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Abstract

A New View of Current Acid-Base Theory: Experimental
Verification and Reconciliation of Br#dnsted-Lowry, Lewis,
and Usanovich Theories
by
Allen Carl Rychtman

Adviser: Professor Harmon L. Finston

The history and development of acid-base concepts from
ancient times to the present is critically reviewed, and the
Arrhenius, Brgnsted-Lowry, solvent systems, Lewis, and
Usanovich acid-base theories are discussed in detail.
Although the Brgnsted-Lowry and Lewis concepts presently
predominate, the most inclusive theory is that of Usanovich,
in which oxidation-reduction processes are explicitly
regarded as acid-base reactions, and careful examination of
the protonic and electronic theories reveals support for a
strong connection between acid-base and oxidation-reduction
chemistry. However, the Usanovich theory offers no experi-
mental evidence to substantiate this idea, nor does it
suggest a general mechanism or specific, structure-dependent
phenomena by which oxidizing and reducing agents manifest
their respective acidic and basic tendencies that is compar-
able to protolysis in the protonic theory and to coordination
in the electronic theory. |

The hypothesis that oxidizing agents are acids was

tested by applying conventional methods of measuring acidity,

-
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namely, pH and other potential measurements, and acid-base
titrations, to aqueous solutions of oxidizing agents.

Dichromate ion (or, more correctly, the dichromate-
bichromate mixture) behaves like a weak acid in aqueous
solution and apparently decreases pH only slightly with
increasing concentration, but this visible change is only
a small fraction of the actual increase in acidity, which
must be sufficiently large to overcome the Debye-Huckel
effect and the effect of changing liquid- junction potential,
both of which would tend to raise the pH. Paper-strip
electrophoresis experiments with Cr(VI) species in support-
ing media of varying pH reveal the existence of what appear
to be hitherto unreported species of relatively low ionic.
mobility predominant at low pH (pH< 2).

It is proposed that the usual Grotthus mechanism for
rapid proton.transfer in aqueous solutions is altered by the
presence of Cr2072' and HCrOu', and that "hydroniumation"
of these species occurs. This phenomenon accounts for both
the increased acidity observed in the pH measurements and
the low moﬁility observed in the electrophoresis experiments.

Ferric ion also increases the acidity of aqueous
solutions with increasing concentration, but the extent to
which this occurs is controlled by the nature of the anion
present, since Fe(III) forms complexes of different stability

with different anions.



The acidity of permanganate ion, which is not evident
from pH measurements, may be explained by analogy to the

Cr2072’- HCro,” - Cr0,%" system.
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I. Historical Background

For three centuries investigation of the nature of
acids, bases, and their relationship has been the subject of
scientific attention. It is hoped that this thesis will
contribute to the resolution of the continuing debate over

acid-base concepts.

A. Early Acid-Base Ideas

The word "acid" was derived from "acetum”, the Latin
word for acidic plant juices such as vinegar. "Alkali", the
predecessor of "base", came from "al kalja", the Arabic word
for plant ashes.

Early acid-base classifications resulted from experi-
mental observationsl'é. Acids were recognized by their sour
taste, solubility in water, and their ability to dissolve
other substances. Boyle added to this list the abilities to
precipitate sulfur from sulfide solutions and to turn blue
plant dyes red. Acids lost these distinctive traits on
contact with alkalies. The latter also possessed identifying
characteristics, often in direct contrast to those of acids:
they dissolved sulfur and oils, felt slippery, turned plant
dyes blue, and lost these traits on contact with acids.

Glauber in 1648 recognized the contrasting nature of
acid and alkali properties as the consequence of a funda-
mental "oppositeness" of acids and alkalies7. Glauber was

also the first to state that a salt was the product of an
acid-alkali reaction. Rouelle in 1744 applied the salt-
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formation concept to reactions between acids and an
enlarged class of substances he termed "bases"; the new
category included alkalies (the hydroxides and carbonates
of sodium and potassium), their alkaline-earth equivalents,
metals, and some 01131'7. The word "base" was derived from
the observation that the reaction products of these -
substances with acids sometimes decomposed on heating to
a volatile acidic component and a nonvolatile basic (in the
sense of fundamental) residuej. e.g.,

Na,COj(g) ——> Nay0(gy + CO,, (1)

Base Acid
Two years later William Lewis also concluded that the
typical reaction between acids and certain other substances
was salt formation7.

Boyle, in the mid-seventeenth century, attempted to
explain the properties of acids, especially their sour taste,
by attributing them to what hé believed were sharp edges in
the shape of acid particles. Lemery expanded Boyle's idea
by visualizing bases as porous substances and acid-base
interactions as the penetration of porous bases by sharp
acids.

There was a shift in emphasis in the eighteenth century
from attempts to interpret acid properties to the search for
an "acidifying principle”, an element or combination of
elements common to all acidsz. Most chemists had adopted

Rouelle's view of bases as species of varying composition

having little in common with each other except the ability
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to react with acids to form salts, so no concurrent search
for a "basic principle” was under way and research into the
nature of bases aroused little interest for the next century.

Priestly put forth the view in 1774 that carbon dioxide
("fixed" or "dephlogisticated" air) was the acidifying
principle, basing this idea on the ability of CO, to react
‘vwith "phlogiston” from the combustion of other substances.
The discovery that carbon and oxygen were constituents of
all organic acids seemed to substantiate Priestly’s view-
point but the concept found only limited acceptance.

The first widely accepted theory of acids emerged from
the oxidation experiments of Lavoisier, who found that
common acids were often the combustion products of nonmetals
and oxygen. He proposed in 1777 that the element oxygen*
was the long-sought acidifying principle and a necessary
constituent of all acidsl-7. An acid was defined as a
compound of oxygen and a nonmetal, e.g., carbon, nitrogen,
phosphorus, or sulfur. Salt formation was considered the
characteristic acid-base reaction.

lavoisier was sure enough of his conclusions to rename
muriatic (hydrochloric) acid oxymuriatic acid and to insist
that it contained oxygen without any supporting experimental
evidence. Davy attempted to provide such evidence in

numerous experiments performed from 1810-1815 but, not able

* The word "oxygen” ("acid-former") was invented by
lavoisier?'3, )



b
to detect any oxygen, he was convinced that muriatic acid
contained no oxygen and that oxygen was not the acidifying
principle. This conclusion was confirmed by others for a
variety of acids over the next few years and by 1830 the
existence of oxygen~free acids was well established.

Despite its disproval, the impact of lLavoisier's early
attempt to systematize the chemistry of acids cannot be
minimized or denied. In a sense the oxygen theory remains
with us in the fact. the words for "acid" and those for
"oxygen" have the same root in such diverse languages as
German ("Sdure” and "Sauerstoff”), Russian ("kislota” and
"kislorod”), and Hebrew (“chumtzah” and "chamtzan“)6.

Disproof of the oxygen theory left chemists again
without an acidifying principle and during the two decades
following Davy's experiments the nature of acids was a topic
of sharp controversy1'7. Davy reasoned in 1815 that a
single acidifying principle did not exist and that acidity
was a consequence of the arrangement of elements in
substances instead of the presence of a particular element.
However, he abandoned this viewpoint the following year with
his re jection of anhydrous iodine pentoxide as an acid. The
elemental composition of water was well-established by this
time and Davy's requirement that iodine pentoxide combine
with water before it could behave as an acid led him to
believe that hydrogen was the necessary constituent of all
acids. Dulong reached the same conclusion in 1815 from his

determination of hydrogen in oxalic acid and from his
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observation that hydrogen-containing acids reacted with
metallic (basic) oxides to form anhydrous salts and water.

Many did not accept the ideas of Davy and Dulong
because to do so excluded substances with pronounced acid
properties, e.g., anhydrous sulfur trioxide, from classifi-
cation as acids, although their hydrates, e.g., sulfuric
acid, were considered acids. The modified oxygen theory of
Gay-Lussac attributed the acidic properties of oxy-acids to
oxygen, of hydrogen iodide to iodine, of hydrogen cyanide to
cyanide, etc. Gay-Lussac labelled the oxygen-free acids
"hydracides”. Bonsdorff in 1826 provided proof for Gay-
Lussac's contention that behavioral similarities existed
between nonmetallic oxides and halides by demonstrating an
acidic reaction of litmus towards the latter. Bonsdorff
also found that alkali chlorides turned litmus blue and
attributed limited basic properties to them. Further experi-
ments led him to propose the é;istence of "acid-analogous"”
and "base-analogous" classes of substances that reacted with
litmus in a manner identical to acids and bases. Mercuric
and platinic chlorides were acid-analogues, as was boron
trifluoride, while base-analogues included the alkali
halides.

Berzelius also believed in a modified oxygen theory but
combined it with his concept of dualistic electrochemistry,
a forerunner of the ionic theory that became prominent a
half-century later. Berzelius' objection to Gay-Lussac's

ideas was based on the absence of a satisfactory explanation
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for the strong acid properties of HCl compared to water, a
neutral substance despite the presence of the more electro-
negative oxygen atom. Berzelius defined an acid as a
subs tance with excess negative electricity and a base as one
with electropositive character, dispensing with Bonsdorff's
acid~-analogous and base-analogous categories and considering
the substances included therein acids and bases in their own
right. Thus the Berzelius definition of an acid included
the halides of boron, mercury, hydrogen, and nonmetals as
well as nonmetallic oxides; metallic oxides and halides were
bases. Acid-base reactions were envisioned as neutraliza-
tion of electropositive (basic) particles by electronegative

(acidic) particles:

Na20 + 2 HCl] —————) 2 NaCl + H20 (2)
Base Acid Neutral )
Salt

or, in terms of the atoms actﬁhlly carrying the electroposi-

tive and electronegative character:
Na + (Cl -—————9 NaCl (3)

Another process included in Berzelius' concept of acid-base

reactions was the combination of boron halides with alkali

halides:
KF + BF 4 ———)KBF), (4)
Base Acid Neutral Salt

The proposals of Berzelius failed to stem increasing

scientific acceptance of the Davy-Dulong hydrogen viewpoint
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in the 1830's. Liebig in 1838 defined an acid as a hydrogen
compound in which the hydrogen could be replaced by a metal,
and by 1840 this view was almost universally accepted,
remaining so for more than forty years. No corresponding
constitutive base theory evolved during this period; bases
were regarded merely as anti-acids, i.e., substances capable
of reaction with acids to form salts6'8. In addition, none
of the aforementioned acid or acid-base concepts presented

anything more than a qualitative picture of acid-base

behavior.
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B. Electrolytic Dissociation Theory

The theory of electrolytic dissociation, which attribu-
ted reactions in solution to the presence of ions, was
largely developed by Arrhénius and Ostwald in the decade’
between 1880 and 1890. Arrhenius applied the theory to
acids and bases in 1887, defining an acid as a hydrogen-
containing substance that dissociated into hydrogen ions and
anions when dissolved in water. A base was defined as a
hydroxyl-containing substance dissociating into hydroxide
ions and cations in aqueous solution. Neutralization, the
reaction of an acid with a base, became the combination of
hydrogen and hydroxide lons to form water, accompanied by

salt formation. The examples of equations (5) - (7) summa-

rize the Arrhenius definitionsl'3'8’1°|
+ -
Acid: HCl(aq) —_— H (aq) * cl (aq) (5)
N N ,
Base: NaOH(aq)-——-—-—? Na (aq) * OH (aq) (6)
. . + - N
Neutralization: H (aq) * OH (aq) ¥ H,0 (7)

The Arrhenius acid-base theory represented an improve-
ment over previous ideas in two respects. Bases were
defined on a constitutive premise and not merely as
substances reacting with acids. The Arrhenius concept also
presented the first quantitative picture of acid-base
behavior. An aqueous solution containing more hydrogen than
hydroxide ion was acidic, a sblution in which the reverse
was true was basic, and one with equal concentrations of

both ions was neutral.,
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The electrical conductivity of a solution, a result of
ionic dissociation, provided a convenient method for measur-
ing the strengths of acids and bases. Since conductivity
iﬁcreased with increasing dissociation, acid (or base)
strengths could be quantitatively compared by measuring the
conductivities of their aqueous solutions at equal analytical
concentrations. Completely dissociated acids and bases, e.g.,
HC1l and NaOH (equations (5) - (6)), exhibited high conducti-
vities in aqueous solution and were therefore regarded as
strong acids and bases. The low conductivities of solutions
of incompletely dissociated acids and bases were attributed
to their weakness. Acid-base dissociation was depicted as a
dynamic equilibrium process in which the rate of dissociation
of electrically neutral molecules equalled the rate of
recombination of their ions:

HA = 1 + A (8)

MOH T M" + OH (9)
Application of the mass-action law to equations (8) and (9)
yielded ionization or dissociation constants (Ka for acids,

Kb for bases):s

K _ I-HEI H (10)
b

g

in which the brackets represent the concentrations of

K (11)

b
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the bracketed species. Equations (10) and (11) are related
to the degree of ionization of the acid or base, «, and its

original analytical concentration, C:

a2 Cc

K, = HA "HA (12)
(1 - ay,)
02 Cc

Ky = MOH “MoH (13)
(1 - ayoy)

The acid and base dissociation constants derived by relating
conductivity to degree of ionization furnished a quantita-
tive order of strength in aqueous solution useful in acidity
measurements, titrations, preparation of buffers (solutions
of weak acids or bases and their salts), and correlated well
with estimations of relative acid and base strengths from
indicator and catalytic methods.
The Arrhenius acid-base concept was also the first to

account for the fact that salts produced as a result of acid-
| base neutralization were often not neutral but exhibited
acidic or basic properties in water. For example, NHHCI.

the product of HC1l and NH,, OH (utilizing the strict Arrhenius
formula fof the base), manifested weak acid properties in
aqueous solution while sodium acetate, produced by the reac-
tion of NaOH and acetic acid, acted like a weak base. Tra-
ditionally these phenomena were explained by the predominance
of the properties of one parent in the acid-base pair from

which the salt was formed, i.e., in NH,Cl the strong acid
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properties of HCl predominated over the weak basic properties
of NHMOH. and in CHBCOONa the properties of the basic parent
were dominant. The Arrhenius concept visualized these
processes as hydrolysis reactions, i.e., reactions of acidic
or basic salts with water to regenerate parent acids aﬁd

bases:

NHuCl(aq) + HO0 —> NHuon(aq) + HCl(aq) (14)

CHBCOONa(aq) + H,0 = CHBCOOH(aq) + NaOH(aq) (15)

2

These reactions were the reverse of the neutralization pro-
cess and, like neutralization, also depended on the dissoci-
ation constants of water and of the acid-base pair involved.
The properties of the stronger (more ionized) parent predomi-
nated.

Although superior to its predecessors, the Arrhenius
acid-base theory had many shortcomings:

1. Acids and bases were not defined as pure substances
but in terms of aqueous solutions of pure substances. For
example, pure anhydrods hydrogen chloride was not an acid
and manifested no acidic properties according to Arrhenius,
while aqueous HCl was regarded as an acid. Similarly, pure
ammonia was not considered a base but aqueous NH3 ("ammonium
hydroxide") was regarded as a base.

2. Acid-base behavior was not acknowledged in nonaqueous
solutions despite observations of such behavior in solvents

1,7-9,

such as liquid ammonia Reactions occurring in the gas
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phase or fused state were likewise not considered acid-base
phenomenal’u.

3. The theory also required that ionization be a nece-
ssary characteristic of acids and bases, a consequence of the
general electrolytic dissociation theory view of reactions in
solution. This caused confusion when the question of acidity
in nonionizing solvents arose,. e.g., although hydrogen
chloride ionized completely in water, it remained practically
undissociated in benzene, toluene, anhydrous sulfuric acid,
and in the pure liquid state, making it unclear if HCl was
considered an acid in circumstances other than aqueous
solution according to the Arrhenius theory, on the basis of
both the aqueous solution and ionization limitations.

These points emphasize the limitation of the Arrhenius
theory of acids and bases to merely an imbalance of the ions
of one particular solvent, contrary not only to intuition but
also to experimental observation. Acid-base reactions12 and
catalytic activity28 were evident in solvents in which very
little, if any, ionization occurred. A small minority of
chemists had never accepted the electrolytic dissociation
theory as universally applicable to inorganic reactions and
amassed evidence supporting their point of view by demon-
strating that reactions between inorganic species in non-

gll

ionizing solvents were often rapi « The low conductivity

observed throughout such processes implied that ionization

was not a prerequisite for all inorganic reactions. Folin

12

and Flanders™™ in 1912 extended this idea directly to acid-
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base reactions by titrating HC1, HZS' and several organic
acids with sodium ethoxide or sodium amylate to a phenol-
pthalein endpoint in benzene or chloroform. Their experi-
ments also involved solutions of low conductivity, i.e.. low
degree of ionization, yet neutralization proceeded rapidly
and endpoints were sharp, convincing Folin and Flanders that
jonization was not necessary for acid-base reactions. How-
ever, the electrolytic dissociation theory was then widely
accepted and the small body of evidence in contradiction was
largely ignored.

L, Acids remained a class restricted to hydrogen-
containing compounds, as had been the case since the time of
Liebig. Substances with obvious and sometimes pronounced
acidic properties that did not contain hydrogen, e.g., SOB'
SnC1,, CO,, continued to be excluded.

5. Although Arrhenius' definition of bases represented
an advance over previous ideas, many substances containing
no dissociable hydroxyl group were recognized as having
basic character and the ability to neutralize acids. Organic
chemists, many of whom had never accepted Arrhenius' defini-
tion, continued to demonstrate the basicity of ammonia,

13. alcoholsu'18

15

amines, aniline » Pyridine and its deriva-

tives14

» quinones™, etc. A strict interpretation of the
Arrhenius concept excluded even metallic oxides from classi-
fication as basesh. Advocates of the Arrhenius theory

rationalized the basicity of metallic oxides, ammonia, and
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amines by including hydration in their concept, although this
raised the question of whether basicity was a property of the

substance itself or of its hydratean

K,0 + HO —3> 2 KOH (16)
Cad + H,0 T e— Ca(OH)2 (17)
NHB + H0 —_— NH, OH (18)
NR3 + HYO —_— NRBHOH (19)

6. An increasing quantity of evidence disputed the
existence of free hydrogen ion in water and other solvents.

Goldschmidt16+17

observed a twenty-five-fold decrease in the
rate of HCl-catalyzed esterification of organic acids in
anhydrous alcohol on the addition of a few percent water,
and attributed this effect to the greater degree of HCl
dissociation in water compared to ethanol, determined by
conductivity measurements. Theorizing that the free hydrogen
ion of HC1l present in anhydrous alcohol became bound to
added water and existed as the hydronium (or oxonium or
hydroxonium) ion, H3O+. Goldschmidt accounted for his data
by assuming that the hydronium ion was the carrier of cata-
lytic and other acid properties in water, and that the cata-
lytic power of the hydronium ion was weak compared to that
of free hydrogen ion.

18  greed with Goldschmidt that

Fitzgerald and Lapworth
very little, if any, free hydrogen ion existed in aqueous
solution, but did not believe that H30+ possessed any cata-

lytic power, interpreting Goldschmidt's observations to be
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caused not by replacement of the strong catalyst u* by the
weak H30+ but by a simple decrease in the concentration of
the onhly true catalyzing acid, the free proton. Formation
of a dissociating hydronium salt superseded simple dissocia-
tion as the distinctive reaction of acids in water (compare

equations (5) and (8)):

HC1 + HM0 _>H30"01‘ — }{30‘“ + C1° (20)
Acid Hydronium Dissociated Hydronium
Salt Salt
— - + - +
CH.CO0H + H,0 F= CHyC00 H,0" &= CH4C00™ + Hy00 (21)

Fitzgerald and Lapworth therefore regarded conductivity
measurements in aqueous solutions to be of limited value in
determining acidity since the species being determined in
such measurements was the cation of a salt (H30+). not that
of an acid (H%).

Lapworth later mathematically demonstrated that, in
principle, acid properties could be explained without
resorting to the free proton conceptlg. The properties of
an acid dissolved in a basic solution depended, in general,
on the extent of salt formation (acid-base combination), the
extent of acid partition between competing bases, and the
dissociation of the resulting salts. For the specific case
of an acid dissolved in watér, acidity was a function of the
acid's affinity for water and the dissociation of the resul-
tant hydronium salt. Lapworth eventually concluded that free

protons did not exist, either in alcohol or in water, and

suggested that undissociated acids also played a role in acid



~-16-
catalysis, implying the possiblity that free protons did not
exist in any solventzo.
These ideas further emphasized the weaknesses of the
Arrhenius theory. Goldschmidt's proposa116’17 that free pro-
tons did not exist in water was adapted to other ionizing

20. with dissociation reactions formulated analogous-

solvents
ly to equations (20) and (21) employed to describe acid-sol-
vent interactions. The hydronium salt-formation concept
clearly illustrated the basic properties of water in sharp
contrast to the Arrhenius depiction of water as a perfectly
neutral solvent and in close agreement with the observations
of Hantsch (see section D). The equation for acid hydrolysis
was modified (compare equation (14)):

NH,Cl + 2 H,0 —-—->H30* +# €17 + NH,OH (22)

Although the shortcomings of the Arrhenius theory were
well known almost from the time of its inception, it managed
to retain a wide following until the advent of the Brgnsted-
Lowry theory in the 1920°'s, mainly because of the general
prominence of ionic theories and relative paucity of non-
aqueous acid-base studies during the latter part of the
nineteenth century and the early twentieth century. An

21 ¢ expand the Arrhenius

unsuccessful attempt by Vorlander
definitions to nonaqueous solutions restated them in terms of
Liebig's definition:t an acid was a hydrogen-containing com-
pound in which all or some of the hydrogen was replacable by
a metal, and a base was an oxide or a hydroxyl compound in
which all or some of the oxygen or OH was replacable by an

acid radical.
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C. Anhydrobases and Aquobases

The classical Arrhenius concept pictured an acid-base
reaction as a metathetical process producing water and an

ionic salts
HX + MOHT—— M'X"~ + H,0 (23)

‘According to Arrhenius the extent of such a reaction
depended on the ionization of the reacting acid-base pair
and of water (equations (?7) - (9)).

22,23 and Werner24 discovered that equation (23)

Pfeiffer
did not hold true for hydroxyl-containing transition metal
compounds in which the hydroxyl group was not ionizable,
although these compounds reacted with acids. Moreover, the
products of such reactions were often less ionic than expec-
ted and sometimes were not ionic at all. In his coordination
theory Werner distinguished between two types of bonding in
complex compounds: nonlionic bonding of ligands to central
metal atoms or ions in a primary coordination sphere and
"~ ionic bonding of species outéide the coordination sphere.

Werner also noted the general importance of hydration in

increasing the ionic character of complex compounds, e.g.,
A
[cocatmy) Jer, + mom==2[cotm,0)(mup) ] €1, (20)

and its specific role in transforming coordinately bound

hydroxocomplexes into ionically bound aquocomplexes, e.g.,
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Hydroxocomplex Aquocomplex
(nondissociating OH) (dissociating OH)
[Co(OH)(NHB)S] Cl, + HYO
—_ [C<>(H20)(NH3)5 ] (oH)Cl, (25)

Pfeiffer and Werner both used the hydration model to
explain acid-base reactions involving transition metal
hydroxocomplexes. Instead of occurring via ionization
‘followed by metathesis (equation (23)), these processes
involved incorporation of the entire acid molecule into the
base in a manner similar to hydration. The products of

these addition reactions were oxonium-type aquometal salts:

’ ’ to-
M'OH + HXgT—=> M OH2 X (26)
which subsequently eliminated water, leaving as a final

product a compound of low or no ionic character:
MOH,'XT == mM'x + H,0 (27)
A specific example of equations (26) - (27) further

elucidates the concepts

—_ |
[Co(OH)B(NH3)3 ] + 3 HC1l &= [CO(HZO)B(NHB)B]CI3 (28)
R
[oo(,0) sw3) 3 ] 13 =2 [oaor, ) [+ 30 (29)
Pfeiffer drew an analogy between reactions such as equations

(26) - (29) and those of other basic species, e.g., amines:
-
RNH, + HX &—— RNH,X (30)

RNH. X" =—= &Rx + NH, (31)

3
The hydroxocomplex acid-base (equations (26) and (28)) and
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hydration (equation (25)) processes were believed to occur
via a proton transfer mechanism involving direct proton
transfer from an undissociated water molecule rather than
proton addition following the ionization of water, as advo-
cates of the Arrhenius concept believed. Wernerzu reached
this conclusion by considering the improbability of the
‘dependence of rapid hydration reactions on the small ioniza-
tion constant of water. Direct substitution of an undisso-
ciated water molecule for a hydroxyl ligand was rejected as
unlikely in view of the acid-base reactions (equations (26)
and (28)).

The postulation of a proton-transfer mechanism led both

Pfeiffer23 and Wernerzu

to disregard the ability to produce
hydroxide ion as the definitive acid-base property since
complex hydroxobases often contained no ionic hydroxide,
although some possessed very strong basic properties, as
Werner determined qualitatively from tests with litmus and

a variety of acidic species, e.g., AgNOB, 002. NH4+' CHBCOOH.
and mineral acids. The affinity of a base for protons

(of water or any other protogenic substance) was recognized

as the decisive factor in determining base strength:
(] +——-‘ ] +
M'OH + H &= M'0H, (32)

Hydrolysis of metal salts was no longer regarded as a reac-
tion between two independent species, a salt and a water
molecule (equation (23)), but as the dissociation of an

aquometal ion (equations (26) and (32)). The ionization of
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water, so important in Arrhenius theory, was relegated to a
position of no significance.

22 distinguished between "pure” bases reacting

Pfeiffer
in accordance with the classical Arrhenius concept (equation
(23)) and the transition metal bases, which he named "pseudo-
bases"” because their reaction with acids led to the formation

2h made no such distine-

.of nonionic "pseudosalts". Werner
tion; generalizing the concept, he perceived all bases as
capable of existence in an “anhydro” form and an "aquo” form.
Anhydrobases contained no dissociating hydroxide and reacted
with water to form aquobases. The latter were active basic
species, capable of dissociating into hydroxide ion and a

complex cation (compare equation (24)):

Anhydrobase Aquobase
KOH + H0¢&—= xouz] OH (33)
NHy + Hn0 ———— NHu] OH (34)

Werner conceived of all acid-base reactions as producing
aquosalts, some of which were unstable and eliminated water,

ending up as anhydrosalts (compare equations (26) - (29)):

[KOHZ OH + HCl———)[KOHz]Cl + H0 (35)

[KOH2 Cl——> KC1 + H,0 (36)

thus accounting for the fact that many simple salts contained
no water of hydration. Werner by analogy eventually extended

his anhydro-aquo concept to acids:

B+ HoE=== 1 [x,0] (37)
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The hydration of simple acids and bases may be viewed
as an unnecessary encumbrance that did not clarify simple
acid-base phenomena and imposed the aqueous solvent restric-
tion on acid-base reactions. However, the establishment of
proton affinity, rather than the ability to produce hydroxide
ion, as the criterion for determining basicity represented
‘an important development that was to serve as a partial
basis for the Brghsted-Lowry theory and is still considered
significant in spite of the appearance of more general acid-

base concepts.
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D. Pseudoacids

Hantsch6'8'25

in 1899 noticed that certain organic
nitrocompounds manifested acid properties and were neutral-
ized by strong bases in aqueous solution but, unlike most
neutralization processes, these reactions proceeded at a
measurably slow rate. This was evident from the gradual
.increase in conductivity of the acid-base mixture; eventually
the conductance reached a constant value, signifying comple-
tion of the reaction. A slow rate of reaction was also
observed for the reverse process, i.e., the addition of

a strong acid to a solution of a nitro-organic salt to
regenerate the original nitro-acid. A gradual decrease in
solution conductivity accompanied this reaction.

These findings were not related to the low acid strength
of the nitro-organics because other weak acids, e.g., acetic
acid, reacted instantaneously with bases. Hantsch concluded
that the nitro-organic acids existed in two isomeric forms,
an electrolyte and a nonelectrolyte, related to each other
by the intramolecular shift of a labile hydrogen atom.
Conductivity measurements indicated that most nitro-organics
existed as nonelectrolytes. Hantsch therefore proposed that
the hydrogen shift converting the nonelectrolyte into a
dissociating acid occurred prior to reaction with a base and
that the shift was a slow process, accounting for the
observed rate of reaction. For nitromethane, the simplest

nitro-organic, Hantsch's proposals may be represented bys
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Nonelectrolyte Electrolyte
(pseudoacid) (true acid)
CH,NO,, — CH,NOOH (slow) (38)
CHBNOOH + OH —> cxznoo' + H,0 (rapid) (39)

Hantsch reversed equation (38) to explain the slow rate of
reaction of a nitro-organic salt with a strong acid on the
premise that hydrogen shifts were slow in both directions.

He referred to the nonelectrolyte isomers as “pseudoacids"
and employed the term "true acids" to describe the reactive
electrolyte isomers. Although his original experiments
involved measurably slow reactions, Hantsch realized that

the relative nature of slowness precluded reaction rate as

a criterion for distinguishing between pseudo and true acids.
An intramolecular shift was the decisive factor and the
original pseudoacid classification25 included not only
acidic species undergoing slow neutralizétion but any acidic
species showing evidence of an intramolecular shift, e.g.,
keto-enol tautomers, weak acids whose salts hydrolyzed slowly
or not at all, colorless acids whose salts or anions were
colored, etec.

Hantsch expanded his definitions into a general theory
of the nature of acidity over the next three decades. Exten-
sive investigations of acid behavior in the pure state, in
water, and in nonaqueous solvents led him to classify acids
as true or pseudo under varying sets of experimental condi-
tions according to the following definitionsz6'27c

1. An acid was a hydrogen-containing compound in which
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hydrogen was replacable by a metal. This seeming regression
to Liebig's concept defined acids in terms of salt-forming
ability, which Hantsch considered the definitive acid pro-
perty, rather than in terms of the existence of free or
solvated hydrogen ion.

2. A true acid was a heteropolar hydrogen compound
containing ionically bound, active hydrogen and was capable
of undergoing direct salt formation without any structural
or appreciable spectral change. The strength of a true acid
lay in its salt-forming power when undissociated.

3. A pseudoacid was a homopolar hydrogen compound
containing nonionically bound, inactive hydrgoen and was
able to undergo salt formation only with structural and
optical property changes, i.e., by first isomerizing to its
true acid form (equation (38)). Pseudoacid strength could
not be directly related to salt-forming tendency and the
existence of an acid in pseudo form did not necessarily imply
' weakness, e.g., Hantsch found that hydrogen halides existed
as true acids in ethanol but fhat nitric acid, a stronger
acid, existed as a pseudoacid isomer (NOZOH) in the same
solventza.

An important result of Hantsch's work was the discovery
that the existence of an acid as pseudo or true (or as both
isomers in dynamic equilibrium with each other) under a
particular set of conditions depended on both the acid and

the solvent involved. Early investigations utilized absorp-

tion spectrophotometry to experimentally distinguish betweeﬁ
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pseudo and true acids. Hantsch compared the absorption
spectra of carboxylic acids in various solvents to the
spectra of their respective carboxylate salts and their
esters in the same solvent326’27. If the acid spectrum
resembled the spectrum of its (electrolyte) salt, it existed
as a true acid in the solvent of interest; if the acid
spectrum was close to the (nonelectrolyte) ester spectrum,
existence of the pseudoacid isomer was established. For

example, trichloroacetic acid gave a true acid spectrum in

water and a pseudoacid spectrum in diethyl ether:

o . Q- . 40 0
ClBCC\ H ClBCC\ ‘Na Cl CC\ ClBCC\

o’ 0 3" on OCH,
True Acid Salt Pseudoacid Ester

Ionic Bonding Covalent Bonding

These experiments were later expanded to inorganic oxyacids,
which were found to exhibit pseudoacid behavior as the acid

concentration approached 100%: -

0, .0, 0. ,OH 0L ,OH
. 0y . ses N
H"O"S”O"H H”O"S§o Ho Qb NO3 H 020H
True Semipseudo Pseudo. True Pseudo
Sulfuric Acid Nitric Acid

Even the hydrogen halides behaved as pseudoacids under
certain circumstances. The absorption spectrum of pure
hydrogen bromide differed from the bromide-saltlike spectra
of HBr in water, ether, and ethanol, and was interpreted by
Hantsch as evidence of the existence of a pseudoacid isomer

of HBr<S.
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Although the spectrophotometric measurements distin-
guished be tween pseudo and true acids, they contained no
hint of the results obtained by Hantsch in catalysis
studiesze. Sugar inversion and diazoacetic ester decomposi-
tion, two processes commonly employed for measuring acid
strength via catalytic activity, served as reactions for
which further tests of the pseudo and true acid hypothesis
could be carried out. Since it was believed that acid cata-
lysis depended on the concentration of free or solvated
protonsl6-19. it was not surprising to find little or no
catalytic power in acid-solvent combinations with pseudoacid
absorption spectra, e.g., HCl in diethyl ether. However,
true acids in nonionizing solvents were much stronger cata-
lysts than in ionizing solvents, in direct opposition to
the prevailing belief. It was also noted that the difference
in catalyzing power between two acids did not remain constant
with a change of solvent, indicating that the nature of the
éolvent also played a role in determining acid strength as
well as the isomer present. .

