilibrium
systems, and the qualitative testing of selected cations and anions. To
tie these topics together 1 use examples and problems from the labora-
tory work and industry and explain how our knowledge developed
historically through experimentation. The emphasis is on the broad
view of inorganic chemistry.

After a review of equation writing and calculations on solution con-
centration (Chapters 1 and 2), atomic structure and bonding are re-
viewed and extended for use in explaining the constitution of Werner
ions and, together with conductance studies, in formulating the acid—
base theories (Chapters 3, 4, and 5). The next six chapters develop
chemical equilibrium with reference to substances handled in the labora-
tory, and many experimental methods for determining equilibrium
constants are explained to give the reader more feeling for the ab-
stractions. Chapter 12 classifies some organic qualitative reagents.
The next chapter briefly treats process metallurgy and the crystalline
structure of metals. Chapter 14 outlines general laboratory procedures,
and the following five chapters cover the usual five cation groups.
These include a factual description of the chemistry of each metal, an
explanation and flowsheet of group analysis, preliminary laboratory
study of the ions, detailed procedure for sample analysis, and all re-
action equations. The preliminaries are almost entirely alternate tests
for ions rather than a duplication of descriptive material. Tt is be-
lieved this will allow more analytical time on samples, yet many of the
preliminaries will be done conscientiously in the course of “unknown” in-
vestigation, since the checking of the sample using blanks, “knowns,”
and confirmatory examinations has added meaning and incentive.

Chapter 20 describes eight “new” metals, Li, Be, Ti, Zr, V, Mo, W,
and U, and contains enough laboratory direction for their identification
in the usual alloys and matrixes. They are not included in the next
chapter on the general cation unknown, however, although two of in-
dustry’s procedures are reprinted for identifying some commercial al-
loys. Chapter 22 concerns the chemistry and analysis of 18 anions,
mainly by spot testing so any or all can be included without changing
laboratory directions. The last chapter is a collection of 13 so-called
special experiments which can be employed as class demonstrations or
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assigned to individuals in place of more complex samples. A few
of them illustrate the basis for theoretical principles, and the rest hold
human and applied interest and demonstrate such qualitative testing
techniques as microscopy, chromatography, fluorescence, electrography,
etc.

Most chapters end with a set of problems, some with answers, and
recent references to J. Chem. Educ. and Anal. Chem. The latter are
only meant to be a literature introduction which interested students
can read with benefit, and they are not meant to be research-type source
material. ’

The class-room instruction of qualitative analysis and inorganic chem-
istry inherently includes the well-known problem of laboratory and
lecture coordination. In the past, T used the lecture hours at the
semester’s beginning to rapidly review solution concentrations, equation
writing, and chemical bonding (Chapters 1, 2, and 3) and used the
quiz hours to give laboratory orientation and directions for group 1 and
2 cations (Chapters 14, 15, and 16). After that I took up Werner
compounds, acid-base theories and reaction rates (Chapters 4, 5, and
6) and then started equilibrium (Chapters 7, 8, 9, 10, and 11). Other
years I have varied this by beginning the equilibrium sections right after
a review of the first two chapters so they coincide with the current lab-
oratory work: sulfide solubilities, pH control, etc. I then alternated
descriptive chapters with those on calculations, for the sake of variety.
The chapter on metallurgy is appropriate when a metal or mineral
sample is analyzed, and the section on organic reagents can follow
anion analysis or precede a general unknown. The special experiments
can be used individually or as class demonstrations and interwoven
wherever they seem indicated, for instance, flame and bead tests with
cation groups 4 and 5. I usually finished the semester with several lec-
tures on a topic of special interest, such as electrochemical corrosion,
physical metallurgy, crystallography, or refractory metals and had fun
with related industrial samples possessing analytical aspects, or on field
trips to plants using metals and quality control.

Whatever the instructor’s preference for topics, presentation order, or
his group’s training and ability, I hope the material is here for a bene-
ficial and interesting time.

This book could not have been published without the splendid coop-
eration and suggestions by the following people who gave generously
of their valuable time and experience: Professors E. L. Haenisch, Wa-
bash College, W. K. Wilmarth, University of Southern California,
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R. Nelson Smith, Pomona College, E. S. Kuljian, Pierce College, A. E.
Flanigan, University of California at Los Angeles.

Three former students of mine who helped check some of the labora-
tory procedures and printer’s proof, also deserve special mention: Linda
Day, Richard Geer, and Leon Simon.

Mrs. Eleanor Lovelee typed every word between these covers at least

twice.
JosePH NORDMANN

Van Nuys, California
September, 1957
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CHEMICAL
EQUATIONS

Few chemistry courses contain so many reactions of compounds of
different elements as does qualitative analysis, and indeed one purpose
of teaching this subject is to acquaint students with inorganic reactions.
It becomes necessary, therefore, that one be able to write and balance
chemical equations, which are the shorthand statements of reactions.

It is assumed the student can write formulas and give names for simple
compounds and that some of this chapter will be review material. Tables
A24 and A25, giving valence numbers, symbols for elements, and formulas
Sor radicals, will be helpful.

Information That Equations Can impart

1. Can give a simple description of reaction and the ratio of substances
present.
4Fe 4+ 30, = 2Fe,0,

This means that reaction between iron and oxygen produces ferric oxide.
Each symbol like Fe and O represents one atom of a particular element,
or Avogadro’s number (N) of atoms, 6.02 x 102, which is also called a
mole of particles. Each formula like Fe,Oy3 stands for a molecule of a
compound (whose composition is known by chemical analysis) or Avo-
gadro’s number of molecules, 6.02 x 102. The coefficients 4, 3, and 2
indicate that 4 atoms of iron and 3 molecules of oxygen combine to
form 2 molecules of ferric oxide. The subscripts 2, 2, and 3 indicate,

1



2 QUALITATIVE TESTING AND INORGANIC CHEMISTRY

respectively, that the oxygen molecule is composed of 2 atoms of oxygen
and that the Fe,0O3 molecule is made of 2 atoms of iron and 3 of oxygen.
A coefficient multiplies each atom and subscript in the entire term it
precedes; a subscript multiplies only the atom or radical that precedes it.

The principal reaction is conventionally the one pictured going from
left to right. The left-side terms are called reactants or starting materials,
and the terms on the right side are products or resultants.

2. Can give the weight ratios (and volume ratios for gases) of substances
present.  Since each term may stand for N particles, and since N atoms com-
prise a gram atomic weight and N molecules a gram molecular weight, one may
use the properly written equation to make calculations in what are known
as weight-weight, weight-volume, volume-volume, and material-balance
problems. A mole of oxygen molecules occupies 22.4 liters, a volume
known as a gram molecular or molar volume, at standard conditions (s.c.)
of temperature (0 C = 273 A) and pressure (760 mm Hg = 13.7 Ib/in.?
= 1.00 atm). The equation therefore gives the information that
(4)(55.85) g Fe + (3)(32.00) g O, or (3)(22.4) liters O, react to produce
(2)[(2)(55.85) + (3)(32.00)] g of Fe,O4 if the process is 1009, complete.
This maximum quantity is called the theoretical yield of the chemical
process. Grams and liters are the laboratory units most used. Engi-
neering units are usually pounds and cubic feet. A pound molecular
gas volume at standard conditions is 359 cubic feet. The total weights
of reactants must equal the total weights of products in ordinary (non-
nuclear energy) reactions.

3. Can show the physical states of the substances. It will be the con-
vention for equations in this book to represent solids in bold face, gases
in italic, and dissolved substances and liquids in ordinary type. For the
student writing equations, solids may be underlined and precipitates
(Solubility Table, back cover) may be accompanied by a downward
pointing arrow, as AgCl | ; gases may have a line over them and/or an
upward arrow, as 'I\_I(—)z 1. Alternately, the symbols (g), (/), (s) indicating
gas, liquid, solid are also used. For example H,O(g) means steam or
water vapor. Strong acids, strong bases, and most salts dissociate to
yield ions in aqueous solution, whereas weak acids (Table A20), weak
bases (Table A21), and a few heavy metal salts are weakly ionized and
accordingly represented as molecules. Oxidation states of elements and
valences of radicals will be shown in equations as needed (see che sections
on balancing redox reactions). Water will be shown if it is a reactant or
is necessary to clarify the mechanism, but it is otherwise omitted as most
reactions in this course are understood to be in aqueous solution. The

equation
H* + HSO; + Pb = H, + PbSO,
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accordingly means that sulfuric acid dissociates in steps (the first of
which is complete) and reacts with metallic lead to produce hydrogen
gas and a precipitate of lead sulfate.

4. Can indicate reversibility. For many purposes one may say that a
reaction is essentially complete in the direction in which a gas is formed
(and escapes), a precipitate comes down, or a slightly ionized compound
is produced (H,0, weak acids, weak bases, some heavy metal salts). Since
even these processes are not 1009 conversions, an equals sign or double
arrows is used to show a state of reversibility or equilibrium in which at
least minute amounts of each substance are present, and a heavier or
longer arrow may be used to show the direction in which most of the
material is displaced.

Agt + CI- = AgCl

This is interpreted to mean that the silver ion and chloride ion react in
water to precipitate silver chloride, but AgCl, not being completely
insoluble, is in equilibrium with a low concentration of its ions. The
compounds listed in tables in Chapters 15-20 are some common ones
with low aqueous solubility. If the condition of reversibility of a reaction
is not known, the equals sign may be used. A single arrow will mean
the reaction is for all purposes complete as

C + 0,— CO,

5. Can describe special features of the reaction. An exothermic reaction
evolves heat and an endothermic reaction absorbs heat. Heat of reuction
will be designated accordingly H, or — H,. If the actual value of H, is
known or is of importance it is given in kilocalories per mole of product.
If heat is externally applied to a system to cause it to proceed, a triangle,
or actual temperature, will be put with the arrow or equals sign. If one
is discussing the rates or speeds of the reaction to the right or left, the
symbols s, and s; or s, and s, may be used with their respective arrows,
and rate constants k, and k, will be handled the same way (see Chapter
6). If no reaction takes place, the letters N.R. or the words “no reaction,”
will be used where products would appear. Catalysts will also be indicated
with the equals sign.

Some reactions are photochemical processes, that is they are dependent
upon energy from light for initiation, and the symbol used for a quantum
of light will be hv (Chapter 3). Mathematical symbols referred to in
problem solving will often be written under the corresponding terms in
the chemical equation to insure clear understanding of the substitutions.

A
2H202 ‘T.o':-) 2H20 + 02
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This symbolism is interpreted to mean that liquid hydrogen peroxide is
decomposed by heating with a solid ferric oxide catalyst, yielding steam
and oxygen gas.

,f
H,0 + CO < H, + CO, — H,

8

This means that steam and carbon monoxide react at rate s, to form
hydrogen and carbon dioxide which themselves react at rate s, to return
the original reactants. In going to the right, heat is absorbed. H, is
the heat of reaction.

6. Can give colors of substances. The system of abbreviations of colors
to be used throughout the book is given in Table A27. Colors of precipi-
tates and of ions in solution are helpful in identifying samples. Combina-
tions of these abbreviations may be made as

4Fef3, + 3Fe(CN)g? = Fe [Fe(CN)gl3,, ,.

meaning 4 moles of yellow-orange ferric ions react with 3 moles of
yellow ferrocyanide ions to precipitate a mole of dark-blue ferric ferro-
cyanide molecules.

7. Can show structures and bonding. Sometimes it is important to
know how many electrons are available for reaction and how radicals
and molecules are bonded together. Accurate representation of structural
features often enables chemists to predict the course of reactions and the
constitution of the products. Quite a number of examples of this are
given in later chapters, particularly those on bond types., complex ions,
and organic chemistry.

Balancing Simpler Equations

The first step in equation writing is to give correct symbols and/or
formulas for all reactants and products. The next step is to establish by
means of coefficients the same number of like atoms on both sides, and, if
charged particles are shown, equivalent total charge on both sides. For
example, aluminum metal will react with silver ions to give aluminum
ions plus silver metal. If one ignores a balance with respect to electrical
neutrality, then the equation

Al + Agt = Al + Ag

is incorrect, although correct symbols for all substances are shown and
the numbers of atoms balance. Noting that the left side must have 3
positive charges to balance the 3 on the right side, one puts the coefficient
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3 in front of Agt; this means that 3 will be used as a coefficient for Ag
on the right side for material balance:

Al + 3Agt = AI*3 + 3Ag

Predicting the Course of Simpler Reactions

In order to write equations one must have firsthand knowledge of the
chemical characteristics of the reactants or be able to predict them by the
aid of some generalizations. Equations should not only be balanced but
should also have the possibility of actually proceeding as written. This
guarantee of reaction cannot always be given, of course, so research work
often calls for analysis of reaction mixtures to see what happened.

In general, reactions go essentially “to completion” if (a) a gas is
Jormed (b) an insoluble compound precipitates (see Table A22 and the
table inside the back cover) () a weakly ionized substance forms (Tables
A20, A21, A22, and a few heavy metal salts mentioned in the descriptive
sections on the ions), and (d) the emf of a redox reaction is positive (Tables
A1l8, Al9, and discussions in this chapter and Chapter 11). These four
principles will always be useful to remember, though they do not always
aid in predicting what the reaction products will be. For this more
specific information is needed.

Chemically similar substances are expected to react alike, and the
following summary of type reactions is derived from such comparisons.
With this aid, plus the periodic table (Chapter 3), the chemical activity
series (this chapter), and the tables mentioned above, one can correctly
predict the outcome of many of the simpler reactions.

Example 1-1. In the group 1 cation reactions (Chapter 15) one mixes
solns.* of potassium chromate and lead nitrate and a yellow ppt. is observed
to form. What is the equation?

Following the type reactions summary, one recognizes the reactants as two
salts and expects, according to reaction (3) under 1V, (the numbering is purely
arbitrary), two other salts to form. Each can only form from combination of
a + to a — ion, so there is only one other combination of the four ions possible.
The correct formulas for reactants and products are

K,CrO, + Pb(NO,), = KNO, + PtCro,

The left side has 2 K’s and 2 NO,’s which must be accounted for by putting
the coefficient 2 in front of KNO;. This balances the molecular equation:

KzCrO“ + Pb(N03)2 = 2KN03 + PbCr04

Inspection of the solubility table shows that of these, only lead chromate is
insoluble, so the other ions are merely present as spectators in soln. and do not

* Abbreviations are given in the Appendix, Table A26.
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participate in the essential reaction. Stripped of them, the ionic equation is
simply
Pb*? + CrO;2 = PbCrO,,

Example 1-2. What happens when a strip of silver and a strip of zinc are
put in a cupric sulfate soln.?

Under (1) of 111 in the type reactions, one expects a single replacement reaction
because the reactants are a metal and a salt. Checking the positions of Ag,
Cu, and Zn in Table 1-1 shows Ag to be less easily oxidized than Cu, so Ag
will not react with Cu*2, but Zn which is above Cu and more readily oxidized
will react. The salt formed will be zinc sulfate, but since it is ionic and sol.,
the essentials of the reaction mixt. are,

Zn + Cu*? = Zn*? + Cu

Example 1-3. A sodium thiosulfate soln. is acidified with hydrochloric
acid. The mixt. bubbles, a sharp smelling gas is evolved, and the soln. turns
milky. Explain.

This is an example of type (4) under IV. It is noted there that as thiosulfuric
acid is displaced by a strong acid, it decomp. to give sulfur dioxide (the gas)
and sulfur (the milky precipitate). If the soln. is evaporated, NaCl would
be found, but in soln., Nat and CI- do not affect the reaction course so the

process is
2H' + 5,03 = (H,5,0y) = H;0 + S0, + S

The parenthesis is used to denote an unstable intermediate.

The following reaction types are a useful starting point for predicting
reaction products, but the student must realize that there are some exceptions
to these simple rules.

SOME SIMPLE TYPE REACTIONS

I. Simple Syntheses
A. Two Elements = Compound

*(1) Metal 4+ O, = Metal oxide

Exceptions: Au and Pt give no reaction; Na, K, Ba give peroxides.
Higher oxidation states of metal are usually formed.

*() Nonmetal + O, = Nonmetal oxide
Exceptions: Periodic table group O (rare gases) give no reaction.
*(3) Metal + S = Metal sulfide

Lower reaction temperatures favor lower oxidation states of metal.

* More important types among qualitative analysis reactions.
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*(4) Metal 4 X, = Metal halide (X, = halogen, periodic group VIIA)

Higher oxidation states of metal expected with light halogens. I, often
gives low yields.

(5)  Very active metals + H, = Meral hydride (H is the anion)

Very active metals are the first 8 in Table 1-1.

TABLE 1-1. ELECTROCHEMICAL SERIES FOR SOME METALLIC ELEMENTS*
React| Decreas-|Li | Ease of |Notre- |Notre- |Electroly-Only
with |[ing re- |cg |reduction |duced by | duced by |sis of ~ {compounds
cold |activity |p, |increases |hydrogen|carbon |molten |occur in
water salt nature

K
Ba
Sr
Ca
Na
React La
with Mg l
steam \4 Be y
Al Reduced | Electroly-
Mn by car- |sis of
Zn bon water
Cr solutions
Fe Reduced
cd by hydro-
React Co gen
with .
acids Ni
Sn
Pb Native
React directly H and com-
with oxygen to Cu bined
form oxides Sb
As
Bi | Reduced Electroly-
Ag by heat sis or
Hg heat
Oxides are Pt Native
prepared Au
indirectly

* Related tables are A18 and A19.
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6) Active nonmetals 4+ H, = Nonmetal hydride

A catalyst may be needed, as in NHj; synthesis; others, like HF or HCI
formation, may be explosive at low temperature.

B. Element 4+ Compound = More Complex Compound
) Sulfite + O, = Sulfate
2 Nitrite + O, = Nitrate

C. Compound A + Compound B = More Complex Compound
*1) Acidic oxide + H,O = Acid
(CO, — H,CO;, SO, —H,S0,, SO;— H,S0,, N,0;— HNO,,
N,O;—HNO,, P,0,—H,PO,, P,0,,—H;PO,, Cl,O0,—HCIO,, etc.)
*(2) Basic oxide + H,0O = Base (some are hydrated oxides)
*(3) Salt 4+ NH; = Ammoniate (ammine)

(See Chapter 4. Generally the coordination number is twice the metal
oxidation number. Transition metal salts are common examples.)

(4) Salt + H,O = Hydrate (One needs to learn specific examples.)
(5) Basic oxide + Acidic oxide = Salt

Metal oxides, except those of some high oxidation states like Mn,O,,
are basic; nonmetal oxides including SiO, are acidic.

II. Simple Decompositions

These generally infer the reverse of the preceding syntheses. Decom-
position may be effected by supplying heat, light, and/or electrical energy.

Exceptions: Carbonates of periodic group TA (alkali metals) and of
barium are not appreciably decomposed by heat. Chlorates give
chlorides, not chlorites, upon heating. Only oxides and sulfides of
metals quite low in the Electrochemical Series for Some Metallic Elements,
Table 1-1, are easily decomposed by heat. The sulfur is oxidized in
hot air to SO, gas.

III. Single Replacements
A. Element A + Compound A = Element B 4+ Compound B
*1) Metal + salt = Metal’ + salt’

Reacting metal is above displaced metal (ion) in electrochemical series.
Note which can be chemically displaced from solution (without electrolysis).
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*(2) Metal + acid = H, + salt

See electrochemical series. Metals below H may react with acids giving
H,0, a salt, and acid reduction products, but not H, gas.

*3) Halogen 4+ halide = Halogen’ + halide’

Reacting elemental halogen has a smaller atomic number than the dis-
placed halogen or reaction doesn’t occur.

4) Metal + H,O = H, + oxide or hydroxide

See electrochemical series; from Mg up, hydroxides are the products.
Note the temperatures needed.

5) Metal oxides + C or H, 2 Metal + CO, CO,, or H,O
See electrochemical series. Metals easiest to reduce are at the bottom.
6) Active metals + base = H, + salt

Metal is part of complex anion in products like Zn(OH);2 and AI(OH);.

1V. Double Replacements

A. Compound A 4+ Compound B = Two or More Other Com-
pounds

*1) Acid 4 base = Salt + H,0
Acid of type HX, base of type MOH = Salt MX + H,0.
*(2) Salt + H,O = (Weak) acid + (weak) base

Either or both products must be weakly dissociated for this hydrolysis to
take place; see Chapter 10.

*(3) Salt A + salt B = Salt C + salt D

This proceeds if one or both products precipitates or is weakly ionized.
See solubility data, back cover.

*(4) Salt of weak acid + strong acid = Salt of strong acid + weak acid

See Table A20 for list of weak acids. Some weak acids are unstable and
decompose as formed. See tests 22-1, 22-9, 22-12, and 22-15.
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*(5) Salt of weak base + strong base = Salt of strong base 4 weak base
See Table A21 for list of weak bases.

*(6) Metal oxide + acid = Salt + H,O

*M Metal sulfide + nonoxidizing acid = Salt + H,S

Some sulfides with very low solubility react slowly or not at all; see
Table A22.

Balancing Redox Equations

Reactions considered in this scction are more complicated types in
which oxidation and reduction (redox) take place. Oxidation of an
element is defined as a real or apparent loss of electron(s) resulting in a
change from a lower to a higher (more positive) oxidation state. Reduction
is the real or apparent gain in electron(s) resulting in a change from a
higher to a lower (less positive) oxidation state. Equations in which
redox occurs arc balanced by use of coefficients to equalize the electron
loss and gain and simultaneously give an atomic balance.

Oxidation numbers must be learncd for some elements and others can
be deduced as nceded. Elements that arc uncombined or are present as
polyatomic molecules have zero oxidation states. Elements in periodic
group IA are +1 (H may be —1 asin NaH), and in I1A arc +2. Halogens
not in combination with oxygenare —1.  Oxygen is —2 except in peroxides
where itis —1.  Aluminum is (IIl). With these in mind one can find the
oxidation numbers of elecments combined with them since the sum of the
numbers with their signs algebraically added is zero for a given compound.
Considering HNO, for example, H is +1, the oxygen total is (3)(—2)
= —6, so N must have an oxidation number of (V). This does not mean,
however, that N*% is capable of independent existence but it is only a
notational convenience to be used in relating actual or assigned electron
transfer in equation balancing, as will be illustrated later. Oxidation
states are indicated by Roman numerals as N¥, Mn"!, etc., or as nitrogen
(V), manganese (VII), etc. The actual charge an jon has due to electron
loss or gain, as Nat, K+, Ca*?, Mg'2, Sr*2, Ba*2, Cl-, Br-, and I-, is the
valence or valence number.  Since few other cases are so definitely electro-
valent as these, the more general term oxidation state (or number) will
often be used along with Roman numeral notation. See also Chapter 3.
Of the metals to be analyzed in the laboratory the following exist in solution
in combined forms other than simple hydrated ions and Roman numerals
are used for their oxidation states: Bi''l, As'', Sb™ Sn'’ and Sn!'.
Trivalent ions like Cr*3, Fet3, and Al'3 are also frequently found in
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complexes (Chapter 4), and where there is doubt, the Roman symbols
can be used.

Oxidation —>
(Electron loss)

7 6 5 4 3 2 1 0 1 2 3 4 5 6 7
= 1 L i l 1 i l ' ) —t 1 l ]
r L T T T T T T T T 1 T T T 1

=) ~<—— Reduction (+)

(Electron gain)

Fic. 1-1. A representation of redox.

The Change in Oxidation State Method. Redox equations can be
balanced merely by first equating the changes in oxidation number (clectron
transfer) and then balancing all other terms. The method involves these
steps: (a) write the correct formulas for all substances. (b) Determine
which elements change oxidation statcs, and balance the changes with
coefficients. The elements may be connected with lines to follow the
process. If an clement directly concerned with the redox has a subscript,
make that number a coefficient on the other side of the equation (since at
least that multiple will be nceded there), and then balance the total
oxidation number change. (c) After the clectron change is balanced,
balance all other elements starting with those that occur the least number
of times. Ifions are represented, the total charges on each side must also
balance.

Example 1-4. Potassium dichromate in acid soln. will oxidize oxalic
acid, and the products will be chromic sulfate, potassium sulfate, carbon dioxide
and water. The molecular equation is

+12 (B¢~ gain =reduction) -6

f |
K.Cr,0, + H;SO, + H;C,0, = Cr,(SO,); + K.,SO, + 2CO, + H,0
| J

+6 (2¢~ loss —oxidation) +8

The elements changing oxidation numbers are chromium (being reduced) and
carbon (being oxidized). Cr has a subscript 2 on each side so one is ready to
balance the total change in 2 Cr’s which is 6 electrons. C has the subscript 2
on the left side and none on the right so 2 is made a coeff. before CO,, since at
least that many carbons will be needed there. The total change of 2 electrons
lost by the 2 C’s must now be balanced against the 6 electrons gained by the
2 Cr’s.  This balance is made by deducing that 6 is the least common muitiple
of electron loss and gain, so both are made equal to 6 by multiplication of
coeffs. as needed. These will be 1 for each end of the Cr bracket and 3 for the
compds. at each end of the C bracket. CO,, which was multiplied previously
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by 2, is now multiplied by 3, giving CO, a final cocff. of 6. The oxidation
number changes are now balanced:

K,Cr,0, + H,S0, + 3H,C,0, = Cry(SO,), + K,SO, + 6C0, + H,0

Next, the other atoms are balanced. Onc notices that there are 2 K’s on
each side and that they check alrcady. Since Cr and K are balanced on the
right side, then no further change in right side SO, is expected; a total of 4
SO,’s arc necded from H,SO, on the left. This gives 8 H's from 4H,SO, and
6 H's from 3H,C,0,4, cnough to combine with the oxygen from K,Cr,0; to
make 7H,O on the right side. Twelve O's from 3 H,C,0,’s balance the O in
6 CO,. The final molecular equation reads

K,Cr,0, + 4H,50, + 3H,C,0, = Cry(SO,); + K,SO, + 6C0O, + TH,0

Inspection of this shows that K+ and SO; 2 were not altercd in any way during
reaction. Of the remaining substances, dichromate, hydrogen, and chromic
ions will exist as such in soln., while oxalic acid (a weak acid), carbon dioxide,
and water will remain largely in the molecular form. The correct ionic equation
consequently is

Cr,0;% + 8H' + 3H,C,0, = 2Cr*? + 6CO, + TH,0

Had this equation (without coeff.) been originally given for balancing, the process
would have becn the same. As a final check onc sees that the ionic charge is
<46 on both sides.

Example 1-5. Balance:
HNO, + CdS = Cd(NO,), + NO + H,0 + S

The oxidation state of N in NOjy is (V), so, in going to NO in which it is (1),
3¢~ were gained. Nitric acid is therefore the oxidizing agent and NV is red.
The oxidation number of sulfide sulfur is —2 and it is oxidized to zero as free
sulfur, so sulfide is the red. agent and electron donor, and its electron change
is 2. By multiplying the electron gain by 2 and the loss by 3, a balance of 6
electrons for each is obtained giving

2HNO; + 3CdS = Cd(NOy), + 2NO + H,0 + 3S

Now a variation from the previous example is noticed. With 3 Cd’s on the
left, the correct cocff. for cadmium nitrate is 3, meaning 6 more NO;s are
needed than provided for when only the red. of N was taken into account.
These 6 must come from HNOj, so 6 are added to the 2 already shown, account-
ing for 2 N's, which change oxidation number and 6 that do not. The 8 H's
now available will produce 4 H,O’s and a check on O balance shows 24 on both
sides:

8HNO; + 3CdS = 3Cd(NO,), + 2NO + 4H,0 + 3S

The Half-Cell Method. (a) This method is explained in Chapter 11
along with the use of Appendix Tables A18 and A19 which list reactions
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of oxidizing and reducing agents in acidic and basic solution. For pur-
poses here, Tables 1-2 and 1-3 (which are adaptations of the more
advanced information) may be used. In general, any substance listed

TABLE 1-2. REACTIONS OF SOME COMMON OXIDIZING AGENTS
IN ACID SOLUTION

(In Order of Decreasing Oxidizing Strength)

Oxidizing e Equjvalcnt .
Mixture Element| .~ .| Weight of | Reduction Products
8% Oxidant
F, + 2H* F 2 38/2 2HF
F, F 2 38/2 2F-
O, + 2H! o 2 48/2 0, + H,0
H,0, + 2H+ (o) 2 34/2 2H,0
NaBiO, + 6H* Bi 2 280/2 Bi'll + 3H,0 + Na*
KMnO, + 8H+ Mn 5 158/5 | Mn'% + 4H,0 + K+
PbO, + 4H* Pb 2 239/2 Pb'? + 2H,0
Cly ql 2 71)2 2C-
K,Cr,0, + 14H! Cr 6 294/6 2Crt% + 7TH,0 + 2K+
MnO, + 4H* Mn 2 87/2 Mnt2 4+ 2H,0
O, + 4H* o 4 32/4 2H,0
KCIO; + 3H* Cl 2 123/2 HC10, + H,0 + K*
Br, Br 2 160/2 2Br-
HNO,; + 3H! (dil.) N 3 63/3 NO + 2H;0
Fe!ll Fc 1 55.9/1 Fe'?2
1, I 2 2542 | 21

among the oxidizing agents will oxidize any substance among the
reducing agents.

Example 1-6. Balancc the reaction cquation in which bismuthate ion
reacts with ferrous ion in acid soln.

From Tables 1-2 and 1-3, the reactants and products are found to be
BiO3 + H* + Fe*? = Fe!® + H,0 + Bi'
By further noting that the electron change in iron is one and in bismuth two,
the final equation is
BiO; + 6H* + 2Fe*? = 2Fet? 4 3H,0 + Bi!!l

When a half reaction in question cannot be found in tables, as might be
the case in research work, predictions of reaction products can be difficult.
Then analogies from periodic table relationships and a knowledge of other
reactions of the particular element, its oxidization- states, and their
interconvertibility are some guide posts in prognostications.
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(b) As a variation of the method, a given reaction can be divided into
two half reactions, and, with the addition of H,O, H*, or OH~ (depending
on acid or base solutions) to one side or the other of the half reactions,

TABLE 1-3. REACTIONS OF SOME COMMON REDUCING AGENTS
IN ACID SOLUTION

(In Order of Decreasing Reducing Strength)

| - Equivalent
Reducing Mixture [Element Chan Wcight of | Oxidation Products
8¢ | Reductant

Alkali metals M 1 M1 Mt

Alkaline earth metals M 2 M[2 M+2

Al Al 3 27/3 Al3

Zn Zn 2 65.4/2 Znt?

AsH, As 3 78/3 As + 3H*

H,C,0, C 2 90/2 2C0, + 2H*

Fe Fe 2 55.9/2 Fet?

Cd Cd 2 112/2 Cd+2

H;PO; + H,0 P 2 82/2 H,PO, + 2H*
2 H 2 2.0/2 2H*

H,S S 2 34)2 2H* + 8

Sn!! Sn 2 119/2 Sn!v

Cut Cu 1 63.5/1 Cut?

Cu Cu 2 63.5/2 Cut?

21- I 2 2542 | 1,

Fet? Fe 1 55.9/1 Fet3

and adjustment of charge with electron additions, one is able to balance
quite complex cquations.

Example 1-7. Balance, as described above:
As,S; + HNO,; = H;AsO, + NO, + S + H,0

This looks formidable because both As and S are oxidized and N is reduced.
Dividing into two halves, we get

As;S, = H;AsO, + S
HNO, = NO, + H,0

Division is always made so that one partial or half-reaction contains the oxida-
tion and the other the reduction. The arsenic partial requires HyO on the left
to supply hydrogen and oxygen. This balances with respect to atoms as

8H,0 + As,S; = 2H;AsO, + 3S + 10H*
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The nitric acid partial requires H* on the left:
H* + HNO; = NO, + H,0

For balance of charge, the As half reaction needs 10e~ on the right side, and
the HNO; half reaction needs le on the left. The two partials are balanced
with each other by multiplying the HNO, reaction by 10, thus attaining over-all
electronic balance. The whole reaction is obtained by adding the half reactions
and canceling 10e-, 10H*, and 8H,0 from both sides:

8H.O + As,S; = 2H;AsO4 + 3S + 10H* + 10e-
10e~ + 10HNO, + 10H* = 10NO, + 10H,O
As,S; + 10HNO,; = 2H;AsO; + 3S + 10NO. + 2H,0

Note in this variation we were not concerncd with oxidation states.

PROBLEMS

1. Name the following substances. Refer to Tables A24 and A25 for nomen-
clature aid: KClO; NaClO, Ca(ClO,),, Mg(ClO,),, Bi(NO,);, Mnl,, CrF;,
Pby(PO,),, LIHCO;, TiO,, CuSO,-5H,0, Mg(BO,),, SnCO;, Ni(OH),, CuBr,
Al O,;, Fe(CoH 0,)5, AgCN, Hg,Cly, Fe(CNS),, Co(NOy),, CdS, Asy(SOy)s,
Sb,(C,0,)5, Sn(HS),, BaCrO,, PbCr,0,, Hg(HSOy),, Zn,P,0;, (NH,)3PO,,
Na,B,0,- 10H,0, (BiO)BiO;, SF;, CaMnO,.

2. Give formulas for: silver iodide, lead (plumbous) chlorate, mercurous
arsenate, mercuric (ortho)phosphate, bismuth metaphosphate, cadmium tartrate,
cuprous sulfide, arsenous oxide, antimonic fluoride, stannous bromide, cobaltous
cyanate, nickelic oxide, ferric thiosulfate, zinc metastannate, chromic carbonate,
manganous bisulfate, aluminum bromate, calcium formate, magnesium sulfite,
strontium hypochlorite, ammonium acetate, sodium peroxydisulfate, potassium
permanganate, lithium hyponitrite.

3. Write balanced equations showing formation of the following acids, using
part I, C(3) of the type reactions compilation: H,CO;, HNO,, H,S0,, H,P,0,,
H,PO,, HNO;, H,SO,, HCIO,, HCIO,, HCIO,. Match the names to the acids:
chloric, sulfurous, sulfuric, chlorous, nitric, pyrophosphoric, nitrous, perchloric,
carbonic, orthophosphoric.

4. Predict the products (include indication of ions, molecules, gases, and

solids) and balance: (a) CaO + H,O = ? (b) Mg + O, 2 ? () Mg+ N,
2 ? (d) Na + H,0=? (e) AI(OH); + HBr = ? (f) potassium carbonate
+ sulfuric acid = ? (g) sulfite ion + hydrogen ion = ? (h) copper metal
+ chlorine = ? (i) barium nitrite 4+ oxygen = ? () sodium carbonate
decahydrate is heated = ? (k) CoO + C =2 (/) Li + hydrogen = ? (m)
sodium ferrocyanide + cupric nitrate = ? (n) ammonium chloride + barium
hydroxide = ? (o) hydriodic acid + silver nitrate = ? (p) ferric acetate
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+ sodium orthophosphate = ? (¢) ethyl alcohol is burned = ? (r) zinc
sulfide + HCl = ? (s) aluminium + bismuth chloride = ? (f) bromine +
NaCl = ? (u) zinc + potassium hydroxide = ? (v) arsenic + magnesium
sulfate = ? (w) mercuric oxide is heated = ? (x) manganese + acetic acid
= ? () sulfuric acid 4+ aluminium cyanide = ? (z) lead 4+ AuCl = ?

5. Predict the products and balance: (a) Cl, + H,S = ? (b) Sn!f + H*+ +
PbO; = ? (¢) KCIO; + HY + Cut = ? (d) KMnO, + H* + Fe = ? (e)
dichromate ion + hydrogen sulfide in acid solution = ? (f) I- + H,0, + H*
= 7 (g) ozone + arsine in acid solution = ? (k) BiO; + H,C,0, + Ht = ?
(7) manganesc dioxide + stannous ion in acid solution = ? () H;PO, + per-
manganate in acid solution = ?

6. Indicate insoluble solids and gases, and balance by the change of oxidation
state number method:

(a) KI + PbCrO, + HCl = PbCl, + KCI + CrCly + I, + H,0

(5) KMnO, + HNO, + H,S0, = MnSO, + K;SO, + H,0 + HNO,

(¢) Mn(OH), + HCl + H;0, = MnCl, + H,0 + O,

(d) KI 4 NaBrO, + HCl = KCI + NaBr + H,0 + I,

(e) Na,C,0, + NaMnO, + H,SO, = Na,SO, + H,0 + CO, + MnSO,
(f) MnSO, + PbO, + HNO, = HMnO, + PbSO, + Pb(NO,), + H,0
() NaBiO; + H,S0, + NaAsO, = H,;AsO, + Hy0 + Na,SO, + Biy(SO,),
(h) HNO, + Bi,S; = Bi(NO,); + H,0 + NO + S

(i) CuSO, + KI = K,SO, + Cul + I,

(j) Crl, + KOH + Cly = K,CrO, + K10, + KCl + H,0

7. Divide each of the reactions of problem 6 into two half reactions con-
taining only the essential ions and molecules and balance them using the half
cell method.

8. Show reaction between bases of Li!, Mgt?, and Al*3 and acids of Br-,
NOj, SO;% and PO, 3. Name each salt formed.

9. (@) In problem 6, point out which substance is the oxidizing agent and
which the reducing agent for each reaction. (h) Name each substance in each
equation.

10. Reactions tend toward completion in the direction in which a precipitate
forms. Which of these compounds are essentially water-insoluble: NaOH,
HNO;, Cr(OH);, Agl, Cd(NOy),, SnS,, CaC,y0,, BaCrO,, KFe(CN);, MgCl,,
MnSO,, CaCO;, HgCl,, CuSO,.

11. From the table of salt solubilities (back cover) onc may draw the general-
ization that almost all Na*, K+ and NH} compounds are water soluble as are
most salts containing C,H,03, ClO3, NO, and NO;. What generalizations
can one make on the water solubilitics of (a) chlorides, bromides, iodides
(b) phosphates (c) carbonates (d) sulfides, and (e) sulfates?

12. Complete and balance the following half reactions, including electrons:

(a) e~ + CeO, + Ht = Cet3

(b) CuS = Cut*? 4+ SO;2 + 8H*
(c) Na = Nat
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(d) 5¢ + MnOy = H,0 + Mnt?2
() 105 = H,l042 + 2¢

(f) Br~ + 60H- = BrOy

(g) AsO; + 2H,0 = As + OH~
(h) Hgs? = 2Hg'?

(i) BiOCl + H! = Bi + CI-

(j) 1,4+ HO =10, + H+ + ¢

13. What is the oxidation state of each element: HNO;, HMnO,, NaAl(OH),
SbH;, Hg,Cr,0,, Hg(NH,)CI, Na,0,, BaCO,, KCr(OH),, Fe,[Fe(CN)g1,?
14. How does one interpret the following:

(@) MnO,,, + H,S + C- = Cl,, . + S, + H,0 + Mn}?
() H' + OH~ = H,0 + H,
(¢) Cuj, + Cd!? + 8NH,; = Cu(NH,); 2, + Cd(NHy),2
15. Jackson P. Slipshod is a student capablc of forming a snap opinion on
any subject. He glances at one reaction equation and announces the Slipshod
rule: “The number of compounds in a given molecular redox cquation is the
same as thc number of clements involved.” Inspect several more examples
than J.P.S. inspected and modify his rule 1f you rcach a different conclusion.
How does the rule help balance equations when only the reactants are given?
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EXPRESSING
THE CONCENTRATION
OF SOLUTIONS

A solution is a homogeneous mixture whose composition can be varied
and whose comiponents are not easily interconverted. The component in
largest amount is the solvent, the other components are solutes. Solutions
are classified in various ways: as dilute (ratio of solute(s) to solvent is
small), concentrated (ratio of solute(s) to solvent is larger), or saturated (a
maximum amount of solute is in solution in equilibrium with excess solid
solute at a specified temperature). Another classification is according to
the original physical states of solvent and solute. Of the nine possibilitics,
three will be illustrated many times in the laboratory: a gas dissolved in a
liquid (H,S in H,0), a liquid in a liquid (H,SO, in H,0), and a solid in a
liquid (AgNO; in H,0). Water will be understood as the solvent unless
otherwise stated. The solving of problems dealing with solutions depends
upon exact expression of solution concentration, and the following
sections explain the most often used terms and methods.

Weight Ratio

Some handbook solubility data are given in grams of solute per 100 g of
solvent. Determination of solubility and its expression are illustrated.

Example 2-1. 20.00 ml of satd. KCIO; soln. at 20 C weighs 21.000 g, and
after low temp. vacuum evap. of the water (to prevent decompn. of KCIO; by
heating), the residue of KClO; weighs 1.450 g. Calculate the soly. in g/100 g
H0.

18
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The data shows that the wt ratio of solute/solvent at 20 C is 1.450/(21.000 —
1.450). Solving for that wt of solute which is equiv. to 100 g of solvent gives

? g KCIO; = 100 g H,0 (1.450 g KC10,/19.550 g H,0)
= 7.425 g KCIO,/100 g H;0. (Ans.)
Solution concentration in these terms is generally reserved for the discus-

sion of saturated solutions and is an expression of the maximum equilibrium
solubility.

Weight Percent

The weight per cent of a solution refers to per cent solute and implies
that when the solution is to be used, its weight and not its rolume will be
measured.

Example 2-2. Calculate the wt °; KCIO, in the soln. of Example 2-1.
The calcn. infers the statement:

Wt % = (wt solute/wt solute + wt solvent) 100°;, (-1

= 100 (wt solute/wt solution)
Substitution gives 6.90 wt %, KCIO,. (Ans.)

The student should observe in these two examples that no molecular
weights entered the definitions or calculations.

Weight ratio and weight per cent arc two methods of solution concen-
tration expression in physical units. The methods following are in chemical
units.

Formality (F)

The formality of a solution is the number of gram formula weights
(form. wt) of solute dissolved in a liter of the solution:

F = g solute per liter of solution/formula wt solute (2-2)

= Formula wts of solute per liter of solution
Thus a measured volume of solution contains a known weight of solute.

Molarity (M)

The molarity of a solution is the number of gram molecular weights
(moles) of solute dissolved in a liter of the solution:

M = g solute per liter of solution/mol. wt solute 2-3)

= Moles of solute per liter of solution
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Example 2-3. One dissolves 39.215 g of Mohr's salt, FeSO,-(NH,),SO,-
6H,0 (392.15)* in enough H,O to make 10 liters of soln. Calculate F and M
with respect to the solute and M with respect to each ion.

The soln. contains 3.9215 g of solute per liter, and since the mol. wt and
form. wt are identical, then with rcgard to the entire solute,

F= M = 39215 g/392.15 = 0.0100 (Ans.)

The compd., as a typical salt, will be considered to dissoc. completely, each
molecule giving Fet? + 25072 + 2NH,. Therefore with regard to the ions,
the soln. is 0.0100 M in Fet2, 0.0200 M in SO,2, and 0.0200 M in NHj. (4ns.)