Hantsch arrived at a series of revolutionary conclusions
concerning the general nature of acids and solvent effects
on acidity based on these experiment326'3°. He proposed
that the actual carriers of acid properties were undissoci-
ated true acids instead of hydrogen ions. The catalysis
experiments had demonstrated less acid character on the part

of the ionized than for the undissociated acids.

Reasoning by analogy to the formation of weakly acidic
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ammonium salts from acids and ammonia, Hantsch equated the
ionization of an acid in an ionizing solvent with salt for-
mation. The classical aqueous ionization concept was
supplanted by the reaction of an acid with a base (water) to
form a weaker, acidic hydronium salt, just as acids reacted
with aqueous or pure ammonia to form analogous, weakly acidic
ammonium salts. The replacement of ionization in a solvent
by salt formation led Hantsch to make some revisions in his
theory. Both true and pseudo acids were considered to disso-
ciate directly into salts in an ionizing solvent, the latter
no longer requiring the intermediate formation of a true
acid isomer.

Strong acids were particularly affected by ionizing
solvents with basic properties since their hydronium salts
were much weaker than the undissociated acids, while the
hydronium salts of weak acids were not much weaker than the
acids themselves. Increasing basic nature on the part of
the solvent often blurred differences in acid strength,
especially between strong acids. For example, HC1, stoh'
HNOB. and HClOu all seemed equally strong in water because
each of these acids was strong enough to react completely
with water to produce equally weak hydronium salts, although
the inherent strengths of these acids differed, i.e., water
"levelled" the strengths of all four acids. Hantsch's
levelling effect explained how variations in solvent basi-
Qity affected acid strength. Increased solvent basicity

meant greater levelling and a decrease in observed differ~
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ences in acid strength; decreased solvent baéicity led to
less levelling and increased strength differences, a fact
clearly confirmed by Conant and Ha1131’32, who relied on the
increased salt-forming tendencies ("superacidity") of
perchloric and sulfuric acids in glacial acetic acid
(compared to their acidities in water) to titrate bases
too weak to be titrated in aqueous solution. Hammett3°
derived equations to illustrate the solvent dependence of
the levelling effect from tﬁe mass-action law.

In a later study Hantsch found that the absorption
spectrum of potassium nitrate in concentrated sulfuric acid
resembled not the expected pseudonitric acid spectrum of
concentrated HNO3 (N020H) but the spectrum of dilute aqueous
nitric acid (according to Hantsch, hydronium nitrate,

lﬁBO:]NOB)BB'Bu. A saltlike spectrum was also obtained
when perchloric acid was substituted for nitric acid.
Hantsch attributed these observations to the éxpected pseudo-
nitric acid formation followed by a salt formation reaction
between the stronger acid stoh and NOZOH in which the latter
played the role of a base, much the same way water behaved

as a base in hydronium salt formation:

H,S0, + NO,OH —_—> [NO(OH)2 ][Hsou] (40)
2 H,80, + NOLOH —> [N.(on)3 ][}{sol’]2 (41)

Hantsch called the salts formed from pseudoacids "pseudo-
salts" and claimed that, along with pseudoacids, they consti-

tuted an intermediate pseudoelectrolyte class inbetween the
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major classes of electrolytes and nonelectrolytesBB. He
used the concept of pseudo (or "acidium”) salts to explain

37 and mix-

the limited conductivity of pure anhydrous acids
tures of anhydrous acids, e.g., HCth-HF. BFB-HF. stou-
HCl35. For pure nitric acid pseudosalt formation may be

represented by:

N020H + NOZOH — [NO(OH)z] [NO ] (42)
2 NOOH + NOLOH — [N(OH)B][N033] ,  (43)

These findings caused Hantsch to drastically revise his
theory of acid529'36'37. Ceasing to believe in the existence
of true acids under any circumstances, he maintained that all
undissociated acids were pseudoacids ionizing only via salt
formation, i.e., salts were the only true electrolytes and
acids were nonelectrolytes that sometimes, e.g., in aqueous

| solution, seemed to behave as electrolytes but that such

behavior was actually a consequence of salt formation:

Pseudoacid + HZO —> Hydronium Salt
Hydronium Salt —> Dissociated Salt (Ions) (44)

The idea that all pure acids were pseudoacids was
severely criticized and widely challengeds. but one side
effect of the postulation of the existence of pseudosalts
was to emphasize the relative nature of acidity and the
generally amphoteric nature of substances, even those
commonly believed to possess only acid properties, e.g., HCl
and HNOB.

In summary, Hantsch's pseudoacid concept found little
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acceptance among chemists subsequent to his original experi-
ments with nitro-organics. Even these reactions are now
believed to proceed élowly because of electronic rather than
atomic rearrangements within molecules6'8. Opponents of the
theory also cited the spectral shifts upon which Hantsch
based many of his conclusions as too small from which to
draw any significant conclusions. However, many of the
ideas that emerged as ad juncts of the pseudoacid theory,
e.g., acidity of undissociated acids, ionizing and levelling
solvent effects, basicity of water, general amphoterism of

substances, survived and attained importance when incorpor-

ated into other acid-base concepts3o.
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I1, BrQﬁsted-Lowrx Theory
One might infer from most chemistry texts that the

Brgnsted-Lowry theory appeared suddenly following a thirty-
five year period during which the acid-base concept was
completely dominated by the ideas of Arrhenius. In fact,
the proton-transfer theory incorporated and unified princi-
ples developed previously by Goldschmidt, Lapworth, Pfeiffer,
and Werner (see Chapter I), as well as those developed by
Hantsch simultaneous with the emergence of the Brgnsted-

Lowry approach in the 1920°'s.

A. Acid-Bage Definitions

The electrolytic dissociation theory attributed special
character to the hydrogen ion because of its singular proper-
ties. The free proton was the ‘smallest, most mobile ion and
possessed a high charge density. In addition, among chemical
species it alone contained no electrons. The defects of the
Arrhenius acid-base theory evidenced the need for a more
general acid base concept but did not detract from the
belief in the special nature of hydrogen ion relative to
chemical species in general and to acids and bases in
particular.

Brénsted first published his conception of acids and
bases in 19231, defining an acid as a substance capable of
giving up a proton. Except for the omission of water as a
requisite solvent, this definition did not seem to differ

greatly from that of Arrhenius. However, Brghsted rejected
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the classical notion of bases as hydroxides as too narrow and
instead defined a base as a substance with a tendency to

accept protons. The theoretical relationship between acids

and bases is summarized in the defining equation1-17s
Acid == Base + H' (1)
Lowry18’19 independently reached the same conclusion in

the same year from his observation of the "uniqueness of
hydrogen"#*. According to Lowry, most substances were easily
classified as belonging to one of two major categories,
according to the intramolecular forces between their consti-
tunet atoms. Complete electron transfer from one atom to
another characterized ionic substances. Electrostatic forces
were operative between the resultant ions and dissociation
did not alter the ions themselves or the nature of the

attractive forces between them:

Na*C1™ —> Na* + cC1” (2)
Electron sharing was responsible'for bonding in covalent
compounds and bond cleavage could be either homolytic or
heterolytic; in the latter case the forces between the

dissociation products differed from those between the origi-

#Be1177 has stated that Lowry deserves no credit as an origi-
nator of the protonic theory because of his failure to
include explicit acid-base definitions in his original - -
paper18. although many of his ideas implicitly lead to the
Brgnsted acid (but not base) definition. However, it is not
the purpose of this work to apportion credit for the formu-

lation of the protonic theory.
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nal atoms. However, the breakage process was conceived to
be abrupt rather than gradual, so that the nature of the
covalent bond remained unchanged prior to the instant of
actual separation and no prediction was possible as to
whether homolytic or heterolytic cleavage would occurs

+

Cl®™ + C1° &— C(CliC1 =—> 2Cl: (3)

Acids were exceptional when considered from this view-
point because they behaved as members of neither group,
existing as covalent compounds when undissociated but

invariably dissociating into ions:
Hicl —> H' + 01~ (%)

Lowry attributed these observations to what he termed the
dualistic nature of hydrogen, i.e., the unique ability of
this element to assume a stable electronic configuration with
either two or no electrons, e.g., covalently as H:Cl and also
ionically as H*. A comparison of carboxylic acids with car-

boxylate salts and esters, similar to Hantsch's true-pseudo
18

acid comparison, served to illustrate this dualism™ s
0~ 0~ P 0
cu.c” Nat - cuc’ w CH 7 cH.C7
3™No 37N 3" on 3 NocH,
Salt Acid Acid + Ester
Ionic Covalent

Lowry envisioned the process by which a hydrogen bond changed
from covalent to ionic as a gradual one during which ionic

character increased with increasing interatomic distance:s

Hicl—> a3t .18 —>y* 4+ 1 (5)
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where &+ and 6 - represent partial positive and negative
charges, respectively. Therein lay the essence of hydrogen's
uniqueness.

An acid could not manifest its acidity (give up a
proton) unless a species capable of accepting the proton was
present because, as had already been established, protons
werexnot capable of independent existence. Lowry therefore
also defined bases as proton acceptors.

Coincidentally, in 1923 G.N. Lewi.323 also proposed the
proton donor-acceptor acid-base definitions but regarded them
as too narrow and sought a more extensive theory.

The proton transfer concept clearly expresses the reci-
procal natures of acids and bases, and bears a closer rela-
tion to their long-established fundamental "oppositeness”
than the classical definition, which arbitrarily declares
that hydrogen and hydroxide ions are "opposites"l. The
expanded definition of bases removes hydroxide ion from the
unique position bestowed on it by the restriction to aqueous
solutions inherent in the Arrhenius concept. Alkali hydrox-
ides are no longer regarded as bases but as salts containing
the base OH , in the same way that alkali chlorides are salts
containing the base C1~ 1'6’9.

Ions are also classified as acids and bases if they
indicate a tendency to either lose or gain protons. Whereas
the classical view limits acids and bases to uncharged species
manifesting their respective properties through ionization,
the Brgnsted-Lowry conception permitted the existence of

cationic and anionic acids and basesl'u'9'16'17’25:
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[Fe(HZO)é] * = [Fe(nzo)s(on)]z* + H (6)
[Fe(HZO)S(OH)] 2+ — [Fe(HZO)u(OH) ]* + H (7))
NHu+;:====:é NH, #+ H' (8)

3

Ho'e=——= 0 + # (9)
HO /== OH + H (10)
CHBCOOH‘-"‘"—_———‘CHBCOO' + ¥ (11)
H,C0, _— HCO,™ + H* (12)
HCO,™ == €04~ » u* (13)

21 supported this aspect of the

Brénsted and Wynne-Jones
theory by demonstrating that acids of differing charge types
catalyzed orthoester hydrolysis.

The classical requirement that acid-base properties
appear only through ionization, previously challenged by

22, was discarded by Brgnsted on the basis

3.6

Folin and Flanders
of his own observations of acid-base reactions in benzene
More evidence contradicting the ionization prerequisite was
obtained by Kilpatrick and Rushton?J, who studied the rate
of hydrogen gas evolution during dissolution of metallic
magnesium in aqueous acid solutions. The evolution rate
depends, as expected, on the hydrogen (hydronium) ion con-
centration for strong acids, but for weak acids the rate
varies linearly with the concentration of undissociated acid.
Furthermore, buffering the weak acid solutions, i.e., decrea-
sing the degree of ionization, raised the evoiution rate.

Therefore proton donors in general, rather than any particu-

lar protonated species, are the true carriers of acid
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properties. The distinctive acid property is the availabi-
lity of a proton instead of the actual donation process,
allowing Brgnsted to unequivocally regard, e.g., HCl as an
acid in benzene solution.

An acid-base pair related by equation (1), i.e., two
chemical species differing from each other py a proton, is

referred to as a corresponding or conjugate acid-base pairl'

4'15’16, e.g., ammonium ion and ammonia in equation (8).
Every conjugate acid has only one conjugate base and vice
versa, but this restriction does not exclude a substance
from serving as the acid of one conjugate pair and playing
the role of a base in another conjugate pair. For example,
water is a base in equation (9) and an acid in equation (10);
similar behavior is ascribed to, inter alia, hydroxopenta-
aquoferric and bicarbonate ions (equations (6) - (?7) and

(12) - (13), respectively). The Brgnsted-Lowry theory is

thus able to explain amphoterism1

» the ability of a substance
to act as either an acid or a base, simply by invoking
equation (1). The Arrhenius concept had encountered diffi-
culties in attempting to rationalize the observation that
the same substance could apparently dissociate into either
hydrogen or hydroxide ions (except if that substance was
water).

Arrhenius defined neutrality as the condition of an
aqueous solution containing equal hydrogen and hydroxide ion

concentrations, based on the dissociation of water (equation

(10)), but the Brdnsted-Lowry view that hydroxide has no
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special significance as a base requires a reevaluation of
the neutrality concept. The dissociation of other protic

solvents, e.g., methanol, is similar to that of water:

01{30}{‘.__——--::_A CH,0™ + H* (14)

A methanolic solution containing equal hydrogen and methoxide
ion concentrations is acidic in the Arrhenius view since no
hydroxide ion is present, but according to Brgnsted such a
solution must be regarded as neutral since methoxide ion is
also a base. However, Brgnsted did not suppose that hydrox-
ide and methoxide are equally strong bases and therefore
considered that there could be a difference between the acid-
ity of a "neutral” aqueous solution and that of a "neutral®
methanolic solution. Extension of this argument requires a .
different point of “neutrality“ for every acid since, in
principle, any acid can serve as a solvent. The futility of
trying to find a point of general neutrality emphasizes the
arbitrary water-linked nature of neutrality heretofore
accepted and led Brgnsted to discard neutrality as having

no place in ahy acid-base theoryi'u.

The invalidity of the neutrality concept will be

explored in detail in the section on acid-base strengths.
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B. Acid-Base Reactions

The classical concept depicts an acid-base reaction as
one producing water and a salt. Brgnsted objected to both
as necessary consequences of such a reaction and, as others
before him, was able to show that acid-base reactions take
place without the formation of water3'6. He also demonstra-
ted that salt formation is not necessarily characteristic
only of acid-base processes but that electron transfer

reactions also produce salts3'17:

Na + Cl ——3 Na'C1™” (15)
(CH;) N 4 CHyI ———p (CHy),N'I" (16)
A strict interpretation of the Brgnsted-Lowry acid-base
definitions can even be stretched to regard the reaction of,
e.g., aqueous HCl (a hydronium salt containing the acid H30+)
and NaOH (a salt containing the base OH ) as salt destruc-

tion rather than salt formation:

Hjo*cr + NatoH™ — > Na*c1™ + H,0 (17)
Salt Salt : Salt

because there are two reactant salts but only one product
sa1t6.

The Brghsted-Lowry conception of an acid-base reaction
is derived from the inability of the proton to exist in the
free state. An acid does not perform its characteristic
proton-releasing function without the presence of an accep-
tor specles and a base cannot accept a proton unless an

1.".18.

acid is present to donate one The fact that benzene
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lacks basic properties prevents HC1l from manifesting acid
properties in that solvent, i.e., no ionization occurs, but

the addition of a basic solute to such a solution results in

an immediate acid-base reaction3'16. Brgnsted and Lowry

concluded that an acid-base reaction involves the transfer
of a proton from the acid to the base and can be represented
as a double conjugate acid-base pair reactionl=%+9:12,15-17,

Acid, F==—/—— Base, + n*

Base, + H' —=———= Acid,

Acid, + Base2;::::::33ase1 + Acid, (18)

The products of an acid-base reaction are simply the conju-
gates of the original acid and base.

Equation (18) embodies a practical definition of acids
and bases as opposed fo the theoretical one (equation (1)),
the advantage of the former being that it implies proton
transfer without requiring free proton formation, in agree-
ment with experimental observation. Brgnsted referred to
equation (18) as "protolysis” and to the acids and bases
involved therein as "protolytes”5'16’24.

The protolysis scheme includes not only neutralization
but also processes not previously regarded as acid-base
reactions. The ionization process for an acid dissolved in

a basic solvent is represented as a protolysis, e.g.,

HCl + H 0 &=—==10C1" + H30+ (19)

but by no means are acid-base processes limited to aqueous
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media. Other proton-accepting solvents may be employed to

demonstrate the acidity of HCl, e.g.,

NP +
HCl + CZHSOH —— Cl + C2H50H2 (20)

Reversing the solute and solvent roles in equations (19) and
(20) retains the accord with equation (18) and indicates that
both water and ethanol behave as bases in liquid hydrogen
chloride., The advantage of protolysis compared to the
Arrhenius concept is clearly illustrated by considering the
different perceptions of the basic reaction of ammonia in

aqueous solution:

Arrhenius: H0 + NH3 ;:::::3 NH, OH
= oi + Nyt (21)
Brgnsted: H,0 + NHy §&=OH + Wi, (22)

The restriction to aqueous solution associated with the
Arrhenius concept precludes regarding a reaction between
ammonia and another solvent, e.g., ethanol, as a demonstra-
tion of the basic properties of the former:

CHOH + NH, _— CHO™ + NH,* (23)

However, the protonic theory permits consideration of a
reaction such as equation (23) as a manifestation of ammo-
nia's basicity since NH3 is the recipient of a proton (and,
by analogy to Arrhenius' requirement, the basic solvent
anion is one of the reaction products). A redefinition of
acids and bases in each solvent is not required by the

expanded viewpoint of the Brgnsted-Lowry theory, emphasizing
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the consideration of acidity and basicity as general pheno-
mena independent of a particular solvent.

Hydrolyses (and solvolyses in general) also fit the
protolysis scheme and are no longer regarded as reactions
of acidic and basic salts but are instead considered acid-

base reactions in their own right:

+ . Y +
NH,~ + H,0 &—— NH3 + H;0 (24)
H20 + CHBCOO- — OH™ + CHBCOOH (25)

Protolyses also include acid-base indicator reactions since
these are recognized as ordinary acid-base processes invol-
ving a conjugate pair in which the acid and base are of
different colors.

Thus the protolysis concept systematizes several
classes of previously unrelated reactions in solution. It
also extends the concept of acids and bases to include not
only reactions taking place in solution but also proton

transfer processes in the gas phase and in melts26'27.
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C. Acid-Base Strengths

Acidity and basicity are inversely varying functions
as defined by equation (1). No comparison between these two
innately opposite effects is possible because, according to
Bronstedl'u, no true point of neutrality exists. The diffe-
rence between this viewpoint and the classical approach is
illustrated by the diagrams of Figure II-i. The Arrhenius
theory depicts acidity and basicity as two symmetric, inde-
pendent functions converging to zero at a point of neutral-
ity. Comparisons of acidity are permitted only on the acid
side of the neutral point and comparisons of base strength
only on the basic side. However, although the acidities of,
e.g., acetic acid and ammonia are not comparable under this
scheme, it is possible to say that the acidity of acetic
acid equals the basicity of ammonia. The latter statement
is obviously predicated on the choice of water as a solvent
but experimental evidence indicates that it is not true in
other media®. oOn the other hand, the Brgnsted approach,
discarding the aqueous reference state and the concept of
neutrality, eliminates precisely this kind of ambiguity and
pictures acidity and basicity as varying in opposite direc-
tions along continuum. Acidities of substances can be com-
pared, as can basicities, but acidity can never be compared
to basicity.

The Brdnsted-Lowry concept therefore does not preclude

a comparison of the acidities of HC1, NHB' and OH~, or of

- .
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Figure IT-1s Acidity and Basicity in the Arrhenius and

Brgnsted-Lowry Theories
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their basicities. The assertion of proton-donating tenden-
cies, albeit small, for basic substances like hydroxide ion,
or of proton-accepting abilities, also small, for acidic
species such as HC1l indicates the recognition of amphoterism
as a general property, in agreement with Hantsch's observa-
tions in mixtures of pure acids. Only the very strongest
acids and bases possess virtually no properties of the
opposite type. '

Quantitative aspects of the protonic theory are derived
from the application of the mass-action law to the theoreti-
cal (equation (1)) and practical (equation (18)) acid-base
definitions. Brdnsted defined an acidity constant K, and a
basicity constant KB in terms of the concentration ratio of

the participating conjugate acid-base pair and the hydrogen

ion activityu's’lu:
K, = Cp ay (26)
Ca
Ky = CA (27)
Cp ay

Equations (26) and (27) represent, respectively, the tenden-
cies of an acid to lose a proton and a base to gain one, and
were regarded by Brgnsted as measures of inherent acid-base
strength, in principle independent of solvent natureg'lo.

The reciprocal relationship of equations (26) and (27)
is in accord with the general Brgnsted conception of the

nature of the link between acids and bases, and consequently
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provides information concerning the strengths of conjugate
acids and bases. KA for a given acid is obviously the
inverse of KB for its conjugate base, leading to the conclu-
sion that conjugate bases of strong acids are weak and vice
versa. It is not difficult to envision an acid that gives
up a proton easily as one whose conjugate base makes no
great effort to accept a proton, or an acid that gives up
protons only with difficulty as one whose conjugate base has
a large proton affinity. As one example of experimental
confirmation of this assertion, consider the fact that
chloride ion, the conjugate base of the strong acid HC1,
does not hydrolyze in water, but acetate ion, the conjugate
base of weak acidic acid, exhibits a marked tendency to pull
protons off water molecules.

Absolute measurements of KA and KB are impossibdble
since acidity is not manifested in the absence of a proton
acceptor, or basicity without a proton donor3'6. Acidities
are comparable only with regard to a reference base and
basicities can be measured only if a reference acid is
present. The extent of such reactions is determined by

applying the mass-action law to protolysis (equation (18))2'6:

Chy C

Bt a2
K c . c. = farfee (28)
A1 ©B2

The protolysis constant K is not a measure of intrinsic acid-
base strength but of the extent of proton transfer between

an acid and a base, one of which may be acting as a reference
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substance. As a consequence, only relative acidities and
basicities are obtained from equation (28).

Equation (28) explains the strong shift of protolysis
equilibria towards the formation of weaker acids and baseslo.
The stronger the reacting acid and base, the larger the
protolysis constant and the greater the extent of reactions
conversely, the weaker acid and base in a protolysis reac~
tion are characterized by a protolysis constant that is the
reciprocal of K for the stronger acid-base pair and therefore
the former react to a relatively small extent. The element-

ary formulation of this idea is the statement that strong

acids and bases react to form weak acids and bases.
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1. Acidity and Basicity of Solvent

Since ionization of an acid or base in a solvent is a

3,6,16, 24 the extent of such dissociation

protolysis process
depends on the acidity or basicity of both solute and sol-
vent, and may be treated quantitatively by equation (28).

Protolysis constants in water are identical to the Arrhenius

dissociation constantsB'u'a'lu:
fatag) = Fafam,) = Fa(en) (29)
Koaq) = Fan0) *B = p(ed) (30)

where "cl" indicates the classical constant.

The protolysis concept permits extension of acid-base
dissociation into nonaqueous solvents. The latter are gene-
rally classified according to their acidic and basic proper-
ties relative to water. Predominantly acidic solvents, e.g.,
glacial acetic acid and anhydrous sulfuric acid, are "proto-
genic", while solvents with far greater basic than acidic
properties, e.g., ammonia, are “protophilic". Solvents
exhibiting both types of behavior in which neither predomi-
nates are "amphiprotic"; this category includes water and
ethénol. Finally, solvents with no observable acid-base
properties are referred to as "aprotic" or "inert"; e.g.,
benzene and chloroformzu'zs’zg.

These solvent categories are utilized within the con-
fines of the protolysis concept to correlate a great deal

of superficially unrelated information concerning aqueous

and nonaqueous acid-base chemistry. Protolysis constants
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in a given solvent yield orders of acid and base strength in
that solventg. Reversing one's frame of reference and
regarding a solute acid or base as a standard, relative
solvent acidities and basicities, as well as comparisons of
solute acidity and basicity in different solvents, are
obtained.

Levelling Effect and Differentiation

As an example of the observations explained by the
Brﬁhsted-Lowry theory, consider the fact that acids seem .to
increase in strength with increasing solvent basicity if the
degree of acid dissociation is taken as a measure of acid
strengthlé. This trend, from the viewpoint of protolysis,
is envisioned as the result of an increase in the protolysis
constant for the dissociation of a given acid as KB of the
solvent increases. Thus acetic acid, a weak acid in aqueous
solution, behaves like a strong acid and dissociates com=" -
pletely in liquid ammonia, a more basic solvent. Analogous
reasoning explains basic dissociation in solvents of
increasing acidity.

In principle the order of acid or base strength is
invariant regardless of solvent, since the ratio of the
protolysis constants of any two acids or bases in any solvent
is identical to said ratio in any other solvent, and to the
ratio of the acidity or basicity constants of the species
under consideration. In practice, however, many protolysis
constants exceed the minimum value required for essentially

quantitative reaction. Under these conditions differentia-
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tion between acid strengths (in highly basic solvents) or
basic strengths (in highly acidic solvents) is impossible,
i.e., Hantsch's levelling effect appears. Hantsch understood
the effect qualitatively, but the Brgnsted-Lowry theory
provides a quantitative interpretation based on protolysis
constants.

Consider the example of two acids, one of which (KA1 =
105) is inherently stronger than the other (KA2 = 10-5). The
difference in strength is obvious in a basic solvent of KB =
105, in which the former is completely dissociated (Kal(B) =
1010) but not the latter (KaZ(B) = 1). In a solvent of much
greater basicity (KB. = 1015) both acids are quantitatively
ionigzed (Kal(B') = 1020, Kaz(B') = 1010) and are indistin-
guishable in terms of strength.

The levelling effect imposes limits on both acidity and
basicity, depending on the nature of the solvench'zs'zg.
Protophilic solvents place on upper limit on the acidity of
solutions by levelling solute acid strengths to the strength
of the conjugate acid of the solvent or, as Bjerrum30 called
it, the "lyonium” ion. Acids stronger than the lyonium ion
possess acidity constants of a magnitude sufficient to pro-
duce a very large protolysis constant in combination with the
solvent KB and undergo quantitatiie protolysis, i.e., no acid
stronger than the lyonium ion exists in a solvent. The afore-
mentioned behavior of acetic acid in liquid ammonia is an
example of such levelling.

Analogously, protogenic solvents limit the basicity of
solutions by levelling solute base strengths to the strength
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of the conjugate base of the solvent, which Bjerrum called
the "lyate" ion. Amphiprotic solvents exert levelling
effects at both ends of the acidity-basicity spectrum and
inert solvents level neither acids nor bases.

29,31 based a mathematical treatment of the

Hammett
levelling effect on protolysis. A simplified vérsion of
Hammett's treatment is presented here. Acidity is expressed
for an acid HA in a basic solvent, S, by either the acidity
constant of the acid or the acidity constant of the lyonium

L] + [ 3 (]
ion SH™ (assuming a constant solvent concentration):

K,, C
= _HA "HA -
ay = S = Ksi Csu (31)

A

Electroneutrality requires that CA = CSH' If C is defined
as the analytical concentration of HA, then

C = Cy + C = Cy + Cgy (32)

Squaring equation (31) and substituting equation (32) gives

Kiip Koy Cay C

2 HA SH "SH "HA
ay® = —=—an 2
c
. . A

Applying the quadratic formula to equation (33) gives a

solution for ays
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L Em (K + 4 C Ky Kg)
H 2
K b Ky \ 2
= Bl s (10 —————éﬂi> (34)
2 Kygp

A weak acid dissolved in a weakly basic (differentiating)
solvent does not undergo complete protolysis (KSH/kHA>> 1)

and  in such cases equation (34) reduces to:

ay = (C Ky, KSH)* (35)
indicating the dependence of acidity on both the acid and
the solvent. On the other hand, in a strongly basic
(levelling) solvent protolysis of even a weak acid may be
comﬁlete (KSH/KHA<1< 1) and equation (34) becomes (via the

mathematical approximation (1 + x)% ~ (1 + x) as x approaches

zero):
ay = CKgy (36)

in which the acidity depends only on the solvent, i.e., a
solution of an acid in a levelling solvent behaves as if it
is a solution of the lyonium ion.

Hammett's approach is also useful in determining écid-
ity and basicity in differentiating solvents. Equation (34)
predicts an increase in acidity with decreasing solvent basi-
city, in agreement with the results obtained by Hantsch. At
this point the distinction between the Brghsted concept of
acidity (the tendency to donate a proton) and the protolysis

process must be emphasized to avoid confusing acidity, which
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is dependent only on KA' with dissociation, which depends
on the protolysis constant (KA KB). For example, the high
acidity constant of HC1l reflects the fact that it is a strong
acid, but aqueous HCl solutions reflect this strength only
because the protolysis constant of the HCl-water reaction
is high. Proton transfer may not be complete in a less basic
solvent but HCl1l is still a strong acid. It is therefore not
contradictory to distinguish between increasing true acidity
in the Brgnsted sense and increasing apparent acidity, which
really stems from increasing solvent basicity. Consequently
HC1l is a stronger acid in glacial acetic acid than in water
even though it is more completely ionized in the latter.
This is due to the reduced extent of protolysis in the more
acidic medium, which allows for the presence of the strong
acid HC1l in its undissociated form, whereas in water the
levelling effect permits the presence of only the weakly
acidic hydronium ion. In addition, what protolysis there is
in acetic acid results in the formation of a much stronger
lyonium acid than hydronium ion. Considerations such as
these prove valuable in choosing suitable solvents for
titrationsza.
Conant and Halle'lu'ﬁ'33 explained the observed "super-
acidity" of perchloric and sulfurie acids in glacial acetic
acid in this context, although they also regarded salt
formation as important. Bases too weak to be titrated in
aqueous solution proved amenable to titration in the more

acidic solvent since the latter does not compete with the
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solute bases for protons to the extent that water does. A
different interpretation of superacidity considers the pheno-
.menon from a different reference frame, namely, that the
acidic solvent levels Weak bases so that they behave as strong
bases. According to this concept the term "superacidity" is
misleading. The concept of superacidity is, in either case,
a quantitative reevaluation of Hantsch's ideas and again
underscores amphoterism as a general property, e.g., even
acids behave as bases towards stronger acidsl5'16.

Another fact explained by the levelling effect is the
observation of a constant heat of neutralization for reac-
tions of strong acids with strong bases in aqueous solution.
Since strong acids are levelled to hydronium ion and strong
bases to hydroxide ion in aqueous medium, these ions are the
actual reacting acid and base, and the heat of neutralization
is constant regardless of the identities of the strong acid

and basesr
H30* + O == 2 H0 (37)

Autoprotolysis

The reverse of equation (37) is an example of solvent
self-ionization resulting in the formation of lyonium and
lyate ionsu'lé. Self-ionization or "“autoprotolysis® can
occur only in amphiprotic solvents because only these
solvents possess both proton accepting and donating abili-.
ties. Solvent autoionization also permits the establishment

of a finite acidity scale in a given solvent. Protophilic
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solvents level acidity, but basicity in such solvents is
indeterminate, though large. The converse is true for proto-
genic solvents, and in inert solvents both acidity and basi=
city can reach very large, indeterminate values.

Autoprotolysis is quantitatively characterized by an
autoprotolysis constant. These constants are often small
compared to other protolysis constants because amphiprotic
solvents are weak acids as well as weak bases, e.g., the
acidity constant of water is less than that of hydronium ion
and hydroxide ion is a stronger base than water, a conse-
quence of the fact that protolysis favors the formation of
weak acids and bases from strong ones. Even in cases at the
fringes of the amphiprotic solvent category, where either the
acidic or basic tendency is relatively strong, autoprotolysis
constants remain small because the opposing tendency is
extremely weak, as explained by the Brgnsted-Lowry theory
reciprocal picture of acidity and basicity. The weak acidity
and basicity of amphiprotic solvents is attested to by their
low conductivity in the pure state; the postulation of éimul-
taneous strong acid and strong base behavior for a pure sol-
vent implies a high protolysis constant and a high degree of
jonization which is not in accord with experimental observa-
tion. Autoprotolysis constants also depend on the dielectric
constant of the solvent.

The presence of an amphiprotic solvent does not concep-
tually alter the inverse relationship between the members of
a conjugate pair but includes the autoprotolysis constant of

the solvent in their relationship. Applying equations (29)
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and (30) to a conjugate acid-base pair in aqueous

solution35'13'25'28’3°n

B
Ka(aq) © g (38)

C, C.,,-
- A "OH

makes it clear that, since KA KB = 1 for a conjugate pair
(equations (26) - (27)), the product of the aqueous proto-
lysis constants for the members of a conjugate pair equals

the autoprotolysis constant of water, K (equation (37))s

Xa(aq)*v(aq) = ¥a(m,0) ®(n,0)
® Cuy0* Conm = Ky (40)

(Note that Kw relates two different conjugate pairs (equa-
tions (9) and (10)) and thus is not equal to unity.) Equa-

tion (40) and its rationalization are applicable to amphi-

protic solvents in general.
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2, Acid-Base Charge Type

The Brgnsted-Lowry acid-base definitions imply that at
least one member of every conjugate acid-base pair must be
an ion. Any factor differentiating between species of
different charges consequently affects acidity and basicity.

Increasing positive charge increases acidity and
decreases basicity from the viewpoint of simple Coulombic
forces. Increasing negative charge has the opposite effecté'
25. The resistance of an anion to the loss of a proton or
the attraction of an anion for a proton may be easily visu-
alized. Conversely, the resistance of a cation to the addi-
tion of a proton and the ease with which a cation rids
itself of a proton are easy to envision. Brﬁhstedz'Bu
found that the acidity of complex aquometal ions increases
with increasing charge, e.g., [Co(HZO)(NHB)S:]3+ is a
stronger acid than [Co(HZO)(NHB)ucl] 2+ Comparisons
between complexes of equal charge revealed that those
containing a central metal atom in a higher oxidation state
are also stronger acids, e.g., [Pt(NHB)SCIJ 3t is more
acidic than [Co(NH3)6 ] 3+,

Lowry35 postulated intramolecular ionization to explain

relative acid strength, mixing ionic and covalent bonding to

produce structures like:

HO\\\**,/O \\\+‘//
and S

s
07 o N
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and attributing the greater acidity of sulfuric relative to
sulfurous acid to greater repulsion of protons by divalent
sulfur. Intramolecular ionization also provides an explana-
tion for the increasing acidity observed along a row of the

6

periodic table”, e.g., an order of acidity such as:

CH!L< NH, < OH, < FH

3 2
may be regarded as the result of decreasing electrostatic
attraction between protons and Cu°, NB'. 02'. and F°, respec-

tively. The relative strengths of the conjugate bases of
these substances supports this idea: methide ion is extreme-
ly strong, amide ion is also very strong, oxide ion is
strong, and fluoride ion is moderately strong.

Lowry36 also advanced a different hypothesis to account
for the relative acidities of such a series. Increasing
nuclear charge exerts an increasing Coulombic attraction on
orbiting electrons and contracts their orbitals, pulling
the protons closer to the nucleus. The combination of
increased nuclear charge with reduced internuclear distance
increases the internuclear repulsion, causing a rise in
acidity along the series from methane to hydrogen fluoride.
Moreover, these effects are not limited to atoms directly
attached to protons but may be transmitted through a chain
of atoms, e.g., chloroacetic acid is stronger than acetic
acid. Lowry invented the terms "acylous"” and "basylous" to
describe orbital-contracting (acidity-increasing) and
orbital-expanding (basicity-increasing) atoms, respectively,

though it is clear that what he actually observed was the
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influence of electronegativityBu.

Brénsted defined acidity, basicity.‘and protolysis
constants (equations (26) - (28)) in terms of concentrations
of all participating species except the proton. These defi-
nitions are not fully in accord with the strict thermodyna-
mic view of equilibrium, in which activity replaces concen-

tration. The activity, a; of a species "i" is related to its

concentration by an activity coefficient, 75

a; = Y G (41)

and the equilibrium constants defined by Brdnsted are
related to their thermodynamic counterparts KA. K, and K*

by terms composed of the activity coefficients of the parti-

cipating speciesu'sz
ap, Y, a K: %
K = B__AH = A A (42)
A a Y ¥
A B B
a, 7Y Ky 7
kg = A = BB (43)
aB 'YA aH 7‘
. _ K1 ¥32 Ma1 a2
K = K K =
Al "B2 Y
B1 A2
_ K* 7A1_. 'vg_g (4t)
YBt Va2

In principle the thermodynamic constants are more useful
than those defined by Brgnsted because they are independent

of concentration effects, but the latter are advantageous
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in practice since concentrations are relatively easy to
determine. On the other hand, the multiple forms of the
Debye-Huckel equation37 attest to the fact that there is no
universal agreement over the extent to which parameters
relevant to the calculation of activity coefficients should
be included in said calculations. Furthermore, available
activity data is limited to water and a handful of other
solvents, rendering thermodynamic constants incalculable and

useless in other instances6. Hammett28’29'38

also realized
that practical measures of acidity must be based on’concen-
trations and defined "acidity functions® H_ and H,, for

acidic (HIn) and basic (In) indicators, respectively, in a

variety of media accordingly:

3y Yin~
K = =1 1l
P*Hin °8 (y Ty > °& (
C
= . H_ - log ( In_ > (45)

CHin
"I
a
Phyrpt = -log <H . ) log

c
C

=4
=]

In+)

Hy -log( In ) (46)
Cin*

=

Experimental factors capable of differentiating between
species of varying charge affect acid-base strengths of
protolytes of different charge types to different extents.

Introduction of an inert electrolyte ("salt effect”) and
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solvent or "medium” effects (dielectric and solvation
effects) influence acidity and basicity by altering the
activity coefficient ratios of equations (42) - (44) and
conseqiiently changing K,, Kp» and K. Quantitative predic-
tions or gsuch changes are difficult to correlate with
experimental observations for two reasons. Both salt and
medium offects involve some degree of approximation and the
latter nften result from the superimposition of several
factors which are not easily separated. Nevertheless,
separals consideration of salt and medium effects often
proves valuable in predicting acid-base strength variations

for protolytes of different charge types.
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a) Salt Effects

The thermodynamic acidity, basicity, and protolysis
constants, K;, Kz, and K', respectively (equations (42) -
(44)), may be written as products of concentration and

activity coefficient terms (equation (41)):

ay ap CHCs "y 78 Ty 7p
e e (el
2, Ca a 7
L ay ap ] CyCs "y " " e _—’:{_;1; )
.. ap1 22 Cp1 Caz "B1 "2
Ay A Oy Cpp a1 "2
"1 a2
= Ko T (49)
at "Bz

where KA(C)’ Ké(c). and K'(C) are concentration constants
associated with the respective equilibria from which equa-
tions (47) - (49) are derived.

Activity coefficients of charged species in solution
are.often calculated from one of two forms of the Debye-
Huckel equation25'29'37. The Debye-Huckel limiting law is

used in dilute solutions (<€ 0.01 M):
log ¥; = =-A ziz it (50)

while in moderately concentrated solutions (0.01 - 0.20 M)
the Debye-Huckel expression gives better agreement with

experiments
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2 %
A 24 I

log ~Yi (51)

1 +B8 Ié

in which z.

i charge on species "i",

8 = ion size parameter,
A and B = constants at a given temperature in a given
solvent,
and I = the ionic strength of the solution.

Ionic strength depends on the concentrations and charges of

all ions present:
_ 2
I = % }gjcj z (5;)

The activity coefficient of an uncharged solute is also

affected by ionic strength25'37n
log ¥y = kI (53)

where k = a constant.

Equations (51) - (53) are useful in the prediction of
acidity changes caused by changing electrolyte concentra=~
tions. The activity of an uncharged species increases with
increasing ionic strength, wﬁile that of a charged species
decreases under the same conditions. One may visualize
the latter effecf as a consequence of increased interionic
attraction at high concentration. This attraction increases
with increasing positive or negative charge, and the Debye-
Huckel equations confirm that activity coefficients decrease
more rapidly for ions of greater charge.

These considerations permit predictions concerning



-65-
changes in acidity and basicity with variations in ionic
strength for acids aﬁd bases of various charge types. Since
KA and Ké are measures of acidity and baéicity. respectively,
any change in acidity or basicity as a result of the salt
effect must be reflected by a change in KA or Ké.

Taking the negative logarithm of both sides of equation

(47) yields:

PKj = PKi(c) - log 7y - log Vg + logy,  (SH)

Addition of a neutral electrolyte, i.e., a salt that neither
increases nor decreases the concentrations of other species

present, increases the ionic strength and alters the activi-
ties of all species present in a solution. The salt effect,
ApKA(S). observed upon changing the ionic strength of a

solution is therefore

ApKa(s) = 4(-log ¥y - log ¥y + log'¥,) (55)
since pKA(C) is constant. Equation (55) emphasizes the
activity coefficient dependent nature of the salt effect.

An analogous derivation of ApKé(s) from equation (48)
yields:

ApKé(s) = p(log YH + log 7B - log fh)

- APK} (g (56)

in accord with the Brdnsted-Lowry view of the reciprocal
natures of acidity and basicity.
Alog Yh depends only on the magnitude of the change
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in ionic strength and is independent of the nature of the
acid-base conjugate pair, but Alog. ‘)’B and Alog ‘YA depend
on the charge type of the protolytes involved. This becomes
clear if the activity coefficient of a species of charge zy
is expressed in terms of the activity coefficient, 7’1. of

an "average" univalent ion29:

- 2
log 11'. = z;° log 7 (57)
Since zy = z, - 1, substitution of equation (57) into
equation (55) yields:

ApKA(s) = - Alog YH + (zA2 - sz) A log 7'1

- Alog ¥y + (2-2A - 1) Alog £

- Alogyy + (225 + 1) Alog ¥, (58)

Equation (58) indicates that increasing ionic strength
decreases the hydrogen ion activity and consequentl“y

should lower acidity. However, since "Alog ‘/1 also decreases
under these conditions, the magnitude of the decrease in the
acidity of neutral and anionic acids exceeds that predicted
by consideration of changes in hydrogen ion activity only.
Cationic acids, on the other hand, tend to counteract the
effect of Alog 7}{' and therefore any decrease in acidity

is likely to be smaller than expected. Equation (58)
predicts increased acidity for zA>1. i.e., some cationic
acids may be expected to manifest stronger, rather than
weaker, acidity with increasing ionic strength. Anélogously.

increasing ionic strength causes the expected increase in
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.basicity of anionic bases to exceed that of neutral and
cationic bases (equation (56)), and for highly charged
cationic bases (zy > 1) decreased basicity is predicted by
an analogue of equation (58).

The influence of ionic strength on protolysis requires
consideration of the salt effect upon both participating
conjugate acid-base pairs. An expression for ApK'(s) is
obtained by combining equation (58) for one conjugate pair
with an analogous equation forApKé(s) for the second conju-

gate pair, or by direct derivation from equation (49):

Equation (59) indicates that protolyses involving two
conjugate pairs of the same charge type are unaffected by
the addition of a neutrgl electrolyte, since ApKA(s) of
one conjugate pair is cancelled by ApKé(s) of the other
conjugate pair, i.e., the total concentration of species of
a given charge does not change in such a reaction and there-
fore no salt effect is predicted (although small changes in
acidity and basicity due to solvation effects are often
observed even in such cases).

Two specific examples of wide.applicability merit
mention. Considering only those protolyses involving acid
or base dissociation in a solvent, equation (58) is reduced

tos

ApKig) = 2 (zpy - 1) Alog.71 = 2 zp, 8log Yy
(60)



-68-

and, analogously,
ApKpigy = -2 (zg, + 1) alog Y,

= -23,, Alog 7, (61)

because a solvent behaves as a univalent cation acid -
neutral base conjugate pair (represented by the symbol A+B°)
towards solute acids and as a neutral acid - univalent anion
pase (A°B”) conjugate pair towards solute bases. Equations
(60) and (61) are the useful practical formulae for predic-
ting salt effects in acidic and basic solutions.

The second example involves acid-base interactions with
indicators, for which it was not previously recognized that
the presence of inert electrolytes affects not only the
activity coefficients of the protolytes of interest, but also
those of the indicator conjugate pair, making observations
contingent on the indicator charge type. The confusing and
seemningly contradictory results of acidity and basicity
measurements with indicators prior to this realization had
led many chemists to dismiss the technique as worthless,
except in restricted circumstances.

As an example, consider the prediction of equation (58)
that increasing ionic strength decreases the acidity of
neutral and anionic acids but increases the acidity of
cationic acids. An acidic indicator (A2 = HIn and Zpp = 0)
confirms this for an acid of charge type A*B® (equation (59))
but a basic indicator (A2 = HIn* and 24, = 1) indicates no

salt effect for the same acid, i.e., the apparent acidity

-



-69-

of the A*B® acid is less than its true acidity. Likewise,
the decreased acidity of A°B” acids under the same conditions
is confirmed by basic indicators but not by acidic indicators.
Consequently equations (58) and (59) are useful in predicting
indicator errors caused by salt effect829.

Hammett31 generalized saltveffect - related indicator
errors by considering the experimental criterion for indica-

tor color, i.e., the concentration ratio of the acidic and

basic forms of the indicator, in terms of indicator charge

type:
Acidic Indicator: Cpr. (1In)(3 )
= : (62)
N C1n" ("Hln)(‘.(ﬂxn)
Basic Indicator: CHIn+ (11‘,)(an)

(63)
CIn (THI;‘)(KHIn")

Hammett concluded from equation (62) and (63) that increased
ionic strength decreases the apparent acidity when measured
with acidic indicators and increases it when basic indicators
are used. He believed that the actual change in acidity as
a result of the salt effect lies inbetween the predictions
of both indicator types.

Salt effects are difficult to predict in circumstances
in which activity coefficients are not easily calculated. At
high ionic strength the Debye-Huckel equations are invalid.
Even at moderate ionic strength the ion size parameter, 2
(equation (51)) is unknown in many cases. A high solute

concentration approaches a change in solvent nature, super-
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imposing medium effects onto salt effects. Finally, some
types of molecules, e.g., amino acids, proteins, and certain
large indicator molecules, contain different acidic or basic
sites far enough apart in the molecule to behave independent-
ly in some circumstances but not in others. These hybrid
ions or "zwitterions" often exhibit a variation in apparent
charge type with changing ionic strength that complicates
the interpretation of observed salt effects. For example,
an acid of charge type A:B' can exhibit A°B” behavior at low
ionic strength but mixes A*B® and A”BT bvehavior at high
ionic strength because in the latter case its acidic sites

behave independently of each other29.

b) Medium Effects

The acidity or basicity of a solvent does not differen-
tiate between acids or bases of different charge types but a
change of solvent introduces other factors that do. The
acidity and basicity changes stemming from these factors are
referred to as "medium" effects. The medium effect is
formally defined as the work required to transfer one mole
of a species from its standard state in water to its standard
state in the solvent of interest?’ and includes dielectric
constant and solvation effects.

Activity coefficients of charged species are dependent
on the dielectric constant, €&, because the constants A and
B of the Debye-Huckel equations (equations (50) - (51))
incorporate it:



A < -2 (64)
B o« €12 (65)

The majority of medium effects involve a decrease in dielee-
tric constant since most solvents have dielectric constants
lower than that of water. The Debye-Huckel equation
predicts that a lowered dielectric constant causes a
corresponding decrease in ionic activity coefficients, the
latter dropping more rapidly for ions of greater charge.

The medium effect.‘ApKA(m). may be regarded as the
change in acidity upon transfer of an acid from a reference

medium, R, to the solvent of interest, X:

AvKi(m) = PKA(x) - PKA(R) (66)

Since pKA(C) (equation (54)) remains constant regardless of
solvent, an equation of a form similar to that of equation

(55) is obtained:

ApK}

A(m) = A(- log YH - log 75 + log 7A) (67)

Therefore, following equations (57) and (58)

ApKi(m) = -Alog Ty + (22, -1)Alog 7 (68)

alog 1k'depends only on the magnitude of the change in

dielectric constant and is independent of the charge type

of the acid-base conjugate pair. Equation (68) indicates

that, as in the case of the salt effect, Alog 7B and Alog 'VA

are affected by the charges of the protolytes involved.
Equation (68) predicts thaf decreasing the dielectric

constant decreases acidity since the hydrogen ion activity
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is lowered, but in such a case Alog 1& also decreases.
Thus equation (68) predicts that the decrease in acidity
for cationic acids is less than expected from a consideration
of the change in hydrogen ion activity only, and that neutral
and anionic acids decrease in acidity to a greater extent
than expected with decreasing dielectric constant. Anionic
bases become stronger than expected and cationic or neutral
bases do not attain the level of strength predicted solely on
the basis of ‘Alog‘7H4'5. The medium effect manifested by
decreasing dielectric constant therefore parallels the salt
effect manifested by increasing ionic strength.

As in the case of the salt effect, the effect of a
change of solvent on protolysis requires consideration of
the charge types of both participating conjugate pairs.
Equation (69), which is derived by analogy to equation (59),

expresses the medium effect upon protolysis equilibria:s
When applied to the special cases of acid and base dissocia-

tion in a solvent, equation (69) is reduced to (see equations

(60) - (61))s

.ApK;(m) = 2('z.Al - 1) Alog'f‘l (70)
and A‘PK{)(m) = -2(232 + 1).élog 7'1 (71)

respectively, which are of practical use in determining
medium effects. As in the case of the salt effect, equation
(69) predicts that protolyses between conjugate pairs of

the same charge type are not affected by a change of solvent.
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This is not always in agreement with experimental observation
since other effects, e.g., changes in solvation, alter acti-
vity in ways that the foregoing equations cannot predict.

Medium effects also influence the reliability of indica-
tor measurements and were responsible, along with salt
effects, for incorrect and confusing assessments of acidity
by indicator methods in the paét. One may consider the
example of an A*B® acid, whose increased acidity in a solvent
of low dielectric constant is confirmed by measurments with
acidic indicators but not with basic indicators, which show
an apparent acidity less than the true acidity. Hammett’s31
treatment of the problem (equations (62) - (63)) showed that
lowering the dielectric constant causes acidic indicators to
show an apparent acidity less than the true acidity of a
solution, while basic indicators show a higher apparent
acidity; the true medium effect lies somewhere between these
predictions.

A second approach to determining medium effects involves
their derivation from the Born equation, which measures the
work necessary to charge a species in a solvent. For one

mole of a species "i" of charge 23 in a solvent of dielec-

tric constant €, this work is expressed by 28.29,1&0'
o N e? zi2 1

46 = - — (1 - — (72)
1 2 ry €

in which e = electronic charge,

N = Avogadro's number,
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and r, = the radius of the species of interest, assuming
a spherical shape.
The first term of equation (72) represents the work required
to discharge the species in vacuum, and the second term is
the work necessary to charge the species in the solvent of

interest; 'AGi is therefore the solvation energy of species

"i".
In a protolysis reaction (equation (18)):
o _ o _ 0 0 o
AGY = AGA2 AGBZ + AGBI ,AGAI
= -23RT1logK' = 2.3RT pK®
2 2 2 2 2
Ne Zp2 Zp2 259 Zp1
- - ‘ - (73)
2 € Tpr2 rpo Ty Tay
2 2 2 2
- J Z2p2 22 Zp1 Zpg
or ApK' = — - . - (74)
€ Ta2 Tpo T31 Taq

2
where the constant J = g-§~§—— .

At this point the Born equation makes an assumption that
often leads to the difference between its predictions and
experimentally observed medium effects. Solvation and non-
electrostatic effects are neglected, i.e., the assumption is
made that the radius of each species remains unchanged even
with a change in solvent. This device permits the approxi-
mate determination of the medium effect for a change from a
reference solvent, R, to the solvent of interest, X:

Zp2 22 Zpy Zp1 1 1
+ - - —
€

a2 Tg2 T's1 Ta1 €x) (R)

ArK' (m) =

(75)
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If the reference solvent is the solvent of higher dielectric
constant, the dielectric term of equation (?75) is positive.
Finally, to simplify equation (75) the assumption is made
that the radii of the protolytes are not radically different.
Since z, = ZB + 1 for a conjugate acid-base pair, equation
(71) becomeszs’zgs

2 J (z - Z,,)
'ApK.(m) - - Al A2 i ) -i- (76)

Tavg. e(X) €(1'\’)

The validity of the last approximation is doubtful except for
the members of a conjugate pair, but it does yield an equa-
tion of a form qualitatively predicting medium effects in
accord with the predictions of equation (69), which is
derived directly from activity coefficients.

The simple Born treatment described above assumes that
Born charging accounts entirely for all of the electrostatic
interactions between ions and the solvent. Although this is
approximately true for large ions, the high charge density
associated with small ions leads to orientation and pelariza-
of solvent molecules in the immediate vicinity of the ion.
This results in the formation of a primary solvation shell
around the ion, followed by a structure-broken region and
then by the bulk solventuo. Consequently, the dielectric
constant of the solvent at or near the surface of an ion
is not identical to the bulk solvent dielectric constant,

and thus equation (76) has only approximate, qualitative

significance.
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The foregoing discussions of medium effects omit the
fact that there is a 1imit to how small a solvent dielectric
constant can be before electrolytic dissociation is inhibited.
Overall dissociation can be regarded as a two-step process;
the first step is the actual ionization process, resulting
in the formation of ion pairs, and the second step is the

dissociation of these ion pairs. This is represented for

acid dissociation in a solvent by28:
HA + S &= SH'AT == sH' + A~ (77)
Ion Pair
and for base dissociation by:
B + SH == BH'S" &= BH* + S~ (78)
Ion Pair

The latter step in each process depends on the dielectric
constant, which influences the work required to separate the
ions. The magnitude of this work is very small in solvénts
of high dielectric constant (€ > 25), and in such cases the
ionization process is virtually identical with overall
dissociation; medium effects in these solvents may be
predicted by equations (69) and/or (76). However, electro-
lytic dissociation is repressed in media of very low dielec-
tric constant because the work of ion separation is large,
i.e., equations (77) and (78) are effectively halted at the
ion pair stage. This is true for inert salts as well as
protolytes and therefore ionic strength in solvents of lbw
dielectric constant may be indeterminate, consequently

complicating the prediction of both salt and medium effects.
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D, Advantages and Disadvantages of the Brghsted-Lowry Theory

The Brghsted-Lowry theory is superior to the Arrhenius
concept in many respects. The recognition of acidity and
basicity as general phenomena reciprocally related to each
other allows extension of acid-base concepts to nonaqueous
solutions. One of the most valuable aspects of the protonic
thedry is its incorporation of useful quantitative classical
concepts with modification to render them applicable to
protolysis in general. Quantitative interpretations of
levelling, salt, and medium effects also stem from the
concept.

On the other hand, the theory is not sufficiently uni-
versal; there are instances of acid-base behavior that are
not included, namely those in which protons and protolysis
do not play a part9'11'12'15'17. The theory represents
almost no advance in this respect over concepts formalized
nearly a century prior to its appearance. Aprotic substances
manifesting acid behavior, e.g., SOB' COZ’ SiOZ. and BClB.

19 attempted

are excluded from consideration as acids. Lowry
to answer this criticism by describing these substances as
acid anhydrides that become Brgnsted-Lowry acids upon disso-~
lution in protic solvents. However, Lowry's' approach fails
to explain the observed acidic properties of these and other
substances in aprotic solvents, melts, and in the solid or
gaseous state, e.g., thionyl chloride in liquid 802. AlCl3

in phosgene, etc. Examples of other ambiguities include the
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classification of ammonium and mono-, di-, and trialkyl-
ammonium ions as acids but not tetraalkylammonium ions; also
metal ions, e.g., Fe3+ and A13+, are not acids although

19

their complex aquometal cations are. Lowry attempted to

integrate the coordination theories of Werner and of Lewiszo
into the protonic theory in order to justify the inclusion
of species such as the aquometal ions as acids, seeking to
equate the hygroscopicity and consequent increasing acidity

of coordination complexes, e.g.,

[Co(NH c1,] + mo = [cotvy) s(100c1, ] c1 (75)

303
with the identical properties of simple acids, utilizing
the true acid representation of Hantsch coupled with Lowry's

own intramolecular ionization concept:

0~ “-H

.0:\\*5// K — // \\\**/’

H+ 2 HO & o+ 2 H'

S
yd -
o~"  N\g~ \H i (76)

Unfortunately, both the inclusion of aquometal ions, but not

H

bare metal ions, as acids and formulations such as equation
(76) are based on the ease of coordination of water, and are
more difficult to envision in other solvents, reflecting a
narrow viewpoint limited to aqueous solution, or precisely

what Brgnsted and Lowry intended to depart from.
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IJ1I. Solvent Systems Theory

A major weakness of the Arrhenius theory was restric-
tion of acid-base concepts to aqueous solution, i.e., in
spite of experimental evidence that acid-base interactions
occurred in other solvents and even in the absence of a
solvent, the characteristic classical neutralization process

was
Acid + Base ——) Salt + Water (1)

The Brgnsted-Lowry theory expanded acid-base reactions to
include other solvents by introducing a general protolysis
scheme in which neutralization was one type of protolytic
reaction. Another consequence of protolysis was the
replacement of salt formation by conjugate acid and base
formation in neutralization reactions.

However, even before the Brdnsted and Lowry concepts
were published another extension of acid-base concepts to
nonaqueous solvents was being implemented. This approach
was predicated on the retention of salt formation as the
definitive acid-base process in any solvent by generalizing

equation (1)s
Acid + Base ~—> Salt + Solvent (2)

This concept continued to develop during and after the
emergence of the protonic theory. Equation (2) implies a
different Arrhenius-type acid-base system for each solvent1
and this concept is therefore referred to as the theory of

solvent systems.
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A. Reactions_in Liquid Ammonia and Other Protolytic Solvents

The physical and chemical properties of liquid ammonia
resemble those of water; ammonia has a relatively high,
boiling point, specific heat, heat of fusion, heat of vapor-
ization, dielectric constant, solvating power, and ionizing
power, as does water. The chemical behavior of solutions of
ammonium ions in ammonia towards alkali and alkaline earth
metals and towards solvent-insoluble oxides and hydroxides

2~5

parallels that of aqueous acid (hydronium ion) solutions“ “:

Mg + 2 H30+ — Mg2+ + H, + 2H,0 (3)
mg + 2 NN, — mg® o+ oH, + 2 NHy (L)
ca0 + 2 H 0" —> ca®* + 3 HO (5)
ca0 + 2 NH,'—> ca® + HO + 2 NHy  (6)

Alkaline solutions in ammonia impart a red color to phenol-
pthalein which disappears upon the addition of acid*,

2,3

Franklin regarded water and ammonia as the parent
compounds of analogous families of substances and devised a
system of acids, bases; and salts in ammonia paralleling the
Arrhenius theory in water.

Ammonia, like water, is capable of autoionization in

the pure liquid state5’6:
2 HZO;:::::::Q H30+ + OH (7)
2 NHBg————_’—__\ NHu" + NH,~ (8)

* Pure ammonia does not impart a red color to the indicator,
as does an ammoniacal, aqueous solution; NH3 is a base
relative to water but is "neutral" insofar as processes
which restrict its role to a solvent are concerned.
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The lyonium ions of both solvents are similar in that both
are actually solvated protonsl. Acids may therefore be
defined in liquid ammonia according to reasoning analogous
to the Arrhenius theory, i.e., an acid is a hydrogen-

containing substance that splits off protons in ammonia:

HA + H Q0 —= H30+ + A~ (9)

2
HA + NH, —m—= NHu+ + A (10)

3

Many of the concepts applicable to aqueous solutions of

acids may be adapted to solutions of acids in ammonia, e.g.,
any acid stronger that the ammonium ion is levelled to NH4+.
Acids that are weak in water often behave like strong acids
in ammonia because the latter is a more basic solvent, e.g.,
acetic acid is completely dissociated in ammonia.

Franklin distinguished between two categories of acids
for the purpose of making comparisons between solvents on
a theoretical basis. On one hand there are the "solvoacids"
which are solvent derivatives and on the other, acids which
are not solvent derivatives.

2,3 include fhe ammono analogues of aquo-

Ammonoacids
organic acids and of some nonmetal aquo-inorganic acids as
well as their partially deammonated products. The ammono
analogue of acetic acid, CHBC(NH2)=NH. and the anammonide
corresponding to acetic anhydride, (CHBC=NH)2NH. are repre-
sentative of organic ammonoacids and related compounds.

Inorganic ammonoacids and anammonides are derived from

ortho-ammonoacids, i.e., theoretical combinations of a
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nonmetallic atom with a number of solvent anions equal to
the valence of the nonmetallic atom; desolvation of the
ortho-ammonoacids yields the characteristic ammonoacids and
anammonides. Inorganic aquoacids and acid anhydrides are
similarly derived, as shown below for tetravalent carbon,

pentavalent nitrogen, hexavalent sulfur, and heptavalent

chlorine:
-H,0 -H,0
-2H,0 +HNO5, ~H,0
N
N(OH)5————>HN03 > N0, (12)
-2H,0 -H,0
S(OH)g ‘ stou—————)so3
| +H_S0,,, -H,0
29V 2
> H,S8,0, (13)
-3H,0 +HC10,, ~H,0
C1(0H), ——=—>HC10,, - C1,0,  (1h)

Analgously, for carbon and nitrogen in ammonia:

--ZNH3 +NCNH2, -NH3
C(NHZ)N- ___-_—QNCNH2 —> (NC)ZNH
+2(NC)2NH. -NH3
>2 CqN,, (15)
-3NH
N(NH,) 2>, (16)

Therefore the ammonoanalogue of carbon dioxide is C3Nh and
that of nitric acid is hydrazoic acid (HN3)°

Ammonoacids are generally too weak to manifest acidiec
tendencies in aqueous solution; in fact they are often
basic in aqueous solution. Their acidity is enhanced and
becomes apparent only in a more basic solvent such as

ammonia.
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The nonammonoacids behave no differently in ammonia
from the ammonoacids. They may also be either organic or
inorganic. Organic aquoacids that are weak in aqueous
solution behave like strong acids, i.e., are completely
dissociated in liquid ammonia, e.g., acetic acid. Hydrogen

and ammonium halides (which are actually identical in

- ammonia) also are not ammonoacids; it may be noted that

they are also not aquoacids. The ammonoanalogue of the
aquoacid nitric acid (equation (12)) is not ammonium nitrate
but hydrazoic acid (equation (16)), which may also be
referred to as ammononitric acid. The relationship between
HNO3 and HN3 is more than mere formula juggling. Hydrazoic
acid performs all of the functions in ammonia that nitriec
acid is capable of in water: it oxidizes ferrous ion to
ferric ion; in combination with HCl it dissolves gold; and
its salt KN3 is a nitridizing agent, just as KNO3 is an
oxidizing agent. It is probable that this relationship
would have been overlcoked in a less rigorous approach not
distinguishing between ammono and nonammonoacids.