Because ionic compounds are composed of ions both in the solid state
and in solution. the term formality rather than molarity is generally used
to describe concentrations with respect to the cntire solute. A square
bracket around the abbreviation for a substance like [Fe'2] signifies a
molar concentration.  Molarities will be used more often in this text.

For small quantitics of solutions, mg instead of g, and ml instead of
I (liter) arc employed. One then defines a millimole (mmole) as a milli-
gram molecular weight, and a molar solution will contain a mg mol. wt per
ml of solution.

Example 2-4. A soln. is 1.50 M in FcSO,. Calculate the mg and mmole
of Fet2in 1 ml.

If the soln. is 1.50 M in FeSQ,, it is 1.50 M in Fe'2, and the ionic wt of Fe'2
(55.85) can be used in place of mol. wt in equation 2-3):

[Fe+2)(55.85) = g Fe'? per liter of soln. = 83.8 ¢ Fe*?2 per liter
g P g P

= 83.8 mg Fe*2 per ml (Ans.)
Since [Fe*?] = 1.50 M, there are 1.50 moles of Fet+2 per liter = 1.50 mmoles
Fet2 per ml. (Ans.)

Molality (m)

The molality of a solution is a measurc of the number of moles of
solute dissolved in a kilogram (1000 g) of solvent. This concentration
expression is also known as weight formality and weight molarity. Solu-
tions concerned with boiling point, freezing point, and osmotic pressure
changes are made up using this concentration system. Using a given
solvent, one notes the interesting feature that all solutions of the same
molality have the same ratio of solute molecules to solvent molecules.
One weighs the solution to be used instcad of measuring its volume since
when one dissolves a weight of solute in a weight of solvent, there is no
way to theoretically calculate the final volume, as the volumes (except

* Appendix tables give mol. wts for use in problem solving. ~Slide rule accuracy is
satisfactory.
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those of dilute aqueous solutions) cannot be assumed additive. The final
volume may be experimentally observed for an mdlwdual mixture but
these are not tabulated in reference books.

m = g solute per 1000 g solvent/mol. wt solute (2-4)
= Moles of solute per kg of solvent

Example 2-5. Calculate the molality of the soln. from Example 2-1.
As in that example, one first determines that the soln. contains 74.25 g KCIO,
(mol. wt 122.5) per 1000 g of H,O. The molality from equation 24 is

m = 74.25[122.5 = 0.606 (Ans.)

Mole Fraction (n21) and Mole Per Cent

The mole fraction (n) of a solution component is the number of molcs of
that component in the solution divided by the total moles of solution
components present. Mole per cent is 100n. The sum of all mole per
cents for a given solution will be 100, and of all mole fractions will be
1.00. Problems concerning Raoult’s laws, for example, involve mole
fraction computations. For component A in a mixturcof A+ B +...Z,

n, = Moles A/(moles A + moles B 4 . . . moles Z)

Example 2-6. A soln. is made by mixing 100 g of cthylene glycol (HOCH,
—CH,OH = 60.0) and 100 g of H,O (18.0). Calculate the mole fraction of
each component.

Moles H,O = 100/18.0 = 5.55

Moles glycol = 100/60.0 = 1.67

Total moles = 5.55 4+ 1.67 = 7.22

ngy,o = moles H,O/moles soln. = 5.55/7.22 = 0.769 (Ans.)

Ngyeo1 = moles glycol/moles soln. = 1.67/7.22 = 0.231 (Ans.)

ﬂ"l() + Nglyeol = 0.769 + 0.231 = 1.000 (Check)

Normality (N)

The normality of a solution is an expression of the number of gram
equivalent weights of solute present in a liter of solution. The gram
equivalent weight is also called a gram equivalent or just an equiralent.

N = g solute per liter of solution/equiv. wt solute (2-5)
= Equivalent of solute per liter of solution

Although this system is very useful in calculations for analytical opera-
tions it needs careful definitions, particularly of the equivalent weight.
The following brief treatment will be sufficient for our purposes. It is
given in more detail in quantitative analysis courses.
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A gram equivalent weight of a substance is that gram weight which will
react with or is otherwise rclated to 8.0000 g of oxygen. For instance, in
a mole of H,0 weighing 18.0160 g, 2.0160 g of H are combined with
16.0000 g of O, or, by the preceding definition, the gram equivalent
weight of H is 1.0080 g. Since this is related to 8.0000 g of O, it may
itself be used as an equivalent weight standard; for instance Cl in HCl is
found then to have an equivalent weight of 35.457, etc. For substances
not entering into redox reactions (considered later in this chapter), the
equivalence system is set up on a univalent basis. Though needing later
modification, a useful starting point is

Equiv. wt = Form. wt/valence number (2-6)

It follows that equal volumes of solutions of like normalities will be
chemically related to each other, since they all contain the same number
of equivalent weights of solute.

Three cases not concerned with redox are important:

(1) Equivalent weights of salts are found by dividing the formula
weight by the total valence number (regardless of sign) of the ion for
which normality is to be expressed.

(2) The equiralent weight of an acid is that weight which furnishes
1.0080 g of H* (or rcacts with 17.0080 g of OH™) in a specific reaction.

(3) The equivalent weight of a base is that weight which furnishes
17.0080 g of OH - (or reacts with 1.0080 g of H') in a specific reaction.

Thus, for example, Al,(SO4),/6 is the equivalent weight of this salt,
H;PO,/2 is the equivalent weight of this acid if used as H;PO, 4+ 2NaOH
= Na,HPO, + 2H,0, and Ca(OH),/2 is the cquivalent weight of this base.

Example 2-7. A bottle of concd. H,SO, has this data on the label: “Sp. gr.
25/4 = 1.840, Assay = 969, H,SO, by wt, Form. wt = 98.08."

Find F and N for this soln. assuming both H! will be used in reaction.

The sp. gr. term in the data mcans that the density of H,SO, at 25 C is com-
pared to the density of HyO at 4 C, and since the latter is 1.000 g/cc, then
1.840 g/cc is the density of H,SO, at 25 C.* One can thercfore find the wt of
H,SO, per liter by multiplying the wt per cc by 1000 and multiplying that by
0.96. This establishes the numerator for finding both Fand N, using equations
2-2 and 2-5:

F = (1.840 g/cc)(1000 cc/liter)(0.96)/98.08 = 18.0 (Ans.)

N = (1.840 g/cc)(1000 cc/liter)(0.96)/(98.08/2) = 36.0 (Ans.)

* Sp. gr. 25/25 would mean the density of the substance in question at 25 C is com-
pared to the density of H,O at 25 C (0.9971 g/cc). This is not numerically equal to
the density of the substance at 25 C, though in this problem and this course the distinc-
tion is not important.  Sp. gr. 25/25 is the usual type measured in the lab.

The milliliter and cubic centimeter will be treated as equal volumes. For accurate
calculations, one multiplies the number of ml by 1.000028 to convert to cc.
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Normality, Molarity, and Formality Relationships

As anticipated in Example 2-7 a simplc relationship exists between
M, N, and F for a given solution. It is seen by comparison of formulas
2-2, 2-3, and 2-5 that thc terms arc related as molecular, equivalent,
and formula weights arc related. For a given solution component, N
will either be the same as M (or F), if mol. wt = equiv. wt, or larger by
a multiplying factor that has the: value, mol. wt/equiv. wt. In Example
2-7, since the mol. wt or form. wt is twicc the equiv. wt, normality could
have been found by N = (98.08/49.04)(F).

Working with Equivalents and Milliequivalents

A liter of one normal solution contains one equivalent of reactive
component, a half liter of this solution would contain half an equivalent,
a tenth liter of half normal solution would contain (0.1)(0.5) = 0.05
equivalents of solute, etc. In other words, for solutions,

(liter)(N) = Equivalents (2-7)
and if a milliequivalent (meq.) is defined as 0.001 equivalents, then
(ml)(N) = Milliequivalents (2-8)

The terms can be related to weights of reacting materials as well as to
solution volumes. Considering H,SO, as in Example 2-9, since 49.00
is the equivalent weight, then 49.00 g is one equivalent, 98.00 g = 2 equi-
valents, etc., or for weights of pure reactants

g equiv. wt = Equivalents (2-9)
and as before
mg/equiv. wt = Milliequivalents (2-10)

These mathematical definitions of the equivalent and millicquivalent
are useful in problem working. If A and B are going to react or be
chemically related, then the first statement one may make is, equiv. A
= equiv. B or meq. A = meq. B.

Example 2-8. How can one prep. 200 ml of 0.50 N H,SO, from 1.22 M
H,S0,?

The vol. of more concd. acid used for diln. and the vol. of dild. acid obtained
must contain the same number of meq. of H,SO,, or meq. concd. acid = meq.
dil. acid. In the general casc,

(Ml concd. soln.)(N concd. soln.) — (ml dil. soln.)(N dil. soln.) (2-11)

The more concd. acid is 1.22 M or 2.44 N. (Why?) Solving equation 2-11
gives 41.0ml. This vol. of 1.22 M acid is dil. with water to a total vol. of
200 ml. (Ans.)
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Example 2-9. Ten ml of a sodium sulfate soln. having a density of 1.10 g/cc
25/4 arc mixed with excess barium chloride soln. and the resulting ppt. of
barium sulfate weighs 1.000 g. Find the normality of the sulfate soln. and
% by wt Na,SO, in it.

In the reaction, meq. Na,SO, = meq. BaSO,. Since Na,SO; is a soln., meq.
Na,SO, = (ml)(N), and for the solid, meq. BaSO,; = mg/equiv. wt. The equiv.
wt of BaSOQ, is half the mol. wt (by equation 2-6), and equating the two defini-
tions for meq. one gets (ml Na,SO,)(N Na,SO,) = mg BaSO,/equiv. wt BaSO,.
Solving for soln. normality gives N = 1000 mg/(10.0 mI)(233/2) = 0.859. (Ans.)

The meq. of Na,SO, are now found either by 1000 mg BaSO,/(233/2) or by
(10 ml Na,S0O,)(0.860). Either gives 8.60 meq. From equation 2-10, the mg
of Na,SO, can be determined since

mg = (Meq.)cquiv. wt) = (8.60)(142/2) = 610

The 7 solute in the soln. will be found according to equation 2-1, the soln.
density being used to find the soln. wt:

% Na,SO, = (610 mg Na,SO,/11,000 mg soln.) 100% = 5.54% (Ans.)

Problems like the last one and those in which a substancc is determined
by titration of a weighed sample are characteristic of quantitative analysis.
A general formula one can deduce from the stepwise method above for
find the %, by weight of a reactant X in a mixture is

% X = (meq. X)(equiv. wt X)(100%,)/mg sample (2-12)

Normality and Redox

Equivalent weights of substances undergoing oxidation state changes
are calculated in a different way from examples cited thus far. It can
be experimentally shown for example that in dilute H,SO, solution, to
oxidize 55.85 g of Fe*® to Fe*?, requires 1/5 mole of KMnO,, 1/6 mole of
KyCr;07, or 1 mole of Ce(SO,),. These quantities of oxidizing agents
must therefore be cquivalent to one another, and examination of their
oxidizing reactions

5e~ + MnOj + 8H* = Mn*2 + 4H,0
6e~ + Cry07% 4+ 14H' = 2Cr+3 4 TH,0
¢+ Cett = Cet3
shows that the comparison is on the basis of the number of clectrons
gained per molecule or ion, or their change in oxidation number. Re-

ducing agents are related by the number of electrons donated per molecule
or ion, and their corresponding change in oxidation number. The normal
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system for redox solution concentrations is therefore constituted on a
unit change in oxidation number.

Equiv. wt redox agent = Form. wt /¢~ change per molecule or ion (12-13)

If one considers a gram mole of rcactant, then the equivalent weight is
that gram weight which will accept or donate 6.02 x 10% electrons. The
electron change is found in tables of redox half reactions (Tables 1-2,
1-3, Al8, and A19) or found when the equation is balanced. Other
considerations for problem solving are identical with those already
illustrated.

Example 2-10. Onc dissolves 25.00 g of K,Cr,O, (form. wt 294.2) to make
1 liter of soln., and 45.5 ml of this will just oxidize the iron (Fet? = Fet3) in
1780 mg of properly dissolved iron ore. Calculate N of the oxidizing agent,
equiv. wt of Fe, and ¢{ Fe in the ore.

As noted above and in Tables 1-2 and A18, the change in oxidation number
for dichromate is 6, so the equiv. wt is 294.2/6 = 49.0, and since the solution
contains the 25.00 g of K,Cr,0, per liter, N = 25.00 g per liter/49.0 = 0.510 N
(Ans.)

Tron undergoes a one electron change per ion in the oxidation, Fet? = Fe*?,
so its ionic and cquiv. wts are the same, 55.85/1. (Ans.)

The meq. of K,Cr,0, = (ml)(N) = meq. of Fe*2. The problem with this
much elucidated then follows the type solution described by equation 2-12:

°/ Fe = (45.5 ml K,Cr,0,)(0.510 N K,Cr,0,)(55.8/1 equiv. wt Fe+?)
(100%;)/1780 mg sample

Converting the figures to exponential numbers* for ease in approx. the answer
gives
= (4.55 x 10)(5.10 x 10 !)(5.59 x 10)(10?)/1.78 x 10°
The ten’s cancel:
= (4.55)(5.10)(5.59)/1.78
This is
= (5)(5)(6)/2 = 757

and using the slide rule gives the correct value, 72.99%; Fe. (Ans.)

PROBLEMS

1. A solution is made by dissolving 40.0 g of Ca(NOjy),-4H,O (form. wt
236.16) in 380 g of H,O giving a final volume of 400 ml. Calculate (a) F (b)) M

* Sec Appendix, mathematics review, Section Al and A3.
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in Ca*? (¢) M in NOy (d) m in Ca*? (¢) m in NOj (f) density (¢) N in Ca+?
(h) N in NOy (i) % by wt solute. [Ans. (a) 0.423 (b) 0.423 (c) 0.846 (d) 0.447
(e) 0.894 (f) 1.05 gfcc (g) 0.846 (k) 0.846 (i) 9.53%,.]

2. How can one prepare the following?

(2) 100 ml of 0.100 M Na,SO,

(b) 250 ml of 0.250 N NaOH

() 10.5 liters of 0.0022 N H,SO, (use as diprotic acid)

(d) 55.0 ml of 0.10 N KMnO, (use as oxidizing agent in acid)

(e) 100 ml of 0.20 N FeSO, (use as red. agent in acid)

3. One wishes to oxidize 0.01 M H,S (acidificd) solution. List these oxidants
in decreasing order of their capacity: (a) 4.5 ml of 0.02 M KMnO, (b) 6.3 ml
of 0.01 M K,Cr,0; () 8.1 ml of 0.10 N Ce(SO,), (d) 25 mg of NaBiO, (e)
0.020 g of MnO,,.

4. A solution contains 10 mg Cu*? per ml and was prepared by dissolving
CuS0,-5H,0 (form. wt 249.7) in water. Find (a) g cupric sulfate pentahydrate
in a liter of solution, (b) F (c) N (d) M with respect to each ion, and (e) the
weight of BaSO, one could obtain by adding excess BaCl, to 10 ml of the
copper solution.

5. One dissolves 18 g H,C,0, to make 500 ml of soln. Calculate N based
on these reactions:

(a) HC,04 + NaOH = NaHC,0, + H,0

(5 H,C,04 + 2KOH = K,C,0, + 2H,0

(c) H,C,04 4+ PbO, + H* = H,0 + CO, + Pb!2 (balance)

(d) HyC,04 + Cat? = CaC,0, + 2H"

6. Express each in moles, mmoles, equivalents, and meq.:

(a) 150 g 209, H,0, (oxidant in acid)

(h) 40 mg NaCl

(¢) 2.79 g Sn!! (reductant in acid)

(d) 1liter O; gas, 0 C, 1 atm pressure (oxidant in acid)

(e) 10 mg Zn.

7. Thirty-five ml of an NaOH soln. will just neutralize 1.32 g of KHSO,.
Find (a) how many meq. of acid and basc are used (b) reaction equation (c) mg
of NaOH used (d) N of base, and (e) mg of H,O formed.

8. From which of these can one make the largest volume of 0.1 N soln.?

(a) 12.6 g HyPO, (as a triprotic acid), (b) 6.80 g KI (as a reductant in acid),
(€) 9.20 g KCIO; (as an oxidant in acid), (d) 13.3 g Ba(OH), (as a dihydroxy
base).

9. A solution of H,PO, has a sp. gr. of 1.75 25/4 and is 90°; phosphoric
acid by weight. Find (a) F(b) Nasa triprotic acid (c) volume needed to furnish
1.00 g H* (<) volume necded to make 1 liter of 0.20 N acid (¢) volume needed
to make 280 ml of 0.14 F acid.

10. Balance the equation:

As,S; + HNO, = H,AsO, + H;S0, + NO, + H,0

(a) Find the equiv. wts of the redox agents.
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(b) if the HNO, used had a sp. gr. of 1.42 25/4, and was 729 acid by wt,
find N.

(c) What vol. of this acid would theoretically be needed to react with 50 mg
of As,S;?

11. The solubility of two typical salts is given below in g/100 g H,O at various
°C temperatures. (a) Plot °C on the abscissa and put both curves on the same
plot. (b) What is the solubility of each at 50 C? (c) If one cools a saturated
solution of each from 90 C to 10 C, what weights of salts crystallize? (d) What
is the 9%, by wt solute of each solution at 30 C? Can one determine the for-
mality of either solution from this data alone? If not, what other measurements
would be needed? (f) At what temperature is their solubility the same?
(£) What is the molality of each saturated solution at 25 C?

Salt 0° 200 | 40° | 60° | 80° | 100°
K,Cr;0; (g/100 g H,0) 5 12 26 43 61 80
NH,Cl (g/100 g H;0) 294 | 372 | 458 | 552 | 656 | 77.3

(Ans. (b) 34.0 and 50.4 (c) 63.0 and 38.0 (d) 16.7 and 29.3 (f) 91 C (g) 0.51
and 7.10.)

12. How does one prepare:

(a) A liter of KMnOj solution of such-normality that each ml would oxidize
6 mg of Fe*2? (Ans. 3.38 g/liter = 0.107 N.)

(b) A liter of HCl solution of such normality that ecach ml would be equivalent
to 19 NaHCO, in reacting with a 1.000-g sample of impure NaHCO;? (Ans.
4.35 gfliter = 0.119 N.)

13. Jackson Slipshod dissolves 50 g of AgNO, in 50 ml of H,O giving 100 g
of solution. He computes the normality as N = 500 g per liter/170 mol.wt
= 2.94. Jackson’s Uncle Frisbee (who helps Jack with home work) says that
a weight of solution and not its volume was used in the calculation so what he
actually found was solution molality. What goes on here?

14. What weights of alum, K,SO,- Al,(SO,);-24H,0, (mol. wt 949) are needed
to prepare solutions 1.0 N in K+, in SO;2, and in Al+3? (Ans. 474 g, 119 g,
158 g).

lsg. One has a closed piping system for hot water circulation. One Ib of
potassium dichromate is dissolved in the water and analysis after mixing shows
the solution contains 5 mg of CrV! per liter. Find (a) the solution F and (b) the
gal of water in the pipes.
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Introduction

The first modern era atomic model was proposed in about 1900 by
J. J. Thompson. He visualized atoms as spheres containing plus and
minus charges, respcctively protons and electrons, scattered uniformly
throughout. He supported this conclusion by calculating that in such
a modecl electrons would vibrate approximately at the frequency of visible
light, and hence be able to give the familiar flame tests. The Thompson
model lasted until 1911 when Ernest Rutherford, Nobel laurcate and the
father of atomic physics, announced another concept of the atom which
is a helpful visualization even today. His model consisted of a very dense
nucleus containing positive protons, equal in number to the atomic
number, surrounded by a cloud of negative electrons sufficient to make
the atom neutral. He was able to show that the radius of the nucleus is
in the order of 102 cm, whereas the radius of the whole atom including
the clectron shell is about 10-8cm. The experiment that led him to these
conclusions was the now classical one involving bombardment of a very
thin gold foil with a-particles (helium nucleii from a radioactive source)
and observation of the emergent beam as it traversed a Wilson cloud
chamber behind the foil. This chamber is a device containing air super-
saturated with water vapor in which moving charged particles ionize air
molecules and cause water droplets to condense in their wake and render
their paths visible. From the fact that the positive nucleii of atoms in
the foil scattered so relatively few a-particles, Rutherford concluded that

28
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matter is essentially porous and that Thompson’s model did not fit the
cxperimental evidence. From the scattering angles and number of «-
particles deflected, Rutherford also computed the atomic and nuclear
dimensions given above.

In 1913, the Danish physicist Niels Bohr, who later received a Nobel
Prize for his work, began studies to extend the atomic concepts to account
for more of the known fundamental concepts of clectromagnetism than
did any of the atomic models of the time. The idca of a cloud of clectrons
somehow surrounding the nucleus of the atom did not appear satisfactory
and consistent with his experience in related physical measurements for
several reasons:

(1) It is too vague about an orderly electron arrangement which one
instinctively feels is present because all atoms of a given element have
the same definite chemical properties.

(2) If the clectron vibrates in its orbit, and it does, it should give off
some sort of radiation, but this would mean decrcasing clectron energy
and a gradual spiraling of the electron into the nucleus.

(3) If electrons are in the process of dropping toward the nucleus, they
should be found at all distances from it, and gasecus clements should give
a continuous spectrum corresponding to all energy states for clectrons
under the influence of an electric discharge. Such is not the actual case,
however, because Balmer in 1885, Paschen in 1896, and others since
showed that elements give spectra consisting of lines, which can be
interpreted best if one assumes that electrons have a limited number of
fixed energy states.

Line Spectra and Energy Levels

The experiments on the line spectra of hydrogen are important since
they yielded fundamental information on electrons. The experimenters
found that no energy was emitted when hydrogen atoms were bombarded
in an electric discharge tube by a beam of speeding electrons until the
energy of the beam was increased to a certain value, whereupon the process
of energy transfer suddenly became efficient. At this point many of the
bombarding electrons lost their speed and the energized H atoms which
had been struck gave off light of characteristic wavelength. By using
increasingly energetic electrons it was found that there are only a limited
number of energies that arc absorbed and that result in a series of energy
emissions from the excited atoms. Thesc cnergies are manifested as
spectral lines that can be sorted out with a spectrometer or spectroscope
(special experiment 5).  If the lines are in the visible region, they constitute
an optical spectra. Excited molecules are also capable of electronic
disturbances and of giving spectra.
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Visible .
<—— X-rays —> - ~<———Radio waves —————>
10-2 1 102 104 108 108 10%° 1012A
ol - } i 1 l l 1 1

1 T T |l T T T T
<« y-rays-> <—Ultraviolet — < Infrared—>

FiG. 3-1. Electromagnetic radiation. Wavelenths are in Angstrom units (1 A
=10 *cm). See Fig. 23-2 for an expansion of the visible region.

Optical spectra come from a disturbance of valence electrons, or, if
greater excitation is involved there, ultraviolet spectra is the result. A
particular type disturbance of the K and L electrons results in X-ray
spectra. Infrared spectra are associated with internuclear disturbances of
vibration and rotational motion. Measurements on these phenomena
have proved invaluable in atomic and molecular structure studies. Sub-
sequently all the elements were investigated in this way. All give line
spectra.
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FiG. 3-2.  The Balmer series of spectral lines obtained by exciting H atoms.

Up to 1913 no satisfactory correlation was made between the spectral
data and the structure of atoms, though it seemed obvious that there
should be a connection of fundamental significance. Then Bohr gave his
interpretation based upon the quantum theory and the great puzzle of
electronic structure began to be solved. In 1900 Max Planck, and in
1905 Albert Einstein, had shown that certain radiation effects could be
satisfactorily accounted for if one postulated that light is absorbed and
emitted in definite units (called quanta) having energy hv.* Bohr began
with the assumption that the hydrogen spectra was due to energy emitted
by the electron, which, having been knocked out of its normal position,
was returning to that state of lower energy. It followed that the extra-

* The symbol 4 is Planck’s constant, 6.624 X 10-%" erg sec, and » is the frequency of
radiation in cycles/second. It is defined as c/2 where c is the speed of light, 3 < 101
cm/sec and 2 is the Angstrom wavelength of the radiation being studied.
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nuclear electron did not have arbitrary energy but existed in definite energy
levels called stationary states, and a definite amount of energy was needed
to displace the electron from a lower energy level (closer to the nucleus)
to a higher one (further from the nucleus). Conversely this unit of
energy was released when the electron dropped back to its original position.

If E, is the energy of a stationary state of higher energy and E, the
energy of the next state of lower energy, then a quantum of energy is the
difference between them, since the electron can exist only in these discrete
states and in no intermediate ones, or

E,—E,=hy
v is the frequency of radiation needed to cause the electron to jump from

E, to E,, or the frequency emitted when it falls from E; to E,. Pro-
ceeding with this concept Bohr was able to calculate the wavelengths of
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FiG. 3-3. Energy level diagram for hydrogen. To remove the electron from its

normal state, n = 1, to infinity, n =— « , requires 13.60 electron volts (ev), its ionization

potential. One ev is the energy gained by an electron when accelerated by a potential

of one volt. One ev is equal to 1.59 x 10~!2 ergs and corresponds to an energy of
23.05 kcal/g mole.



32 QUALITATIVE TESTING AND INORGANIC CHEMISTRY

hydrogen spectral lines and the radii of electron energy levels from data
and physical constants established by earlier investigators by using a
variety of different experiments, some not directly related to hydrogen
spectra. The concept of energy quantization paved the way for the
determination of all electronic configurations and chemical bonding as
well, two foundations of chemistry.

When the energy levcls of an atom arc determined from its spectra, an
energy level diagram can be prepared. One of the most significant
values in it is the energy needed to remove the least tightly held electron
from the atom to a distance sufficient so that the positive nucleus no
longer exerts any attraction on it. This energy is called the ionization
energy or potential. The energies associated with the removal of successive
electrons can also be found experimentally. It is evident that chemical
properties arc related to these potentials since atoms form chemical
bonds according to their abilities to effect a transfer or sharing of electrons.
This is considered in a later section in the chapter (see Table 3-5).

Refinement of the Bohr Atom; Quantum Numbers

Study of spectra of elements with instruments of greater resolving
power followed Bohr’s work, and the new data showed a need for extending
the Bohr theories. It was demonstrated, for example, that more spectral
lines existed than were originally believed present. This meant that
there were more subtle electronic energy changes than formerly proposed;
as cach of these may be quantized, morc quantum numbers were needed
to describe the electron. It was then found that certain rules or selection
principles need be applied to the handling of the numbers for proper
accounting of the observations. The reasons behind these will not be
devcloped here, but the rules are summarized below.

(1) The principal quantum number » can have integral values 1, 2,
3. . . denoting three dimensional shells of energy in which the electron
might be found. Thesc are alternately called the K, L, M, N, O, P, and
Q shells. The shell closest to the nucleus is described by n = 1, the
next n = 2, etc. If n is large, the electron cloud around the nucleus is
large.

(2) For cach value of n there are n sublevels within a shell. These are
differentiated by the quantum number /, known as the secondary or
azimuthal quantum number. [ is linked with the angular momentum of
the electron. It may have values 0, 1, 2 . . . (n — 1). Electrons for
which 7 = 0, 1, 2, 3 arc respectively called s, p, d, f clectrons, after spectro-
scopists’ early nomenclature for spectral lines (sharp, principal, diffuse,
Sfundamental). A Is electron is thus an electron in the first shell for which
1 = 0; a 4f electron is in the fourth shell with / = 3, etc.
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TABLE 3-1. VARIATION OF / WITH n

33

n Shell ) Electrons
1 First =K 0 K}

2 Second = L 0,1 s, p

3 Third =M 0,1,2 s, p.d

4 Fourth = NV 0,1,2,3 s, p,d, f

The I quantum numbers arc important in chemical bonding considerations
and arc considered again under covalence in this chapter. For our
purposes, there is no / value greater than 3, so s, p, d, and f electrons will
be the only types. [ gives the shape of the electron distribution: the
simplest is spherical, the next is figurc-8 shaped, etc., as explained later.

(3) In 1896, P. Zeeman had noted that spectral lincs that normally
appear singly may appcar as doublets under the influence of a magnetic
field. To cxplain this, the quantum number m was introduced. This is
related to a part of the total angular momentum of the electron in the
direction of the magnetic field. The quantum thcory shows mathemati-
cally that if this is quantized, it can have all integral values between
— I and [ including zcro, in other words a total of (2/ + 1) values. m
relates the orientation of the elcctron clouds to an externally applied
magnetic field. For us, the magnetic quantum number will be of minor
importance.

TABLE 3-2. VARIATION OF m WITH [/

1 Electron m

0 s 0

1 P -1,0,1

2 ([ _21'”]’0) |$2

3 -3,-2,—-1,0,1,2,3

(4) Spectral lines under high resolution often appear as multiplets
lying close together rather than as single, relatively broad lines. This
was not explained until 1925 when G. Uhlenbeck and S. Goudsmit showed
mathematically that the cffect could be explained if the electron were con-
sidered to be spinning, that the spin contributed to its total angular
momentum, and that this contribution might be quantized. The spin
quantum number is designated s and can have only the values } and — }
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representing opposite spins and corresponding to two levels of nearly
equal energy.

(5) W. Pauli announced a unifying principle in 1925 that makes it
possible to properly assign energy states to the electrons in an atom.
One might, for instance, logically suppose that since the first orbit is the
one with lowest energy, electrons should be found only in that one.
Pauli proposed, however, that it is impossible for two electrons in the
same atom to have all four quantum numbers, n, /. m, and s, alike—a
statement known as the Pauli exclusion principle. This means that a shell
may have only as many electrons as the quantum numbers and the Pauli
principle permit. The total number of electrons permitted in a shell is
found to be 2n? and the number of shells in normal states of atoms is
limited as noted in the next table. No atom is known in which the O, P,
and Q orbits are completely filled, and no uncombined atom has more
than eight electrons in its outer shell.

TABLE 3-3. QUANTUM NUMBER OF ELECTRONS

n l m s Electrons | Subtotals | Totals
=K 0 0 +4 1s 2 2
2=1L 0 0 +3 2s 2 8
1 0, +1 +3 2p 6

3=M 0 0 +1 3s 2 18
1 0, +1 +4 3p 6
2 0, +1, +£2 +31 3d 10

4=N| 0 |0 +3 4s 2 32
1 0, +1 +4 4p 6
2 0, £+1, +2 +3 4d 10
3 0, +1, 42, +3 | +4 Af 14

5=0 0 0 +3 5s 2 32
1 0, +1 +4 5p 6
2 0, +1, +£2 +14 5d 10
3 0, +1, +2, £3 | +3 5f 14

6=P 0 0 +3 6s 2 18
1 0, +1 +4 6p 6
2 0, +1, +2 +4 6d 10

T7=0 0 0 +3 s 2 2
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Wave Mechanics

Further modifications of the theories of atomic structure followed the
suggestion by L. de Broglie in 1924 that the electron, like a photon of
light, had both corpuscular and wave properties, and that wavelengths
could be assigned to electron motion. This was demonstrated experi-
mentally in 1927 by C. J. Davisson and L. H. Germer, two American
physicists, who showed that an electron beam, like X-rays, is diffracted
by crystals in which layers of atoms act as a diffraction grating (sce
Chapter 13). Since the production of a diffraction pattern can only
result if the electron beam has wave character, the experiment proved the
de Broglic idea. The wavelength 4 of the electron can be calculated from
the de Broglie equation,

A= hlmv

where 4 is Planck’s constant, m the mass of the electron, and v its velocity.
The new theory developed to use the discovery of the clectron’s wave
character and to put the quantum theory on a sounder theoretical basis is
called wave mechanics or quantum mechanics. The mathematical treat-
ment of the new mechanics by the physicists E. Schrddinger, W. Heisenberg,
A. Sommerfeld, and P. A. M. Dirac is extremely complex.

The electron’s motion is pictured in two dimensions and is like that of
a shaken rope. In the accompanying figure, the wave patterns are shown
as being limited to those which fit the figure, that is, give reinforced waves.

(a) ()
FiG. 3-4. Two dimensional representation of electron wave motion: (a) reinforcing

and (b) nonreinforcing waves. Only (a) is permissible.

A three-dimensional picture is not easy to give and from the student’s
viewpoint the wave concept of electron character suffers because of lack
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of an atomic model, which was one attractive feature of the Rutherford
and Bohr ideas. Wave mechanics treats the electron’s position statisti-
cally. According to the important Heisenberg uncertainty principle (1927),
it is impossible experimentally to simultaneously determine the position
and specd of the electron. It is also impossible to consider the electron
either exclusively as a wave or a particle, but instead one must think of
it as having both properties, cither of which can become predominant in
selected experiments. In wave mechanics an electron is said to be in an
orbital rather than in an orbit. Each orbital can contain a maximum of
two electrons. each with a different spin. Orbitals have different shapes
and it will be shown later that this results in predictablc geometry of
molecules and jons whose atoms used certain orbitals in bonding.

s orbitals are spherical and can be thought of as a shell of charge, the
density of which is greatest in the center of the shell wall and increasingly
diffuse away from the center, as the probability of finding the electron in
different parts of the shell is described. The elcctron’s speed is also
variable. When both electron motion and speed are trcated statistically
it is found that the Bohr radius and speed are the average values obtained,
however.

p orbitals arc mutually at right angles to each other and are pictured as
figurc-8 shapes; d and f orbitals are more complicated. (See Fig. 3-11.)

Electron Configurations

The combined efforts of physicists in spectroscopic investigations and
the development of mathematical expressions, and of chemists in relating
the physical data to chemical properties, ultimately gave us the probable
electronic structures for all the elements.  Since the clectrons are used in
chemical bonding, this information is vital to chemistry.

The filling of orbitals by electrons, in the progression toward heavier
elements, can be predicted fairly accurately from two principles. The
first is that the most stable (lowest energy) orbitals fill in preference to
others. The sccond is known as the rule of maximum multiplicity, which
empirically states that for p, d, and f subshells which are capable of holding
6. 10, and 14 electrons, respectively, as many orbitals as possible are
singly occupied by electrons before electron pairing (by virtue of opposite
spin) takes place. Orbitals will be represented here by circles, and dots
inside the circles will represent clectrons. Two dots will be a pair of
electrons with opposed spins and they are all that can be contained in an
orbital. A single dot will mean an unpaired electron. The following
figure shows the order in which orbitals are filled.

Examination of Fig. 3-5 brings forth several generalizations to aid in
writing ground-state electron configurations.
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(1) No electrons enter a d subshell until the s subshell of the next higher
shell has been filled. This is the reason that there are never more than
cight electrons in the outermost shell of any atom.

(2) The 4f subshell gets no electrons until after the Ss, Sp, and 6s sub-
shells have been filled and the 54 subshell has received one electron. The
same is true of the 5f subshell with respect to prior filling of the 6s, 6p, 7s,
and single electron addition to 64. The consequence of this filling order
is that there are never more than 18 electrons in the next to outermost
shell of any atom.

(3) The electron added in each succeeding clement enters the orbital
with the lowest n <+ / value, and when two orbitals have that value, addi-
tion is in the orbital with the lower value of .

The student should verify these rules by selecting some examples from
the figure.

One may use this diagram to determine the electronic arrangement of
atoms or ions derived from them, and as will be seen the number and
pairing of electrons and the type orbitals will be matters for attention in
predicting such things as the stability, magnetic properties, and geometry
of ions and molecules.

Electronic configurations are usually given with a shorthand notation in
which each subshell is described by main quantum number, electron
type, and a superscript denoting the number of these electrons. For
example, element 18, argon, may be described from Fig. 3-5 as having
2 electrons in the 1s state, 2 in the 2s, and 6 in the 2p states; 2 in the 3s
and 6 in the 3p states; or simply, 1s2, 2s22p8, 35s23p8. To describe Mn+2
in the same way, Fig. 3-5 shows that the arom has 25 electrons arranged as
152, 2522p8, 3523p8, 4523d°. The dipositive ion has 2 fewer electrons, but
since the 4s and 3d electrons are approximately equally easy to remove,
several structures are possible beyond the filled third shell: 4s234® or
45134* or 3d°. Magnetic measurements (described later) indicaie five
unpaired electrons, thus only the last two are possible configurations.

The Periodic Table and Atomic Structuré

The periodic arrangement of elements may profitably be reviewed at
this point in the light of electron configurations. Figure 3-5 and Fig. 3-6
should be referred to in this discussion.

The first orbital, 1s, can only contain two electrons and the K shell is
completed in helium. The next orbital to begin filling is the 2s in lithium.
The next electron completes the 2s orbital in beryllium. The next three
electrons to be added in B, C, and N appear singly in the 2p orbitals, and
pairing of these occurs in the next three elements, O, F, and Ne. As
previously explained the L shell is complete with two s and six p electrons,
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thercfore the next electron to be added in sodium, element 11, is a 3s
electron. The 3s and 3p orbitals are built up in the same fashion as the
2s and 2p, but ten more electrons are needed to complete the 3d orbitals
and this is not accomplished until Cu. From Fig. 3-5 it is seen that the
4s level is of slightly lower encrgy than the 3d so it is filling in K and Ca.
As spectroscopic study shows, the next elcctrons go into the five 3d
orbitals, between Sc and Cu, rather than the 4p positions. The elements
in which this takes place constitute the first group of transition elements
(see Chapter 17). None have all electrons paired. The 4s electrons
remain one or two in number while the inncr 3d orbitals are filling. In
Cr and Cu a 4s electron has dropped back to the 3d state, this being
possible since those two levels have about the same encrgy.

The 3d orbitals arc filled and the M shell is closed with 18 electrons at
element 30, zinc. From Ga to Kr the threc 4p orbitals are filling. The
next two electrons go into the 5s orbital, as shown in Fig. 3-5. These are
clements 37 and 38, rubidium and strontium. Beginning with number 39,
yttrium, and extending through number 47, silver, 4d orbitals rather than
5p arc filling and these elements comprise the second transition series.
The elements between cadmium and xenon have the 5p orbitals filling
rather than 4f, and this is completed with xenon. Cesium and barium
have the xenon core of electrons plus one and two 6s electrons, respectively.
The next clement is lanthanum and its added electron is in a 54 orbital.
The next fourteen elements are peculiar in this way: electrons are added
in the 4f orbitals so 4f, Sd. and 6p are all incomplete. These elements
are called the lanthanide series of rare earths and are grouped separately
at the bottom of the main table in Fig. 3-6. By the time clement 71,
lutecium, is reached, the N shell is fully cxpanded from 18 to 32
electrons.

Following the lanthanide series is another transition group, Hf through
Au, in which the 6s level holds one or two electrons and filling is in the
five 5d orbitals. From 81, thallium, to 86, radon, the three 6p orbitals
are being completed.

The next horizontal row in Fig. 3-6 starts as the preceding one, one
electron in an s orbital (7s) for francium and two for radium. The next
added electron in actinium goes into a d orbital (6d) just as happened with
clement 57 in the previous row. Beginning with 90, thorium, there are
three incomplete orbitals, 5f, 6d, and 7s. Of these, 5f is filling while 64
contains one, and 7s two electrons. The elements 90-103, of which the
last two are as yet unknown, constitute a second rare earth group known
as the actinide series. The elements beyond uranium are not naturally
occurring but have been prepared synthetically by nuclear transformations.
They are known as the transuranium elements.
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Atomic Size and Chemical Properties of Elements

One might suppose that atomic size will vary directly with atomic
number since the number of electrons increases and electron shells are
filling. 'This is true for a given vertical group of elements in the periodic
system but not true when considering a horizontal period. In the former,
a new shell is being filled which results in a somewhat larger radius, but
in the latter case the quantum group remains constant as the atomic
number (nuclear charge) is increasing. This means that clectrons are
drawn closer to the nucleus and the size, generally speaking, shrinks. It

increases suddenly with the alkali metals of group IA, however, because
a new shell is starting (Fig. 3-7).
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Fi1G. 3-7. Covalent radii of the clements.

Diffraction studies and quantum mechanical calculations have given
approximate radii of elements in compounds in which bonding is by
electron sharing (covalence) and radii of ions in compounds in which
bonding is electrostatic between the ions (electrovalence). A number of
generalizations can be made from a study of these radii, as noted in the
next paragraphs.

A postive ion like Na* is expected to be smaller than the corresponding
atom, because only the K and L shells are left after the electron is removed
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from the M shell. On the other hand the radius of a negative ion like
CI~ will be slightly larger than the corresponding atom, since the added
electron is not accompanied by an added proton in the nucleus. Chloride
ion has the same electronic configuration as argon but with one less unit
of nuclear charge is more expanded. For a given element, a cation formed
from the neutral atom is always smaller than the atom, whereas the
corresponding anion is always larger. If several oxidation states are
studied, the ionic size is found to vary inversely with the positive oxidation
number, as shown in Table 3-4.

TaBLE 3-4. RaDI OF SOME IoNs DERIVED FROM COMMON ELEMENTS

Group TA Group VA
No. 3 Lit 0.60 A No. 7 N+5 0.11 A
11 Nat 0.95 N-3 1.71
19 Kt 1.33 33 Asts 047
37 Rb* 1.48 Ast3 222
55 Cst 1.69 51 Sbtb 0.62
Sb-3 245
Group 1IA
4 Be'*> 03l Group VIA

12 Mgt 065

-2
0  Cat® 099 A P <
38 Srt+2 1.13 ’
S-2 1.84
56 Bat? 1.35 *
First Row Group VIIA
Transition 9 F- 1.36
24 Crt3 0.65 17 CI+? 0.26
© Cris 0.41 Cl- 1.81
25 Mnt2 091 35 Br+? 0.39
Mnt? 0.46 Br- 1.95
26 Fet? 0.83 53 I+7 0.50
Fet3 0.67 I- 2.16

Figure 3-7 shows that changes of atomic size with increasing atomic
number are not great in the transition elements. The reason for this is
that electrons are not filling the outermost 4p orbitals, but 3d instead.
The two rare earth series at the bottom of the table show decreases in
sizes with increasing nuclear charge, since in both series the filling is two
orbits in from the outside, and each increase in atomic number merely
results in a tighter holding of all electrons. These size changes are known
as the lanthanide and actinide contractions.

Because of the regular decrease in diameter of the +3 lanthanide ions,
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they have been used in several classical studies to test trends in properties
as functions of ionic size. As an example, it has been shown that stability
of higher oxidation states increases in the series with increasing atomic
number. It is characteristic of the higher states to have electron shared
bonds (covalence) rather than ionic bonds, since highly charged ions are
not stable. As the size of these ions varies inversely with atomic number,
the heavier elements should hold electrons more tightly, show more
covalence, and have more compounds containing the metal at higher
oxidation numbers. Such trends have been experimentally verified. As
another example, one expects the hydroxides, M(OH),, to become less
basic with decreasing ionic size, since the smaller ions will exert greater
electron attraction and allow H* but not OH~ to dissociate. This
increase in acidic character has been observed. La(OH), for instance is
not only the strongest base in the series but also the strongest trivalent
base known.