Acidic properties are also exhibited by nonmetallic
halides undergoing ammonolysis comparable to aqueous hydro-

losis, but these substances are not acids in the Franklin

senset

AsClB + 6H20 -———-;«-As(m{)3 + 3 HC1 (17)
AsCly + 61\:}{3———--9«;\s(1~n{2)3 + 3 NH,C1 (18)

Ammonobases include metallic amides, imides, and nitrides,

e.ge» KNHZ. KZNH. and KBN’ which are analogues of the aquo-
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bases hydroxide and oxide, e.g., KOH and KZO‘ Ammonobases
possess indicator, solubility, and solid-state conduction

2,3,5,7

properties similar to those of their aquo analogues

Bases stronger than the amide ion are levelled to NHZ'.

Bases that are relatively strong in aqueous solution are

often relatively weak in the more basic solvent.
Neutralization processes in liquid ammonia also parallel

those in aqueous solutions

H,001 + NaOH —3 NaCl + H,0 (19)
NH,C1 + NaNH,—> NaCl + 2NH3 (20)
CHsCOOH + NaOH —3> CH,COONa + H,0 (21)
CHBC(NH2)=NH + NalH,

—_— CHBC(NHNa)=NH + NH3 (22)

Ammonoacids and ammonobases (equation (22)) can react to

form ammonosalts, although not all acid-base reactions in

liquid ammonia result in ammonosalt formation (equation (20)),
Amphoterism is observed in the amides of elements whose

hydroxides are amphoteric in water3’8:

Zn(NH,), + 2 KNH,, _—-—>»K22n(NH2)h (23)

Zn(NH,), + 2NH401——9 ZnCl, + 2NH. (24)

These concepts can be extended, at least in principle,
to other protic solvents, e.g., HZS' HF, CHBCOOH. stou. and
even CH43'5’6. Experimental considerations, such as solu-
bility and hydrolysis by traces of water, often make it
difficult to verify Franklin's approach in general. Acidity

and basicity of solvents may be compared by considering the
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behavior of a single solute in a variety of media, e.g.,
urea is acidic in ammonia, weakly basic in water, and is a
strong base in glacial acetic acidé.

Among the eériticisms of Franklin's approach is its
restriction to protic solvents. Although more general than
the Arrhenius theory, the Franklin concept does not account
for aprotic acid-base behavior and in this respect offers no
advantage over the Brgnsted-Lowry theory. On the contrary,
it is simpler to treat protonic acid-base behavior with the
single acid-base definition of the latter concept than to
defined a separate acid-base system in each solvent.

In addition, Franklin's distinction between solvo and
nonsolvoacids implies that tautometic substances are simul-

taneously members of two solvoacid classes; he regarded

acetamide as a mixed aquoammonoacidas

OH

CH..C CH.C C

Ty — g (25)
3 -, S 3% sny

and keto-enol tautomers and nitro-organics as mixed aquo-

methanoacids:
_0 _OH
CH4C ~cH, fom—— CH,C <cH, (26)
CH,NO, === CH,NOOH (27)

The last example coincidentally served as Hantsch's starting
point in the development of pseudoacid theory, which began
about the same time that Franklin initially formulated the

solvent systems theory.
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B. Aprotic Acid-~Base Reactions

Germarm9'10 agreed with Franklin that hydroxide ion
was not the only basic species but felt that the restriction
of acidic species to hydrogen-containing substances and the
consequent view of acid-base processes as proton-anion
reactions was only a partial improvement over the Arrhenius
theory. Germann questioned the belief that hydrogen was the
only carrier of acidic properties, whether in a molecule or
as a free or solvated ion, and pointed out similarities
between the behavior of sulfur trioxide in water and aluminum
chloride in phosgene (COClz) to illustrate his point (Table
II1I-1). He concluded that phosgene, like water, ammonia,
and other protic solvents, is an ionizing solvent despite

the fact that it does not contain hydrogen, although he did

not specify the manner of ionization6'7s
cocl, m—==2c0%" + 21~ (28)
+ -
COCl, m———==C0C1" + Cl (29)
2 cocl, m=—=coc1" + CoC1,” (30)

According to Germann, the similarities in chemical behavior
between ionizing solvents indicate that any ionizing solvent
can serve as the "parent solvent" of an acid-base-salt
system, leading to a generalized set of acid, base, and

salt definitions’'1?,

A solvoacid is defined as a substance that combines

with one or more molecules of the parent solvent to produce

an addition compound with the following properties:



Table III-1:

Comparison of Properties of SO

3 in H20 and AlCl3 in COCl2

Property i SO3 in H,0 AlCl3 in cocl,
Solvation SO3 + HZO.____4> H,S0), 2 AlCl3 + COCIZ-——,‘»COAIZCI8
: ¥ 2= o+ 2=
Electrolytic H,S0; ———3 2 H" + 30, COAl,Clg ——> CO + Al,Clg
Conductivity
Electrolysis H, + 3 0, co + Ci,
Products :
Reaction with H2504 + Mg(s) COA12018 + Mg(s)

Me tals
—-———)MgSOLP + HZ(g)

Reaction with 3
Metal Compounds

HZSOU + Na2C0

Acid-Base stou + Na20
Neutralization :

— NaZSOu + H20

(salt) (solvent)

——————— MgA12C18 + CO(g)
COA12Cl8 + Na2003
— Na2A12018 + 2 COz(g)
COA12C18 + 2 NaCl
(salt) (solvent)

-06_
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a) it is an electrolyte capable of dissociating into
a cation identical to the solvent cation and a
complex anion composed of atoms from both the solvo-
acid and the parent solvent;

b) metals and metal compounds react with the addition
compound to produce salts; with metals, a gas
characteristic of the solvent cation is displaced;

c) the solvoacid is neutralized by a solvobase,
producing a salt and pure solvent.

The reactions of aqueous SO3 and AlCl3 in phosgene exemplify
the characteristic behavior of acids according to Germann.

Solvobases are metallic derivatives of the parent
solvent that dissociate into metal ions and anions identical
to the solvent anion. Solvobases are good conductors and
neutralize solvoacids. Solvosalts are the products of solvo-
acid-metal, solvoacid-metal compound, or solvoacid-solvobase
reactions; They are good conductors and may undergo solvoly-
sis.

Germann's definitions rest on the formation of charac-
teristic solvent ions. Substances which increase the C0%*
concentration in phosgene are acids and those which increase
the C1~ concentration are bases. These definitions retain
Franklin's solvoacid-nonsolvoacid distinction in name but
alter its meaning to reflect Germann's emphasis on solvation
prior to ionization. Hydrogen chloride is a solvoacid in
water by this definition since the hydronium ion concentra-

tion of an aqueous HCl solution exceeds that of pure water,
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whereas Franklin did not regard HC1l as an aquoacid. However,
HC1l is not a solvoacid in phosgene; in fact, one of the ambi-
guities of Germann's definitions is that HCl in phosgene may
be regarded as a base since it contains the chloride ion. On
the other hand, the early solvoacid definition of Germann does
offer an explanation of metal ion, e.g., A13+} acidity, based
on solvation, that is analogous to the Brgnsted-Lowry concep-‘
tion of aquometal ion acidity.

Tracer studies with radioactive chlor'i.nen'13 indicate
that the exchange rate between‘AlCI3 and phosgene in solution
is very slow. Heterogeneous chlorine exchange between the
pure solvent and ionic chlorides, which are insoluble in
phosgene, is also extremely slow. Ionic chlorides exchange
rapidly with a phosgene solution of aluminum chloride but this
exchange seems to occur directly between the solute and the
solid phase since no activity is found in solvent distilled
from such solutions. Thus the evidence is that phosgene is
not an ionizing solvent, since exchange of chloride with AlCl3
and ionic chlorides would otherwise be rapid. Huston and

12

Lang™™ attributed the conductivities measured by Germann to

reactions in which the solvent plays no role, e.g.,
+ -
2 AlClB _ AlC1,” + AlCl, (31)

However, Germann's unfortunate choice of solvent was not
discovered till much later and consequently did not affect

other attempted solvent system definitions based on his work.

1.5,1“’.15

Cady and Elsey reached similar definitions,
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describing an acid as a solute that, by direct dissociation
in or reaction with an ionizing solvent, increases the solvent
cation concentration. A base increases the solvent anion
concentration in an analogous manner. Neutralization
(equation (2)) was amended by the Cady-Elsey definitions

to emphasize the solvent roles

Acidic Solution + Basic Solution

—_— Salt + Solvent (32)

Thus acids do not react with bases directly, but, instead,
solvent cations and anions are the actual reacting entities
in neutralization. Cady and Elsey defined salts as electro-
lytes dissociating into at least one cation and at least
one anion different from the solvent ions. Acidic and basic
salts dissociate to form the solvent cation and anion,
respectively, in addition to the nonsolvent cation and anion.
Other salts are considered neutral, although solvolysis of
such salts may result in solution that are not neutral.

Theoretically any solvent may be treated in the same
manner as water by this approach, starting with the deter-
mination of an autoionization constant KS and the establish-
ment of a scale analogous to the pH scale with a point of
neutrality at 3 pKg.

Cady and Elsey retained the solvoacid and solvobase
concept of Franklin in their definitions but the complexities
involved in the determination of solvoacids and bases in the

wide variety of solvents covered by their concept and the
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functional uselessness of distinguishing ﬁetween substances
with identical behavior relegated this aspect of the solvent
systems theory to a position of marginal significance. By the

1930's, when Jander>6+8,16-18

applied the Cady-Elsey solvent
systems concept to liquid sulfur dioxide, the idea of
maintaining such a distinction was obsolete.

The low conductivity of pure liquid 302' its good
solvating power, and the high conductivity of its solutions

caused Jander to view SO2 as an ionizing solvent whose exact

manner of ionization is unknown:

S0, T——— S0 + 0 (33)
1 o2+ 2-

2 S0,F=——= S0 + S0, (34)

3 S0,m==—== 5050,%* + 50,° (35)

However, his observation that thionyl compounds behave like
acids and sulfites like bases in this solvent led him to
conclude that the solvent cation is the free or solvated
thionyl (SOZ+) ion and that the solvent anion is the sulfite
ion. Thus thionyl chloride is an acid in liquid 3023

50C1,, F———= so?* + 2c¢c1” (36)

and neutralization in this solvent is represented, in the

Jander view, by, e.g.,
S0Cl, + Cszsoj-——————> 2 CsCl + 250, (37)
Substances other than sulfites that are ¢apable of inter-

acting with the solvent to increase the sulfite ion:

. . 8
concentration are also considered bases , e.g.,
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2+ 2-
2 NHg + 2 50, == (NH;),S0°" + 50, (38)

Other characteristic acid-base phenomena are also observed in

3)2

this solvent, e.g., A12(30u)3 is amphoteric in S0,, Jjust as
aluminum hydroxide is in water.

Exchange experiments with labelled sulfur and oxygen
in this medium have disputed the validity of the Cady-Elsey
and Jander concept35'19-22. Thionyl chloride and bromide
exchange oxygen and sulfur with the solvent very slowly, in
contradiction with the assumptions of equations (33) - (35)
and equation (38). On the other hand, sulfite exchange is
so rapid in this solvent that it seems unlikely that the
limited solvent dissociation alone can account for it. The
identity of the solvent cation in SO2 is therefore uncertain
although the solvent anion is sulfite.

The failure of the Germann and Cady-Elsey concepts in
phosgene, sulfur dioxide, and in other solvents raised the
question whether acids and bases were to be regarded as
substances whose characteristic properties are linked to the
existence of ions of a solvent without seeking a trait common
to and inherent in the acids and bases themselves. Lewis23
touched on the idea of considering an acid a substance leading
to solvent cation production or a substance combining with
solvent anions, and regarding a base as capable of salvent
anion production or combination with solvent cations. He
credited this approach with being more general than the proton

definition but at the same time noted the attempted restric-
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tion of what he felt were solvent-independent phenomena. On
the other hand, there were extreme adherents of the solvent
systems theory as presented by Cady and Elsey who, despite
evidence to the contrary, insisted that acidity and basicity
were solution properties. They rejected the idea of acid-base
reactions in the absence of or without the participation of a
solvent, attributing such processes to ionic or polar cova-
lent forces, and maintained that the only true acid-base
reactions were those between solvent cations and solvent
anionszu. According to this viewpoint, aqueous hydrochloric
and sulfuric acids are acids but pure hydrogen chloride and

hydrogen sulfate are not; this represents a regression to the

days of Arrhenius and is recognized as such today.
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C. Electronic Structure and the Solvent Systems Theory

l«lickerts’w’z5 formulated an acid-base theory coupling
neutralization (equation (2)), which he considered the defi-
nitive acid-base property, with a classification of acids and
bases founded upon the electronic structures of their ions.
Criticizing the Brghsted-Lowry approach for its invalidity
outside protic solvents, Wickert conceived of his theory as
applicable to most ionizing solvents, which he termed “water-
like". Water-like solvents dissociate into cations without

and anions with closed electronic configurations, e.g.,

H,0 ;:—-—__.-‘H+ + OH (39)
Sb01, T2 sp3* + 3c1” (40)

(See also equations (33) - (35).) Wickert's definition of
water-like solvents excludes molten salts and bases because
their cations, as well as their anions, have closed configu-

rations, e.g.,

NaCl(l)“::-__.—"Na"' + (41)
NaOH(l)F—————-—’Na* + OH™ (42)

Thus Wickert differentiated between water-like solvents on
one hand and salts and bases on the other solely on the basis
of the electronic configurations of their cations.

The difference between salts and bases is reduced to a
comparison of solute and solvent anions in this conception.
A solute that is a salt in most solvents is a base in those
solvents that dissociate to form an anion identical to the

solute anion, e.g., sodium hydroxide is a base in aqueous
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solution but a salt in liquid sulfur dioxide. Wickert also
noted that acid dissociation results in the formation of open-
shell cations and closed-shell anions, just as in the dissoci-
ation of water-like solvents. An acid-base theory emerged
from these considerations which pictures salts and bases as
one pair of closely related categories, and acids and water-
like solvents as another. The nature of the solvent anion
distinguishes a base from a salt; an acid differs from a
water-like solvent simply because the former is a solute and
the latter a solvent, i.e., all acids in the pure state are
water-like solvents.

Consequently, Wickert's view of neutralization appears
to be an analogue of Brgnsted's double conjugate pair acid-

base equilibrium predicated upon electronic configuration:

Acid + Base —~—» Salt + Solvent (43)

Closed
electronic
configuration: anion cation cation anion
only and and only
anion anion

The interchangeability of acids and solvents, or of bases and
salts, implies no distinction on the part of this theory
between neutralization and solvolysis, just as in the proto-
lysis concept. - Wickert considered his definitions absolute,
solvent-independent, and extendible to processes outside the
liquid state. One of the corollaries derived from Wickert's
definitions is the stipulation that any substance than is an
acid in one water-like solvent and dissociates in the .

same manner in another water-like solvent is also an acid

ot T : : Lt
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in the latter solvent. This principie clarifies the confusion
caused by Germann and Cady-Elsey concepts in which, for .
instance, HCl1l is considered a base in :phosgene because it
dissociates to form the solvent anion. The electronic
structure of the dissociation products of HC1l make it unequi-
vocally an acid in the Wickert sense. However, retention of

the Wickert definitions cause a reaction such as

SbBr., + 3HCl=—> 73 HBr + SbCl (44)

3 3
to be regarded as a metathetical acid-acid rather than acid-
base process in SbCl3 solvent.

Wickert's theory, although formulated on a solvent-
systems basis, does not limit acids and bases to substances
influencing solvent ion concentrations. The stipulation that
an acid remains an acid no matter what the solvent (assuming
the manner in which the acid dissociates is unchanged) is an
affirmation of the general nature of acidity phenomena and of
the inherence of acid properties in the acids themselves.

On the other hand, Wickert implies that ionization is
a characteristic property of acids and bases and his concept
relegates amphoterism to nothing more than differences in the
manner of ionization. In addition, a number of substances
with acidic properties fall into the category of Wickert
bases because their cations have open electronic configura-
tions, e.g., AlBrB. indicating that these definitions are
not general enougha.

18

Cruse”  pointed out that Wickert's ideas also lead to
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neutralization processes in which the pure solvent is not
a product and that the Wickert theory is therefore not a true

solvent systems concept, e.g., in liquid 802
2 HC1 + KZSOB_______) 2 KC1 + H2803 (45)

Cruse believed that Wickert erred in regarding neutralization
as the sole definitive acid-base property from a solvent
systems point of view (equation (2)) because acids and bases
are capable of reaction in inert solvents such as benzene.
However, indicator color changes may be observed for acid-base
reactions in inert as well as in ionizing media, and Cruse
used indicators to demonstrate what he believed was Brdnsted-
type behavior in liquid sulfur dioxide. When aniline is
dissolved in SO2 a yellow color appears that is attributed to

the formation of a solute solvent adduct:

06}{5N}{2 + soz————> CéHSNHZSO2 (46)
Cruse postulated that the adduct forms as a result of electron
exchange between aniline and SOZ' and that acids bind bases

via an electron exchange mechanism, The decolorization of

an aniline solution in SO2 by a hydrogen acids

+ -
CgHGNH,S0, + HA————)C6H5NH3 + AT+ S0, (47)

represents a double acid-base equilibrium in which the
electron exchange mechanism of aniline is transferred from
802 to H'. This represented Brgnsted-type behavior to Cruse
and confirmed what he perceived as the general validity of

the Brgnsted-Lowry theory even in a solvent such as sulfur
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dioxide, whi:s has neither proton donating nor proton accep-
ting propegtice.
Smith“'“h'27

base definjtivns founded on electronic structure. An acid is

also devised a set of solvent systems acid-

a neutral or +harged solute acting as an electron pair
acceptor towsrds a molecule or ion of the solvent, and a base
is a neutral! or charged solute acting as an electron pair
donor towaridr a solvent molecule or ion. Smith's definitions

give the same results as the Brgnsted-Lowry theory in protic

solvents:
CIH + OH, &= C1~ + HiOH," (48)
H,Ni™ + HOH &= H,NtH + OH~ (49)

but they are equally applicable to aprotic solvents such as
selenium oxychloride, regarded by Smith as the parent solvent

of a solvosystem of acids, bases, and salt326'27x

Se0Cl, m———= seocl® + cC1~ (50)

Acids (electron pair acceptors) increase the solvent cation
concentration, e.g.,
c1™ + seocl* (51)

3
2~

S0, + Se0Cl, F=——==50
SaCl, + 2 se0Cl,¥==snC1,%>" + 2 seoc1* (52)

Bases (election pair donors) increase the solvent anion
concentrati.ng Smith's dgfinitions therefore include those
of Germann nni of Cady and Elsey. Smith drew a distinction
between {nvidental and other bases. The former are bases

containing wloctron pair donating groups identical to the
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solvent anion, e.g., metallic chlorides in SeOClz. Smith
found that these bases are weak compared to those in the

latter category, e.g.,

+ -
CSHSN + Se0Cl, F====3 CSHSNSeOCI + Cl° (53)

Neutralization results in salt and solvent formation

(equation (2))s

seoc1t + 50,017+ c5H5NSe001+ + C1°

—_— 05H5NS°3 + 2 SeOCl2 (54)
The combination of electronic structure with the solvent
systems theory represented an attempt to describe acids and
bases in functional rather than in constitutive (solvent
cation-anion or protonic) terms. It found acceptance not
within the solvent systems theory but as a corollary of
the electronic acid-base theory of Lewis, which does not
distinguish between solute and solvent. Most adherents of
the solvent systems theory did not regard electronic
structure as significant in explaining acid base behavior
and still maintained that solvent ion formation, whatever

the means, was the definitive acid-base trait.
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D. Aci&s and Bases in Melts

28

Lux™ believed that melts could act as solvents, albeit
in a high temperature range, and began the development of an
acid-base theory for oxide melts analogous to the protonic
theory. According to Lux, the oxide ion serves the same
purpose in oxide melts that the proton does in aqueous solu-
tion, i.e., its concentration is characteristic of the state
of the melt. The negative charge of the oxide ion requires

a reversal of donor-acceptor abilities of acids and bases
relative to the proton, i.e., a base is an oxide donor and

an acid is any oxide acceptor5’28-31:

Base'_.‘—: Acid + 02- (55)

Lux therefore postulated the same kind of inverse acid-base
relationship for oxide melts that Brgnsted did for protolytes
and was able to utilize some of the ideas associated with the
protonic theory. For example, sodium oxide is a base whose
conjugate acid is the sodium jion, and sulfur trioxide is an
acid whose conjugate base is the sulfate ions

Na,0 =——— 2 Na* + 0%" (56)

S0, + 0% === s0,%" (57)
An acid-base reaction is an oxide ion transfer between two

conjugate acid-base pairs analogous to protolysis:
Na,0 + soB"._'—_'_-‘z Na* + souz' (58)

Melt acidity and basicity depend on the position of equilibria

such as equation (58). A sodium sulfate melt is considered to



-104-
be in the neutral region of oxide concentration since very
little decomposition to SO3 and Na20 occurs as a result of
the strong acidity of the former (or the weak basicity of
its conjugate base). A sodium carbonate melt is slightly
alkaline since carbonate is a stronger base than sulfate
and the decomposition equilibrium is slightly shifted
towards CO, and Na20 formation. A sodium oxide melt is
very basic (since sodium ion is an extremely weak conjugate
acid).,

Lux defined a concentration scale for oxide ion in
melts. Lacking any information about activity coefficients
in these circumstances, he set both activity and concentra-
tion of oxide ion equal to the analytical concentration of
dissolved oxide, which, in melts of known composition, is

the mole fraction of oxide:

n = 2 (59)

and, in melts of unknown composition, is the number of moles
of oxide per hundred grams of melt:
NNa, 0

- 2 (60)
100 g

N400

Lux suggested that a pO scale be developed for oxide melts

analogous to the pH scale:

po - logn (61)
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It may be noted that p0O varies in a direction opposite from
pH: a drop in p0 accompanies an increase in melt basicity.

Flood and coworkers?? 3! showed that the relationship
between the Brghsted-Lowry and Lux definitions is more than
formal, citing as an example the fact that the proton dona-
ting strengths of stoh and H2003 parallel the oxide accep-
ting strengths of SO3 and 002. i.e., stronger Bronsted acids
are related to stronger Lux acids. Flood also drew an
analogy between polyprotic acids and a similar phenomenon

in oxide melts:

+ + +
~H -H -H
H3PO, = HZPOA';::::ﬂ HPOuz';=====£ POuB' (62)
2- 2-
+0 +0
510, 7= 31032‘ = Siou“' (63)

Potentiometric and indicator methods have been adapted to
the determination of oxide activities. Chromate ion, whose
decomposition to chromic ion at constant oxygen partial
pressure is a function of oxide activity, serves as an

oxide melt acidity-basicity indicator:
2 0r0,2”" == 2¢r* + 1.50, + 507 (64)

Thermal decomposition and displacement reactions also

furnish a qualitative idea of acid and base strength, e.g.,

MCO, === MO + €O, ) (65)

MCO3 + SOB(g);:::::::f MSO, + Coz(g) (66)

Flood employed the former technique to obtain a qualitative

order of oxide basicity, finding (as expected) that the most
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strongly basic oxides (those with the weakest conjugate acid
metal ions) are those of the alkali and alkaline earth
metals. Flood obtained an order of acid strength in
oxide melts from displacement reactions.
Flood also suggested that the Lux theory can be
generalized to sulfide, fluoride, and other melts by

simple analogy.
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E. Donor-Acceptor Acids-Bases and Ionotropy

Ebert and Konopik6'32'33 introduced a concept that
differentiates between two kinds of acids and two kinds of
bases in autoionizing solvents in 1949. Donor acids (AD)
are capable of releasing solvent cations or any other acid
upon direct dissociation and may alternatively manifest
their acidity by reacting with the solvent to form solvent

cations, e.g.,

HC1 + Hzo‘.':—___.—‘l{30+ + C1°7 (67)

Donor bases (BD) split off solvent anions or any other base
in their dissociation and may also react with the solvent to

produce solvent anionst
+ -
NaOH(aq) —> Na" + OH (68)

Acceptor acids (AA) are capable of binding solvent anions or

any other base:

0 == HCO,~ + H' (69)

Cco 3

+ H

2 2

and acceptor bases (BA) can bind solvent cations or any

other acid:

NH, + H,0 — NHu+ + OH (70)

Salt formation remains the characteristic neutralization
process in this concept, but a comparison of reactions
between the different types of acids and bases reveals a
fundamental alteration in the role of the solvent compared

to the classical neutralization process (equation (2). It is
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no longer necessary, according to this viewpoint, that the
solvent always be a reaction product. On the contrary, it
may be a product, reactant, or neither, depending on the

reacting acid and base:

Ay + By —————3 Salt + Solvent (71-a)
e.g., HCl + NaQH———3 NaCl + H,0 (71-1v)
Ay + By + Solvent ————> Salt (72-a)
e.g.s H0 + 2NHy + SO, ——->(1\m4),‘,so3 (72-b)
A, + By ———> salt (73-a)
e.g., BCly + (CHB)}N—-—)c:13}3N(c1113)3 (73-b)
Ap *+ By =3 Salt (74-a)
e.g., HCl + NHB——-) NH,,C1 (74-v)
Ay + By ———> Salt (75-a)
e.g., Zn(OH), + 2 NaOH —> Na [Zn(OH)u] (75-b)

The Ebert-Konopik concept possesses two advantages over
the Germann and Cady-Elsey definitions: it does not restrict
acids and bases to substances linked to solvent ion concen-
tration, and it recognizes the related fact that the solvent
does not always participate in acid-base reactions, e.g.,
equation (74-b) in benzene. However, the donor-acceptor
acid-base scheme is little more than a convenient method for
classifying certain types of reactions and offers no theo-
retical foundation on which to link donor and acceptor
acids (or bases). It is therefore a step back from the

search for the quality or qualities responsible for the
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quality or qualities responsible for the characteristic
properties of all acids and bases. There is no reason to
create an artificial distinction between substances that
behave identically, for example, towards indicators.

6,32 pointed out that the transfer

Gutmann and Lindqvist
of ions from one species to another forms the basis for
several acid-base theories. Proton transfer is the defining
process in the Bronsted-Lowry theory, the Lux-Flood theory
is based on oxide transfer, and Ebert and Konopik implicitly
indicated that other ionic transfers are possible in acid-
base reaction, e.g., equations (69) and (75-b) may be
regarded as examples of hydroxide transfer. Gutmann and
Lindgvist united and generalized these ideas into an acid-
base theory founded on ion transfer or "ionotropy", which
they believed was crucial to the existence of acidity and
basicity in ionizing solvents and in melts.

Ionotropic solvosystems are classified according to
whether a cation or anion is transferred. 1In cationotropic
solvents acids are cation donors and bases cation acceptors;
cation transfer takes place from acid to base. In aniono-
tropic solvents the direction of ion transfer is reversed:

an acid is an anion acceptor and a base an anion donor6’32’

3”'35. The Gutmann-Lindgqvist definitions may be summarized

bys

Cationotropy: Acid == Base + Cation (76)

Anionotropys Base ¥ Acid + Anion (77)
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The ionotropic view of neutralization combines the cliassical
form (equation (2)) with the double conjugate pair concept.
Hence the products of a neutralization reaction remain a
salt and pure solvent but the ions of these products are
recognized as having weak acid-base properties.

The only known cationotropic solvents are the proto-
tropic solvents, i.e., solvents in which autoionization
involves proton transfer. On a practical basis cationo-
tropy is therefore identical with the Brgnsted-Lowry and
Franklin concepts. Several types of anionotropic solvents
and melts are included in the Gutmann-Lindqvist approach.
The anion transferred may be fluoride, chloride, bromide,
iodide, oxide, or sulfide5'6’22'32'35'37. Typical reactions
in three different anionotropic media are shown in Table
ITII-2. Oxidotropy explains the exchange of oxygen between
sulfite ion and sulfur dioxide solvent, in which auto-
ionization is too limited to be responsible for the observed

rapid exchange rate20'21. Gutmann and Lindqvist believed

that their definitions can also be extended to solventless

ion transfersé'Bz.

Potentiometric, conductimetric, and spectrophotometric

methods have been adapted to acid-base studies in aniono-

6,32,34,36

tropic solvents » particularly by Gutmann and co-

5,3&,38,39' who employed these methods to provide

workers
experimental confirmation of ionotropy using the solvent

phosphorus oxychloride:
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Table III-2: Reactions in Selected Anionotropic Media

Fluoridotropy:
Solvent autoionizations 2 BrF‘3 "‘—-—'—-—‘ BrF2+ + BrFu'
Acidic reaction: SbF5 + Ber F:::e SbF6' + BrF2+

Basic reaction: KF + BrF, = k' + BrF,~

Neutralization: [Ber] [SbF6] + I(BrFl+

—————3> KSbF, + 2 BrF
6 3

Chloridotropy:
o o . —) + -
Solvent autoionization: 2 AsCl3 p—— AsCl2 + AsClu
Acidic reaction: FeCly + AsCl, | FeCl,~ + AsClz*

Basic reactions CSHSN + 2AsCl3

+ -
T C.HNASCL,” + AsCl,

Neutralization: [AsClz][FeClu] + [C5H5NA3012] AsClu]
2

_ [C5H5NAs012] [FeClu] + 2 AsCl,

Bromidotropy:

Melt autoionizations 2 HgBrzg HgBr® + HgBr,

Acidic reaction: Hg(Cth)z + HgBr,

T2 HgBr' + 2Cl0,"
Basic reaction: NaBr + HgBr‘2 _—‘_‘r——-—- Na* + HgBrB'
Neutralization: [HgBr] [ cmu] + NaHgBr3

NaCl0, + 2 HgBr,
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+ -
2 POCl3 F::::::ﬂ POCl2 + POClu (78)

or, for short,

P0013—,__=__—__.—'p0012* + Cl (79)

in which the chloride ion is implicitly solvated (just as
the symbol H* in a protic solvent implies a solvated proton).
Gutmann determined orders of acidic and basic strength in
this solvent. | R
Ferric chloride is expected to manifest its acidity in

POCl3 via the characteristic chloridotropic reaction:
FeCl; + POClyv————= FeCl,~ + POC1,"  (80)

which is confirmed spectrophotometrically and by the jeliow .
color of the tetrachloroferrate ion in dilute or alkaline
solutions. However, the reddish-brownAcolor of FeCl3 is
evident in concentrated or strongly acidic solutions and
spectrophotometry yields no evidence of FeClu-. X-ray
diffraction shows that FeCl3 is coordinated with the oxygen
atom of a solvent molecule in concentrated or strongly
acidic POCl3 solutions, not with a chloride ion. Gutmann
rationalized this behavior by postulating competition for

the acid between chloride and oxygen sites in POClB:

c13Fe0P013"—'—"¢——-_ FeCl,” + p0012" (81)

Solution acidity, basicity, and concentration determine the
position of equilibrium in equation (81). The presence of
~a stronger acid, e.g., SbCl5. or of FeCl3 in high concentra-

tion shifts the equilibrium towards coordination of the
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ferric chloride with oxygen. Equation (81) is shifted
towards FeClu" formation in alkaline or dilute FeCl3 solu-
tions because no stronger acid is present to compete for
chloride ion. Gutmann compared this competition to an
analogous situation in water: dilution of an aqueous
solution of FeCl3 in HC1 leads to the gradual disappearance
of yellow FeClu' as water (via oxygen) replaces chloride
ion the coordination sphere of the ferric ion.