More quantitatively, if the ionic radius of the metallic element is
< 0.5A, its hydroxide is acidic; if slightly > 0.5, the hydroxide is weakly
acidic in the higher oxidation states; if 0.5 — 0.9, the hydroxide is
amphoteric; and if the radius is > 0.9, the hydroxide is definitely basic.

Ionic sizes and charges determine the orientation and number of
groups (coordination number) that are capable of being held about a
central element. The first horizontal row of elements has a coordination
number of 3 with respect to oxygen, as shown by ions like CO32 and NOj.
These are planar. Second- and third-row elements, being larger, can
coordinate four oxygens giving tetrahedral ions like PO;® and ClOj.
Heavier ions can coordinate six oxygens in an octahedral arrangement,
as in Sb(OH);. Coordination numbers are considered further in the
next chapter.

Ionization Potentials

Within a (vertical) family of elements the outer electron levels in the
larger atoms are less affected by nuclear attraction than outer electrons in
the smaller atoms, since the former are further removed from the nucleus.
This effect is manifested in the ionization potentials of the elements (see
Fig. 3-3 for H). A plot of atomic number versus ionization potential
shows maxima corresponding to the noble gases and minima for the alkali
metals, as expected. In addition, the potential varies inversely with
atomic size within a family of elements, which is also expected for reasons
given before: smaller atoms hold electrons more tightly, since the center
of positive charge is closer to them.

In the series Li-Cs, cesium has the lowest ionization potential (removal
of a 6s electron easier than a 2s in the lithium atom), is therefore the best
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reducing agent, forms a positive ion the easiest and has the greatest
metallic character (Chapter 13).

In the series F-I, the electron is expected to be most difficult to remove
from the smallest atom, since it must be taken from a shell closer to
nuclear attraction than is true for the heavier atoms, and the potentials
bear this out. The order of ionization potentials is the same as the trend
in electron attracting abilities of the halogens: fluorine is the most
electronegative element known and hence an excellent oxidizing agent.

Removal of a second electron from a unipositive ion requires more
energy than removal of the atom’s first electron, sincc it must be done
against the attraction of a positivc ion.  Further electron removals become
progressively more difficult, precluding the formation of highly charged
positive ions in simple chemical reactions. If one electron is readily lost,
but not two (Li for example), the valence of the element is +1, if two are
detachable with reasonable energy, but not three (Ca for instance), the
ion’s valence is +2, etc. Table 3-5 helps such speculation.

By examining the ionization potential variations in proceeding hori-
zontally across the periodic table one notices a general increasc in value,
since the additional electrons in heavier atoms are at about the same
distance from the nucleus, thus the increased nuclear charge is capable of
holding all electrons more tightly. There are some cxceptions. The
apparent discrcpancy in the aluminum value (5.98) compared to that of
the preceding element, Mg (7.64) (Table 3-5) is due to the fact that the
added electron in Al is in a 3p orbital which is shielded by the just com-
pleted 3s orbital containing two paired electrons. This shielding effect
means that the clectrons closer to the nucleus absorb a disproportionate
share of nuclear attraction, repel outer electrons, and in general allow the
latter to be more capable of escape. In a given quantum shell, electron
energies increase in the order s <. p <~ d -< f. It is thus casier to remove
an felectron than an s, p, or d electron of the same shell.

In summary, one may state that ionization potential varies with nuclear
charge, atomic radius, electron orbital, and screening effect. Generally
the ease of electron removal decreases with increasing atomic number in a
given horizontal period and increases with increasing atomic number in a
given vertical column of the periodic table.

Trends in Families of Elements .

Chemical reactions involve electrons in the outermost shells, and so
their number, grouping, and energy are important in determining chemical
properties. Study of the preceding sections and accompanying tables and
figures shows that a repetition of outer electron configuration occurs
periodically, and clements having such similarity possess chemical
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TABLE

3-5. IoNIZATION POTENTIALS OF SOME ELEMENTS

Ionization Potentials In Electron Volts

Atomic
No. |Element} Group - -
First Second Third Fourth Fifth
1 H 13.60
3 Li (IA) 5.39 75.62 1224
11 Na 5.14 47.29 71.65 98.88
19 K 4.34 31.81 46 60.9
37 Rb 4.18 27.36 47? 80?
55 Cs 3.89 234 35? 51?
4 Be (ITA) 9.32 18.21 153.9 217.7
12 Mg 7.64 15.03 80.12 109.3
20 Ca 6.11 11.87 51.21 67
38 Sr 5.69 10.98
56 Ba 5.21 9.95
24 Cr (Transition) 6.76 16.6 31?
25 Mn 7.43 15.70 327
26 Fe 7.89 16.16
27 Co 7.86 17.3
28 Ni 7.63 18.2
29 C 7.72 20.34 29.5
30 V4 9.39 17.89 40.0
47 Ag 7.57 214 359
5 B (I1A) 8.29 25.15 37.92 259.3
13 Al 5.98 18.82 28.44 1199
6 C (IVA) 11.26 24.38 47.86 64.48 392
14 Si 8.15 16.34 33.46 45.13 167
7 N (VA) 14.54 29.60 47.43 77.45 97.86
15 P 11.0 19.65 30.16
33 As 10? 20.1 28.0 49.9 62.5
51 Sb 8.64 187 24.7 44.0 55.5
83 Bi 8? 16.6 254 45.1 55.7
8 (0] (VIA) 13.61 35.15 54.93
16 S 10.36 234 35.0 47.29 72.5
9 F (VIIA) 17.42 34.98 62.65
17 Cl 13.01 23.80 39.90
35 Br 11.84 19.1 25.7
53 1 10.44 19.4
2 He 0 24.58 54.40
10 Ne 21.56 41.07
18 A 15.76 27.62
36 Kr 13.99 26.4
54 Xe 12.13 21.1?
86 Rn 10.75
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properties in common. This idea is stated as the periodic law, which says
that the chemical character of elements is a periodic function of their
atomic numbers. The purpose of the following sections is to point out
some trends both in horizontal (period) and vertical (family or group)
progression through the periodic chart.

Group 0

This group of six “‘noble’”” gas elements has almost no chemical properties,
and it was this feature that intcrested chemists. Once the electronic con-
figurations were deduced, theories of chemical bonding followed, using the
idea that other elements tend to lose, gain, or share electrons to attain the
nearest noble gas (closed) electron arrangement, since that is the one with
greatest stability and lowest energy. Table 3-6 shows that except for
helium each element has eight electrons in the last shell.

TABLE 3-6. ELECTRON SHELLS OF GROUP 0 ELEMENTS

. Shells and Electrons
Atomic Element
No.
K L M N 0o P

2 Helium 2 8

10 Neon 2 8

18 Argon 2 8 8

36 Krypton 2 8 18 8

54 Xenon 2 8 18 18 8

86 Radon 2 8 18 32 18 8

Groups IA and 1B

Hydrogen is often mncluded in both TA and VIIA, because like IA
elements it can lose an s electron and become a positive ion or like VIIA
elements can gain an electron and become a negative ion (H~ is the
hydride ion). The other members of IA are known as the alkali metals.
All have low first-ionization potentials, hence all give univalent positive
ions and act as strong reducing agents. The ions have noble gas electron
configurations and form ionic compounds bonded by electrovalences (see
p. 51). As in all periodic groups, the first element of the series is the one
which differs most from the rest, whereas the heavier elements are generally
the most closely related. For example, lithium has the highest melting
point, boiling point, and hardness and shows some properties characteristic
of 1IA elements. Other chemistry of these ions is discussed in relation
to their qualitative analysis in Chapters 19 and 20.
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The elements in group 1B, Cu, Ag, Au, are the subgroup, whereas the
alkali metals are the main group of group I elements. Main group
elements are characteristically close in electron configuration to noble gas
atoms, whereas subgroup elements are not, making for a single valence state
in the former and variable valence in the latter. Elements of both groups
IA and IB have one electron more readily removable than the rest,
although the electron is more difficult to remove from IB members, and
they accordingly show some electron sharing (covalent) type bonding
which is generally lacking in compounds containing IA elements. The
penultimate (next to last) electron shell in IB elements contains 18 electrons,
and some of these can be used in bonding, giving the variable valence
characteristics. The penultimate shell of IA metals contains two electrons
in Li and eight for the rest; these groupings are too stable to be chemically
reactive. Further chemistry of copper is given in Chapter 16 and that of
silver in Chapter 15.

TABLE 3-7. ELECTRON SHELLS OF THE GROUP IA ELEMENTS

Atomi Shells and Electrons
;3:)"“: Element
) K L M | N 0 P [0}
1 Hydrogen 1
3 Lithium 2 1
11 Sodium 2 8 1
19 Potassium 2 8 8 1
37 Rubidium 2 8 18 8 1
55 Cesium 2 8 18 18 8 1
87 Francium 2 8 18 32 18 8 1
Groups ITA and IIB

The elements of 1IA, Be, Mg, Ca, Sr, Ba, and Ra, are known as the
alkaline earth metals. Each has two s electrons in the outermost orbital
and each exhibits divalency. Due to its small size, Be is the most
“different” element of the series. Like other small ions, Bet? is best
capable of forming complexes and exhibiting covalence. Be resembles
Al of group IITA in this respect, something other group IIA elements do
not. The gradation of properties duc to change in ionic size are those
expected; lower oxidation potential, etc., with heavier members of the
group. Though the penultimate shell contains 18 electrons, none are
available for bonding as described for IB metals, since IIA ions are
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dipositive, and too much energy is required to remove a third electron
(Table 3-5).

The group IIB elements, Zn, Cd, and Hg, are.also divalent since their
electron structures are similar to those of group ITA metals. Mercury
is unique among the IIB group. It forms thc mercurous ion *Hg: Hg*,
in which onc electron from cach atom is lost and another is used in a
covalent bond. Covalency is more conunon in the B group than A group.

Groups 11IA and IIIB

The IIIA clements are B, Al, Ga, In, and Tl. The last shell of electrons
includes a completed s orbital and one electron in a p orbital. The
oxidation states of these elements are (I), (II), and (III), although much
of their bonding is covalent. Boron forms no simple ions like B and
is always covalent. Boron resembles elements adjacent to it, Be and C,
almost as much as it does elements below it. The heavier members of the
group arc more metallic. A glance at the properties of their hydroxides is
instructive. B(OH), is weakly acidic and is usually written as boric acid,
H,3BO, (see Chapter 22, part 1). Al(OH); dissolves to give salts in either
acid or base and hence is amphotcric; aluminum chemistry is discussed in
Chapter 17. TI(OH); has no acidic properties and TI(OH), thc only
stable univalent group III hydroxide, is a fairly strong base. As a rule,
base strength of hydroxides varies inversely with the oxidation state of the
metal and varies directly with increasing atomic weight in a family of
elements. All the metals have co-ordination numbers of 4 or 6 in group I1I.

The group IIIB elements include Sc, Y, La, and Ac, and the two rare
carth series as well (see previous discussion). The clectronic structure of
the latter has been given and it will sufficc here to say that the normal
oxidation state is (II), and changes in chemical propertics arc generally in
the order cxpected through the series. Scandium resembles aluminum
in that its salts are hydrolyzed and Sc(OH)j, is very weakly basic. Lan-
thanum salts arc less hydrolyzed, its hydroxide is fairly basic, and its
chemistry is something like that of Ca. The bonding in these elements is
predominantly covalent and they have coordination numbers of 6
and/or 8.

Groups IVA and IVB

All members of these groups have 4 electrons available for bonding and
by means of electron sharing can acquire stable octets. Thc elements
of IVA are C, Si, Ge, Sn, and Pb. Again the difference in properties of
the first two elements is great, and that of the lower elements much less.
Carbon can hold a minimum of 2 and maximum of 4 atoms in covalence,
whereas the other elements can bond with 2, 4 or 6 groups. Carbon is
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unique among all elements in that C—C bonds arc strong and long chains
and extended rings containing many C atoms are known (Chapter 12).
Silicon and germanium also have the properties of nonmetals; they do
not give simple ions in solution but arc capable of forming covalently
bonded compounds, many of great complexity. Lead and tin are
metallic; they are discussed in Chapter 16.

The VB elements, Ti, Zr, and Hf, have 2 electrons in the last level and
10 in the penultimate shell and have oxidation states of (II), (I1I), and
(IV).  As expected, covalency decreases with increasing atomic number.
None of these is capable of existing as an ion with 44 charge in aqueous
solution, however, since the distorting effect of an ion with such a high
charge density mecans it will react with water to form oxygenated ions such
as TiO*2.  (See Chapter 20.)

Groups VA and VB

The members of group VA are N, P, As, Sb, and Bi and of VB, V, Nb,
and Ta. There is not much similarity between the two groups except for
some compounds whose oxidation states are (V), as PO;? and VO;™.

The main group clements form a well-defined scrics with regularly
changing properties due to atomic size variation. The smaller atoms,
having greater influence over clectrons, can form stronger acids like
HNO; than can larger central atoms, whose weaker hold on clectrons per-
mits the electrons to in turn bond acidic hydrogens more firmly. Multiple
bonds and gencral covalency are morec common again in the lighter
elements. Sb and Bi are the only metals in group VA and they can
form trivalent cations; pentavalent ions have too great a charge to exist
and this oxidation state is only known in complex ions like Sh(OH);,.
See Chapter 16 for further chemistry of As, Sb, and Bi.

The group VB elements are among the transition metals and show the
expected gradation of propertics. Niobium and tantalum are chemically
quite similar, whereas vanadium 1s the “different” group VB metal. Its
chemistry is complex (see Chapter 20) because of the importance of all
its oxidation states, (I1I), (III), (IV). and (V). These, respectively, have
3,2, 1, and O unpaired electrons.

Groups VIA and VIB

The A group elements are O, S, Sc, Te, and Po and the B group are
Cr, Mo, and W. Except for some compounds in which the oxidation
state is (VI), SO;2, TeO;%, CrO;% WO,2, there are few similaritics between
the groups. It is a rule that the dissimilarity increases hetween main and
subgroup as elements further toward the right of the periodic chart are
considered.
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The group VIA elements need 2 electrons to complete an octet in the
last shell and do exist as ions having a valence of —2; the members
beyond oxygen also show oxidation numbers of (III), (IV), and (VI).
Bonding is covalent in these and none of the elements is markedly metallic.
Oxygen has the greatest electronegativity among them (Fig. 3-14), and is
different from the others because of this.

Of the group VIB elements, Cr is unique (Chapter 17) and Mo and W
more similar. Cr', Cr¥’, Mo"’, and W"! are the important oxidation
states and many complex ions containing them are known. The tendency
toward condensation of oxygenated compounds and ions increases with
atomic number (simplest: 2CrO;% + 2H* = Cr,0;% + H,0), which
makes the chemistry of Mo, and more especially W, exceedingly complex.
Acid strength decreases with increasing condensation, a generalization not
restricted, however, to these elements. Mo and W are considered further
in Chapter 20.

Groups VIIA and VIIB

In group VIIA are the closely related halogens, F, Cl, Br, and I (and
At), and in VIIB, Mn, Tc, and Re, whose similarity to the main group is
meager.

The halogens are electronegative, since by gaining an electron each
attains the next rare gas configuration. Besides a valence of —1, these
elements show an increasing number of covalences with increasing atomic
number; F having a maximum of 2 as (HF),; Cl, 4 as HCIO,; Br, 5 as
BrF;; and I, 7 as IF,. F is the ““different” halogen. Itis a very powerful
oxidant, has the highest electronegativity of any element, and because of
this and its small size forms compounds the other halogens cannot.

TABLE 3-8. ELECTRON SHELLS OF THE GROUP VIIA ELEMENTS

. Shells and Electrons
Atomic Element
No.
K L M N o P
9 Fluorine 2 7

17 Chlorine 2 8 7

35 Bromine 2 8 18 7

53 Iodine 2 8 18 18 7

85 Astatine 2 8 18 32 18 7

Of the group VIIB clements, only Mn is important; Re is rarc, and
Tc is one of the elements only known through synthesis by nuclear
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transformation, in this case deuteron bombardment of Mo followed by
chemical separation. It resembles Re more closely than Mn. Manganese
has all positive oxidation states of (I) through (VII), but the only ion it
forms that is related to those of the halogens is MnOyj, which like CIO7
has the central element in the (VII) state. Manganese chemistry is more
fully described in Chapter 17.

Group VIII

This central periodic grouping contains three sets of three clements
cach. For purposes here the first member of each group will be discussed
briefly, namely Fe, Co, and Ni (notc their positions, Fig. 3-6), since they
are included in the laboratory work. (See Chapter 17.)

With increasing atomic number, the ability to form the tripositive state
decreascs sharply; Fel!l is common, quite a number of Co'!f complexes
have been prepared, but only a few compounds of Ni!'T are known. Salts
of the divalent ions are most common and stability of this oxidation state
increases in the same order. Oxidation states beyond (I11) are not stable
in neutral aqueous solution because of their strong oxidizing power. Thesc
typical transition metals have unpaired clectrons due to an incomplete
penultimate shell containing between 8 and 18 electrons. Solutions of
such ions absorb light in the visible region and appear colored. Iron has
8 more electrons than the preceding rare gas, cobalt 9 more, and Ni, 10.
The heavier clements below these three show similar trends. In the
triad Ru, Rh, Pd, the tendency for formation of higher oxidation states
decreases in that order as is the case for the triad Os, Ir, Pt. Thus in the
fluorides of the latter, OsF, is known but only IrFg and PtF; have been
synthesized.

Chemical Bonding

Now that ideas concerning electronic configurations have been reviewed
and extended and some relationships among periodic groupings of
elements mentioned, the remainder of this chapter will deal with forces
holding atoms together and mcthods of investigating chemical bonding.

ELECTROVALENCE

The electrovalent or ionic bond concept was given by Kossel in 1916.
He simply suggested that propertics of electrolytes could be best explained
if it is assumed that salts are composed of ions bonded together by electro-
static attraction between unlike charges. lons arc formed by clectron
transfer (redox) between atoms such that the resulting configurations have
greater stability. Anions formed in this way have rare gas structures,
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whereas cations may or may not result in such electron arrangement. The
simplest cases are those involving elements of the electronegative groups
VIA and VIIA and the electropositive groups IA and IIA. Figure 3-8
shows how typical elements of these groups may react to yield noble gas
configurations.

ax wx =2
2Li- + 0: = 2Lt + :0%
Mg: + 2:Cl: = Mg*? + 2:(Ci:

FiG. 3-8. Formation of two compounds by electron transfer. Dots represent

electrons from the metals, X’s those from the nonmetals. The ions are held together

by electrostatic (coulombic) forces exerted in three dimensions which result in the
building of symmetrical ionic crystals.

Subgroup elements form ions that do not have noble gas arrangements.
Subgroup ions are characterized (a) as possessing 18 electrons in the last
shell or (b) as having between 8 and 18 electrons in the last shell, which is
called the transition type structure. Thus Zn, 2, 8, 18, 2, gives Zn*2,
2, 8, 18, and Cu, 2, 8, 18, 1, gives Cu', 2, 8, 18, while Fe, 2, 8, 14, 2, gives
Fe'2, 2, 8, 14, and Fe'3, 2, 8, 13. The most stable cations are those with
the rare gas structure, next are those with the 18 electron group arrangement,
and last are those of the transition ion type. The latter types increase
their stabilities, however, through complex formation by addition of
groups capable of donating otherwise unshared electron pairs to vacant
orbitals in the metal ions (Chapter 4).

From a study on bond types as related to atomic size, ionic charge, and
electron configurations, K. Fajans (1924) announced several generalizations
that aid in predicting what kind of bonding to expect in a given compound.
According to the Fajans Rules, electrovalency is expected if (a) the ions are
electronically stable (as explained above), (b) the ionic charges are small,
and (c¢) the cation is large and the anion is small. The reason for the
operation of these principles is that electron loss is best accomplished if
only one electron is removed and its position was originally distant from
the nucleus (compare Li and Cs, Table 3-5, for example), and electron
gain is best made by small atoms in which the attracting nucleus is close.
If the compound in question has characteristics opposite the above,
electron shared bonds (covalence) is expected. There are many inter-
mediate cases as well in which bonds are said to possess a mixture of
electrovalent and covalent character.
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Ionic compounds are strongly bonded. They can be thought of as
large symmetrical aggregates of ions in which a given ion is attracting
and is surrounded by a fixed number of oppositely charged ions. As a
consequence the compounds show electrical conduction in the molten
condition as well as in aqueous solutions, and the crystals are hard and
high melting.

With enough data available one can calculate semiquantitatively whether
or not ionic bonds are capable of formation when two free atoms combine.
Though this will not be developed further here, one may say first that if
the energy of the ionic compound is less than the energy of the starting
atoms, bond formation is possible. One then takes into account energy
terms related to the heat of reaction and to the production of frce atoms
from the solid or gaseous elements. Other factors to consider include
the cation’s ionization potential, the tendency for the electronegative
element to gain electrons (“electron affinity”), and the attractive and
repulsive forces acting between the resulting ions when the crystal forms
(crystal energy). Calculated and measured values for various of these
terms show good agreement.

Magnetic Susceptibility

Ionic compounds have been studied in many ways, some of which are
given in Chapter 5 (ions in solution) and Chapter 13 (symmetry in crystals).
An interesting field of study that will-be outlined here for its application
later in the discussion of Werner ions is that of magnetic susceptibility.