5,40 criticized ionotropy with particular

Meek and Drago
reference to Gutmann's experiments in phosphorus oxychloride.
They obtained spectrophotometric and titrimetric results for
ferric chloride in triethylphosphate, (CZHSO)BPO' a solvent
incapable of chloridotropy, that were similar to Gutmann's,
and consequently suggested that solute dissociation is

identical in both solvents, i.e., the assumption of solvent

ionotropy is incorrect and the solvent plays no role in

dissociation:
2 FeCl, === Fec12“ + FeCly~ (82)
Gutmann5 retorted that dichloroferric ion exists only in

concentrate or strongly acidic POCl3 solutions but not in
dilute ones, and that consequently equation (82) is valid

5.1 considered

only over a limited acidity range. Huheey
the controversy semantic and without foundation, declaring
that circumstances in both solvents differ with regard to

the possibility of levelling FeC12+. Huheey's view is that

triethylphosphate is unable to level the dichloroferric ion
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but that POCl3 may be able to do so if its solvent cation is

a weaker acid than FeClz*:
+ s +
FeCl2 + POCl3 —_— FeCl3 + POCl2 (83)

The lack of solute-solvent chloride exchange in phosgenen'13

also argues against ionotropy, at least in this solvent.

F. Advantages and Disadvantages of the Solvent Systems Theory

The unquestionable advantage of the solvent systems
concept compared to the protonic concept is that the former
extends acid-base processes to aprotic speciesl. There are,
however, several problems associated with the theory.
Defining acids and bases in terms of solvent cations and
anions provides no information about general properties of
acids and bases, e.g., behavior towards indicators and
catalysis. A great deal of reliance is placed upon ioniza-
tion as a requisite property of acids and bases and only lip
service is paid to inherent acidity and basicity, i.e.,

5

interactions in the nonionized state” and reactions in the

1'7. Extension of the definitions into

absence of a solvent
solvents like phosgene and sulfur dioxide, in which the
identities of some of the solvent ions are uncertainS. leads
to erroneous predictions. Finally, although acidities and
basicities of protic solvents may be compared, there is no
way of relating aprotic and protic acidity and basicity in

the solvent systems theory.
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IV. Lewis Theory

Neither the protonic nor the solvent systems concepts
provided an explanation for acid-base behavior observed for
aprotic, nonionic solutes in aprotic, nonionizing solvents.
Meyer1 found that the colors and absorption spectra of
quinone indicators in the presence of sulfuric, nitrie, and
hydrochloric acids dissolved in benzene or chloroform
resembled the colors and spectra of SnClu, ZnClz. SbCl5.
AlC13, HgClz, FeClB. and 502 in the same solvents. Folin

2,3 noted, during their investigation into the

and Flanders
necessity of an ionization prerequisite for the reaction of
hydrogen acids and bases, that HgCl, in 50% ethanol ~ 50%
benzene solution can be titrated almost quantitatively to

a phenolpthalein endpoint with sodium ethoxide. These
observations, coupled with the mutual exclusiveness of
certain aspects of the Brgnsted-Lowry and solvent systems

theories, indicated the need for a more inclusive acid-base

concept.

A. Lewis Acid-Base Definitions

Lewis first published his ideas about acids and bases

in 1923“

, the same year in which the Brgnsted-Lowry theory
appeared. Lewis agreed with Brgnsted that hydroxide ion is
not the sole manifester of basic properties but saw no
reason to limit acids to hydrogen-containing compounds,
pointing out the resemblance between reactions of protic

and aprotic substances with basessx
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H' + OH  &——=2 H,0 | (1)
Ag" + OH ——= AgOH (2)
H,0 + NHB—‘._:__"—" NH,,0H (3)
AgOH + NH, ———] H,NAgOH (4)

Lewis also objected to the definition on the basis of solvent
cations and anions according to the solvent systems theory
because acids and bases are‘thereby restricted to ionizable
(amphoteric) solvents, although acid-base phenomena are

observed in nonionizing solvents of both the inert, e.g.,

benzene, and the reactive types, e.g., pyridine3’6’7s
HCL + CHN e CSHSNH+ + C17 (5)

A + -
AsCl3 + CSHSN'______- CSHSNASCI2 + Cl (6)

It may be noted that in equations (5) and (6) no character-~
istic solvent cation is formed, whereas in an amphoteric
solvent, such as water, a characteristic solvent cation is

formed by solvent interaction with any acidic substance:

HC1 + H20=H30+ + C1° (7)

AsCly + 6H20'-—-\-AS(OH)3 + 3330* + 3C1° (8)
Lewis believed, as did Bronsted, that ions were overempha-
sized as the carriers of acid-base properties to the neglect
of neutral molecules despite the fact that many ions possess
neglibigle acid-base properties, e.g., perchlorate or tetra-
alkylammonium ions, and that consequently any acid-base
definition formulated in terms of ions was incorrect and
inadequate. Although fairly accurate calculations of heats

of neutralization based on electrostatic attraction are
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possible, Lewis maintained that the consideration of acid-
base processes as phenomena dependent on Coulombic forces is
incorrect because these forces are predominant only at large
interionic separation and are in part supplanted by other
factors in a close contact process like neutralization5.

Lewis proposed a generalized acid-base definition
founded upon a mechanistic approach to chemical behavior
instead of structure or constitution3-1u. A base is a
substance with a lone electron pair available to complete
the stable electronic configuration (octet or other) of
another atom, thereby increasing the stability of the latter.
An acid employs a lone electron pair from another molecule
to complete the.stable electronic configuration of one of
its own atoms. In other words, a base is an electron pair
donor and an acid is an electron pair acceptor. Sidgwick7'8'
13,15,16 reached identical conclusions on the basis of

Werner's coordination theory and formulated an acid (A) -

base (B) reaction ass
A + BT A:B (9)

An important consequence of the early Lewis-Sidgwick
definitions is the expansion of the acid category to include
a wide range of substances not previously recognized as
acids. Many of these, e.g., SOB' Si02. COZ' BClB. and SnClu.
had been considered acids prior to the advent of any theory,
when acids were classified solely on the basis of experimen-

5-8 K10+15

tal observation . Sidgwic classified electron pair

acceptors into four subcategories:
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1. Atoms with electron sextets, which are unstable and

therefore are strong acids, e.g., sulfur or oxygen:

10+ tN(C (10)

0 2}‘15)3 = sgsN(C

2Hs) 3

2., Compounds containing atoms with incomplete octets,

e.g., BCl,:

3
30“1: 1Cl:s

:(:::1;]3“ + :NH3 (:.—__‘—" zC_.l:}é::NH3 (11)
xC_{I.c tCl:

3. Metal ions with stable configurations, whose positive

charge abets coordination:
3+ —— 3+
Al + 6 10H, yF=——= Al(:0H,), (12)

L, Substances which already have a stable electronic

configuration but are capable of expanding to larger ones:

tFs - tFr 2-
iFiS1:Fr + 2 oFemm=d | B g5 (13)
- - 1Py = 1B

:Fs - tFs

It may be noted that these categories sometimes overlap.
Sidgwick included hydrogen acids in the fourth group since
he believed that hydrogen expanded its stable configuration
from two to four electrons upon reaction with a base,

forming two-covalent hydrogen:

CIH + 10H, &= ClHi0H, &= C1~ + HiOH,"  (14)
HOH + 1NH, _ HOH: NH,, = 0H~ + H:NH; (15)

The bond holding the newly coordinated proton in equations
(14) and (15) is indistinguishable from those previously

present in the cations formed and thus H:OHZ+ is written as
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H30+ and HiNH;" as NH,'.

A fifth subcategory may be added:

5. Multiply bonded acidic center compounds which shift
one of their own electron pairs to accomodate a simultaneous-
ly entering electron pair. Carbon dioxide is an example of
this groups *

1011C210t + ,:OH™ &= H0:CO,"~ (16)

M)
R/ 2 3
6 \./

5 believed that all elements, in one form or another,

(HCO

Lewis
are capable of acidic behavior, except for the heavier
alkali and alkaline earth metals and the rare gases. Bases.
are restricted to substances containing elements in periodic
groups VA - VIIA (and sometimes carbon); Lewis bases are thus
essentially identical to Bronsted bases.

The initial publication of these ideasu did not attract
much attention and Lewis theory was virtually ignored for
fifteen years by the bulk of the scientific community,
mainly because it represented a radical departure from
accepted views of the nature -of chemical bonding as well as
a new view of acids and bases. The theory of covalent
bonding, also developed largely by Lewis, was only seven
years old at the time his acid-base concept first emerged,
and scientists who still held to purely ionic bonding
theories (outside of Werner's coordination complexes) were
reluctant to accept any theory predicated on covalence13.

The advent of the valence bond and molecular orbital theories

in the 1930's, in which all bond types were regarded not as
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innately different but as different degrees along a continuum,
led to increased acceptance of covalent bonding and subse-
quently of Lewis acid-base theory. Another group of tradi-
tionalists objected to any theory which removed hydrogen
from its century-old position as the "acidifying principle".
A partial reason for the early inattention given these ideas
lay in the manner in which Lewis first presented themu’13.
They were merely stated in passing, without elaboration or
supporting experimental evidence. When Lewis again put
forth his views in 19385 he included experimental evidence
to support his definitions.

The supporting evidence cited by Lewis is divided
according to four criteria considered to be definitive acid-
base characteristiecs: neutralization, displacement, indi-
cator reactions, and catalysisB'S‘?'12-1“'16-18.

1. Neutralization - The typical acid-base reaction is

rapid neutralization (equation (9)), which, in the Lewis
sense, connotes cbmpletion of the stable electronic configu-
ration of the acceptor atom éf the acid by an eléctron pair
(or pairs) from the base. The covalent bond thus formed
differs from ordinary covalent bonds in the manner of its
formation, i.e., both bonding electrons in the former case
are supplied by the base (equations (9) - (16)), whereas
ordinary covalent bonds require each reactant to provide one

of the bonding electrons, e.g., .

2 1Cl. === 1C1iCls (17)
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The product of a Lewis acid-base reaction is called a coor-
dination compound, coordination complex, or adductlo.
Neither salt nor conjugate acid-base formation is a require-
ment of neutralization, although some acid-base processes
produce an electrical strain that causes dissociation or
rearrangement to accompany the neutralization process, e.g.,
alteration of the geometries of BCl3 and SiFu in equations
(11) and (13), respectively, or dissociation of the adducts
formed in equations (14) and (15)8'9.

The predecessors of the electronic theory, with the
notable exception of Hantsch's pseudoacid concept, never
explicitly or implicitly considered the speed of neutraliza-
tion to be of any importance, because all the acid-base
reactions recognized by the Arrhenius, Bronsted-Lowry, and
solvent systems theories are instantaneous. This is not
true for all Lewis neutralization processes, some of which
are extremely slow. For example, Folin and Flander32
inferred that carbon dioxide was not an acid outside aqueous
solution since it could not be titrated in benzene or chloro-
form; it may be noted that these solvents are inert (non-
levelling), so that the lack of apparent acidity on the part
of CO2 is not due to a levelling of its strength to that of
a solvent cation. Lewis recognized and addressed this prob-
lem in the second publication of his acid-base ideas,
attempting to integrate slow neutralization processes into

the electronic concept by distinguishing between “primary"
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and "secondary" acids and basesj'5'7'9. Primary acids and
bases possess electronic configurations conducive to direct
combination (equations (9) - (13)); no structurél alteration
or activation energy is required for the reaction of a
primary acid with a primary base. Secondary acids and bases
are not reactive in the state of lowest energy and cannot
combine directly, but become reactive if sufficient activa-
tion energy is supplied to cause internal excitation and
changes in electronic structure. Solvation is one way of
supplying the required activation energy if the solvent is
able to neutralize the acid or base; the accompanying shift
in electron density makes the solute reactive towards neutra-
lization by a stronger base or acid, as appropriate. Lewis
stated that some acid-base reaction occur only in the
presence of a suitable solvent. For a secondary acid the

effect of solvation is represented by amending equation (9):
AsB' + 1B y=——= AiB + 1B’ (18)

where B' is a basic solvent. Analogously, an acidic solvent

A' may render a secondary base reactive:
A'stB + A &=———= A1B + A° (19)

Excitation energy may also activate a secondary acid or
base by promoting a shift in electron density through bond
breakage, as in the case of CO, (equation (16)), which Lewis
believed becomes reactive by breaking a bond and producing an

acidic carbon atoms
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Secondary Acid Primary Acid

- - “w + =
:01:C3:01  + E ot ——— 101:C103 (20)

where Eact represents the activation energy. Equation (20)
indicates that electronic shifts render secondary species
reactive by changing them into primary species. Lewis there-
fore postulated the existence of electromers for secondary
acids and basesl9'20. Electromerism is an analogue of iso-
merism in which the atoms of a molecule retain their relative
positions and only electrons shift in arrangement, e.g.,
equation (20). Electromerism differs from resonance,
according to lewis, in that electromers, like isomers,
possess different physical and chemical properties while
resonance structures do not. For example, the neutralization
product of the ground state (secondary) electromer of the
tris(4-nitrophenyl)methide ion with hydrogen acids is color-
less:

(p-0,NCgH) ) Ct ™ + u* =‘(p-02N06H4)30H (21)

while that of its excited (primary) electromer is orangezos

(p-ochéﬂu)chNoz' + H
— (p—OzNC6H4)ZC@NOOH (22)
Secondary acids and bases may also be identified by the
noticeable drop in neutralization rates with decreasing
temperature (decreasing activation energy). Primary acid-
base reactions remain instantaneous regardless of tempera-~
19

ture~’.

Triphenylmethide ion derivatives are the only bases
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described as secondary by Lewis. Secondary acids include,
in addition to CO,, triphenylmethylcarbonium ion and its
derivatives, acid anhydrides, and nitro-organics, e.g.,
nitromethane. Objections to the existence of two-covalent
hydrogen (equations (14) and (15)), to be discussed in
detail later, caused Lewis to also classify hydrogen acids
as secondary acids. According to this viewpoint, all
hydrogen acids contain the primary acid H*., The typical
Bronsted-Lowry acid-base reaction may be represented by
equation (18), in which A is the proton and B' is no longer
necessarily the solvent. The secondary acid category is
therefore stretched to include substances that are strictly
Lewis acid-base adducts, i.e., hydrogen acids. There is a
basis for this since the proton does not exist in the free
state, and therefore direct acid-base reaction via equation
(9) is not possible.

Later recognition that the majority of Lewis acid-base
processes take place via equations (18), (19), or

AsB* + A'":B ¢—— AsB + A":B' (23)

instead of direct combination, rendered the distinction
between primary and secondary acids and bases obsolete, but
its remarkable resemblance to the pseudo-true acid theory of
Hantsch may be noted.

2. Displacement - Weak acids are displaced from adducts
by strong acids and weak baseé by strong bases, e.g., the

basic displacement typified by equation (18) and the acidic
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displacement characterized by equation (19). Bronsted-Lowry
protolyses are conceived of, in the Lewis view, as reactions
in which a strong base displaces a weaker base from coordi-

10. e.g., the replacement of chloride

nation with the proton
ion by water in equation (14). The reaction of BCl3 or SnClu
with sodium carbonate in mixed CCl,-acetone solvent is an
example of acid displacement. The weak acid CO2 is evolved
and the base sodium oxide forms a coordination complex with
the stronger acid. Double displacements (equation (23))
occurring between two coordination compounds are simultaneous

acid and base displacements.

3. Indicator reactions - The common indicator methods

of measuring acidity, basicity, and the degree of neutrali-
zation are applicable to Lewis acids and bases. The color
changes of a given indicator often vary with solvent, but
indicator color is independent of the nature of solute acids
and bases in a given solvent, i.e., it is immaterial whether
the acid is protonic or aprotic. Lewis and Bigeleisen21.
working along the same lines as Meyerl, found the colors and
spectra of various indicators in the presence of BC13. SnClu.
and hydrogen acids to be almost identical. Itbmay be noted
at this point that traces of Lewis acid impurities sometimes
react with indicators to produce colors leading to incorrect
estimations of acidity. For instance, a small amount of
metal ion impurity present in a neutral or slightly alkaline
aqueous solution may react with an acid-base indicator and

convert it to its acid form, giving the solution a color
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characteristic of an acidic solution of the indicator.

4. Catalysis - Lewis acids and bases catalyze ineorganiec
and organic reactions. Acidic catalyste generally displace
a Lewis base from one ur the reactants, leaving a positively
charged, electrophilic (acidic) fragmentzz. Occasionally the
catalyst simply combines'with a reactant to shift its elec-
tron density so that an electron deficiency is localized on
a particular reactant atom, which then serves as the reaction
site. For example, Hubbard and Luder23 noted that the
reaction of metals with thionyl chloride to produce metallic

chlorides, sulfur, and SO, is catalyzed, in increasing order,

2
3O
proceed via formation of the thionyl (SOz+) ion and the

by SnClh, FeClB, and AlCl The reaction is believed to
catalysis by Lewis acids is explained by the displacement of
chloride from the reactant to the catalyst, thereby increas-

ing the thionyl ion concentration:

2 A101, + Socl, === 2 A1C1,~ + s0o®* (au)

The mechanism of the Friedel-Crafts alkylation of benzene by
alcohols offers another example of Lewis acid catalysis, with

BF3 serving as the catalysts

CH.CH,0H + BF, ——= CH.,CH.' + F_.BOH™ (25)

372 3 372 3
cnjcuz+ + Cg, T H;CHZCHB (26)
(Xﬂ—fﬂzc% = W' + CHCHCH, (27)
" 5°72%"3
H' + FBOHT === F,B0H, (28)
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The catalyst is recovered through dehydration. The mechanism
is no different if a hydrogen acid, e.g., HF is employed as
a catalyst instead of an aprotic Lewis acid.

Basic catalysis occurs analogously: the catalyst
displaces an acid from a reactant, leaving a negatively
charged, nucleophilic (basic) fragment, or the catalyst may
simply combine with the reactant, shifting its electron
density to loéalize an electron excess on a particular
reactant atom, which then serves as the reactive sitezz.

Not all acid-catalyzed and base-catalyzed reactions are
catalyzed by all Lewis acids and bases, respectively. Many
require a specific catalyst, e.g., the reaction between
sulfur dioxide and alkoxide ions to produce sulfonate ions
is catalyzed specifically by iodide and by thiocyanate ionss.
The polymerization of isobutene is not catalyzed by aprotic
Lewis acids unless a trace amount of hydrogen acid is present
as a co-catalyst to initiate the reaction17. A comprehensive
survey of Lewis acid-catalyzed and base-catalyzed organic
reactions has been given by Luder and ZuffantiB'zz.

Lewis' inclusion of experimental criteria, coupled with
increasing acceptance of covalence and parallel developments
in the solvent systems theory during the 1930's and 1940°'s,
resulted in the electronic acid-base theory becoming the
basis for correlation of a great deal of supposedly unrelated
chemistry.

Lewis' definitions are formulated without special

consideration of solvents, i.e., solvents are classified as
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Lewis acids or bases, according to their electron pair
accepting and donating tendencies, just as other substances
are. Early opponents of the Lewis concept feared that its
acceptance would destroy the significance of dissociation
constants and indicator measurements in a given solventzu.
Luder and Zuffant13'7 believed such fears to be groundless,
pointing out that the significance of equilibrium constants
and indicator measurements is enhanced and clarified, rather
than diminished, by considering the solvent a reference
Lewis acid or base.

3

The electronic theory recognizes three solvent classes
6'7: inert, ionizing, and nonionizing reactive. One may
consider the effect of each type of solvent upon a neutra-
lization process taking place between a solute acid and
solute base, e.g., BCl3 and triethylamine, to illustrate the
distinction between the three classes:

1. Inert solvents, e.g., benzene, take no part in the

neutralization process, serving only as diluents. Acid-base

combination is direct:

Cl;B + N(C2H5)3= C13BN(C,He) 4 (29)
2. Ionizing (amphoteric) solvents, e.g., water or
selenium oxychloride, behave as bases towards Lewis acids
and as acids towards Lewis bases, forming solvent ions and
intermediate displacement products with both. Combination

of an acidic solution with a basic solution yields the adduct

of equation (29) and pure solvents



-132-~

BCly + Se0Cl, —:Bmu‘ + seoc1? (30)
+ -
Se0Cl, + N(CZHS)3 —— (CZHS)BNSeOCl + Cl1 (31)
- + + -
BClu + (C2H5)3NSeOCl + Se0Cl + Cl
c————————
F==== C1BN(C,H;),; + 2 Se0Cl, (32)

The ability to behave either as an acid or a base also
accounts for the high degree of association in these solvents
and their consequent physical properties, e.g., high boiling
point.

The solvents of this class are the only ones in which
the solvent systems theory, predicated on the existence of
solvent cations and anions, is valid. Luder and Zuffanti3'7
emphasized the fact that the amphoterism of most of the
common solvents, e.g., water, alcohol, and ammonia, is the
reason for the misconception of general applicability of the
solvent systems concept. They also contended that many so-
called "typical" acid-base properties, such as the ability
of acidic solutions to dissolve metals and thereby produce
gases characteristic of solvent cations, e.g., H2 and CO,
are actually properties of solvent ions. According to Luder
and Zuffanti, the dissolution of metallic magnesium in an
aqueous acid solution‘depends not on the identity of the
acid but on the hydronium ion concentration. Any acid
dissolved in water increases the H30+ concentration, be it
protonic like HCl or aprotic like SO3 and BClB. However,
no reaction takes place between acids and metals in the inert

solvent benzene because no solvent ions exist. Luder and
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Zuffanti therefore rejected acid-base properties apparent
only in ionizing solvents as valid criteria for acid-base
classification; they emphasized the more general experimen-
tal criteria proposed by Lewis.

3. Nonionizing reactive solvents, e.g., pyridine or
ethyl ether, comprise a class intermediate between inert and
amphoteric solvents. This class is, in principle, an
expanded version of Brgnsted's protophilic and protogenic
solvent categories. A nonionizing reactive solvent is
capable of forming an intermediate displacement product with

either the solute acid or base, but not with both:

JU—
Cl3B + NC H, ¢=—=== C1;BNCgH, (33)
C13BNC H, + N(C,Hc),
[ERE——
T CL3BN(C_Hg)y + C/H.N (34)

The adduct formed is identical regardless of the nature
of the solvent (equations (29), (32), and (34), assuming
that both the solute acid and base are stronger than the
solvent), but of all the acid-base‘theories advanced up to
this point, only the electronic theory is valid in circum-
stances in which the solvent is neither amphoteric nor
protogenic and the solute is aprotic.

Equation (33) also serves to illustrate the general
validity of Hantsch's levelling effect when applied to
aprotic processes which occur in nonionizing solvents. A
strong acid is thus not necessarily levelled to a cation in

a basic solvent, and a strong base is not always levelled to
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an anion in an acidic solvent, although ions are frequently
the products of levelling. The electronic theory interpreta-
tion of the levelling effect also clarifies the ambiguous
position assigned metal ions and aquometal ions in the
Brgnsted-Lowry theory by regarding the latter, e.g.,
Al(H20)63+. as products of the levelling of strong Lewis
acids, e.g., A13+, by water (equation (12)).

An additional, indirect effect to be considered as part
of the solvent influence on Lewis acid-base processes is the
action of the solvent in promoting or inhibiting the ioniza-
tion that sometimes accompanies or follows the formation of
a coordinate covalent bond. It was mentioned, in the dis-
cussion of Lewis' experimental acid-base criteria, that
electrical strain is often a byproduct of neutralization.
The dielectric constant of the solvent may augment or oppose
this strain; a high dielectric constant favors dissociation
and a low one inhibits it16.

Amphoterism is not restricted to solvenfs by the
electronic theory, but is recognized as a property of most
acids and basesz'3'5'7'16. For instance, HC1l, which contains
three unshared electron pairs, behaves as a base towards the

stronger acids SnClu and SOB:

SnCl, + 2 HCl H,SnCl (35)
504 + H01=CISO3H (36)

In sulfur trioxide the S atom is strongly acidic and the

oxygen atoms are weakly basicj; in HC1 the H atom is acidic
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and the Cl atom basic. Equation (36) can therefore be

rewritten to illustrate the amphoteric tendencies of both

reactants:
368' l.o.l
10:S_ + “Cl: === 10:S:Cls (37)
"5 "0 T

Developments in the solvent systems theory in the late
1930's and early 1940's paralleled the Lewis conception in
emphasizing electronic configuration as a determinant in
acid-base classification, but did not offer as comprehensive
a treatment of as varied a group of chemical phenomena.

t3'11'25'26 defined acids as substances dissociating

Wicker
into cations which lack closed shell configurations and
anions with closed shell configurations; bases were defined
as substances dissociating into cations and anions both
possessing closed shell configurations. Implicit in these
definitions is the potential capability of acids to accept
and bases to donate electrons, but Wickert did not emphasize
this aspect, choosing instead to attribute importance to
icnization as a characteristic acid-base property. Wickert
also claimed that bases are inherently linked to salts and
acids to "water-like" solvents, a restricted group of media
outside of which his concept has very limited validity.
Finally, Wickert gave amphoterism short shrift, and his
definition of acids excludes many substances with acidic
properties.

Cruse27 regarded acids as species able to bind bases by
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accepting electrons, but considered this "electron exchange"
process an aprotic analogue of protolysis instead of a more
extensive phenomenon. The solvent systems definition
closest to the electronic theory definition was enunciated

11,28

by Smith , who defined acids and bases as neautral or

charged electron pair acceptors and donors, respectively,
towards ions or molecules of a solvent, a qualification
that restricts his definitions to ionizing solvents.

29

Gutmann and Lindqvist®” contended that their ionotropic

(ionic transfer) theory of acids and bases is fundamentally
in agreement with the electronic theory, the difference
being the frame of reference from which an acid-base reac-
tion is viewed. Lewis theory emphasizes coordinate covalent

30

bond formation and ionotropy stresses ionization””, e.gsy in

the solvent AsClB.

Lewis acid- Ionotropic acid- (36)
base reaction base reaction

A A ¥, +
C5H5N + ASCl3 — CSH5NA8013 — CsﬂsNASCl2 + Cl

Gutmann and Lindqvist also believed that the major fault of
Lewis theory lies in the fact that it does not recognize the
29

special influence of solvents on acid-base processes””’.
Tracer studies in phosgene and in sulfur dioxide31'32
pointed to the apparent lack of solvent ionization in the
former and the inability to characterize a definite solvent
cation in the latter medium as evidence favoring the appli-
cability of the electronic theory over ionotropy, at least

in these solvents. Ionotropy is considered a possibility



-137-
only in solvents in which definite solvent cationic and

33,34

anionic entities are known. Meek and Drago went even
further, questioning the existence of ionotropy. Having
obtained spectrophotometric and titrimetric results for
acidic ferric chloride in the nonchloridotropic solvent
triethylphosphate that were almost identical to those
obtained by Gutmann for the same solute in the supposedly
chloridotropic solvent phosphorus oxychloride, they proposed
that the interactions in both solvents are identical; since
ionotropy is not possible in triethylphosphate, a Lewis
mechanism must be operative in these and all (except inert)
solvents.,

The Lewis concept was also employed to interpret reac-
tions in aprotic meltsBs. Lewis acids in such media include
coordinately unsaturated ions, e.g., metaphosphate (P03‘) and
metaborate (BOZ’). and macromolecules with coordinately
unsaturated individual units, e.g., silica and titania;
oxide, fluoride, and sulfide ions are Lewis bases in melts.

The foregoing discussion included solvent systems
theories insofar as they relate to the electronic theory. A
more detailed discussion of solvent systems concepts in their
own right appears in Chapter III.

The electronic theory of acids and bases includes all
substances and concepts covered by the Arrhenius, Brgnsted-
Lowry, and solvent systems theories, as well as species and
3.6,7.9.16.17.

ideas not included in any of the other concepts

Lewis® approach incorporates coordination chemistry into
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acid-base chemistry and explains the observation that
electron-withdrawing substituents increase the acidity
and decrease the basicity of organic species, while
electron-releasing substituents have the opposite effect.
Even resonance structures may be interpreted by Lewis

theory as cases of intramolecular neutralizationsz

NG g (39)
o ”
NH, NH;

.__-_‘ l
—



«139~

B. Disadvantages of the Early lLewis Formulation

Lewis' theory was criticized for several reasons, but
mostly because of its generality. Critics argued that the
concept practically equated "acid" and "base" with "reac-
tant", and that the theory's correlation of a wide range of
chemicai phenomena, although valid, did not justify
referring to acids and bases in such a general sense13’1u'36.

A major point of contention was the position accorded
the hydrogen acids by the electronic theory. Sidgwick15. in
the early formulation of the concept, postulated doubly-
coordinated hydrogen in order to include hydrogen acids in
the electron pair acceptor category. Lewis assumed that
such coordination produces a large degree of electrical
strain, forcing ionization of the acid-base adduct (equations

(14) - (15)). However, others®:12+14:36,37

pointed out that
the first step in the reaction of hydrogen acids with bases
involves the formation of an intermolecular hydrogen bond
which may be unstable and consequently undergoes immediate
rearrangement, i.e., transfef to the base, before any coor-
dination occurs. The intermolecular hydrogen bond is a
largely electrostatic, rather than covalent, entity which
cannot be equated with the coordinate covalent bonds of
Lewis theory. Therefore, since the initial nature of the
bond between a base and a Bronsted acid differs substan-

tially from that of the bond between a base and a Lewis

acid, the postulation of two-covalent hydrogen is incorrect
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and the validity of the electronic theory for hydrogen acids
(molecular or ionic, e.g., NHu+). as well as for any acids
lacking electron deficiencies, is in doubt. 1In fact, many
Bronsted acids, e.g., the hydrogen halides. are more easily
classified as bases in the strict Lewis sense because they
contain available electron pairs but no electron deficien-
cies. An alternate interpretation of this limitation of the
electronic theory regards hydrogen acids not as true acids
but as adducts of the acid H' and a baselu’17.

Advocates of the Lewis approach responded to these
arguments by advancing a slightly different view of Brgnsted
acids as proton-base adducts. According to this viewpoint,
hydrogen acids are secondary acids which contain the primary
acid H'. The characteristic reaction of these acids with
bases is a Lewis base displacement (equation (18)). Luder38
contended that the stress placed by the Brgdnsted theory on
protolysis (Lewis base displacement) emphasizes displacement
to the neélect of Lewis' three other identifying acid-base
criteria. Opponents of the Lewis concept did not accept
this viewpoint and continued to insist on a distinction
between Brghsted and Lewis acids to the extent of proposing
other terms, such as "protoacid", "secondary acid", "anti-
base", "pseudoacid”, and "acceptor" to describe the latter
while retaining "acid" for hydrogen acidslu'36’37’39.

A related argument concedes that Brgdnsted acids comprise

a subclass of Lewis acids but distinguishes between Brgnsted

acidity (proton-donating tendency) and Lewis acidity (elec-
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tron pair accepting tendency)ho. A consideration of the
hydrogen halides reveals that their Brgnsted acidities
increase in the order HF< HC1l < HBr < HI, but the decreésing
electronegativity along this series indicates that the
lighter halides impart more ionic character to the H-X
bond and therefore Lewis acidity increases in the opposite
direction, i.e., HF is a better acceptor of bases, especially

41 elieved this

F~, than the other hydrogen halides. Luder
argument to also be a consequence of what he termed the
Brgnsted theory's excessive preoccupation with displacement.
The reversibility and rapidity of almost all protonic acid-
base reactions (barring those involving intramolecular
rearrangement as postulated by Hantsch) has also been
contrasted with Lewis acid-base reactions, some of which are
neither rapid nor reversibleuz.

Probably the most oft-cited criticism of the Lewis
theory is the inability to arrange acids (or bases) into a
single order of strength. This problem and attempts to

deal with it will be discussed in detail in the section on

quantitative aspects of the electronic theory.
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C. Quantum Mechanical Formulations of the Lewis Theory

5

Lewis~” recognized that his emphasis on electronic
structure as the definitive acid-base trait made hig theory
the only acid-base concept amenable to quantum mechanical
treatment, but did not undertake such a treatment himself,
Mullikenl3*¥3%5 yas the first to formulate the electronic
theory in a quantum mechanical context, developing a general
molecular orbital (M.0.) concept from an attempt to predict
the spectral absorption bands and observed colors of charge
transfer complexes, a class of weak Lewis acid-base adducts,
e.g., iodine in water.