Matter is ferromagnetic (limited to materials ordinarily considered
magnetic, like Fe, Co, Ni, and their alloys), paramagnetic, or diamagnetic.
The latter effecis are much weaker than ferromagnetism. A paramagnetic
substance in the solid state or in solution will move in the direction of
increasing field strength of an electromagnet, whereas a diamagnetic
substance moves out of the magnetic field. Measurements of these
effects are made by use of the Gouy balance (1889).

It is a fact that substances containing atoms having unpaired electrons
are paramagnetic and others are diamagnetic, and, further, that their
magnetic moments are directly related to the number of unpaired electrons.
The rotational motion of unpaired electrons sets up a weak but measurable
moment or field while paired electrons cancel each other’s effect. The
balance pictured in Fig. 3-9 is capable of distinguishing these effects and
their magnitude. From Gouy data the moments can be calculated and
are expressed in Bohr magnetons, the unit being 9.18 x 10~2! gauss-cm
perion. An ion having z unpaired electrons will have a calculated moment
of [x(z + 2)]* magnetons. From Fig. 3-5 and magnetic data, one can, for
example, deduce the rule of maximum multiplicity. It will be shown in
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FiG. 3-9. The (_vouy balance for determining magnetic susceptibilities. If the sample

is paramagnetic 1t is drawn toward thc magnet and more counter weight is added on

the balance. If it is diamagnetic, the field repels the sample and less counter weight
is needed.

TABLE 3-9. MAGNETIC MOMENTS AND ELECTRONIC CONFIGURATIONS
OF REPRESENTATIVE IONS

Electronic Distribution Unpai Calculated

Ion npaired Moment

Electrons >

Is 25 2 3 3 3d magnetons

Kl 1O 0 000 ©® 006 0 0

VIV 1O © 000 O 000 O 1 1.73
VIl O © 000 © 000 OO 2 2.83
VE 1O 0 000 © 000 000 3 3.87
all [® 0 OO0 O OO0 OO0 4 4.90
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the next chapter how magnetic data permit the prediction of complex
ion geometry since the deduced electron combinations are known to have
certain symmetrical spatial distributions.

COVALENCE

The postulate that atoms may react to form more stable electron distri-
bution through sharing rather than actual transfer of electrons was made
by G. N. Lewis in 1916. He defined a covalent bond as a pair of shared
clectrons counting as part of thc outer shells of two atoms. This is a
simple idea but a very important one. Instead of ions forming and being
held togcther by clectrostatic attraction, covalent compounds are charac-
terized by the formation of molecules whosc atoms arc bonded together by
strong, shared electron-pair bonds. Molecules are bonded to other
moleculcs by weaker bonds called van der Waals forces, after the man who
first discussed them quantitatively. These cohesive forces are a manifesta-
tion of attraction of atomic nuclei for electrons of neighboring atoms.
Attraction between molecules is directly related to the number of electrons
available per moleculc but is considerably weaker than other bonding
discussed th is fir, since there is a substantial compensating force of repul-
sion on a given atom’s clectrons by electrons of ncighboring atoms.
Crystals formed in this way (solid group O elements, halogens, most
organic compounds, etc.) are called molecular crystals to differentiate
them from most salts that form ionic crystals. As a consequence, typical
covalent compounds arc insulators and gencrally give soft crystals having
low melting and boiling points.

TaBLE 3-10. COMPARISON OF PROPERTIES OF SOME ELECTROVALENTLY
AND COVALENTLY BONDED SUBSTANCES

Elect. Cond. . S .
Compound (liqﬁti d(;ta te) Bonding Mp.,°C B.p., ' C
NaCl Strong Electrovalent 800 1413
MgF, Strong Electrovalent 1400 High
Al,Oy Strong Elcctrovalent 2000 High
NH; 0 Covalent -71.7 —-334
H,S 0 Covalent —829 —59.6
AsF; 0 Covalent —80 —53

Simple representations showing only the outermost electrons are again

convenient in visualizing covalent bond formation.

The symbolism
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usually used is to designate each covalent bond as a line and electrons
not used in bonding as X’s and dots. Electron shared bonds are known
containing 1, 2, 3, 4, and 6 electrons. The 2-, 4-, and 6-electron bonds are
the important ones and are respectively called single, double, and triple
bonds. The strength of the bond increases and the distance between
atoms decreases in the order given.

(@) :Cl:Cl: o :0—C

() :0::C:0:  or :0=C=O:

(¢) :N:.IN: or :N=N:

FiG. 3-10. Three types of covalent links: (a) single () double (c) triple. Note that
each atom attains a noble gas electron arrangement via equal electron donation and
sharing, and that some outer orbit electrons are not used in bonding.

With larger atoms, the requirement that a noble gas configuration be
formed (the octet rule) cannot be maintained since compounds like
1F;, SF,, IF,, and OsFg are known. Since two 2s and three 2p orbitals
are available in elements Li through F, their maximum covalency is 4;
in elements Na through Br, one 3s, three 3p, and five 3d orbitals, a total of
9, are theoretically available, but maximum covalency is 6; in still heavier
atoms the maximum observed covalency is 8.

Bond Orbitals and Covalence

One important restriction on the formation of covalent bonds which
has not been explained as yet is that only those atoms combine which
have at least one orbital containing a single or unpaired electron. The
bond then results in a pairing of electron spins. For instance, the
electronic structure of nitrogen can be written as 1s%, 2522p2p2p, showing
three unpaired 2p electrons. Three electrons of opposite spin can enter
these orbitals to form three equivalent covalent bonds. In the formation
of ammonia, pictured below, these electrons are contributed by three
hydrogen atoms.

It was mentioned earlier that while s orbitals are spherical or non-
directional, p orbitals are figure-8 shaped and at right angles to each other.
Since the axes of three-dimensional space are usually designated z, y, and
z, p orbitals are descriptively labeled in like fashion. For example, the
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electrons of the N atom are often designated 1s2 25s22p,2p 2p.. In Fig.
3-11 there is pictured an overlapping of s and p orbitals to effect covalent
bonding by pairs of spin compensated electrons.

|
2
| 7
*/
’ 2
!
‘@
]

(b) (c)

Fig. 3-11. (a) One of the three 2p orbitals of a nitrogen atom, occupied by a single

electron. (b) The s orbital of a hydrogen atom occupied by a single electron. (¢)

One of the three sp orbitals of NH; formed by overlapping of an s and p orbital and
containing two electrons. The dots are the atomic nucleii.

Carbon is a special case. The structure of the atom is 1s225s22p2p,
indicating it should be able to form only two covalent bonds, as in carbon
monoxide, C—=0. A 2s electron is capable of promotion, however, to
the higher energy 2p state, giving 152252p,2p 2p.,. the energy for this coming
from that released when the extra two bonds form. Investigation of
compounds like CH,, CCl,, etc., shows that all 4 bonds are equal in
length and strength despitc an expected difference in one bond, since it
presumably involves use of a 2s electron while the others are in the 2p
condition. Pauling, Slater, Mulliken, and others have shown with
quantum mechanics that what happens is an amalgamation (hybridization)
of the 4 orbitals to give 4 equivalent bonds orientated in space to the
corners of a regular tetrahedron. This is designated as sp® bonding,
since one s and three p electrons are involved, and is always tetrahedral.
All the steriochemistry of carbon bears out this as do measurements of
carbon bond angles by electron diffraction; 109° 28’ is the tctrahedral
angle. Hybridization of other orbitals, particularly in the transition
metals, is explained in the next chapter. The sp® bonds are unsymmetri-
cally figure-8 shaped, directed toward the corners of a tetrahedron
(Fig. 3-11 (¢)).

Resonance

Another feature of electron-shared bonds is the concept of resonance,
introduced by Heisenberg in 1926 and widely applied since then by
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Pauling and others. For our purposes, it will be sufficient to say that the
properties of some substances arc best accounted for by the writing of
several possible electronic structures whose combination gives a more
satisfactory representation than does a single structure. One can think
of clectron pairs moving very rapidly among the positions pictured in the
usual electronic structures. The actual condition is a single resonance
hybrid or composite, and it is a consequence of wave mechanics that this
system has lower energy than otherwise expected and is said to be addi-
tionally stabilized to the extent of the resonance energy of the system. To
aid in understanding rcsonance there are many analogies that can be
made with common experience, though they arc all oversimplified. For
example, a train (electrons) making continuous round trips among scveral
stations (conventionally pictured electron positions) spends most of its
time somewhere among the stations, and if one were asked to draw a
picture representing an average condition on this railroad he might draw
several diagrams showing the train in each of sevcral locations and then
say that thc average condition is a combination of all the pictures. If
the electrons are considered moving too rapidly to be thought of as
individual particles but rather as a zone of charge, then this further analogy
is useful: an orange paint (the hybrid) can be made by mixing ycllow and
red paints (individual clectronic states).

As one example of a resonating molecule, ozone, Oy, contains two
oxygen—oxygen bonds which by clectron diffraction measurements are
shown to have equal lengths. If onc draws the electronic structure for
ozone completing an octet for each oxygen, however, the result is one
double and one single bond, which does not explain the experimentally
found bond length. By postulating resonance between two such hypo-
thetical structures onc says that their composite or hybrid structure is
capable of representing the facts.

0 o Qo
NN

FiG. 3-12. Two hybrid structures of ozonc. Curved arrows represent resonance by

electronic shifts in which electron pairs are moved to picture possible states which

contribute to the composite. A comma or a double-headed arrow 15 used between
the hybrids to indicate their interconvertability.

Chemists have used these ideas widely, particularly in the formulation
of organic reaction mechanisms that are explained on the basis of
resonating molecules and ions possessing special energy and structural
features.
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Partial Ionic Nature of Covalency

Between the extremes of electrovalency like Cs*F~ and covalency like
H:H is considerable room for transition, and most chemical bonds are
now known to have mixed characteristics. The resonance theory explains
this by showing the possibility of contribution by both covalent and ionic
structures to the hybrid structurc. Unless the compound is a binary
one of a group IA or IB metal and a halogen, oxygen, or sulfur, it is
conventional to represent it as a covalent molecule with the understanding
that the covalent bonds have partial ionic character.

H:Br: -— H* Br:
(a) (b)

FiG. 3-13. Two structures which help explain the properties of hydrogen bromide:
(@) covalent and (b) ionic. The H—Br bond is calculated to be about 90° covalent.

‘0

In water, the bond 1s broken and HBr becomes a strong electrolyte.

The Electronegativity Table

An aid in estimating the ionic contribution in otherwise covalent bonds
has been afforded by Pauling in his development of a table of electro-
negativities. These numbers, derived from measured heats of formation
but put on an arbitrary scale from 0.7 to 4.0, give the relative tendencies
of atoms to attract clectrons in a covalent bond. The following gencraliza-
tions and uses can be made of the compilation in Fig. 3-14.

(1) The larger the electronegativity value, ., the more powerfully that
atom attracts clectrons and tends to become a negative ion.

(2) The larger the diffcrence between the electronegativities of atoms
A and B, the greater is the ionic character of the bond. Pauling has
calculated that if the difference, x, — 2y, is zero units, the ionic character
is zero per cent; 0.2 units corresponds to 19, 0.6 7%, 1.0 2= 18%,.
1403200, 1.8 477, 1.9~50%, 2.2~ 61%, 2.6 ~74%. If the
bond is essentially covalent or ionic according to this, it is written accor-
dingly. Thus for sodium chloride, x, — .y = 2.1, indicating that the
compound is predominantly electrovalently bonded.

(3) The larger the clectroncgativity difference, 2, — .y, the greater
generally is the heat of formation of AB and the more stable is the
compound.

(4) An electronegativity of less than about 1.8 is a characteristic of
metals; amphoteric elements and hydrogen have a value of about 2 and
nonmetals have values above 2.
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H
2.1
Li Be B C N (0]
1.0 15 2.0 2.5 3i0 35 4
Na Mg Al Si |P S Cl
0.9| 1.2 1.5 18 |21 2.5 3.0
K Ca Sc Ti As Se Br
08 1.0 13 1.6 2.0 24 2.8

Rb Sr Y Sn Sb | Te I
08 10 13 1.718 |21 24

Cs Ba
07 09

| | |
0 1 2 3 4
Electronegativity scale

FiG. 3-14. Pauling’s electronegativity table. (Adapted by permission from Linus
Pauling, Nature of the Chemical Bond, Cornell University Press, Ithica, New York,
1944.)

Coordinate Covalence

A coordinate covalent bond is formed when one atom or ion (donor),
with at least two valence electrons not being shared, donates an electron
pair to another atom or ion (acceptor) capable of holding them. This
capability stems usually from an incomplete octet of valence electrons in
the acceptor. Once formed, this bond is equivalent to a covalent bond.
Examples and further consequences of coordinate covalence are given in
Chapter 4 (coordination compounds) and Chapter 5 (Lewis acid-base
theory).

Dipole Moments

Experimental evidence of electronic displacement in bonds and asym-
metric electron distribution in molecules is gained by the determination of
dipole moments, as pointed out in 1912 by P. Debye. The magnitude of
the dipole moment x4 of a bond A—B is dependent upon the electro-
negativities of A and B and is the product of either of the electronic
charges e and the distance / between them, 4 = el. Dipole moments are
approximately additive (vector quantities acting in the direction of the
bond) so that an unsymmetrical molecule will have a permanent dipole
(be a polar molecule), whereas a symmetrical one will not have a dipole
moment and will be a nonpolar molecule. Molecules of polar compounds



ELECTRONS, ATOMS, BONDS, AND MOLECULES 61

attract each other and hence show mutual solubility, and the pure sub-
stances have lower volatility than otherwise expected, since energy is
needed to overcome intermolccular attraction. Nonpolar molecules on
the other hand are usually more volatile and soluble only in other nonpolar
solvents.

Dipole moments are given in electrostatic units or in Debye units,
1 debye = 1078 e.s.u. Values of this magnitude for e-/ are realized
since the charge of the electron is 4.8025 x 1071°c.s.u. and the distance
I between atoms is about 108 cm. Methods for obtaining dipole moments
are given in physical chemistry texts.

TABLE 3-11. DiPOLE MOMENTS OF REPRESENTATIVE COMPOUNDS

Moment, M t,
Compound debyes Compound dzg;z;
H,0 1.84 HF 1.91
H,S 1.10 HCl 1.03
SO, 1.6 HBr 0.78
CH3;0H 1.68 HI 0.38
NH, 1.5 Co, 0.0
HCN 2.9 BCl, 0.0
H,0, 2.1 SnCl, 0.0
CgHg 0.0 CCl, 0.0

(a)

FiG. 3-15. (a) Random molecular orientation of polar molecules between uncharged

condenser plates. (b) Condenser is charged and molecules line up in the field, partially

neutralizing the plate charges and increasing the condenser’s capacity as measured by

the meter. The increase is related directly to the permanent and induced dipoles of
the molecules.
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Dipole Moments and Molecular Structure

The application of dipole moment data is chiefly that of molecular
structure elucidation. From what has been shown previously of hydrogen
bromide (Fig. 3-13) and carbon dioxide (Fig. 3-10), one can surmise that
HBr will have a dipole moment, since, due to the different electro-
negativities of H and Br, the clectrons in the bond are displaced toward
the halogen. In CO,, although electronegativity differences cxist the
molecule is linear, so that the vectors of bond moments cancel and zero
dipole moment is the result. Ammonia has a high dipole moment, indi-
cating that it does not have a plane triangle shape as does boron trichloride,
but instcad is tripod shaped with the threc hydrogens grouped toward
one side (Fig. 3-11).

The large dipolc moment of water shows that that molecule is angle or
wedge shaped rather than linear. The use of two p orbitals by oxygen
should result in a 90” angle between the bonds, but it is actually about
105° due to mutual repulsion of thc H's. It can be shown that the ions
of a salt are attracted to cach other 1/80 as strongly in water as in air,
hence in water they may be able to yicld to the attraction of the H,O dipole
and go into solution surrounded by solvent molecules. The ions are then
said to be solrated, and solution proceeds if the forces holding the ions in
the crystal (lattice energy) arc less than the forces of attraction between
solvent dipoles and ions (solvation energy). The latter is dircctly related
to the solvent’s diclectric constant. The somewhat positive hydrogen
side of the H,O molecule is atrracted by negative ions and the negative
oxygen side, with its unshared electron pairs is attracted by positive ions,
thus making water a typical polar solvent and an excellent one for salts.

A further result of the water dipole is its capability of promoting ioniza-
tion (dissociation) of essentially covalent molecules like HBr and HCI.
Bonds in these are partially ionic and break under the solvent’s dipole
influence. The resulting ions are then covered by a mantlc of solvent
molecules that hinders recombination and stabilizes the electrolytic
solution.

Hydrogen Bonds

The hydrides of the electronegative elements of the first period, NHj,,
H,0, and HF, have unusually high melting and boiling points when
compared with hydrides of their own families. For instance, the boiling
points of the hydrides of group VIA elements, H,O, H,S, H;Se, and H,Te,
are respectively 100 C, — 59.6 C, — 42 C, and — 1.8 C, and the question
is: why should the hydride with the lowest molecular weight require the
greatest amount of heat for vaporization? Thisis answered by considering
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that an electrostatic attraction exists between the unshared electron pairs
on an oxygen atom and the partially ionic hydrogens of an adjacent water
molecule. Such bonding creates groups of molecules held together by a
force not as strong as formal covalent or ionic bonds but stronger than
van der Waals forces. Each water molecule is capable of forming four
hydrogen bonds and grouping four other molecules about itself as two
electron pairs and two hydrogens are available. Since these bonds are
tetrahedrally distributed, one is, incidentally, able to account for the
tetrahedral crystal structure of ice. The high dielectric constant for water,
hydrogen fluoride, and hydrogen cyanide is also undecrstandable in that
hydrogen-bonded aggregates have a greater neutralizing ability on the
experimentally applied electrical field than do the individual molecules
derived from them.

Density measurements on HF vapor show the gas to be composed of
various associated molecules, (HF),. This and the fact that salts like
KHF, are well known are evidence of hydrogen bonding in fluorine
chemistry. A dotted line is used to designate this type bonding so the
trimer (HF); would be H—F - - - H—F - - - H—F and the bifluoride
ion, (F - -+ - H—F) .

PROBLEMS

1. Explain briefly by refercnce to the proper tables and figures:

(a) Which element has the configuration 1s2, 2s22p%, 3523p%?

(b) Why do the lanthanide serics elements all have a valence of + 3?

(c) What is the clectronic arrangement of Ca and Ca*? in the system used
in part (a) above?

(d) What is peculiar about the electron configuration for yttrium?

(e) Why is the clectroncgativity diffcrence in HCI greater than that in HI?

2. J. P. Slipshod is a man who forms a hasty opinion from little data and
has seldom been known to change his mind. Secveral of his observations follow.
How can you answer each?

(a) “The idea of electrovalence will not work because when oppositely
charged bodies like Nat and Cl- are brought togcther they discharge and the
result is zero charge on both.

{b) “The idea that a glowing piece of iron gives a continuous spectrum and
a sodium vapor lamp a discontinuous spectrum is wrong. The iron glows red
because its radiation is essentially all at the wavelength of red light.

(¢) “The silicon atom can be represented as 1s%, 25s22p8, 35*3p% The 3s
clectrons are paired and the 3p unpaired. With only two unpaired electrons,
the valence of Si can only be + 2, and whoever determined the formula of sand
and quartz to be SiO, had better check his figures.

(d) “Substances having the same electronic structure have the same size,
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since electrons in identical orbitals of different atoms have the same energy and
are the same distance from the nucleus. Thus the experimental measurements
that give the radii of Cl-, A, and K* (all of which have the electronic structure
2, 8, 8) respectively as 1.81, 1.54, and 1.33 A are obviously wrong. Their values
should be identical.

(e) “The notion that ions can’t have an independent charge greater than +3
is bunk. Otherwise how does onc explain Cr being +6 in CrO;2 and Mn
being +7 in MnOj, and how could one balance equations without valences?

(f) “The atomic radii of B, C, N, O, and F are respectively given as 0.80,
0.77, 0.74, 0.74, and 0.72. Anybody knows that can’t be right since each
succeeding clement has one more electron and hence must be larger. This also
holds for the supposed contraction in size in the rare earth series.

(g) “Some people think that clements in a horizontal period show an increase
in ionization potential with increasing atomic number because the electrons
are added at about the same distance from the nucleus, but the nuclear charge
is also increasing and holds ALL clectrons more tenaciously. This notion is
erroneous. Notc for instance that B has a lower value than the preceding
element, Be.”

3. From the electronegativity table:

(a) Predict the stability of BF,;, KBr, CI;, NI, and PI,.

(b) The heats of formation of several hydrogen halides are

H, + Cl,=2HCl + 44 kcal; H,+ Br,=2HBr + 25kcal; H, 4 I,=2HI 4 3kcal

Is this trend consistent with the table? Explain.

4. Write resonance forms for: (a) CO, showing the possibility of single,
double, and triple bonds () CO; showing why measurement of C—O distances
reveals that all are equal.

5. According to the electron notation used in Fig. 3-10, show the bonding
in sulfuric acid, (HO),SO,, and point out the covalent and coordinate covalent
bonds

6. From the table on dipole moments:

(@) Argue for or against the proposal that hydrogen peroxide is a linear
molecule with the structure H—O—O—H.

(b) Are the hydrogen halide values what one might expect by knowing the
electronegativities of these atoms? Explain.

(c) Can one determine whether the SnCl, structure is tetrahedral or square
planar from the table data alone?

(d) The boiling point of SnCl, is 114 C, and it is appreciably soluble in
organic solvents. Is this behavier expected ? .

(¢) Two resonance forms for nitrous oxide are —:N==N+=0: and

:NEN’f——éi:". Do these help explain why the measured dipole of N,O is
approximatély zero?

7. (a) Draw a series of simple diagrams showing how H,O dissolves NaCl.
Liquid ammonia is also a solvent that dissolves many salts, giving electrolytic
solutions. Explain how this is possible, and again picture the process.
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(b) Draw a picture of an ice crystal showing the arrangement of water mole-
cules as described in the last section of the chapter. Postulate why it ought to
be less dense than liquid water.

8. CdBr,, but not NaBr, is appreciably soluble in organic solvents having
low dielectric constants. What can one deduce about these salts? If one
had dilute aqueous solutions of both, which would conduct electricity better?
Explain.

9. Why doesn't a rare earth series or long period exist in the first two hori-
zontal rows of the periodic table?

10. Give the number of electrons in each shell of Li*, B3, Bet?, and C*.
Arrange these ions in order of increasing size and explain. Arrange them in
order of decreasing likelihood of independent existence. Explain.

11. Magnetic moments studies show that Cr!!! and Co'? have 3 unpaired
electrons; V'V has one unpaired electron, and Mn'!'! has 4 unpaired electrons.
Show the structures of these ions (as illustrated in the examples given on p. 38)
to account for the cxperimental measurements.

12. From Table 3-4 plot three separate graphs of atomic number (abscissa)
versus ionic radius; first for group IA ions, second for 11A ions, and third for
univalent VIIA ions. Explain the trend in cach plot.

13. Using a compass and a scalc of 1 A = 1in., draw circles to represent
the group IA and VIIA monovalent ions. Show how Lil and NaCl might
look as alternately packed spheres in a face of thesc salt crystals (the crystals
have cubic symmetry). Repeat for KBr and CsF.

14. Explain:

(a) How ionization potentials can be'used to determine valences of elements.

(b) The differences in electron structurc between main group and subgroup
elements.

(c) Whether a ncon or an argon lamp (which depends upon ionization of the
gas to give light) requires less voltage for starting, and why.

(d) On the basis of the size of the central element, why is H,PO, a stronger
acid than H,AsO,?

(e) Why is the dipole moment of O—C -O zcro but that of O -8~ O is 1.6?

15. (a) Plot a graph of clectronegativity difference versus “; ionic character
from data given in the section on the clectronegativity table. Extrapolate it
to determine the ionic character of the bond in LiF. Predict from this some
properties of lithium fluoride.

(b) Using this graph, calculate the % ionic character of the compounds listed
in problem 3(a).

16. Show formation of H,0 by the method of Fig. 3-11. Explain.

17. (a) Fajans’ rules have been stated in this chapter as conditions that lead
to formation of ionic bonds. Restate them as conditions for covalence and
briefly explain the reasons for each.

(b) In the series LiF, LiCl, LiBr, and Lil, the melting points are, respectively,
870, 614, 547, and 446 C. Is this expected from what was stated in (a) concern-
ing the effect of anion size on bond type?

(c) In the series NaCl, MgCl,, AICl,, and SiCl,, the respective melting points
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are 800, 708, 194 (4.2 atm.), and —70 C. Ts this trend expected from what was
given in (a) concerning the effect of ionic charge?

18. Plot a graph of atomic number (abscissa) versus first ionization potentials
of the elements from data in this book. Explain the positions of the group IA
and group O elements.

19. A device for analyzing O, in flue gases does so by continuously measuring
the magnetic susceptibility of the sample. This is possiblc because O, has two
unpaired electrons. Make a suitable drawing to illustratc the molecule.

20. (a) The boiling points of HF, HCI, HBr, and HI are 19.4, —85, —67,
and —35.5 C, in that order. Explain the trend.

(b) In the series He, Ne, A, Kr, Xe, and Rn, the boiling points show an
increase in that order. Explain why one expects this trend rather than that
shown in (a).

21. Representing last level electrons with dots, show formation of these
compounds from their atoms: MgF,, H,S, NCl,, LiBr, SO,, and SeS. Predict
the bonding in each.

22. (@) Predict which is more basic: Pb(OH), or Pb(OH),. Explain.

(h) Predict the trend in basc strength in the seriecs C(OH),, Si(OH),, Ge(OH),
Sn(OH),, and Pb(OH),. Give the basis for your predictions.

(c) Repeat (b) for the scries Ce(OH),;, Eu(OH);, Ho(OH),, and Yb(OH),.

23. Some forms of the periodic table list general oxide formulas that are
characteristic of vertical groups of elements. Fit these oxides to the proper
groups: MO, M,0, MO;, M,0;, MO,, and M,0;.

24. NO and NO, are paramagnetic but N,O and N,O, arc not. What can
you deduce concerning their structures?
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WERNER 10ONS
AND
COMPLEX COMPOUNDS

In 1891 Alfred Werner, a German chemist, began studies on coordination
compounds, the results of which were to open the large field of inorganic
structural chemistry, yicld important principles for understanding complex
substances, and bring Werner a Nobel Prize in 1913.

Early Experiments

Some of Werner's first experiments were with cobalt salts. He found
that cobaltous chloride in an aqucous mixture of ammonium chloride
and ammonium hydroxide gave a dark solution that yielded three ammo-
niated derivatives of air-oxidized tripositive cobalt. Chemical analysis
showed them to have the molecular formulas of («), (b), and (¢) below:

CoCl, + NH,OH + NH,,C]£“>C0C1a -6NH; + CoCly- SNHy 4 CoClg-4NH,
(a) (h) (e)
The products werc peculiar in these respects:

1. NH; could not be readily removed from any of them by reaction
with strong base. Werner concluded ammonia was somehow tightly held
since strong bases normally liberate weaker ones from their compounds.

2. Upon electrolysis of their solutions, cobalt and ammonia migrated
together to the negative pole while chloride went to the positive electrode.
This indicated that NH; must be attached to Co in some form of positive ion.

3. Compound (a) rcacted with three equivalents of Ag* giving threc
equivalents of AgCl precipitate and another compound, (d), which was

67
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shown to be Co(NOj);-6NH;. Both (a) and (d) had molal electrical
conductances corresponding to four ions, which was confirmed by freezing
point measurements (see Chapter 5). Compound (a) should then pre-
sumably be written [Co(NHj)g]Cl; to account for the observations. In
solution it must exist as [Co(NH,)]*?® + 3Cl~. Compound (d) should
then be [Co(NH,)}(NO,),.

4. Similarly, (b) was found to give three ions and (¢) only two ions in
solution. They were accordingly assigned the formulas [Co(NH,);CI]Cl,
and [Co(NHj,),Cl,]Cl.

Werner called these coordination compounds. Thousands of such
compounds are now recognized.

The Coordination Theory

From such experimental observations Werner postulated his coordina-
tion theory, which is now so well established as a unifying concept for
undersianding complex compounds that it is referred to as Werner's
principle. The main points are:

1. A number of metals, particularly among the transition elements,
have two kinds of valence and they hold (coordinate) about themselves
groups in two “spheres of attraction.” In the first sphere are those
groups directly attached to the metal ion. In the second sphere are
groups less strongly held. The central metal and its first sphere consti-
tutes one ion in solution; the second sphere contains the remaining ions.
Thus in the compound [Cu(NHjy),]SO,, the ammonia molecules are in the
first sphere, the sulfate in the second, and, in solution, the ions
[Cu(NH,),]*% and SO;* will be found.

2. Each metal is capable of coordinating characteristic numbers of
groups in the first sphere. Common coordination numbers are 2, 4, and 6.

3. The central metal is capable of coordinating neutral groups such as
NHj; and H;O as well as negative groups like Cl-, CN-, OH—, SCN-,
NO;z, F~, etc. The neutral groups do not contribute to the valence of
the complex but the negative ions do; for the salt K[CrCly(Hg0),],
K=+ 1, 4Cl- = — 4, 2H,0 = 0, so the oxidation state of Cr is (III)
to give the molecule neutrality.

4. Formation of complexes depends (as discussed later) upon the size,
charge, and electronic distribution of atoms present.

Nomenclature of Werner Complexes

The following rules are a simplified summary of the International
Union of Chemistry recommendations set forth in 1940.

1. The cation is named first, then the anion.

2. Coordinated groups which are negatively charged end in “o”;
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neutral groups have no characteristic ending. H,O is called aquo and
NH;, is ammine.

3. The order of coordinated groups both in writing and naming is,
negative groups, then neutral ones, as Na[CoCl(NHj),], sodium tetra-
chlorodiamminecobaltate(I11).

4. Prefixes denoting number are di, tri, tetra, penta, and hexa, respec-
tively, meaning 2, 3, 4, 5, and 6.

5. The central element’s oxidation state is designated by a Roman
numeral in parenthesis. If the oxidation state is zero, an Arabic (0)
is used.

(a) For complex cations, the number follows the element which is
named in its ordinary way: [Cr(H,0)]Cl; is hexaaquochromium(III)
chloride, and [CoBry(NH,),]NOj is dibromotetramminecobalt(III) nitrate.

(b) For complex anions, the numeral follows the name of the complex
which ends in “ate”: H,[PtClg], sometimes called chloroplatinic acid, is
systematically named (di)hydrogen hexachloroplatinate(1V), and
K,[Fe(CN)g], known as potassium ferrocyanide, can also be called
(tetra)potassium hexacyanoferrate(Il). In each of the last two systematic
names, either term in parenthesis could be omitted and the names would
still be unequivocal. Thus in the last, if 6 CN~ groups are coordinated
with Fe'l it is evident 4 K!’s are needed to complete the molecule.

6. The prefixes bis, tris, and tetrakis are used before names of complex
coordinated groups instead of di, tri, and tetra: [Co(en)y(NHj),]*3 is the
bis(ethylenediamine)diamminecobalt(III) ion.

7. The symbol 2 (mu) is used before the name of each bridging group in
polynuclear complexes. The name of [(NH;);Ni—O—O—Ni(NH;);]SO,
is decaamine-u-peroxydinickel(II) sulfate.

Some groups capable of being coordinated are: amido —NHj,
bromato —BrOj;, bromo —Br-, carbonato =0,CO~2, chloro —CI-,
cyano —CN-, fluoro —F, hydroxo —OH~, imido =NH"%, iodo —I-,
nitrato —ONOj, nitrito —ONO-, nitro —NOj, nitrosylo —NO, oxalato
=.0,C,0,, sulfato ==0,S032, thiocyanato —SCN-, and isothiocyanato
—NCS~. Many complex organic groups are also known and may act
as (chelating) organic reagents for reaction with and possible detection of
the central metal. See Chapter 12.

Complexes in the Qualitative Analysis Schemes

The immediate purpose in developing some background in Werner
chemistry is to enable one to understand and appreciate the role of complex
formation in the laboratory procedures. The types iisted below will be
encountered.

(1) Hydrated ions, or aquo complexes, are the rule in aqueous solution,
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and water may be held tightly enough to crystallize with the salt as water
of hydration. Sometimes the hydrate formula gives the coordination
number of the central ion; beryllium compounds, for example, are almost
invariably tetrahydrated, suggesting that correct representation would be
like [Be(H;0),]S0,.

(2) Ammonia complexes are called ammines. Ag!, Cull, Cd!l, Nill,
Zn'", Co'l, and Co!"" are ions forming ammines in the analysis described
in later chapters. Separations of cations can be effected by means of
complex formation. For example, insoluble Bi(OH), forms with aqueous
NH,, while copper and cadmium in the same solution give the soluble
complexes [Cu(NHy),]'2 and [Cd(NHjy),]t2. The deep blue color of the
tetramminecopper(ll) ion simultaneously identifies that metal in the
sample.

(3) Sulfido complexes are numerous in the second cation scheme where
Hg'l, As", AsY, Sb!T, SbY, Sn'!, and Sn'v form soluble sulfides like
AsS3?® and HgS;? in alkalinc solution, while other group-2 metal ions do
not. A separation based on this fact is used.

(4) Hydroxo complexes are always possible in basic solution. The
amphoteric cations of groups 2 and 3 form hydrated oxides that dissolve
in excess strong base duc to the formation of hydroxo ions such as
Sb(OH);, AI(OH);, and Zn(OH);2.

(5) Cyano complexes arc the basis for a Cu—Cd separation (see group 2)
and for the identification by color of both ferrous and ferric iron (see
group 3). Typical ions are Cd(CN);2 and Fe(CN);4.

(6) Halo complexes are present in halogen acid solutions of metallic
ions, such as CuClI;2, SbCIg®, AICIg, etc. Except for fluoro complexes,
they usually dissociatc upon dilution with water.

(7) Other anions capable of being coordinated and which are used in
analysis include oxalato as Fe(C,0,)33, thiocyanato as Fe(SCN)*2, tartrato
as Cu(C,H,04);2% and nitro as Co(NO,)g3.

Ionic Radii and Complex Formation

The metal ions that best coordinate groups around themselves are those
with a small radius and large charge. The ratio, chargeionic radius is some-
times called the charge density. Stability of complexes is roughly propor-
tional to this \alue, though other factors are also important. If this ratio
is greater than approximately 2 (charge measured in electronic units and
radius in Angstrom units. A) the possibility of complex formation is good.

Sidgwick-—¢“The Effective Atomic Number”’

It seem~d logical that valence characteristics of the central metal ion
should be related to its coordination number but in Werner’s time little
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TABLE 4-1. CHARGE TO RADIUS RATIOS OF SOME METALLIC IONS

Ion RadAlus, Charge/Radius Remarks
K* 1.33 0.71 No complexes
Hg!! 1.10 1.8 Few complexes
cd't 0.97 2.0 Sevcral complexes, ions hydrated
Zn!! 0.74 2.7 Generally complexed, ions hydrated
Coll 0.72 2.8 Generally complexed, ions hydrated
Ni!! 0.70 2.9 Generally complexed, ions hydrated
Fe''', cr!!' | 0.64 4.7 Always complexed, ions hydrated
Co'll 0.62 43 Always complexed, ions hydrated
PtV 0.64 6.2 Always complexed, ions hydrated

was known about chemical bonding, and his pure assumption of two
bonding “spheres™ was the most qualitative aspect of his theory. It is
now known that the first sphere is formed largely by coordinate covalent
bonding as each coordinated group is capable of electron pair donation;
the second sphere is held by electrovalence.

The first working approach for correlating clectronic configuration and
coordination number is credited to N. V. Sidgwick (1926). Consider the
cobalt atom and its tripositive ion for example. The atom (at. no. 27)
has 2 electrons in the K level, 8 in the L, 15 in the M, and 2 in the N. The
ionhas2in the K, 8in the L, and 14 in the M. If the ion were to coordinate
6 :NHj, each ammonia has an unshared electron pair and would furnish a
total of 12 clectrons to the inner coordination sphere, enough to complete
the 18 electron M orbit as well as re-establish and fill the N orbit with
8 electrons.  This gives the closed krypton configuration of 36 electrons,
a number referred to by Sidgwick as the ion’s effective atomic number or
E.A.N. Fitting this idea are Zn'' and Cu' which coordinate four groups
to give the krypton structure, Fe!' coordinating six groups to give the
same structure, and Pd'V which takes six groups to add 12 electrons and
give the xenon arrangement. Some exceptions are Cr!ll, 6-coordination
and E.ANN. = 33, Fe''l, 6-coordination and E.A.N. =35, and Nill,
6-coordination and E.A.N. = 38. These exceptions were never satisfac-
torily dealt with by the Sidgwick theory, however, and it wasn’t until
after the development of quantum mechanics that a better explanation of
the linkage in Werner ions was possible.

Pauling—The Quantum Mechanical Interpretation

L. Pauling and others have extended the Sidgwick theory by means of
magnetic susceptibility data and a quantum mechanical interpretation
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(Chapter 3) to give us our best ideas of bonding in transition metal
complexes.

Ton 1s 2s 2p 3s 3p 3d 4s 4p
(1) Fe*? OO ® OO0 O OO0
(@) Fell e same OO0 O OO
(3 Fe(CN);* same - OO0 ©®

FiG. 4-1.  Ferrous ion (1) showing four unpaired electrons, followed by rearrangement
(2) and complex formation (3) in which all electrons are paired. Dots represent iron
electrons, x's those contributed by six CN - groups.

For example, FeCl, has a measured magnetic moment of 5.23 Bohr mag-
netons, indicating four unpaired electrons. The compound K,[Fe(CN)g],
however, has no moment, indicating a pairing of all electrons.  Ferrous ion,
Fig. 4-1 (1), has two paired and four unpaired 3d electrons. If it is
assumed that the unpaired ones pair up in the first three 3d orbitals,
Fig. 4-1 (2), then six groups each carrying an available electron pair can
coordinate with this metal ion. Quantum mechanics has shown that six
equivalent bonds can be formed from the two 3d, the single 4s, and three
4p orbitals, and further that the new bonds are directed spatially to the
corners of a regular octahedron. X-ray evidence has proven this geometry
in 6-coordinated complexes which are bonded by d2sp®* bonds. The final
structure of a cyano complex is seen to be the closed krypton configuration
which is expected and found to be diamagnetic.

Metals in the first transition series (sometimes called the iron group)
have small energy differences among the 3d, 4s, and 4p orbitals (Fig. 3-5),
and thus these orbitals can be combined in bonding. Transition metals in
the second periodic row (the palladium group) use the 4d, 5s, and Sp
orbitals, and the transition elements of the third horizontal row (the
platinum group) use combinations of the 5d, 6s, and 6p orbitals, which are
also roughly energetically equivalent. The combination d%sp® always
means an octahedral configuration.

By the same methods, zinc ion (at. no. 30) can be shown to contain no
unpaired electrons, its complexes with 4-coordination have the krypton
arrangement and the compounds are diamagnetic. Available for holding

* This means two d, one s and three p orbitals are hybridized giving six equivalent
electron pair bonds. Table 34 gives the electron arrangements of atoms.
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the eight electrons donated by the coordinating groups are one 4s and three
4p orbitals. The geometry of sp? hybridization is tetrahedral.

Ton 1s 2s 2p 3s 3p 3d 4s 4p
(1) Zn*? ONO) ® OO0 O OO0
@ ZnOH;?| «— same ®

FiG. 4-2. Zinc ion (1), and sp® bonding in a tetrahedral 4-coordination hydroxo
complex (2).

The situation in cupric compounds is a little different in that cupric ion
has a magnetic moment associated with one unpaired electron as do its
4-coordination complexes. X-ray cxamination indicates that cupric
complexes are planar meaning that bonding other than sp? described
above, is in effect. This has been shown to be dsp? as follows. Cupric
ion has eight paired and one unpaired 3d electrons, Fig. 4-3 (1). In-

Ton s  2s 2p 3s 3p 3d 4s 4p

e 1O O OO0 O OO0 COEOO O OO0
@ cu" -~ -— -came — —— O OO
—= ®

@) cux;? - game-

FiG. 4-3. Formation of a square planar cupric complex with dsp? bonds.

stead of utilizing the 45 and three 4p orbitals, leaving the unpaired electron
in the 3d state and giving the tetrahedral sp® bond type, the odd electron is
promoted from its original state to a 4p orbital as in Fig. 4-3(2). The
cight electrons of the incoming 4X:~ groups occupy the vacant 3d, 4s,
and two 4p orbitals. Bonds of the type dsp® give a square planar structure.
The observed magnetic moment for [Cu(NH;),]SO, is 1.82 and that
calculated for the compound on the basis of one unpaired electron is
1.73 Bohr magnetons.

There are many combinations of orbitals known, resulting in various
numbers of bonds and geometrical distributions of groups around a
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central atom. The bonds which usually form are those having minimum
energy (greatest strength), and not infrequently these are hybrid bonds.
In addition, the size of coordinating groups and of the central metal is
also a factor, maximum coordination number being favored with small
groups. Maximum stability of complexes is found within certain ratios
of sizes of the atoms present. These points are summarized for several
cases in the following table.

TABLE 4-2. CoMMON GENERAL TYPES OF WERNER IONS

Coordina- Radius
Ion Central Metal tion Bond Geometry Ratio
Number M/X*
MX, | Ag!, Hg!l, Au! 2 sp Linecar =~ 0.0
MX, i Ni'l, Cull 3 sp? Triangle planar | °. 0.15
MX, , Cull, Zn,'l Ni'l, 4 dsp®* | Square planar .- 0.41
Ag”, Au'“, pdll,
L pgll
MX, i Cul, Ni'l, Al'll, 4 sp® Tetrahedral 2022
anl’ Cd“, Hg“,
Sn'V, AsY
I
MX; : Col'!, Coll, Nilt, 6 d%p® | Octahedral . 0.41
Fc“'. Fc”. Mn“l,
San All“,Sb[“,
AS“"
MXg | Os!Y, W!V Mo'Y, 8 d®sp*t| Antiprismatical | . 0.65
! Zrlv
|

* M stands for the central metal ion and X for the coordinating group. In the
column below, the symbol - is read “equal or greater than.”
t Of the nine orbitals, only eight arc used for bonding.