The wave function, ¥, of a 1:1 adduct may be repre-

sented a313.43-45’

Yn = a ¥(A,B) + bw(A"BT) (41)

in which ¥(A,B) is a so-called "no bond" wave function
accounting for all electrostatic interactions between A and
B, e.g., ionic, permanent dipole, and induced dipole attrac-
tions. No electron transfer from B to A has taken place in
the w(A,B) state. Ww(A"B) is the wave function of the
system after complete transfer of one electron from B to A.
The actual degree of electron transfer is intermediate
between the pure w(A,B) and W¥(A"B') states in most adducts,
and is determined by the square of the ratio of the weighting
coefficients a and b; bz/a2 varies from zero (no electron
transfer) to infinity (complete electron transfer), i.e.,

all degrees of donation are possible. The previous state-~
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ment is one of the important results of the quantum mechani-
cal treatment because it provides a clear notion of the
partial electron transfer that serves as the basis for
coordinate covalent bond formation in Lewis’ originéi
formulation of the electronic acid-base theory. Mulliken
noted that, with regard to this aspect of his formulation,
the Brgnhsted-Lowry conception of proton transfer is reduced
to a mere formality, since the actual interaction between a
protic acid and a base involves a decrease in the degree of
electron transfer to the proton from the weaker base and a
simultaneous increase in the degree of electron transfer to
the proton from the stronger base, i.e., the proton is never
free, not even at the instant of transfer.

Application of perturbation theory to equation (41)
yields an expression of the energy of an acid-base complex

in terms of the sum of electrostatic and charge transfer

(covalent) contributions!s
2
( Bpy = EpSpy)
EAB = Eo - : (L2)
where EAB = the energy of the A:B adduct,
E0 = the energy of the ¥ (A,B), including the energies

of the isolated acid and base as well as the
energy of electrostatic interactions,
E, = the energy of the ¥(A"B') state,

the resonance integral between the two states,

and 801 = the overlap integral.
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The first term of equation (42) is a function of the net
charge densities of the donor and acceptor sites. The
second term depends on the valence states of the interacting
species, the ionization potential (I.P.) of the donor M.O.
(preferably small), the electron affinity (E.A.) of the
acceptor M.0. (preferably large), and the extent of orbital

overlap. To a reasonable approximation

E, - E ~ |I.P.IB - E.Al_A (43)

1 0

The numerator of the second term of equation (42) also
includes orientational, geometric factors contributing to a
lowering of the activation energy for adduct formation.

The‘Mulliken formulation differs from Lewis' earlier
conception in that the M.0. treatment of the former requires
no localization on a particular atom of electron density
excess or deficiency for a species to behave as a base or
acid, respectively. Hence the interaction of iodine with
the n-electron ring of benzene may be regarded as an acid-
base process. Mulliken proceeded to classify all donor-
acceptor reactions according to electrostatic (charge) and
covalent ( ¢, =-M,0.) donor-acceptor properties, producing
a systematized and expanded Lewis approach to reactivity.

Analogous results were obtained by Klopman and HudsonlB'
46-&8. who based a quantum mechanical treatment of reactivity
between atoms in donor and acceptor species on an estimation
of the degree of perturbation of reactant ground state M.0.'s,

WA and WB' caused by the interaction of A with B:
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¥ (L4)

AB = a'vy + b'V¥

A B
where a' and b' again represent weighting coefficients. The
Klopman-Hudson approach distinguishes between two types of
interaction: |

1. The neighboring or ionic effect is comprised of
long-range electrostatic interactions but not electron
transfer. The former are functions of the charge densities,
qq and Qyo of the donor and acceptor atoms, s and t, of B
and A, respectively; of the distance between these atoms,
Rgt (which is dependent on the radii of A and B); and of
the solvent dielectric constant, €.

2. The effect of partial charge transfer increases the
covalent nature and decreases the ionicity of the forces
between A and B. This is accomplished by short-range M.O.
overlap, and depends on the individual M.0. symmetry and
overlap properties, as well as the orbital energies of A
and B as modified by solvation.

The total energy change on adduct formation, AE, is

the sum of the ionic and covalent contributions:

2
qsqte2 (c:cg Bst) .
AE = - ——— + 22,3 — % (45)
Rst‘ m n (Em - En)
where e = the electronic charge,
Bst = the resonance integral,
cg = the orbital coefficient of the j-th M.0. at

atom i,
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E_ = the energy of the M.0., m, of B in the field of A,
corrected for solvation or desolvation accompany-
ing the loss of an electron, and

E_ = the energy of the M.0., n, of A in the field of B,
corrected for solvation or desolvation accompany-
ing the gain of an electron.

The first summation is over the'occupied orbitals, m, of B,
the second, over the unocpupied orbitals, n, of A, and the
factor 2 indicates that two electrons are transferred in a
Lewis acid-base interaction. Equation (45) may be simpli-
fied by assuming that covalent interactions are dominated by
the highest occupied molecular orbital (HOMO) of the base
(donor) and the lowest unoccupied molecular orbital (LUMO)
of the acid (acceptor); the summations of equation (45) are
thus reduced to a single term. The resemblance of the HOMO-
LUMO concept to Lewis' classical formulation may be noted.
The HOMO and LUMO are referred to as "frontier" orbitals.

The relative magnitudes of the numerator and denominator
of the latter term of equation (45) determine the extent of
perturbation and the type of reactivity. When 2(cgc2 Bst)z
<< (E; - E;), the Coulombic term of equation (45) is
predominant and the acid-base interaction is said to be
"charge-controlled”. Very little charge transfer occurs,
and the M.0O. perturbation is small. Charge-controlled
processes are favored by highly polar acceptors and donors,
in which the reactive atoms have high positive and negative

charge densities, respectively; by small interacting speciess
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and by very small intermolecular distances. These factors
increase the magnitude of the Coulombic term in equation (45).
Circumstances which favor charge-control by decreasing the
degree of covalent bonding include situations in which the
donor base is highly electronegative (high I.P.) and the
acceptor acid has a low E.A. (see equation (43)), i.e.,
(E; - E;) is large; in these cases the stability gained
upon charge transfer is small, and covalent interaction is
therefore not favored (Figure IV-1-a). A low degree of
overlap (small Bst) also favors charge-control.

On the other hand, when 2(0202 ﬂst)2:>> (E; - E;).
the covalent term becomes predominant and a "frontier-
controlled"” interaction results; in such cases the extent
of perturbation, i.e., electron transfer, is large.
Frontier-controlled processes are favored by conditions
inimical to charge-control, i.e., factors which minimize
the electrostatic term of maximize the charge transfer
contribution of equation (45). These include the presence
of weakly polar species lacking high charge density but
possessing reactive atoms with high base HOMO and acid LUMO
densities; species with large orbital radii (although st
increases at small distances, the corresponding increase in
the Coulombic term is much greater); bases of low electro-
negativity (low I.P.) and acids of high E.A.; high dégrees
of overlap and symmetry; and near degeneracy of HOMO and
LuymMo, i.e., (E; - E;) ~_ 0. Charge transfer occurring in

frontier-controlled processes leads to a large gain in



~148-

Figure IV-1: Charge Transfer (Covalent Interaction) in

Charge-Controlled and Frontier-Controlled Processes

Acid

M.O.
Energy
kf””—‘—’ Base
a) Charge-controlled process - the stability

gained upon charge transfer is small; hence
covalent interaction is not favored.

M.0. Acid Base

Energy

b) Frontier-controlled process - the stability
gained upon charge transfer is large; hence
covalent interaction is-favored.
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stability (Figure IV-1-b).

Acids which favor charge-controlled interactions tend
to react with bases which favor the same; an analogous
statement holds for acids and bases inclined towards
frontier-controlled reactions. Adducts formed across
charge-frontier lines lack both the stability associated
with charge-control and with frontier-control, and thus are
very weak.

Since most species (with the exceptions H+. He2+. L13+.
etc.) contain both a HOMO and a LUMO (or corresponding
atomic orbitals in the case of monatomic species), any
substance can be amphoteric, in principlelB. The relative
energies of the HOMO's and LUMO's of two interacting
substances must be considered to determine which behaves as
an acid and which as a base, mindful that orbitals close in
energy tend to dominate covalent interactions (equation (45)).
The HOMO's and LUMO's of three hypothetical substances,

X, Y, and Z, are compared on an arbitrary energy scale in
Figure IV-2 to illustrate the relative nature of acidity
and basicity. (HOMO)Y is much closer to (LUMO)x in energy
than (HOMO)x is to (LUMO)Y: consequently Y is more likely to
behave as a base towards X than X towards Y. On the other
hand, the energy difference between (HOMO)x and (LUMO)z is
less than the corresponding difference between (HOMO)Z and
(LUMO)X; thus X behaves as a base towards Z. In cases where
the energy difference between the HOMO of one species and

the LUMO of a second approximates the difference between the
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Figure IV-2: Amphoterism as a General Acid-Base Property

from a Molecular Orbital Viewpoint

(Comparison of the HOMO's and LUMO's of three hypothetical
substances, X, Y, and Z, to determine relative acidity and

basicity)
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LUMO of the first and the HOMO of the second, phenomena such
as "backbonding" appear.

It is interesting to note that the foregoing discussion
makes no assumption about the nature of a HOMO or of a LUMO.
This is a departure from the early Lewis formulation because
the requirement, implicit in Lewis' electron dot structures,
that both the donor and acceptor orbitals be nonbonding is
discarded. A HOMO may be bonding or nonbonding and a LUMO
may be nonbonding or antibondinng. This assertion offers
an explanation of the "electrical strain" postulated by
Lewis to explain the ionization of some acid-base adducts.
and a method of predicting such strain. There are four
possible HOMO-LUMO combinations:

1. Nonbonding HOMO - nonbonding LUMO - No electrical
strain is produced and no subsequent dissociation occurs.

2. Bonding HOMO - nonbonding LUMO - If the loss of
electron density by the HOMO upon coordination is sufficient,
the base becomes destabilized and simultaneously or sub-
sequently dissociates, since a bond has been broken.
Acid-base adduct formation is thus actually an acid displace-
ment reaction (equation (19)).

3. Nonbonding HOMO - antibonding LUMO - Likewise, a
large gain in electron density by the LUMO upon coordination
may rupture the acid, since the filling of an antibonding
orbital causes destabilization. The reaction then becomes,
essentially, a base displacement (equation (18)).

L4, Bonding HOMO - antibonding LUMO - Both acid and base
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may ionize upon coordination in this case, resulting in a
double displacement process (equation (23)).

The Mulliken and Klopman-Hudson equations (equations
(42) and (45), respectively) both contain separate electro-
static and charge transfer terms but differ in that the
former describes the total energy of an acid-base system
while the latter yields only the change in energy uponn

adduct formation. The following approximations relate the

two approacheslBs
qsqte2
Ey - (Ey + Ep) =~ ';—":—' (46)
st
2 m_n 2

(Bo1 - E01501) 2 (egcy Bgy)
- 3* 3* (""7)

(EI - EO) (Em - En)

where EA and EB are the energies of the isolated A and B
species, respectively.

The quantum mechanical formulation of the electronic
acid-base theory extends the scope of the concept to all
closed shell - closed shell interactions, i.e., all processes
except oxidation-reduction and free radical reaction83'13.
In the most general sense, bases are substances initiating
reactions using doubly-occupied orbitals, while acids employ
empty orbitals to participate in reactions. Charge transfer
processes, hydrogen bonding, weak intermolecular forces,
chemisorption, and a multitude of other phenomena are

included in this expanded treatment along with all cases
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covered by Lewis' earlier formulation. A review by
Jensen13 is a thorough presentation of early and contem-

porary Lewis theory with emphasis on its quantum mechani-

cal aspects.
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D. Quantitative Aspects of the lewis Theory

A major limitation of the protonic and solvent systems

5

concepts, according to Lewis”, was their narrow picture of
acid-base strength. The restriction of acids and bases to
ionizing solvents, coupled with the levelling effect, was
responsible for the definition of acid-base strength as the
tendency to liberate solvent ions. The inadequacy of this
criterion in nonionizing solvents is clear, and the appli-
cability of the electronic theory in such cases requires a
more general view of acid-base strength. An order of Lewis
acid strength can be determined, in principle, by measuring
the relative stabilities of adducts formed with a reference
Lewis base. Conversely, a relative ordering of Lewis base
strengths may be obtained using a reference Lewis acid.
Since all solvents, except inert solvents, can act as Lewis
acids and/or bases, the Brgnsted-Lowry and solvent systems
conceptions of strength are included in the more general
Lewis approach by regarding the solvent as a reference
substance. .

Although theoretically sound, this approach fails
experimentally because the order of Lewis acid (base)
strength is not invariant when the reference substance is

5-8,12-1&,17,36,&2. Lewis believed that a single

changed
order of acid or base strength did not exist, finding wide
support for this viewpoint from both proponents and opponents

of the electronic theory. The latter cited this deficiency
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as a reason to retain the protonic concept as the sole valid
acid-base theory; Brénsted-Lowry acids and bases follow, in
general, invariant orders of strength (barring the levelling
effect) because all strengths are related to the reference
acid H'., & comparison of the relative basicities of halide
ions towards the proton and towards the Lewis acid ng+
indicates that a change of reference substance may not only
alter but may sometimes completely invert orders of
strengthu9x

H® affinitys F~> C1™> Br~ > I~

Hg?* affinitys F < C1°< Br < I™
Thus, for example, HI is a stronger acid than HCl but HgI+
is a weaker acid than HgCl+.

Brown and coworkersso"52 accounted for some of the
variations in relative acid-base strengths by noting that
steric factors sometimes interfere with adduct formation.

. For example, trimethylamine is apparently a stronger base
than pyridine, because (CH3)3N displaces CSHSN from adducts
with BH

» BF,, HCl, and HBr.. However, pyridine is not dis-

3 3
placed from (CH3)3B: the apparent reversal in base strength
arises as a result of steric hindrance between the methyl
groups of trimethylboron and trimethylamine. Brown's ideas
account for a fraction of the observed orders of strength
but do not explain, for instance, the abovementioned
difference between the proton and mercuric ion affinities

of the halides.

Luder7 disagreed with Lewis, contending that a single
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order of acid or base strength was obtainable simply by
determining, from displacement reactions, the electron pair
donating and accepting tendencies of bases and acids,
respectively, without relying on reference acids or bases.
Strong acid - strong base adducts are recognized by their
high stability; adducts of weak acids and strong bases, or
of weak bases and strong acids, possess moderate stabilitys
and weak acid -~ weak base combination are notable for the
ease with which they undergo acid or base displacement.
Luder insisted that the universal order of strength thus
determined is subject to only two limitations. The first is
the levelling effect, and the second is a concentration
effect which seems to vary the order of acid-base strength.
For example, hydroxide is a stronger base towards the proton
than ammonia is, but Ag+ seems to prefer NH3 to OH™, i.e., a
precipitate of silver hydroxide dissolves easily in ammonia-
cal solution. According to Luder, the high concentration of
NH,, relative to OH , is responsible for this effect, rather
than a reversal in the order of basic strength with a change

ik disagreed with this point of

in reference acid. Kolthoff
view, noting that no AgOH precipitate forms from a solution
of silver ion when the hydroxide concentration is very low,
but that the silver ion - ammonia complex does form at an

equally low ammonia concentration.
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1. Acid-Base Strength in Closely Related Systems

One possible approach to quantifying Lewis acidity and
basicity is by analogy to the Brgnsted concept, i.e., the
determination of orders of strength in closely related
systems or relative to closely related reference substancesSB.
Such systems may be chosen so that interferences are negli-
gible or constant, allowing a clear ranking of acids and
bases by strength.

Satchell and Satchellsu'SS correlated a large amount of
standard free energy (equilibrium constant) data to obtain
generalizations about covalent metal halide acidity.
Although coordinate covalent bond strengths are more directly
related to enthalpies than to free energies of adduct
formation, Satchell and Satchell argued that the latter are
of greater practiéal importance and implicitly assumed that
entropy effects in closely related systems are relatively
constant.

The factors influencing the acidity of a covalent metal
halide, Mxn. include:

a) Electronic configuration - When n<#4, MXn is a
strong acid if only one electron pair is required to
complete the octet of M, but is only moderately strong
if more than one electron pair is required, since the
enerpry gained upon the addition of one electron pair
is small in the latter case, and the accumulated
electron density from the coordination of the first

electron pair weakens the acid towards further reaction.
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Within a periodic group the acidity of M drops with
increasing atomic number (increasing size), since
electron pairs are less strongly attracted by more
shielded nuclei. This effect is partially cancelled
by a simultaneous increase in the ease of hybridiza-
tion of orbitals of the heavier elements, which tends
to increase reactivity.

b) Substituent effects - Substituents present on
M prior to coordination with a base exert both polar
and steric effects. The former may be summarized by
stating that electron-withdrawing and releasing
substituents increase and decrease acidity, respec-
tively. Steric effects become prominent when small
metal ions are attached to large, bulky groups.

c) Effect of base structure - The most important
consideration as far as the structure of the base is
concerned is the electronic state of the donor. Some
donors (notably those with N, 0, and F donating atoms)
form only single o¢-bonds upon coordination with acids,
in accord with the classical Lewis formulation. Other
bases possess r-bond-forming capabilities in addition
to the ability to form ¢-bonds, and still others may
act as w-acceptors in "back donation". It is of
particular importance that the determination of an
order of basicity relative to a reference acid involve
a set of bases with the saﬁe type of bonding capabili-

ties, i.e., closely related systems. Otherwise, a
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change of reference acid, e.g., from one with no back-
bonding abilities to one with such tendencies, alters
and invalidates the order of basicity. If one molecule
of acid is likely to react with more than one molecule
or ion of base, the effects of successive coordination
must be considered. The adduct formed between the acid
and the first basic particle cannot be expected to
retain properties identical to those of the original
acid. On the contrary, the possible steric hindrance
of the extra substituent and the accumulated electron
density from the first coordination generally weaken
the acid towards further reaction. Other base-related
factors requiring consideration are the presence of
bulky substituent groups on the base (steric factors)
and chelation; no meaningful comparison of strength
can be made between monodentate and multidenate ligands.

d) Solvent effects - Since solvents are also Lewis
acids and/or bases, solute-solute adduct formation is
more likely to be a displacement process, rather than
a simple acid-base combination (compare equations (29)
- (34)), and may be influenced by the acid-base strength
of the solvent. Solvents of high coordinating power
may reverse the apparent relative strengths of, e.g.,
two acids, whose strengths were initially determined
relative to a reference solute base in a weakly coordi-
nating solvent, by holding onto the stronger acid via

a levelling-type effect, thus lowering its acidity.
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Satchell and Satchell predicted that the behavior of a
series of related bases towards a covalent metal halide
reference acid parallels the behavior of the same bases
towards any other covalent metal halide or towards the
proton, i.e., a linear relationship exists between basicity
towards covalent metal halides and towards the proton13'5u'

55

PKpg = a (pKa)HB + b (48)
where KAB = the dissociation constant of A:B under the
experimental conditions given,
(Ka)HB = the aqueous acid dissociation constant of
HB, and
a and b = constants dependent on the reference acid.

Equation (48) is valid when the coordination of only one
electron pair takes place and no steric or =-bond effects
interfere. Determinations of relative strength also fit
equation (48) in multiply coordinated adducts in which the

r -bond effects are comstant in direction and magnitude.

Other studies have yielded limited orders of Lewis acid

or base strength under restricted conditions, i.e., relative
to a reference solute or solvent. The various techniques
employed to obtain these orders include: colorimetric
measurements, indicator and potentiometric titrationssé'sax
infrared spectrophotometry, in which the vibrational fre-
quency of the reference substance's interacting group

decreases linearly with the enthalpy of adduct formation
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(bond strength)BB’Su’59’6o: nuclear magnetic resonance, in
which the coupling constants between protons and 119Sn. 31P.
or 19FAin a reference substance increase linearly’with

enthalpies of adduct formationsu'61'62; and catalysis experi-
23

ments ~.
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2. The Search for a General Approach to Acid-Base

Strength

Acid-base strength rankings in closely related systems
are useful, but they do not provide a general theoretical
basis for, or an overall approximation of, relative acid-
base strengths. Efforts have been directed towards the
attainment of this objective, especially during the last
quarter century.

The influence of charge and size upon acidity and
basicity was recognized even before Lewis promulgated a
fully developed electronic acid-base theory. Brgnstedl®
63-65 noted that increasing positive charge corresponds to
increased acidity and decreased basicity, while increasing
negative charge has the opposite effect. Both the charge
of the complex and the oxidation state of the central metal
atom affect acidity of aquometal ions.

Cartledge correlated properties of the element with
oxidation state, or valence, and size, defining a function
he called "ionic potential", ¢, as the valence state of an

66

element, Z, divided by its ionic radius, r

Z
— (49)
r

G
i

The protonic acid-base theory was predominant at the time of
this formulation, so Cartledge formulated the acidic reaction
of metal ions as aquometal ion dissociation and of non-

metallic substances as acid hydrolysiss
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* 0 == m(H,0) "

M 4 n H,

———— [M(Hzo)n—l(OH) ] (m-1)+ | y* (50)

The hydration energy of the first step of equation (50)
exceeds the heat of ionization of water for an M™' species
of high ionic potential, i.e., high ionic potential implies
high acidity. Conversely, species of low ionic potential
are weakly acidic. Cartledge proceeded to classify the
various valence states of the elements as follows67:

if (¢>)% < 2.2, the species is basic;

if (<b)% > 3.2, the species is acidic; and

if 2.2 (¢ )% < 3.2, the species is amphoteric.
The concept of hydration is discarded as necessary for the
manifestation of acid-base properties in the Lewis theory;
consequently Cartledge's classification may be applied
directly to the elementslo. An experimental correlation of
charge and size with feactivity confirmed Cartledge's pre-
diction that highly charged, small cations are highly
acidic68. For example, the strong base sodium sulfide
dissolves the sulfides of As(III), Sb(III), and Sn(IV), but
not those of Cu(II), Cd(II), and Bi(III). Aqueous ammonia-
cal solution precipitates trivalent chromium, manganese, and
iron, but not divalent manganese, cobalt, or nickel.

69

Bjerrum”” sought to compare Brgnsted basicity (proton
affinity) to Lewis basicity (nucleophilicity) in order to

determine if the former was a sufficient standard by which
to correlate ligand strength in transition metal complexes.

He compared the relative basicities of the halide ions
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towards metal ions and found a greater degree of order than
had originally been supposed. Contrary to the argument of
opponents of the electronic theory that numerous orders of
basicity existed, depending on the reference acid, Bjerrum
was able to divide metal ions into two distinct classes.
One class exhibits acidic behavior similar to that of the
proton, i.e., the halide basicities increase in the order
I"<Br'< Cl <F ., Most of the Lewis acids in this group
(though not all) have inert gas electronic configurations
and are highly electropositive species whose acidity is
influenced by their high ionic charge and small ionic radius,
€egey A13+. Fe3+. These metal ions bind primarily electro-
statically to small, highly electronegative, nonpolarizable
bases, e.g., fluoride ion, in preference to bases with
the opposite characteristics, e.g., iodide ion.

The second class is characterized by behavior previous-
lyug attributed to mercuric ion, i.e., the order of increa-
sing halide basicity is reversed. These Lewis acids are
more electronegative than those of the first group; they
contain large numbers of outer shell d electrons and oxida-
tion potential is generally a good measure of relative
acidity for the members of this group. These metal ions
prefer to bind to large bases of low electronegativity and
high polarizability, e.g., iodide ion.

Edwalc'(i.=313'7°"73 incorporated the two types of basicity

qualitatively noted by Bjerrum into a four-parameter equa-

tions
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aE + B H (51)

o

a rate or equilibrium constant,

the same constant in a reference state (water at

25%¢),

a and B = substrate-(Lewis acid)-dependent constants,

H =

Thus

the proton basicity of a substance, in terms of
the dissociation constant of its conjugate acid,
referred to the dissociation constant of the

hydronium ion ((pKa)H30+ = = 1.74)

H = pK, + 1.74 (52)

(H is defined as zero at 25°C in water), and

the nucleophilicity of a substance, in terms of
its oxidation potential, referred to the following

redox couple:

Huoz—‘.=__-—‘ }{4022+ + 2 e (53)
E° = - 2,60V
.
E, = Ej, *+ 2.60 (54)

(En is also defined as zero at 25°C in water.)

Equation (51), the Edwards equation, may be used to

correlate rate and equilibrium constants of displacement,

complexation, solubility, and other processes with proton

basicity and nucleophilicity. Reactions of Lewis bases with

high proton basicities are influenced primarily by H,

whereas reactions of bases with low proton basicities

depend mostly on En' Similarly, Lewis acids manifesting



-166-
proton-like acidity are characterized by high 8 and low «
values; mercuric ion-like Lewis acids possess the opposite
characteristics.
Edwards lateri3'71+72 gpendea equation (51) to separate

polarizability, P, and basicity factors in nucleophilicity:

E, = aP + bH (55)

The linear relationship between polarizability and nucleo-

philicity becomes obvious upon rewriting equation (55):

En P
= a (———) + b (56)
H H

and E, values calculated from polarizabilities agree well
with experimental En values., Hence the modified Edwards

equation is:s

K
log|—

Xo

AP + B H

= (a@aa) P + (8 + ab)H (57)

Reversals in the order of halide affinities for
different metal ions were noticed also by SchwarzenbachlB’
74'75, who labelled the proton-like metal ions "class A" and
the Hg2+-like metal ions "class B" acids. Ahrland, Chatt,
and Davieslz’”’?z’%’?8 found that the differences between
what they called "class (a)" and "class (b)" metal ions

hold not only for halide ligands but also for ligands

containing donor atoms in periodic groups VA and VIA. They

stated that, in general, class (a) metal ions are those that
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form their most stablé complexes with ligands in which the
donor atom is the first member of a periodic group (N, 0, or
F), and class (b) metal ions are those that form their most
stable complexes with ligands in which the donor atoms are
heavier members of these groups. Therefore the order of

metal-ligand complex stability (barring steric hindrance) is:

for class (a) metal ions: for class (b) metal ions:
N>P 5> As > Sb D> Bi NP >As > Sb ) Bi
0>>S > Se > Te 0KS ~ Se ~ Te
F>»Cl >Br>I FCCl1{Br«I

Class (a) character increases with oxidation state and metal
ions belonging to this group prefer to bind to small, highly
electronegative ligands (bases). The opposite is true for
class (b) metal ions. Thus the stability of adducts with
class (b) acids decreases with increasing ligand electro-
negativity:

C~S>»I D>Br>)ClL ~ND>ODF
The order above is almost (but not completely) inverted for
adducts involving class (a) metal ions.

Ahrland, Chatt, and Davies postualted backbonding
tendencies for the class (b) metal ions, which contain large
numbers of d electrons, to explain the preference of these
metal ions for large bases, which often have weak acceptor
tendencies. They also recognized the existence of a border-
line class of metal ions possessing properties intermediate

between class (a) and class (b).
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3. Hard and Soft Acids and Bases

Acid-base strength is not as important as acid-base
reactivity on a practical basis. Several approaches towards
the quantification of the electronic theory are predicated
on the determination of factors affecting reactivity, of
which acid-base strength (electron pair donating and accep-
ting tendencies) is only one. The first formulation of Lewis

12,72,77,79,80 .

acid-base reactivity came from Pearson
linked class (a) and class (b) metal ion acidity to the more
general implications of the Edwards equation (equation (57)),
i.e., the existence of two classes of nucleophiles or bases,
one of which includes substances whose reactivities parallel
their relative proton basicities, and the second encompassing
species whose reactivities parallel their relative polariza-
bilities. Pearson called the polarizable bases "soft" bases
and the bases following a proton basicity order of reactivity
"hard" bases. Soft bases incorporate traits conducive to
high polarizability: large size, low oxidation state, high
oxidation potential, low electronegativity, and easily
distorted or removed valence electrons. Hard bases are small
and highly electronegative, have low oxidation potentials,
and hold valence electrons tightly.

Class (a) metal ions tend to bind more effectively to
hard than to soft bases and are therefore regarded as "hard”
acids. Class (b) metal ions ("soft" acids) evidence the
opposite tendency. Pearson did not limit hard and soft acids

to metal ions but extended these categories to include all
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Lewis acids by correlating experimental rate, stability,

equilibrium, and other data with hardness and softness72'

79-81. Any Lewis acid exhibiting a preference for hard
bases is a hard acid; such acids are characterized by traits
conducive to low polarizabilitys small size, high positive
charge, low oxidation potential, and no easily distorted or
removed valence electrons. Soft acids are generally large,
have little or no positive charge, and contain easily
distorted or removed (often d subshell) electrons, all
properties contributing to high polarizability.

The division between hard and soft acids and bases is
neither sharp nor absolute. Classes of acids and bases with
borderline properties do exist; Pearson emphasized that
hardness and softness, like amphoterism, are relative
qualities. Some soft bases retain high proton affinities,
e.g., sulfide ion, which is precipitated by (the soft acids)
cupric and silver ions but not by (the hard acids) ferric
and aluminum ions. Another manifestation of the ambiguous
delineation between hardness'and softness is the abovemen-
tioned observation of Ahrland, Chatt, and Davies that the
order of adduct stability found with class (a) acids upon
increasing donor atom electronegativity (hardness) is not
completely inverted for class (b) acids, i.e., soft acids
do not necessarily form their most stable adducts with the
heaviest members of nonmetallic periodic groups VA-VIIA
although hard acids clegrly prefer the lightest elements of

these groups. Pearson attributed such anomalous behavior to
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the masking of hardness and softness tendencles by acid-base
strength.

The choice of polarizability as a determinant for
reactivity is derived from the Edwards equation (equation
(57)). The convenience of the polarizability criterion lies
in the fact that the equation is indirectly a basis for the
hard and soft acid and base (HSAB) theory, but Pearsonm’82
indicated that properties related to polarization, e.g.,
ionization potential, electronegativity, or oxidation
potential, are equally valid reactivity determinants.