The most frequently encountered types from Table 4-2 are:

1. Linear 2-coordination is illustrated by [H,N:— Ag<«—:NH,]' in
group 1 cation analysis and its formation accounts for the solubility
of AgCl in NH,OH. In like manner, when sodium thiosulfate (““hypo™)
is used in photography to wash unreacted silver halide from film.
[055S:— Ag «—:SSO,]-2 is the soluble complex formed. In cyanide
plating baths or the process for dissolving gold and silver in cyanide ore
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treatment [N==C:— Ag<«—:C=N]- and [N==C:— Au<«:C=N]- are
products. In these formulas, arrows represent coordinate covalent bonds.
2. Planar 4-coordination is illustrated below in the tetraiodomercury(Il)
ion. See test 19-9 (b) for a preparation of K,[Hgl,].
3. Tetrahedral 4-coordination is pictured below for the hydrated zinc
ion. The sp® bonds are directional to the corners of a regular tetrahedron.

I;: ————— ;II —a Hs0 +2
i

I | T | VA
| ! LT \
" Hg l o J,_v”g":' B // \ \\
A N I -— =L VA AN
! | H,0:="===\"=="=={0H,
1./ el ~. N7
e S\

(a) (5) H30"

FiG. 4-4. (a) Two representations of a planar ion. (h) A tetrahedral ion. Dashed
lines show the symmetry of the figures; arrows show coordinate covalent bonds.

4. Octahedral 6-coordination can be shown in several ways as indicated
in the figure.

NH,
NH;
H4N; :NHg
: Cr | ;
HaN: -—-’NHJ
+3
NH,

FiG. 4-5. Two ways to show the geometry of an octahedral jon. Designation of
bond types is omitted for simplification.

Isomerism in Werner Ions

One of the convincing features of the Werner theory was its ability to
predict the possibility of isomers, just as the electron orbital idea was
later able to predict the geometry of ions from a knowledge of the bonding
orbitals that were used and their spatial orientation. Isomers are sub-
stances with the same molecular formula but different arrangements of
atoms. Isomerism was well known in organic chemistry (CH;—CH,—OH
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= ethyl alochol, and CH;—O—CH, = dimethyl ether, two distinctly
different, stable, C,HzO compounds), but Werner was the first to apply the
same thinking to inorganic chemistry.

1. Ionization isomerism rtefers to isomers that give different ions in
solution because of their inclusion in either the tightly held coordination
sphere or the readily dissociated second sphere. Two such isomers are
[CoCly(NH,),]Br and [CoCIBr(NHy),JCl. The first will give yellowish
AgBr with Ag* in solution, whereas the second will give white AgCl.

2. Manner-of-attachment (salt) isomerism is the result of isomeric forms

of certain polyatomic ions coordinated with the metal in different ways.
Thus nitrite (a) and nitro (b) are isomeric and will give different series of
salts:
il
(@) —O—N—0 (b) ——N\O
These happen to be interconvertible with the nitro group, the more stable
form. “Sodium cobaltinitrite™ as prepared in Test 19-7 (b) is a nitro
compound.

Moo 0 N i
Pt Pt . Pt .
Cly— - —- \~~v~:gl:
I S I N
(a) cis (b) trans (c)

F1G. 4-6. 1In this example the square planar structure can have two forms and the

tetrahedral only one. Since dichlorodiammineplatinum(I1) is known in two forms, its

geometry is planar. The bonding in Pt!! complexes is dsp?, which is calculated to be
planar. Structure (c) is therefore incorrect for the ion.

NH;

+
NH,4
HyN: ..
:(.:'l:

cis
form

NH,

FiG. 4-7.  An example of cis—trans isomerism. The chlorines are the reference atoms.
The solid lines are used to show the symmetry of the ions.
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3. Geometrical isomerism is also called cis-trans isomerism. It can
occur with octahedral 6-coordination (complexes like MX,Y,) and planar
4-coordination (complexes like MX,Y,). The cis isomer has two refer-
ence groups adjacent to each other, the frans form has the groups
opposite.

Chelate Compounds

Any complexing group capable of being a donor of two or more electron
pairs is called a chelating agent, and the substance formed is called a
chelate. The attachment is again by co-
ordinate covalent bonds and the atoms

(0]
best known for electron sharing in chela- Il -
tion are oxygen, nitrogen, and sulfur. If O/C CH,
a chelating group attaches in two positions ﬁ
in the coordination sphere it is called a (o AT’
bidentate group (literally, having two teeth). ) Ny “;7/";'“\
Tridentate, tetradentate, pentadentate, and % Ca = /CH2
. (g N7
hexadentate groups are also known. Ring 0==-—- 7N CH;
formation is a characteristic of chelation, \c - \CH
TV 2
and the bond angles of common atoms o’ o /
like C, O, N, and S in chelating groups \C%O

favor 5- and 6-membered rings. The pre-
sence of chelates is detected by («) isola- Fic. 4-8. Hexadentate chela-
tion and analysis of pure compounds tion of Versene with Ca'%. The
(b) changes in color (c¢) low conductivity, dashed lines are used to aid in
and (d) low solubility in water but high "o%insthe octtf:)hedml configura-
solubility in organic solvents. Chelates o
are useful in analytical chemistry (see
Chapter 12 on organic reagents), in softening water, washing up arcas
contaminated with radioactive salts, ctc. Natural chelates such as
chlorophyll and hemoglobin are also known.

A compound of recent practical interest is ethylenediaminetetracetic
acid,*

o) 0
I .. .. |
(HO—C—CH,);—N—CH,~-CH;—N—(CH;—C—OH),.

It powerfully complexes divalent metals and is used in titrating Ca*2 and
Mg+? in water analysis, in dissolving scale from boilers, etc. It can be
tetradentate or hexadentate; the latter is illustrated.

* Two trade names are Versene and Sequestrene. Several derivatives of the acid
have also received attention.
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Stabilization of Oxidation States

Complex formation can stabilize oxidation states of metallic elements
that normally cannot exist in aqueous solution. For instance Co!'l and
Co!V are powerful enough oxidants to liberate O, from H,O, but their
ammine derivatives are stable in water solution. The chemistry of such
unfamiliar oxidation states as Cu'l!, Ag!', Agl!l, Cr!!, Mn!, etc., has been
conveniently studied in the presence of complexing agents.

Lattice Compounds

Werner compounds involve definite chemical bonding between the
central ion and the groups in the coordination sphere, and the resulting
complex ion is largely retained in solution. There is a general class of
substances known as lattice compounds which from their composition
might be taken for coordination compounds but which should be catalogued
otherwise. Most inorganic lattice compounds are double salts, so called
because two salts (plus water frequently) crystallize together in definite
molecular ratios to form a stable, symmetrical crystal lattice. Such
compounds disappear upon dissolution, however, and all possible ions
are free to give their characteristic reactions.

Other Complex Inorganic Compounds

There are many complex inorganic substances, but by comparison to
large molecular weight organic compounds they are less numerous. Three
examples are given below.

1. Polynuclear Werner salts are those containing two or more metallic
ions with some coordinated atoms held in common.  Basic salts generally
belong to this class; basic lead carbonate, PbCO,- 2Pb(OH),, for example,
is better represented as

H H
0 0.

Pb{  *Pb¥ b |CO,
o” "o
H H

2. Poly acids are formed by combination of acid anhydride molecules
such as V,05, M0O;, and WO, with another acid that furnishes a central
ion for the establishment of a complex anion. If only one kind of
anhydride molecule is present, the compound is called an isopoly acid; if
more than one, it is a heteropoly acid. These substances are quite complex
and capable of wide modification under different experimental conditions.
See Chapter 20 and test 22-16 for some specific examples.

3. Silicates can be thought of as polymers in which oxygen atoms
are coordinated octahedrally around dipositive cations like Mg+? or



WERNER IONS AND COMPLEX COMPOUNDS 9

tetrahedrally around Si'V or Al''l. These are of interest because of
the prevalence of silicate minerals.

PROBLEMS

I. (Library) There is a generalization which states that in many Werner ions
the coordination number is twice the central element’s oxidation state. From
a reference book, list a number of examples both supporting and contradicting
this, and give your conclusions.

2. The ionic radii of several metallic ions are V!l = 0.66, TilV = 0.68,
Be'' = 0.31, Ba'' = 1.35, and Rb! = 1.69 A. Calculate the charge densities
and predict whether or not each is prone to complex formation and hydration
in solution. How many groups will probably coordinate with each?

3. [Co(NH;)e}*? is more stable than [Co(NHj),I*2 (the latter liberates H,
from H;0). Explain the stability difference by both the Sidgwick and Pauling
methods. (For the latter, the odd electron of Co!l is promoted to the 4 state.)

4. Dipositive nickel may under different conditions give either square planar
or tetrahedral 4-coordination. As in Fig. 4-1, show the electronic distribution
and the orbitals used in bonding from the following hints: (a) assume that in
the planar configuration, two unpaired 3d electrons of Ni+? pair up leaving one
open 3d orbital, and (b) whereas the planar ion is diamagnetic, the tetrahedral
ion is paramagnetic to the extent of indicating two unpaired electrons.

5. (a) (Library) In a dictionary find the definition of the word chela and
relate to the action of chelating groups.

(b) (Library) Look up the definition of sequester and explain why Sequestrene
is a descriptive trade name for ethylenediaminetetraacetic acid.

(c) A sodium salt of ethylenediaminetetraacetic acid was suggested once as
an internal medicine for dissolving gall stones. Explain. (It required too
high a pH to be valuable, however.)

6. There is a generalization that says that those metallic ions already having
a rare gas configuration tend not to form Werner ions. Cite several specific
examples.

7. [W(CN)gl is a stable complex ion; explain this by means of the effective
atomic number idea.

8. Four octahedrally coordinated isomers of CrCl,-6H,O are known. Draw
structures from these descriptions: (a) gives 4 ions in solution (b) gives 3 ions
(c) gives 2 ions and has a cis configuration, and (d) gives 2 ions and has a rrans
configuration.

9. Interpret the following: (a) CoCl,- SNHj- H,0 is not dehydrated at 30 €
over a drying agent but from its solution, Ag* precipitates three equivalents of
AgCl

(b) A certaincompound is known to contain platinum, ammonia, and chlorine.
When 125.0 mg of it are boiled with a solution of strong alkali, the compound
slowly decomposes. The liberated ammonia is absorbed in boric acid and
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requires 11.25 ml of 0.1097 N HCl to titrate it (se¢ Ammonium, Chapter 19).
The residue of platinum in the main reaction flask is washed, filtered off, dried,
and found to weigh 60.3 mg. In a separate experiment, a 10~ m solution of
the compound has a molal conductance of 265 (sce Tablc 5-3). Show that
correct interpretation of this data leads to the conclusion the compound is
dichlorotetrammineplatinum(IV) chloride. Write the structural formula.

10. Name the Werner compounds: Na[Sb(OH)sl, (NH,),[Sn(OH)l,
K,Na[Fe(CN),], [AI(OH);(H;0),], and [NiCl,(NH,),]Br.

11. (Library) Find the structure of (a) hemin and (b) chlorophyll. Copy them
and explain why they are chelates. (c) Find reference to clathrate compounds.
Define the term and give an example.

12. (Library) Find reference to the following types of water of crystallization:
(a) constitutional (b) coordinated (c) anion (d) lattice, and (e) zeolitic. Define
the terms and give an example of each. The listing here is in the order of
decreasing stability. Can you offer any reasons for this order?

13. How could one chemically distinguish among potassium chromium alum,
hexamminechromium(IIl) sulfate, and potassium disulfatodiamminechromate
(1n?

14. Predict which member of the following pairs will be more stable and tell
why: (a) Na,[HgCl,} or Na,[Hgl,] (b) Na,[NiClg] or Nay[NiCl,].

15. Show electronically that [Co(NHj)s]*2 is expected to be octahedral
because of d2sp® bonding.

OO0
I

16. The oxalato group —O—C—C—O— is bidentate. Draw the octahedral
trioxaltoiron(lIl) ion. Draw the isomers of dichlorodioxalatoiron(1II) ion.
Explain why a radiator cleaner sold for rust removal contains oxalate.

17. Converted to standard temperature and pressure, it is found that 56 cc
of ferric chloride vapor weighs 811 mg. Calculate the mol. wt and postulate
a structure for the compound.

18. (a) [Cd(NH,),]** has no magnetic moment. Give the electronic con-
figuration and draw the ion with its correct geometry. Explain your choices.

(b) [Cr(NH,)e]}'® has a moment associated with three unpaired electrons and
the complex is octahedral. Give the electronic structure, and indicate the
orbitals used in bonding.

19. A solution contains palladium, ammonia, and chloride. Analysis shows
that there is 0.1 g atoms of Pd per 100 ml and that the ratio of Pd to Clis 1 to 4.
Addition of 100 ml of 0.4 F AgNO; to 10 ml of palladium solution gives a
precipitate of 20 mmoles of AgCl. Addition of 10 ml of 0.2 F HNO; to another
10 ml portion of sample gives a solution 0.1 F in H*. What can one deduce
concerning the original solution?

20. When 3.27 g of the compound NaF- CoF; are dissolved in 100 g of H,0,
the solution’s freezing point is found to be —0.60 C. In an electrolysis of the
solution at room temperature, the cobalt concentration (as measured visually
by depth of color) increases around the positive electrode. What can one
surmise ?
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ACID-BASE THEORIES

AND

THE ELECTRICAL CONDUCTANCE
OF ELECTROLYTES

Early Theories of Acids and Bases

The theories developed to explain and correlate the behavior of acids
and bases date back to the alchemists. Thosec early chemists recognized
such substances as chemical opposites in that interaction caused a mutual
loss of characteristic properties. They also noted that acids tasted sour,
changed the colors of plant extracts (the first indicators), etched metals,
dissolved some minerals, ctc., but, since little was known about chemical
composition, it was not until the early part of the nineteenth century that
quantitative statements could be made.

Before 1814 it was believed that all acids contained oxygen, but in that
year the English electrochemist H. Darvy provided a method for compound
decomposition with new cxperimental techniques. He showed that
electrolysis of HCl solution gave only H, and Cl,, and from further experi-
ments on H,SO, and HNO; guessed that, since hydrogen was the only
element common to all the acids, it might be responsible for their acidic
properties.

In 1835 the German chemist J. Liebig conducted a number of tests to
show acid action on metals and concluded that since Hy was released, and
compounds were formed that contained the metal, acids should be defined
as agents containing hydrogen replaceable by metals. In a continuation
of electrical experiments in the same year by M. Faraday, that famous
English chemist found that most acids and bases give electrically conducting

82
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solutions that can be decomposed by direct current. He coined the
word electrolyte for substances yielding conducting solutions.

In the following years electrolytes and electrochemical phenomena were
extensively investigated and it soon became apparent that two kinds of
electrolytes existed. There were those that showed weak conductivity
and those that showed strong conductivity. Furthermore, the weak
electrolytes were noted to exhibit a gradual increase in conductivity with
dilution, whereas the strong electrolytes demonstrated excellent conduc-
tance at almost any dilution.

Arrhenius

It wasn't until the period 1883-1887, during which S. Arrhenius
developed his theory of electrolytic dissociation, that a unifying idea was
able to explain most of the observations. The Swedish chemist proposed
that in water solutions, strong clectrolytes (strong acids and bases and
most salts) exist largely as charged particles called ions rather than as
molecules. These free moving ions are capable of carrying current, and
move toward the oppositely charged electrodes during electrolysis. His
conclusions were based partly upon experiments he had made of the
freezing points of solutions of electrolytes in which it was noticed, for
example, that an HCI solution gave about twice the expected freezing
point lowering and Na,SO, about three times the expected effect. This
meant that more particles were in solution than was obvious from the
molecular formulas.

Arrhenius therefore defined acids as substances of the type HX dis-
sociating in aqueous solution to yield H* and X—, bases like MOH as
substances giving M+ and OH~, and neutralization as the result of these
ions combining:

HX = HF 4+ X~
MOH = M+ 4 OH-
H* 4+ OH~ = H,0

He visualized that these ions would be separated by a polar solvent
like H,0, since coulombic forces between ions is low and further, that
increasing dilution should encourage ionization since the ions would
become more independent. This concept satisfied all observations on
weak electrolytes admirably and is still held today. Hec showed by
electrical conductivity methods (special experiment 1 and Table 23-1)
that the conductivity of an equivalent weight of a weak electrolyte increased
gradually with dilution and reached a maximum value in very dilute
solution, at which point presumably all molecules of solute had dissociated
into ions.
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When Arrhenius applied the same experimental methods to strong
electrolytes he ran into trouble, however. For instance he found from
conductivity and freezing point data that 0.1 M HCI is apparently 899,
dissociated, 0.01 M is 969, and 0.001 M is 989,. He never did explain
the basis for the differences in the two types of electrolytes and could not
therefore answer the question: why aren’t strong electrolytes always
1009, dissociated? The dilemma was finally solved 35 years later by
Debye and Hiickel, but this does not detract from the insight and original
thought he gave the problems. Briefly, the Arrhenius contributions are
these:

(1) Explained why compounds in solution conduct clectricity.

(2) Gave consideration to the role of polar and nonpolar solvents in
aiding or hindering dissociation.

(3) Explained the results of clectrolysis experiments: ions migrate to
electrodes of opposite sign.

(4) Permitted characterization of compounds on the basis of the
maximum conductance their ions give at a dilution when further addition
of water gives no further dissociation (“infinite dilution™).

(5) Formulated an explanation of why solutions of strong electrolytes
give abnormally large changes in boiling and freezing points and osmotic
pressures (since these colligative properties depend upon the number of
particles in solution).

(6) Showed that compounds that can give several ions in solutions will,
in the case of weak electrolytes, dissociate in steps:

HyPO, = H' + H,PO; (5-1)
H,PO; = H* 4+ HPO? etc.

This also accounted for neutralization of one or more H* by stepwise
titration with base and for the formation of salts such as NaH,PO,, etc.
(7) Explained why solutions containing a given ion all have reactions
characteristic of that ion. Thus, both NaCl and HCI solutions give a
precipitate of AgCl with Ag*, but HCIO, does not since its dissociation,
HCIO; = H* 4 CIOg, gives no Cl-. CCl, also gives no reaction with
Agt because it is a nonelectrolyte. Carrying the last illustration a step
further, if CCl, is a nonelectrolyte, then chloroform CHClI, is by analogy
expected to be a nonelectrolyte and hence not acidic, which is the case.
(8) Formed a foundation for the treatment of weak electrolytes by mass
action law (Chapters 6 and 7) by picturing them in solution as a mixture
of undissociated molecules and ions, the latter increasing as the solution
is diluted. Acetic acid as a typical compound is therefore correctly
described by, HAc < H* + Ac- (5-2)

Molecul¢s Ions
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Recognition of Interionic Forces

Strong electrolyte interpretation was reconsidered by three investigators
in the period 1900-1912. S. Jahn surmised that sincc ions in solution are
charged particles, unlike charges will attract each other and perhaps
decrease the over-all conductance efficiency.

G. N. Lewis showed that because of interionic attractions and repulsions,
corrected concentrations should be used in calculations. He called these
effective concentrations, or actiities, and their use is the basis for refined
treatment today.

G. B. B. M. Sutherland, in similar work, attempted mathematically to
define three forces at work in solutions that complicate affairs by tending
to immobilize ions: (a) ion-solvent attraction (b) ion-ion attraction and
(c) solution viscosity. His results were only semiquantitative, however.

Although none of these men gave a complete explanation of the charac-
teristics of electrolytic solutions, their contributions greatly aided their
successors and some parts of their thinking are still retained.

Debye and Hiickel

As will be explained in Chapter 13, the development of X-ray diffraction
in the decade 1912-1922, which made structural chemistry an exact
science, gave chemists the data needed for continuation of many problems
P. J. W. Debye and E. Hiickel (1923) began with the knowledge from
X-ray study on salts that both solid and gaseous NaCl is composed
exclusively of ions Na* and CI~ and is to be considered 100 %, ionic at all
times. Whereas Arrhenius had thought the situation to be one of
equilibrium between undissociated molecules and ions (which is true for
weak electrolytes), as NaCl = Na' 4 Cl~, Debye and Hiickel proved
that in solution the picture is better given by

Na+Cl- = Na* 4 CI- 5-3)

The left side specie is sometimes called “bound ions™ to signify decreased
mobility by interionic attraction, and the right side, ‘/free ions,” meaning
those far enough apart to behave as individuals.

Bronsted and Lowry

With weak electrolytes explained by Arrhenius, strong ones by Debye
and Hiickel, and in the meantime considerable information on chemical
bonding having become known, attention was turned to refining acid-base
generalizations.

J. N. Bronsted and also T. M. Lowry (1923) recognized limitations in
defining acids and bases simply in terms of H* and OH~ because closely
related phenomena were not correlated. For example, although HzPO,
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was called an acid, its ion, H,PO}, which also could give H*, was not
always classed as an acid, nor was it classed as a base when it combined
with H* to reform H,PO,. Accordingly they defined an acid as any
substance which can donate a proton (H'), and a base as any substance
that can accept a proton:

Acid = H* + base

HCl = H* 4+ CI- (5-4)

H,PO; = H* + HPO? etc.

In an aqueous solution of an acid the base is HyO, whose unshared
electron pairs make it capable of holding the proton. The typical
system is an equilibrium in which two bases compete to the extent of their
base strengths for protons from the two acids present:*

HC1 4 H,0 = H,0" + CI~ (5-5)
Acid 1 4 base 2 = Acid 2 4 base 1

In Bronsted nomenclature, acid 1 and base 1, and acid 2 and base 2
respectively constitute two conjugate pairs, the members of each pair
differing only by an Ht. Acids may be cations like HyO*, anions like
HSOj7, and molecules like HAc in this system, since any of these can give
protons. Substances like HSO, may be acidic in a basic environment or
basic in an acidic environment and are said to be amphiprotic or are called
ampholytes.

Acid-base strengthst are capable of comparison by the Bro