Several generalizations may be drawn from the experimen-
tal correlations used by Pearson to classify Lewis acids as
hard, soft, or borderline’2*79-81,

a) Increasing oxidation state increases the
hardness and decreases the softness of acids.

b) Increasing electronegativity increases the
hardness and decreases the softness of bases.

c) Hardness and softness of donor and acceptor
atoms'in bases and acids, respectively, are affected by
the hardness or softness of ligand groups present prior
to adduct formation. This effect is called "symbiosis"
33,77,82,83 and its nature becomes clear when stated
simply: soft ligands tend to soften acids and bases,
hard substituents harden them. For example,

[Co(NHB)SF] 2* is more stable than [Co(NHB)SI]Z*
because the hard base NH3 increases the hardness of

cobalt, making it more receptive to the fluoride ion
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than to the iodide ion. On the other hand, substitution
of the soft cyanide ligand for ammonia inverts the
stability order; [Co(CN)SI] 3- is stable while
[Co(CN)SF] 3- does not exist.
Perhaps the most significant corollary of the HSAB
theory is the statement that hard acids prefer to react with

hard bases and soft acids with soft baseslz'13’33'72’73'77’

79'81. which serves as the basis for Pearson's interpretation,
correlation, and prediction of a great deal of chemistry.
These preferences were recognized (although not in terms of
acids and bases) during the 19th century by Berzelius, who
noted that some metals, e.g., Al, Mg, Ca, always occur in
nature as carbonates or oxides, while others, e.g., Cu, Pb,

13'80. Pearson emphasized

Hg, invariably appear as sulfides
that this statement is not an absolute principle but a useful
rule-of-thumb to which numerous exceptions exist. Examples
of processes explained or predicted by the preference of
hard acids for hard bases and soft acids for soft bases
include’ 21 79-82,

a) Displacement reactions - Acidic (electrophilic)
and basic (nucleophilic) substitution tendencies and
reaction rates follow a hard-hard and soft-soft

preference, e.g., the following reaction

N \ .
H(g) * F (g T WPz + Iy (58)

AH = - 63 kcal/mole

is exothermic. Organic reactions are treated analo-
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gously by conceptually breaking the reactants up into
acidic and basic fragments, e.g., methane may be
considered as CHB'H+ or as CH3+H' 73,80

b) Complex stability - AgIz' and 13' are stable,
whereas AgF,” and IZF° are not. The BF4CO adduct is

unknown but the BH,CO adduct is stable; the influence

of symbiosis (hard3F° vs. soft H  ligands) on boron may
be noted.

c) Precipitation of insoluble salts - AgF does
not precipitate in water because it is a soft-hard
combination. Agl, a soft-soft combination, precipitates
readily in aqueous solution. AgCl also precipitates,
but the chloride ion, not being as soft as bromide or
iodide, is easier to dislodge from the silver ion.
Therefore AgCl is the only one of the insoluble silver
halide salts to dissolve in ammoniacal solution.

d) Poisoning of catalytic metal surfaces - Metals
in the zero oxidation state behave both as soft acids
and as soft bases; hence most catalytic poisons are
soft acids and bases, e.g., CO.

e) Solvation - Hard solvents prefer hard solutes
and soft solvents soft soluteslz. Thus many (soft)
organic solutes are not very soluble in hard solvents
like water. In addition, solvents with hard acid
properties, such as water, often level the strengths

of hard base solutes, but not of soft base solutes,

causing apparent inversions in reactivity. The
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reaction of methyl iodide, a hard acid-soft base combi-
nation, with the hard %ase fluoride ion to form methyl
fluoride and iodide ion serves as an example. When
this reaction is carried out in the gas phase, the
methyl carbonium ion clearly prefers fluoride to lodide
(AH = - 56 kcal/mole), but in aqueous solution there
seems to be a slight preference for iodide (AH = 2
kcal/mole), the reason being that the hard acid water
competes for fluoride to a much greater extent than for
iodide. The energy of fluoride desolvation is large
enough to render the overall reaction endothermic.

f) Oxidation potentials of metals - The oxidation

of a metal

3 + -
M(S) —— M (aq) + e (59)
may be broken up into three steps to obtain a clear

picture of the energy consideration involved:

ﬁ
Mig) ¥ ' M(g) d A Hyblimation (60}
M, . G=======3 m* + e 3 Ionization Potential (61)
(g) (g)
+ . —— ot -
M (g) e ow M (aq) * © Athdration (62)

Equations (60) and (61) require the input of energy and
consequently the hydration energy of equation (62) must
provide the driving force for the overall reaction. If
M* is a hard acid it is better solvated by water and the
oxidation potential of M will be high. If M* is a soft
acid, it is not well solvated and the oxidation poten-
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tial of M will be low.

g) Invalidity of Pauling's predicted reaction
enthalpies13 - Pauling assumed that the high electro-
negativity of fluorine, relative to the other halogens,
increased the stability of fluoride compounds due to
a high ionic resonance energy (proportional to the
square of the difference in electronegativity between
fluorine and the other element in a fluoride), and he
calculated reaction enthalpies based on this idea. The
magnitudes of Pauling's results agreed with experimen-
tal values but the signs of the enthalpies were wrong.
Pearson attributed the discrepancies.to Pauling's
failure to account for hardness and softness; since the
HSAB principle does not assume a single order of reac-
tivity the sign of AH may be predicted correctly.

h) Instability of hard-soft combinations -
Equation (58) and the other hard-soft combinations
cited above provide examples of such instability. A

further example is

2CH2F2(g)= CHy(g) * CFu(g) (63)
AH = - 26 kcal/mole

Pearsonl2733:72:79-81 4 anced several possible
theoretical 4¢nterpretations for the hard acid-hard base
and soft acid-soft base preferences:

a) Ionic - Covalent Bonding - The small size and
high positive charge associated with hard acids favor

electrostatic bonding; the same is true for highly
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negatively charged, small (hard) bases. The properties
of soft acids are the opposite of the hard acid traitss
consequently soft acids favor bonding by orbital over-
lap (covalency), as do soft bases. Hard-soft combina-
tions are mismatched because very limited stabilization
is possible in cases where the bonding tendencies of
acid and base differ.

b) _r-bonding - Soft acids contain loosely held

outer shell d or p electrons and are capable of forming

r =bonds to suitable bases via back donation. Only
soft bases have the requisite empty accebtor orbitals
available. Hard bases often have more than one pair of
electrons available for donation and are able to form
doubly dative (one ¢ and one » ) bonds with suitable
acids. Hard acids are more likely to contain a large
number of empty, low energy orbitals than soft acids.
Therefore soft-soft combinations are stabilized by back
donation and hard-hard adducts by doubly dative bonding.
Neither reactant possesses electrons for r-bonding in
hard acid-soft base combinations, and mutual repulsion
of w-electrons contributes to adduct destabilization
in soft acid-~-hard base coordination complexes.

c) Electron Correlation Effects - Extra stabiliza-

tion is expected for large acceptor atom - large donor
atom (soft acid-soft base) combinations due to the
relatively large Van dé} Waals or London dispersion
forces which induce mutual polarization ip such adducts.

Also, the great;r availability of orbitals in larger
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atoms permits d-p orbital hybridization, which increases
the overlap and strengthens (lowers the energy) of soft
acid-soft base w-bonds, simultaneously weakening
(raising the energy of) the corresponding antibonding
orbitals.

d) Quantum Mechanical Perturbation ~ The Klopman-
13,46-48

Hudson treatment of reactivity may be adapted
to the HSAB concept. Circumstances favoring charge-
controlled reactions (small size, high charge density,
low electron affinity on the part of the acid, low
polarizability, high ionization potential on the part
of the base, small overlap, and a large difference
between base HOMO and acid LUMO energies) are identical
with those favoring hard acid-hard base interactions.
Conditions favoring frontier-controlled processes
(the opposite of those leading to charge-control)
resemble those favoring soft acid-soft base interac-
tions. Hard-soft combinations are of undefined control
and low reactivity. ‘

The early presentation72 of the HSAB theory was criti-
cized for its lack of quantitativeness. Critics also

viewed the invocation of acid-base strength to explain the

failure of the concept in certain cases as a handy excuse

concealing the total worthlessness of hardness and softness
72.?7,80.81.8h. This loophole in the theory also promul-
gated the misconception that strength and hardness were

12,13,33,73

equivalentis. Pearson attempted to respond to
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these criticisms and clarify the distinction between acid-
base strength-weakness and hardness-softness by proposing a
four parameter equation quantifying acid-base reactivity in

terms of separate strength and softness factors:

logK = S, S5 + 0, o (64)

where K = the equilibrium or rate constant of the reaction

of interest,

SA and SB = parameters increasing in magnitude with
increasing acid and base strength,
respectively, and

% and oy = parameters increasing in magnitude with

increasing acid and base softness,

respectively.
Equation (64) emphasizes the independence of strength
factors and those properties related to the HSAB concept in
reactivity. Pearson's formal inclusion of strength as a
determinant in reactivity (instead of as a device to be
employed only when HSAB predictions fail) broadens the scope
of his ideas only in principle, because displacement and
exchange reactions (equations (18), (19), and (23)) are of
greater practical importance than the simple adduct forma-
tion (equation (9)) on which equation (64) is based, although
Pearson did determine softness numbers for bases as a
function of the rate constants of their reactions with trans-
Pt(CSHSN)201279. Pearson considered equation (64) to be the
equivalent of the Edwards equation (equation (51)). There is
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some justification for this assumption, since the relation-
ships between base strength, SB’ and proton basicity, H;
base softness, Ig and nucleophilicity, En: acid strength,
Spe and B 3 and between acid softness, opr and o all seem
to constitute valid analogies.

13,33.73 proposed that the proton and methyl-

Pearson
mercuric ion be taken as hard acid and soft acid empirical
standards, respectively, as a practical measure of reactivity
against which the relative reactivities of Lewis bases may be
determined by measuring the equilibrium constants of:

_— * (65)

CH Hg}{zo+ + HB §=== CH,HgB + H;0

3

The advantage of using methylmercuric, rather than mercuric,
ion is that the former eliminates complications that would be
introduced by the ability of the mercuric ion to form 112
adducts. The relative reactivities of Lewis acids could then
be determined by exchange equilibria analogous to equation
(65) using standard hard and soft bases. Yatsimirskiias
published such correlations of pKCHBHgB vs. pKHB and of
PKpc1 V8« PKpoye

The HSAB concept has been attacked on numerous grounds.
The arbitrary conceptual breakup of organic reactants into
positive and negative fragments is viewed as an "after the
fact” convenience useful in illustrating mechanisms of known
reactions but without predictive value in the investigation

12 83

of unknown processes <. Jdrgensen - noted that Pearson's

assertion, that softness decreases and hardness increases
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with increasing oxidation state, is modified by symbiosis
(a term coined by Jfrgensen), which must be considered in
species incapable of independent existence at high oxidation
states. For example, manganese exhibits maximum hardness in
the +2 state instead of the +7 state, because Mn’* does not
exist in the free state; in substances such as permanganate
thé soft oxide ligands exert a symbiotic effect upon the
central metal atom.

Myers78 disputed the validity of polarizability and
oxidation state as criteria for determining hardness and
softness, pointing out the following examples of inconsis-
tencies in the HSAB concept:

a) Although the molar polarization of Cs* exceeds

u+. and Cu+. Cs+ is classi-

that of Ag*, Hg*, m3*, Pv
fied as a hard acid while the others are regarded as
soft.

b) The molar polarizations of 713* and th+ are
less than those of T1¥ and Pb2+. respectively, yet
the more highly charged species of each element is
regarded as softer.

c¢) The very high molar polarization of Pb2+ implies
that it should be one of the softest Lewis metal ion
acids, but in an aqueous solution of cyanide ion (a
soft base) the Pb(OH)B' jon is formed, despite the
hardness of hydroxide.

d) Pearson associated polarizability with the

presence of large numbers of outer shell d electrons,
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but the molar polarization of K+. which contains no d

2+ 2+. each of

electrons, exceeds that of Cu® and of Zn
which contains the maximum of ten outer shell d elec-
trons.

e) Pearson's equating the quantitative formulation
of HSAB theory (equation (64)) with the Edwards equation
implies a linear relationship between « and polariza-
bility which is not realized in practice.

Myers blamed these inconsistencies on the fundamental,
incorrect starting assumption of the HSAB concept that
increasing polarizability increases the tendency towards
covalent bonding. On the contrary, polarization of a ligand
by a metal ion is an effect that localizes electron density,
i.e., an electrostatic effect, Both ionic and covalent
bonding decrease with increasing size and polarization. It
is the difference in electronegativity between an acid and a
base that is responsible for covalent bonding and not polari-
zability; the smaller this difference, the greater the extent
of covalent bonding.

Yatsimirsk1185 believed the hard-soft categories to be
too general and proposed a more rigorous and detailed six-
category approach towards classifying Lewis acids and bases,
based on the type of bonding predominant in their adducts:

1) Acids and bases with purely electrostatic
(Coulomb or Madelung) interactions - No charge transfer
processes occur in adducts involving members of this

class, and therefore they are not strictly Lewis acids
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and bases. The acids are large cations lacking empty,
low energy orbitals (cs*, Rrv*, NHu*) and the bases are
large anions lacking free electron pairs, e.g., BRu'.

2) Acids and bases that are pure o -acceptors and
donors, respectively - Only a single coordinate cova-
lent bond is formed in adducts containing acids such
as CH3+ and H*, or bases such as H~, CH3°. and NHj.

3) Acids and bases that are predominantly o-
acceptors and donors, respectively, but are also
inclined towards double dative bonding - In addition to
their ¢ capabilities, these béses (OH™, F~, carboxylate
anions, oxyanions, and water) also manifest weak =« -
donating capabilities, and acids of this group (metal
ions with closed electronic configurations, e.g., the
lighter elements of periodic groups IA - IIIA) are weak

n -acceptors in addition to being o -acceptors.

L) Acids and bases with strong double dative
tendencies - The bases are strong ¢ and r-donors,
e.g., C17, Br-, s2°, while thé acids are strong ¢ and

2+. Sn2+.

r -acceptors, e.g., GaB*. Pb
5) Acids containing mobile d electrons - These
acids are o -acceptors but are also capable of =r-dona-

tion in backbonding. They include the +2 and +3 ions
of iron, cobalt, and copper, and other oxidation states
of other transition metal ions.

6) Bases that are o¢-donors but w-acceptors -

These bases can also take part in backbonding and
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include CO, CN”, CNS™, etec.
Hard acids and bases are equivalent to the second and
third categories of the Yatsimirskii classification, while
groups 4) - 6) include soft acids and bases. Yatsimirskii

85,86 also noted that Pearson's classification

and others
disregards experimental factors such as solvation. For
example, the HSAB principle classifies the proton as a hard
acid and the methyl cardbonium ion as somewhat softer, but
halide affinities of the two acids determined in the gas
phase indicate that they are equally hard, the reason for
the discrepancy being that the HSAB classification is based,
in large part, on observations of chemical phenomena in

86 that simple

aqueous solution., It is therefore maintained
hydration theory (and, by extension to other solvents,
solvation theory) explains much of what Pearson claimed was
caused by hardness and softness, rendering his concept use-
less.

Drago devised an alternate approach to reactivity that
he deemed superior to the HSAB theory. Discussion of Drago's

criticism of the HSAB concept requires prior consideration

of the alternate model.
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L4, The E-C Equation

Two years after the introduction of the HSAB principle,
Drago and Wayland87 proposed a four parameter equation

correlating enthalpies of Lewis acid-base adduct formation

with electrostatic and covalent interaction513'33’87-9°t

- AH = E, E + C

A Ep Cy (66)

where E, and Ep = parameters which increase with increasing
susceptibility of A and B, respectively,
to electrostatic interactions, and

parameters which increase with increasing

"

CA and CB
susceptibility of A and B, respectively,
to covalent interactions.

Drago established a set of empirically derived E and C
numbers by first obtaining EB and CB values for some of the
amines, based on the_enthalpies of formation of Iz-amine
adducts, and utilizing iodine as the reference acid (EA =
C, = 1.00). He then used the amine numbers to obtain E, and
CA for other acids; used the latter numbers to obtain Eg and
CB for other bases, etc. Thé enthalpies from which E and C
were determined were measured in poorly solvating media to
avoid the effect of heat of solvation (which, by altering
observed enthalpies, would have rendered E and C numbers
solvent-dependent); enthalpies measured in the gas phase
are better suited to the Drago concept but experimentally
impractical. According to Drago, enthalpy measurements are

more indicative of the true stability of a Lewis acid-base
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adduct than free energy (equilibrium) measurements because
the former are free of the entropy effects that complicate
the determination of coordinate covalent bond strength.

It is obvious from equation (66) that adduct stabilities
are particularly great in cases where both acid and base have
large susceptibilities to the same kind of interaction, i.e.,
acids of high EA tend to react best with bases of high EB’
and acids of high CA prefer to coordinate with bases of high

c The following are regarded as advantages of the E-C

130 330 87'91‘

B*
equation

a) The set of E-C numbers is internally consistent.
Predictions of AH of untried acid-base combinations on
the basis of E-C numbers have generally agreed with
subsequent experiment.

b) The E-C equation explains reversals in acid-
base reactivity. For example, diethyl ether is a
stronger base towards phenol than its thioether
analogue, but towards iodine the sulfide is a stronger
base. This is explained by comparing the E and C

numbers of both the acids and the bases:

Ep(phenol) ? EA(IZ)' Es(ether) 7 EB(sulfide)?

®a(1,) ” Ca(pheno1)! 2 Cp(guiride) ” CB(ether)’
It may be noted that these preferences depend on two

different types of interactions.
c¢) The E-C equation is consistent with the ionic-
covalent and other explanations of donor-acceptor inter-

actions. The degrees of lonicity and covalent character
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in a given adduct predicted by the E-C numbers often
agree with estimates of the same quantities by other
methods.

d) A comparison of E and C values of a series of
acids or bases indicates that increasing E does not
necessarily imply decreasing C, i.e., electrostatic
and covalent interactions are not mutually exclusive.
For example, ICl1l has both a greater EA and CA than Iz.
and is consequently a stronger acid towards bases that
bind primarily electrostatically and also towards those
bonding essentially covalently.

e) The E-C equation does not distinguish between
different varieties of acid-base bonding because the E
and C numbers are predicated on the assumption of a
single, coordinate covalent o¢-bond, However, double
dative bonding, backbonding, and intermolecular hydrogen
bonding effects are recognized by experimental A H
values that do not agree with predictions of the E-C
equations in such circumstances - AH’expt > - AHEC'
since the effect of these interactions is to increase
adduct stability. Steric hindrance may likewise be
recognized by the destabilization it brings to an

expt < = AHgg).
f) E-C numbers do not represent the ground states

adduct (- AH

of the reacting acid and base, but are a measure of
their properties during interaction, e.g., the ability
of nonpolar BF3 to form highly polar adducts is
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acknowledged by its large EA value,
g) The E-C equation is the empirical descendant of

13,46-48 quantum

the Mullikenl3+¥3-15 and Klopman-Hudson
mechanical formulations of the electronic theory, which
also stress the separation of acid-base adduct formation
into electrostatic and covalent interactions. Charge-
controlled reactions may be associated with acids and
bases with large E values and frontier control with
those having large C values.

h) Results of the E-C equation correlate well with
spectral changes (infrared vibrational frequencies, NMR
coupling constants) observed on adduct formation59'61.

Pearson92 contended that the E-C equation is equivalent
to his quantification of HSAB (equation (64)), and it was
also suggested that softness and hardness can be correlated
with C and E, respectively, and that acids and bases with
large C/E ratios can be regarded as soft while those with

o responded that his

small C/E ratios are hara?3. Drago
equation does not purport to separate strength from the

other factors influencing reactivity (as Pearson's does),

and that Pearson, by equating equations (64) and (66),

implies that hardness-gsoftness cannot be separated from
strength, which is a self-contradiction on the part of the
HSAB concept intimately related to its fundamental invalidity.
Furthermore, C/E ratios are misleading as measures of hard-
ness or softness for two reason388'91. First, E-C numbers

are based on an arbitrary reference point (CA = EA = 1,00
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for Iz); a different reference compound or set of reference
numbers shifts the entire E-C scale and all E/C ratios
accordingly. Second, the significance of the magnitudes of
the individual E-C numbers is lost when they are combined in
a ratio, e.g., the hard acid trimethylaluminum (EA = 16.9,
CA = 1.49) has approximately the same C/E ratio as the soft
acid trifluoroacetic acid (E, = 5.56, C, = 0.509).

87-91 yelieved that the depiction of hardness and

Drago
softness as mutually exclusive properties is the fundamental
deficiency of the HSAB concept; an increase in hardness does
not necessarily imply a decrease in softness, or vice versa.
The failure of the HSAB principle to explain certain chemical
processes and the failure of the abovementioned arguments
for the equivalence of the E-C and HSAB concepts can be
traced to this point. Most acids and bases have both hard
and soft character, according to Drago. The inability of
the Pearson concept to perceive that one acid (or base) may
be both harder and softer than another is the weakness that
requires the HSAB theory to grbitrarily invoke strength to
explain stable hard-soft combinations.

The E-C approach, on the other hand, permits one
substance to be both harder (larger E) and softer (larger C)
than another. Acids and bases may be classified as hard or
soft on the basis of their E-C numbers, but such classifica-
tion does not exclude the possibility that, e.g., a hard acid
like trimethylaluminum (CA = 1.49) can form a more stable
adduct with a soft base than the soft acid iodine (C, = 1.00).
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Thus the E-C equation is not, as Pearson suggested, merely
quantitative HSAB theory, but instead provides a satisfactory
interpretation for many processes for which the hard-soft
rules fail.

20,91 compared the enthalpies predicted by the E-C

Drago
equation to those predicted by three equations he felt might
represent quantitative adaptation of the HSAB theory to
further illustrate the superiority of his approach over the

HSAB concepts

Softness ' Hardness
! (68)
- AH = + H, H
A "B
Hy Hp
H . (69)
- A = + H H 9
A B
HA HB

where HA and HB parameters which increase with increasing

hardness of A and B, respectively,

K and K' = constants which transform hardness of A and
B, respectively, into softness, and
k = a best-fit scaling factor.

The E-C equation was found to give better agreement with
experimentally observed adduct formation enthalpies than any
of the three "hardness-softness"” equations.

The enthalpies predicted by the E-C equation agree with
experiment only in carefully defined systemsl3. Like the

Mulliken and Klopman~Hudson formulations, Drago's approach
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is implicitly based on a small degree of charge transfer and
thus fails for strongly interacting systems (- AH D) 50 kcal/
mole). The E-C equation also fails when ions are considered
as reactants instead of discrete, neutral species. The
concept is inapplicable in strongly solvating media, in which
the experimental enthalpies are altered by heats of solva-
tion, and is thus useless in displacement and exchange
reactions, which, rather than simple adduct formation,
comprise the majority of Lewis acid-base processes. Finally,
the E-C equation has been criticized because it disguises
the relationship between reactivity and periodic elemental
properties through the use of empirical numbers based on an

arbitrary reference point13.
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5. Donor and Acceptor Numbers

13,95-101

Gutmann and coworkers proposed that enthaplies
of adduct formation between solvent Lewis bases and reference
Lewis acids be considered a measure of the chemical proper-
ties of the solvent (solvation, solvolysis, solute dissoci-
ation), because all solvent reactions depend on coordination.
Using antimony pentachloride as a reference acid, Gutmann

defined the "donor number" or "donicity", DN, of a basic

solvent B as a measure of its strength:

DN = -AHBbeCls , (70)

DN includes the total interaction of B with SbCl, (electro-
static and covalent) and may therefore be regarded as a
quantitative measure of base reactivity.

Gutmann obtained experimental A‘HB:SbCls values from
calorimetric measurements of the heats of reaction of SbCl5
and various solvent bases in 1,2-dichloroethane. Gas phase
measurements, although preferable for enthalpy determinations
since there is no solvation to affect 4aH, are generally
precluded'by associated experimental difficulties. 1,2-
dichloroethane is a relatively inert solvent that provided
Gutmann with good reaction conditions without having to
resort to complex techniques.

The following experimental evidence supports the
validity of the DN scale of base reactivity95'1°21
a) Spectrophotometric determination of the equilib-

rium constant of the reaction between Sb015 and basic
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(001, ]

= (71)
BsSbCl5 [B:SbCls]

solvents:

K

in 1,2-dichloroethane yielded pKB:SbCl5 values para-
lleling donor numbers, i.e., entropy effects are
relatively constant for the same reference acid.

b) A linear relationship exists between the
donicities, as defined by Gutmann, and enthalpies of
reaction of the same basic solvents with other Lewis
acids, e.g., phenol, iodine, trimethyltin iodide, and
antimony tribromide, in inert solvents such as CClu and
ClCHZCHZCl, i.e., donor properties (including relative
base strength) are independent of the reference acid.
This relationship can be formulated for a reference

acid, A, as:

-AHBtA = a (DN) + © | (72)

in which a and b are constants dependent on the
reference acid.

c) Spectral changes correlate with DN. The NMR
chemical shifts of 7F (in CFBI). 23Na (in NaC10, or
NaBFu). and 29si (in silanol) in basic solvents vary
linearly with donicity, as does the 119Sr1-protor1
coupling constant of (CHB)BSnI. The variation in 0-H
bond length determined by infrared spectrophotometric
measurements with changing solvent is also DN-dependent.

d) Ligand substitution reaction rates are functions
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of donor number.

e) Conductivity measurements indicate that the
degree of ionization of acidic, covalent solutes in
basic solvents is proportional to DN. These experiments
were conducted in nitrobenzene, a relatively inert (low
DN) solvent with a dielectric constant high enough not
to inhibit dissociation, since conductivity measure-
ments detected free ions but not ion pairs.

13,101,104 also proposed a function analogous to

Gutmann
DN for solvents with acidic properties. The "acceptor
number”, AN, of a solvent is derived from the 31P NMR
chemical shift of the adduct formed by the solvent and
triethylphosphine oxide in 1,2-dichloroethane. This down-
field chemical shift (decrease of electron density around
the phosphorus nucleus) increases with increasing solvent
acidity. Gutmann assigned a reference value of 100 to the
chemical shift of the (CZHS)BPOszCIS adduct, and established
a scale of acceptor numbers by normalizing the chemical
shifts of other (CZHS)BPO-acceptor complexes to that value.
The largest chemical shifts are found for protic acids; some-
what smaller shifts characterize acidic, organic compounds,
e.g., chloroform and dichloromethane; and aprotic acids have
the smallest chemical shifts.

Triethylphosphine oxide offers numerous advantages as a
reference base., It is a strong and very soluble base; the

coordination site (oxygen) is sufficiently remote from the

phosphorus nucleus so that little danger of interference
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with the 31P resonance arises; the ethyl groups are large
enough to shield any alternate coordination sites but too
small to sterically hinder coordination of acidic solvents
with oxygen, making for a well-defined coordination site.

Considering solution processes in terms of Lewis acid-
base interactions permits a clear understanding and separa-
tion of the factors contributing to the dissociation of
covalent solutes in solvents. In this respect the Gutmann
viewpoint is essentially an extension of Br¢nsted's view
of protic solvents as acids and bases to aprotic media.

13,97-100,103 [ 4ed a general failure to distin-

Gutmann
guish between ionization, i.e., heterolytic cleavage of a
covalent substance into an ion pair, and dissociation, the
separation of the ions of an ion pair or aggregate. These
two processes are independent of each other, the former being
dependent on the acceptor-donor (Lewis acid-base) properties
of the solvent and the latter on the solvent dielectric
constant, ¢ . The distinction becomes clear upon considera-
tion of, e.g., the fact that the weak donor properties of
sulfuric acid as a solvent preclude a large degree of ioniza-
tion even for the strong acid HClOu. despite the near equiva-
lence of the dielectric constants of sulfuric acid and water.
Thus the total ionizing power of a solvent depends on solvent
acid-base (AN-DN) and dielectric contributions.

The overall dissociation of a covalent solute, MX, in a

basic solvent may be represented by two steps:
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Ionization (DN):

B + MX —= B--)M—X = BM'X" (73)
Dissociation (¢ )1
BMtY " =——= BM" + X~ (74)

in which coordination and solvation stabilize the cation.
The anion may also be stabilized by solvation if the solvent
possesses some acceptor properties. The critical stage of
ionization (equation (73)) involves a shift of electron
density of the M-X bond away from M and towards X, simulta-
neous with a shift in electron density from B to M. Analo-

gous processes occur in an acidic solvent:

Ionization (AN)

MX o+ A VA W———— (75)
Dissociation (¢ )
M“'XA"__"—:__.—'\ M+ + XA® (76)

in which coordination and solvation stabilize the anion

(and solvation stabilizes the cation if the solvent has
donor properties). Again, the shiftlof electron density of
the M-X bond‘away from M towards X, this time accompanied by
a shift in electron density from X to A, is critical to
ionization.

The overall dissociation constant, K, is equal to the
product of the ionization constant, Kion (equations (73) and
(?5)), and the dissociation constant, Kiiss (equations (74)
and (76)), in both cases:

K = K;on Xdiss (77)
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Since most common solvents possess dielectric constants of
sufficient magnitude so that dissociation of ionic aggregates
is not inhibited, the effect of Kdiss is usually ignored.
However, a solvent of very low dielectric constant should
not be regarded as a weaker acid (or base) compared to one
of high dielectric constant merely on the basis of evidence
relating to the degree of solute ionization, e.g., conducti-
vity, because no information concerning the actual acid-base
(AN-DN) properties may be drawn from such data.

DN and AN are useful guides for selecting the appropri-

13.98"101. 10“'. For

ate solvent for a chemical reaction
example, it would be useless to attempt an acid-base titra-
tion in a solvent with stronger donor properties than those
of the titrant base. Complex formation tendencies, covalent
solute ionization, and solvation may be estimated for
different solvents from DN and AN.

The DN-AN concept has been criticized as more limited
in scope than the HSAB principle or the E-C equation
because it incorrectly assumes single orders of acid and
base strength. This is a consequence of the fact that most
of the donors employed by Gutmann are hard bases, i.e., have

98 conceded that

oxygen or nitrogen donor atomslB. Gutmann
the linear relationship between DN and adduct formation
enthalpies relative to other Lewis acids (equation (72))
breaks down for very hard and very soft metal ion acids,
especially if the solutes from which they originate are

hard acid~hard base or soft acid-soft base combinations.
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Although equations (73) and (75) imply that increasing soft-
ness, i.e., polarizability or ability to shift electron
density, is conducive to ionization, in practice this is
true only up to a point. Certainly the limitation of donor
and acceptor numbers to solvent molecules does not allow
quantitative comparisons with acidities and basicities of
ions.

On the other hand, Gutmann's concept offers an inter-
pretation of Lewis acid-base phenomena in strongly inter-
acting systems (highly coordinating solvents) in which the
E-C model fails. Furthermore, each DN and AN value is based
directly on an experimental measurement, while the E-C
numbers are derived from an arbitrary reference point and
HSAB correlations are, for the most part, merely qualita-

tive.
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V. Usanovich Theory and the Relationship Between Acid-Base

and Oxidation-Reduction Reactions

A. Usanovich Theory

Usanovich1

proposed the most general of the extant acid-
base theories, which he derived from a considerafion of the
similarities between the conductance cuf&es of AsClB. SbClB.
and related substances and those of the hydrogen acids in
ether and in other basic solvents. The fact that crystalline,
salt-like products are often obtained from the reaction of
both AsClB-type compounds and hydrogen acids with pyridine
offered further evidence that the Brgnsted-Lowry theory did
not cover all cases of acidity. The nearly simultaneous
appearance of Lewis' proposal and language barriers prevented
Usanovich from comparing the electronic theory to his own
formulation.
The protonic theory is limited, according to Usanovich,
by its arbitrary division of cations into two groupsl'zc
1) "onium" cations, excluding completely substituted
onium ions, which are Br#nsted acids, e.g., ammonium
ion and its primary, secondary and tertiary alkyl
derivatives; hydronium ion; aquometal ions; and
2) free metal and completely substituted onium cations,
which are not Brgnsted acids, e.g., quaternary alkyl
ammonium ions.
This division is derived from the fact that the Brghsted-

Lowry concept discards salt formation and neutralization as

characteristic acid-base processes in favor of conjugate
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acid-base formation, e.g.,
Acid1 Base2 Base1 Acid2

- +
HCl + C.H.N F== C1™ + CHNH (1)

A typical aqueous neutralization, e.g., that of aqueous HCl
with aqueous NaOH, is represented by the following net ionic

equation:

Ho' + OH™ &= 2 H,0 (2)

There remains a solution of sodium ions and chloride ions,
which, if equivalent amounts of acid and base are employed,
is commonly regarded as neutral. This is fundamentally
inconsistent, according to Usanovich, because the sodium
chloride solution contains no acid to compensate for the
basicity of chloride ion (equation (1)) and to justify
consideratidn of the solution as neutral. On the other hand,
in neutralization processes involving bases capable of
forming onium cations, e.g., NH3 (or pyridine in equation
(1)), the cationic neutralization products are the acids
which provide the logical compensation for anion basicity:

+ - ——-4 -

+
H30 + Cl + NHBr——————- H20 + Cl + NHu (3)

thus creating a distinction between bases which exist in
combination with metal cations and onium ion-forming bases.
Brgnsted justified the exclusion of salt formation as
a characteristic acid-base process on the grounds that the
products of acid-base reactions are not always salts, and
that salts may also result from other types of reactions,

e.g., oxidation-reduction (electron transfer) or other
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transfer82'3:
Na + Cl ~—————3) NaCl (4)
(CH3)4N + CH,T ——> (CH,),NI (5)
(CHB)ZNH + CHBI——-) (CH3)3NHI (6)

Equations (5) and (6), neither of which is a Brgnsted-Lowry

acid-base reactions, may be compared to
(CHy),N + HI ———> (CHB)BNH+ + I (7)

which is. Usanovich pointed out that the products of
equations (6) and (?) are identical, i.e., in the former
equation an acid and a base are formed from a base and

a substance (methyl iodide) not considered an acid by
Bronsted. This same nonacid reacts with a base in equation
(5) to form another nonacid ((CHB)QN+) and a base (I7). The
arbitrary distinction between these related reactions sepa-
rates completely substituted onium cations from other onium
cations in the protonic theory.

The examples cited above distinguish between protonic
and aprotic substances, a distinction that Usanovich believed
to be artificial because of the obvious similarities present
in processes such as equations {2) and (3), or equations (5),
(6), and (7). The existence of acid-base phenomena in
aprotic solvents, e.g., COCl2 and 502’ served to further
convince Usanovich that Brgnsted and Lowry had only partially
generalized acid-base theory by refuting hydroxide ion as the
only carrier of basic properties, while retaining the proton

as the sole manifester of acidic traits (although Usanovich



-206-
did not deny the special nature of the proton, as will be
seen shortly).

According to Usanovich, any process leading to salt
formation is an acid-base reaction, be it of the Brgnsted-
Lowry type or not. The salt formation criterion permits
the consideration of the processes originally prompting
Usanovich's proposal as acid-base reactions:

AsCly + C5H5N=CSH5NA3C12+ + C1” (8)
The generality of such a rule required a reevaluation and
extension of the then prevalent acid-base definitions.
Usanovich therefore defined an acid as a substance capable
of splitting off any cation or combining with any anion, and
a base as a substance capable of splitting off any anion or
combining with any cationl=8,

The Usanovich definitions expand the acid category to
include a wide range of substances:

a) Hydrogen acids - split off protons or, at times,
combine with anions, e.g., HF combines with fluoride
ion,

b) Metallic compounds - split off metal cations,

¢) Onium compounds - split off carbonium, ammonium, etc.,
ions of varying degrees of substitution,

d) Acid "anhydrides" - substances such as 803 and CO,,
which combine with anions or negative parts of
molecules, and

e) Nonmetallic substances - for example, AsCl3. which

splits off AsClz+ and/or AsC12*,



-207-
Bases include the same substances regarded as such in the
protonic theory:
a) Halides, oxides, sulfates, etc. - each splits off
its respective anion, and
b) Onium-forming bases - e.g., ammonia and pyridine,
which combine with protons.

Thus the following reactions are all considered acid-base

processess
Base2 Acid1 Acid2 Base1
Na0 + S0, == 2Na" + souz‘ (9)
3KCN + Fe(CN),m== 3 K" + Fe(CN); " (10)
3 (NH,),S + szss"_“-—- 6 NH,* + 2 Sbsf' (11)

It may be noted that the salts formed in such reactions are
themselves combinations of acidic (cationic) and basic
(anionic) species.

Amphoterism is acknowledged as a general property of
polar and ionic species by the Usanovich definitions since,
- AsCl3 can be regarded as an acid because it splits off
AsC12+ and as a base because it also splits off chloride ion.
However, the recognition of amphoterism does not preclude the
predominance of either acidic or basic properties in specific
cases. Thus an aqueous NaCl solution is neutral because it
contains an acid and a base, both of which are too weak for
the properties of one to predominate, while in aqueous HC1,
NH,Cl, or CHBCOONa solutions one of the constituent ions
affects acidity and basicity to a greater extent than the

other.
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The Usanovich theory is the only acid-base concept to
explicitly include oxidation-reduction processes as a sub-
class of acid-base reactionsl'8 if the acid-base definitions
are reworded to define acids as substances splitting off
electropositive particles or combining with electronegative
particles, and bases as substances capable of exactly the
opposite behavior. The electron can be regarded as a base
according to these versions of the definitions. Therefore
in equation (4) the base sodium donates an electron to the
acid chlorine to produce the acid sodium ion and the base
chloride ion, the constituents of the salt sodium chloride.
Usanovich thus related oxidizing agents to acids and
reducing agents to bases.

Acidity and basicity (excluding that derived from
oxidation-reduction) are attributed to coordinate unsatura-
tion in the Usanovich theory. Acids tend to combine with
negative species because they contain coordinately unsatura-
ted electropositive atoms; likewise, bases combine with
positive species due to the presence of coordinately unsatu-
rated electronegative atoms. Acid-base properties are
therefore regarded as the products of essentially electro-
static forces. Most substances incorporated both types
of coordinately unsaturated atoms, i.e., a restatement of
the generality of amphoterism. The predominance of acidity
or basicity in a given species depends on the relative
valences of its most electropositive and electronegative

atoms. If the valence of the former exceeds that of the
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latter, acidic properties predominate; if, on the other hand,
the electronegative atom is of a higher valence, basic ten-
dencies predominate. The weaker set of properties is not
destroyed in either case, but may manifest itself in appro-
priate circumstances. Only when the predominant atom is
coordinately saturated does a substance possess solely acidic
or basic properties. Carbon dioxide serves to illustrate
this aspect of the Usanovich theory:

02" 02"
2- b
Co, —> C0,4 —> €O, (12)

002 contains a tetravalent, coordinately unsaturated, elec-
tropositive carbon atom that imparts acid character to the
compound (since oxygen is divalent). The addition of a
basic oxide ion converts 002 to carbonate ion, a basic anion
that nevertheless retains some weak acid properties because
the carbon atom is still coordinately unsaturated. Further
oxide ion addition converts carbonate to the orthocarbonic
acid anion, cou“', which no longer possesses any acidic ten-
dencies; the carbon atom is now coordinately saturated, and
the ion's high negative charge renders it a strong base.
Schemes similar to equation (12) may be written for SO3
(hexavalent sulfur) and si0, (tetravalent silicon), among
other substances, and are reminiscent of earlier derivations
of ammonoacids and "acids of a system" from hypothetical
orthoacids in the early days of the solvent systems theory.
Chloroplatinic acid, H2Pt016. is an example of a substance

in which coordinate saturation excludes basic properties
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entirely.

Further confirmation of the influence of valence on
acidity and basicity may be obtained by comparing oxides and
sulfides to halides; the divalence of the former leads to the
expectation that, for a given cation, the oxide or sulfide is
more basic than the corresponding halides. This prediction
is borne out when the basicities of Na,0 and Na,S are com-
pared to those of the sodium halides. Similar quantitative
comparisons may be made among cations of varying valence in
combination with the same anion, yielding, for example, the
not unexpected confirmation of the prediction that FeCl3 and
AlCl3 are more acidic than NaCl. The Usanovich concept thus
links acidity and basicity to periodic properties.

The sole exception to the influence of valence, accord-
ing to Usanovich, is the proton, which indeed possesses
special properties; however, he erroneously attributed
these properties to the extraordinary small size and high
mobility of the proton, while they are actually a consequence
of the Grotthus mechanism, to be discussed later. The proton
is thus endowed with a far greater degree of acidity than
other univalent cations, which accounts for its historical
position of importance in acid-base theory. Therefore HC1l
is predominantly acidic instead of amphoteric, as would be
predicted by comparative valence, and water and ammonia
possess amphoteric properties as compared to the strongly
basic Na20 and Na3N. The special properties of the proton

are also reflected in the rapid rates of most protonic acid-
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base reactions relative to others, e.g.. (CH3)3NH+ can, in
principle, be either a proton or a CH3+ donor, but invariably
donates the former in acid-base reactions.

Usanovich agreed with Brdnsted that quantitative com-
parisons of acid-base strength should be based on the inverse
relationship between conjugate acids and bases. Since each
Brgnsted acid has only one conjugate base, ordering of
strength in the protonic theory is relatively simple, but in
the Usanovich theory each acid and base may be related to a
multitude of conjugates, complicating the choice of a
reference scale.

Usanovich utilized oxidation-reduction to obtain an
order of elemental acid-base strength. Electron donors
(reducing agents) are bases whose relative strengths vary

1’2; the lower the ionization

with their ionization potentials
potential, the stronger the base. Their cationic acid
conjugates vary in strength inversely with base strength,
i.e., the high the ionization potential of the base, the
stronger the conjugate acid. Thus’potassium is a strong
base and potassium ion a weak conjugate acid because

K =—= k* + " (13)

‘requires an ionization potential of 4.3 eV, while chlorine
is a very weak base because it has an lonization potential
of 13.0 eV. On the other hand, chlorine exhibits strong
acid properties and its conjugate base, chloride ion, is

very weak:
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- + e (1%)

C1m ———= c1

These considerations may be extended to compounds. The use
of ionization potential to determine relative acid and base
strengths also clearly indicates the greater acid st;ength
of multivalent elemental cations (involving the sum of
several ionization potentials) relative to univalent cations.
Solvolysis of salts is also explained by a consideration of
the relative strengths of the acidic (cationic) and basic
(anionic) species present in a salt, e.g., FeCl3 hydrolyzes
in an acidic manner and NaZS in a basic manner.

Luder and Zuffanti7 objected to the importance of salt
formation and the stress on the association of acidity and
basicity with cations and anions, respectively, in the
Usanovich concept. They also contended that there is a lack
of correlation of the degree of coordinate unsaturation, the
determinant of acid-base properties, with the Usanovich acid-
base definitions, and that redox reactions, although related
to acid-base processes, are not part of acid-base chemistry
(this point will be discussed in more detail later). The
Usanovich theory has also been criticized for its generality.

It has likewise been claimed that the Usanovich concept
is often too easily dismissed precisely because of its gene-
rality and because of the same traditionalism among scien-
tists that initially opposed the protonic and electronic
theories. Huheey6 proposed that all acid-base concepts are
reconcilable, because they invariably define acids as donors

of positive species or acceptors of negative species, and
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bases as donors of negative or acceptors of positive species.
Consequently acidity may be regarded as positive character of
a substance, that is decreased by reaction with a base, and
basicity as negative character, decreased by reaction with an

acid.,
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B. The Relationship Between Oxidation-Reduction and Acid-Base

Concepts

Although the Usanovich theory is the only one to expli-
citly stress the inclusion of redox phenomena in acid-base
chemistry, the position of oxidation-reduction in relation
to other acid-base concepts has been the subject of extensive
consideration, often as a direct consequence of comparison
with the Usanovich concept. However, this relationship was

noted even before Usanovich made his proposal.

1. Brgnsted-Lowry Theory

Most presentations of the protonic theory ignore the
fact that Brgnsted recognized the electron as the only par-
ticle exhibiting behavior comparable to that of the proton,
and oxidation-reduction reactions (electron transfer) as the

only analogues of acid-base processes (proton transfer)g-lns

A &8 + H' (15)
R e&=—m=0x + e ' (16)

where A = acid, B = base, R = reduced form of a species, and
Ox = oxidized form of the same species. This relationship
arose, in part, from the belief (at the time of Brgnhsted's
proposal) that the proton and electron retained unique posi-
tions as the fundamental, subatomic constituents of matter.
Thus the postulation of a parallel between protonic and
electronic reactions is not coincidental; Bpﬁnstedg referred

to the proton as a "positive electron".
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There is more to the analogy between acid-base and
oxidation-reduction processes than the formal similarity of
equations (15) and (16):

a) Neither the proton nor the electron is capable
of independent existence in solution6'15'16.

b) An acid cannot donate a proton in the absence
of a base; conversely, a base cannot accept a proton
unless an acid is present to furnish one. Similarly, a
reducing agent cannot donate electrons without the
presence of an electron acceptor (oxidizing agent), and
an oxidizing agent cannot accept electrons without an
electron donor (reducing agent) to donate them. Conse-

quently oxidation-reduction reactions, like protolyses,

are double conjugate pair equilibria7'15'17t

A, + B, PR By + A, (17)
Ox, + Rz,——: Ry + Ox, (18)

c) Powerful oxidizing and reducing agents exhibit
phenomena in solvents much like the levelling effect
observed by Hantsch for strong acids and basesl7. €y

in aqueous solution

Cl, + 3 HO0 —=32 H30+ + C1° + 0C1” (19)
2Na + 2H0 —>2 Nat + 200" + H, (20)

The distinction between acid-base and oxidation-reduc-
tion processes is blurred in equations (19) and (20),

since both occur simultaneously. The oxidizing agent
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012 increases the solvent lyonium ion concentration, as
any acid does, and the reducing agent Na increases the
lyate ion concentration, as any base would. Lew1318
noted that no rapid oxidizing agent stronger than 02
nor rapid reducing agent stronger than H, may exist in
water. Lewis' emphasis on the word "rapid" qualifies
the thermodynamics of such processes with the fact that
many strong oxidizing and reducing agents act upon
water so slowly that redox equilibrium, unlike acid-base
equilbrium, is rarely achieved in aqueous solution
(witness the slow decomposition of aqueous permanganate).

d) There is evidence that oxidation-reduction
reactions occur via stepwise electron transfer in cases
involving the movement of more than one electron,
analogous to the successive removal of protons from
polyprotic acids (or, in certain Lewis acid-base reac-
tions, to the formation of successive 1:1, 112, etec.,
adducts)17'19'21. Most of the evidence supporting this
view is mechanistic, e.g., the'reduction of hydrogen

peroxide by ferrous ions:

Felt H,0, —> Fed* + OH™ + OH (21)
Fe2* + OH——> Fedt + oOH~ (22)

or the oxidation of stannous ion by ferric ion (in HC1
solution)s

Fe3* + snc1, 2T 5 re?* 4 SnC1,~ (23)

Feo* + snCl"———3 Fe?* + snCl, (24)
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The observation of an Sn3+ intermediate in the titration
of SnCl2 with potassium dichromate in aqueous HC1l has
been reportedzz. It is also believed that diatomic
chlorine, bromine, and iodine, are reduced through the
stepwise intermediates Clz'. Brz'. and Iz-. respectively.
e) Depending on the circumstances, the same species
may serve either as an oxidizing or as a reducing agent.

Aluminum reduces ferrous ion to iron metal while dichro-

mate oxidizes Fe?’ to Fe3+. Luder and Zuffanti7

regarded such behavior as analogous to acid-base ampho-

terism and utilized the same term to describe it.
f) Redox indicators operate on the basis of equilib-
ria similar to those of acid-base 1ndicatorsl7.

Another manifestation of the recognition of an analogous
relationship between acid-base and oxidation-reduction reac-
tions is the suggestion that relative acidity and basicity be
defined in terms of acidity and basicity potentials, just as
redox strength is defined in terms of oxidation-reduction
potentials, instead of as a series of acidic and basic
dissociation constants9'12'13'15’23. The acidity potential,
E_ ., was defined by Brﬁ'hsted9'23 as the work expended on

ac
proton transfer from an electrically neutral system to an

arbitrary standard state. The basicity potential, Ebas' is
the negative of Eac'
RT RT CA
Eac, = -~ lnag= — |ln K, + In (25)
F F CB



RT Cp
(26)

bas ac B
F CA

in which K, and K the Brgnsted acidity and basicity

B
constants, respectively, and

CA and C the conjugate acid and base concentra-

B
tions, respectively, of equation (15)
(see chapter II).

Schwarzenbach15 also stressed the acid-base - oxidation-
reduction analogy, defining a "normal” acidity potential,

Egc (analogous to standard redox potentials), as the value

of E,, at equal activities of A and B (the use of activity,

as opposed to concentration, has no bearing on the present

discussion). The equation for the potential of an acid-base

conjugate pair consequently follows the same form as the

equation for determining the potential of a redox couple:

RT ay
= 0o —
Eac = Eac + - 1n ) (27)
B
RT ap
- o
Eox = Eox * in (28)
nF a5y
Egc of a solute acid does not depend on the acidity or basi-

city of the solvent, but is influenced by the solvent
dielectric constant, since it represents the electrical work
involved in separating H* from an electrically neutral

environment.
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Arrangement of Egc values for different acids in
decreasing order yields a ranking of acids and their conju-
gate bases according to strength, similar to the electromo-
tive series in oxidation-reduction. A high acidity potential
is associated with substances containing loosely bound,
easily transferred protons, i.e., strong acids. Weak acids
have low E:c values associated with tightly bound protonslB.
When two conjugate pairs of different acidity (as measured by
E e in equation (27)) are brought together, proton transfer

occurs from the system of higher acidity potential to that

of lower E_ lowering the former and raising the latter

ac’
till the acidities of both systems are equal, i.e., equilib-
rium is achieved. For example, the dissociation of an acid

HX in water involves the acidity potentials of the HX-X and

the H30+-H20 conjugate pairs:

. RT apy
EHX = EHX + '_F— in (29)
ax-
RT ay o*
Ey ot = EQ + + — 1n [—3— (30)
H,0 H.,0
3 3 F aH 0
2
PricPrior to dissociation Eyx > Ey_o*+ but as equilibrium is
3
applapproached, EHX drops and EH ot rises until, at equilibrium,

3
theythey are equal and

0o o a + ay-
e(EHX - EH3°+)(F/RT) H,0" X

= < K, (31)
0 2ux

a
i,
where Ka = the protolysis constant of HX in water, i.e., the
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classical aqueous dissociation constant.

Brgf’nstedz3 pointed out that there is neither Advantage'
nor disadvantage in arranging acid-base strengthé as an emf
series instead of as a series of equilibrium constants, but
the very suggestion illustrates and emphasizes the fact that
a close parallel between acid-base and oxidation-reduction
processes was recognized well before the appearance of the
Usanovich theory.

The relationship between protonic acid-base and redox
chemistry is not limited to parallel formalisms because the
two sometimes overlap, e.g., in equations (19) and (20).

The increase in aquometal ion acidity with increasing central

2k is but one

metal oxidation number observed by Br#nsted
example of the increased ability of proton-containing ligands
to act as proton donors when coordinated to highly oxidiged
metal ions2°. The reactions between aqueous acid solutions
or acidic melts and metals are simultaneously acid-base
neutralization and oxidation-reduction processeslu’26’27s

+ , Y . 24

2 NHyNOq .1y + Cup )=
Cu(NO3)p(qy + Hyepy *+ 2 NHy(, (33)

Comparing the lower (basic or reducing) oxides of various
elements to their higher (acidic or oxidizing) oxide counter-

28 no ted

parts, e.g., B1203 to 31205 or Fe0 to Fe203. Bancroft
that the emf of the former are raised in alkaline media,

"while the emf of the latter are higher in acid media. This
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observation implies that reduction is enhanced in alkaline
solution and oxidation is enhanced in acid solution, and is
supported by the variation in the standard potentials of
redox couples in aqueous solutions of changing acidity
(Table V-1). Increasing acidity increases the oxidizing
ability of a species, while increasing basicity increases
reducing power (which becomes evident by reversing the
equations of Table V-1 and noting the sign change in E°).

The individual nature of an acid or base also affects
redox potentials, as does the level of acidity or basicity
in a solution. For example, the standard reduction potential
of the ferric-ferrous ion couple (0.77 V) decreases in acidiec
solutions because the ferric ion complexes with acid anions
to a greater extent than does the ferrous ion. However, the
difference in the extent of complexation with both ions
varies with the nature of the anion, and consequently the
drop in potential is not the same in the presence of
different acids (in 1 F aqueous solutions of each of the
following acids, the Fe(III)TFe(II) standard potential is:
HC10,, 0.73 V3 HC1, 0.70 V; H,S0,, 0.61 V; and HyPOy, 0.44 V).
Such effects are the basis for the concept of "formal
potential”, a quasi-standard oxidation-reduction potential
defined for a given redox couple under specific experimental
conditions, e.g., in the presence of a given concentration
of a certain acid?’.

The acid-base and oxidation-reduction concepts are

linked, in Brgnsted's view, by the equation for the oxidation
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Table V-1: Variation in Standard Potentials of Selected

Redox Couples with Changing Solution Acidity*

Cr2072° + Wb H + 6 e ———=20C0r)t + 7 H,0

P—

HCroq' + 7 gt + 3 e F::::::é Cr3+ + 4 HZO

Cro, 2" + b HO + 3 e Cr(OH); + 5 OH
MnO,~ + L4 HY + 3 e = Mn0, + 2 HL0

Mn0,~ + 2 H0 + 3 e e} MnO, + 4 OH

H;B0; + 3HY + 3¢ = B + 3 H0

HyBO,~ + H0 + 3 e === B + 4 OH

HyPO, + 2 H + 2 ¢ /——= HyPO, + H,0
pof‘ + 2HO0 + T HP032‘ + 3 OH

Reou' + BHY + 7¢" = Re + & H20

ReOu" + uﬂzo + 7e‘f-—-———--"“'——J Re + 8 OH™

e+ 37— ot (1 F H,50,)
et 4 30 =m ot (0.01 F NaOH)

Fe(CN)63‘ + e T/m—— Fe(CN)6“' (2 F H,50,)
Fe(cn)63“ -y Fe(CN)6u' (1 F NaOH)

EC (V)
1.33
1.20

"0012

1-68
0.59

‘0-73
‘205

"0028
-1-05

0.37
'0081

0.69
0.46

1.10
"00 12

*Sources Weast, R.C. (ed.), Handbook of Chemistry and
Physics, 51st Ed., The Chemical Rubber Co.,

Cleveland, Ohio, 1970
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of hydrogeng'lus

PH, == K" + e~ . (34)
A comparison of equation (34) to equations (15) and (16)
indicates the special positions accorded by Brgnsted to
hydrogen as simultaneously the simplest acid and reducing
agent, the electron as the simplest base, and the proton as
the simplest oxidizing agent. Application of the mass
action law to equation (34) at a hydrogen gas pressure equal

to one atmosphere yields an equilibrium constant, KN9'

KN = 8y 34 (35)

in which ay is a measure of reducing capacity (just as ay
is a measure of acidity). The tendency of protons and
electrons to combine imparts a very small magnitude to KN'
The hydrogen ion activity in aqueous solutions has a finite
lower limiting value set by the autoprotolysis constant of
water, K . Consequently equation (35) suggests that the
concentration of electrons in aqueous solution is too small
to be measurable, at least over the major portion of the
range of acldity possible in that medium. Brgnsted believed
that equation (34) is shifted rightward in more basic
solvents, in which measurable concentrations of "free" (in
the sense of merely being solvated) electrons might exist.
Another method for obtaining measurable concentrations of
electrons is to use a reducing agent stronger than hydrogen,
e.g., sodium, and in this connection Brgnsted cited the

experiments of Kraus with metals dissolved in liquid ammonia
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and in amineg’'6:30-33

Kraus observed that the dissolution of metals in liquid
ammonia produces blue solutions at low metal concentrations,
which turn bronze with increasing concentration, exhibiting
definite metallic luster, and eventually separate out from
the bulk of the solvent into a less dense, bronze phase at
very high concentration. The dilute solutions are highly
conducting and the conductivity of the bronze phase
approaches that of pure metals. The solutions are meta-
stable, decomposing to metal amide solutions with time.
Kraus found that the positive conducting species in each
solution is the solute metal cation, but could not find
chemical evidence for a complementary conducting anion other
than that the negative conducting species in each solution
is identical, regardless of the metal.

Kraus postulated the electron to be the anionic species

in the solutions of metals in liquid ammonia:

M + (x+ny) NH3 S : o

_— [M(NHB)x]n+ + n[e(m{3)y]‘ (36)
The presence of the solvated electron explains the high
conductivity of the dilute metal solutions and the almost
metal-like conductivity and properties, e.g., luster, at
high concentration, at which the degree of solvation
decreases and the bronze phase is formed. This bronze phase
is believed to be a mixture of metal ions, ammonia molecules,

and a sea of movable free electrons. Electron paramagnetic

resonance experiments have confirmed the paramagnetism of
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these systems and the presence of electrons in an environment
close to that of the free electron6. An alternate explana-
tion of the high conductivities of these solutions involves
a quantum mechanical tunnelling effect in which the wave
nature of the electron allows it to tunnel through the energy
barriers to conduction. The metastability of these solutions

is due to the levelling of electrons to amide ionss

[e(NHB)y]' —s NH,” + B H, + (y - 1) NHy (37)
Similar phenomena are observed in other basic solvents, e.g.,
ethersé, and the resultant solutions are both very basic and
very reducing.

More recently the solvated electron has been generated
in aqueous solution by several methods, including irradiation
with ultraviolet light or 6°Co gamma rays3 dissolution of
amalgamated sodium or trivalent uranium; and from atomic
hydrogen in strongly basic solutionju. The acidity of water,

relative to ammonia, imparts a high reactivity and a very

6,34
aq)

electron reacts with hydrogen acids in water3 t

short lifetime (~ 10~3 seconds) to ez « The solvated

laq) * HA ——= HA" &=—— H + A" (38)

and, as with other bases, the extent of protolysis increases
with increasing HA dissociation constant, but an unequivocal
determination of whether the order of Brgnsted acid strength
relative to eZaq) is identical to that relative to other

bases is complicated by the existence of different modes of

HA decomposition36. €.y
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= H + CHyC00

ey + CH,COOH & CH.COOH™ _ (39)

(aq) 3 3 —_) CHBC=0 + OH
Hydroxide ion is the only base strong enough to compete
36,

for protons with the solvated electron in aqueous solution

37

3
H + OH == ezaq) + H0 pK = 9.6 - 9.7 (40)

Equation (40) may be separated into:
H &4 + e (b1)

it + o == H,0 (42)

Equation (42) is the reverse of the autoionization of water,
and is characterized by a p(Kw'l) of -14, indicating that
equation (41), which is identical to equation (34), has a
pKy of approximately 2L, supporting Brgnsted's hypothesis
(equation (35)) that, because of the lower limit placed on
ay in water, the concentration of eZaq) is infinitesmally
small under ordinary conditions.

Huheey6 considered the proton to be the "ultimate acid"
and the electron the "ultimate base" in agreement with
Brénsted's view of their fundamental nature, although this
viewpoint is not to be construed as excluding aprotic
substances from the category of acids.

Both the Brghsted-Lowry and Usanovich concepts attribute
the special character of the proton to its small size and |
high mobility. However, the high charge density of the
proton precludes its independent existence in solution,

and solvated protons are both large and slow-moving.
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Nevertheless, the mobility of protons appears to be very
high in aqueous solution. This apparent contradiction may
be explained by a three-step mechanism first proposed by
Grotthus in 1806 and subsequently expanded by Hucke138-%0
(Figure V-1), in which it is believed that the orientation
step, i.e., water molecule rotation, is rate determining.
A similar mechanism has been proposed for electron

2+ 3+ L1

exchange between Fe® and Fe” in aqueous solution “:

Basic Solution:

Fe*2+ + n H20 + Fe(OH)2+
' L
-\ |Fe* g-n--)g-ﬂ--)) ->3Fe * :F
< n
== Fe*(0H)%* + n HO + Fe?* (43)
Acidic Solution:
Fe*2t HBO" ] Fe*(H, 0)3* (1)

Fe*(H30)3+ + nHO + 1?e3+

—_— Feo Heed <gu..>g}{.. ) --};LOFe 6+ :F

—_— pe*3" + nHO + 'Fe(H30)3" (45)

The Grotthus-type mechanism for ferrous-ferric electron
exchange is supported by the following evidenceuot
a) Electron exchange does not occur in the absence
of water.
b) The calculated inter-iron distance is large
enough to accomodate one or more water molecules along

with a negative bridging species.
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Figure V-1: Grotthus Mechanism for Proton Exchange in

Aqueous Solution

1) Orientation
H H
~No” IK 0 /K 0
[ H/ \H H'/ \H

2) Proton transfer - either a proton flip or a hydrogen
atom transfer accompanied by electron exchange

H-g-......HTg.......ﬁ_ge H*

1

H*ﬁ_—g_H.-....-g_Ho-.-.o.g_H

3) Reorientation

ol

[ N
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c) The dielectric constant of an 0.143 M ethanolic
solution of water is close to that of pure water and
not to that expected for the mixed solvent.
d) The exchange rate drops in mixed alcohol-water
media, probably as a result of changes in the innermost
solvation sheaths of the iron ions.
e) There is a large isotope effect in D,0.
f) The activation energy of the electron exchange
process is independent of the nature of many of the
anions that catalyze it.
g) The electron exchange process occurs in ice as
well as in liquid water, probably via a water bridge.
The slow step of the Fe(II)-Fe(III) exchange mechanism is
attributed to processes occuring at the ends of the water
molecule chain, where the terminal water molecules also are
part of the innermost solvation spheres of the iron ions.

If proton and electron transfer occur by closely
related mechanisms, at least in aqueous solution, then
changes in solvation, temperature, state, etc., should affect

ko offered the

both processes similarly. Horne and Axelrod
following evidence to support this contention:s
a) The isotope effect of the specific conductance
‘of water in both the liquid and solid states is approx-
imately equal to the isotope effect of the ferrous-

ferric electron exchange:
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X k
H,0 H,0
n | — (46)
“D,0 Xp.0
2 2
where « = specific conductance and

k

electron exchange rate constant.

b) The rate of proton transfer in ice is approxi-
mately the same as in water. This is also true for the
electron exchange process.

c) The activation energies of proton transfer and
Fe2+-Fe3+ electron exchange in water have approximately

the same temperature dependence.

d) The activation energy of the electron exchange
process exceeds that of proton transfer at a given
temperature in liquid water. Horne and Axelrod
accounted for this discrepancy by pointing out that the
solvation of the terminal water molecules of a Grotthus
chain by the iron ions renders these terminal water
molecules less free to rotate, which is closer to the
situation existing in ice than to that in the liquid
state. A comparison of the electron exchange activa-
tion energy in water and the activation energy of proton
transfer in ice reveals that they are of similar
magnitude.

Therefore it may be concluded that proton and electron
transfer occur via similar mechanisms in water. If Brgdn-
sted's view of the proton as a positive electron or an

electron deficiency is adopted, the validity of Usanovich's
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inclusion of oxidation-reduction processes in acid-base
chemistry becomes evident from the point of view of the
protonic theory.

Charlot, Wolff, and LaCroiqu”"3 asserted that different
reaction types can be interpreted by parallel reasoning, and
generalized the proton exchange basis of the Brgnsted-Lowry

theory to "particle exchange":
CD + M ;::::::3 C + M (47)

in which the species C and M compete for particle D. If D
is an electron, equation (47) is an oxidation-reduction
process. If the particle is a proton, equation (47) is a
protolysis reaction. D may also be a polar molecule or an
ion, in which case equation (47) represents a Lewis acid or

base displacement, e.g.,

Hg(SCN) ;™ + Fe3+=}{g(SCN)2 + Fe(scN)?*  (u8)

Ag(NH + 2CN“=Ag(CN)2‘ + 2 NH, (49)

32"
The results of this approach are similar to those of Usano-
vich in that a great deal of.chemistry is systematized.
According to Charlot, Wolff, and LaCroix, orders of strength
depend on the particle exchanged; solvent effects may -

vary from inertness to simple solvation to participation in
reactions; and special factors entering into reactions
depend on the distinctive nature of the particle. The
linkages between oxidation-reduction and acid-base phenomena,

and between these reaction types and complex formation, solu-
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bility, etc., may be accounted for by reactions incorporating

more than one type of particle exchange, e.g.,

Mo,~ + 8 H' + 5 F=—=m? . I H,0 (50)
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2, Solvent Systems Theory

The early formulations of the solvent systems theory
did not consider the possibility of linkage between acid-
base and oxidation-reduction reactions, despite the fact
that some oxidizing and reducing agents increase solvent
cation and anion concentrations, respectively, e.g., equa-
tions (19) and (20). However, it was suggested that the
acid-base phenomena observed in aprotic solvents such as
802 and COCl2 are actually electron transfer (redox)

processesl7.

2,4l4,k45 split acids and bases into

Ebert and Konopik
donor and acceptor categories. Donor acids release solvent
cations or other acids upon dissociation, and acceptor acids
combine with solvent anions or other bases. Donor bases
release solvent anions or other bases, and acceptor bases
combine with solvent cations or other acids. The resemblance
of these definitions to those of Usanovich may be noted, but
again no attempt was made to link acid-base and oxidation-
reduction processes.

Gutmann and Lindqvistz'us contended that their ionotropy
concept, according to which an acid is a cation donor or
anion acceptor, and a base is an anion donor or cation
acceptor, is virtually identical to the Usanovich definitions
except in three aspects. Ionotropy is linked to reactions
occurring in a solvent; it excludes polyatomic ions, e.g.,
CH3+, from consideration as transferable species; and it does

not generally recognize oxidation-reduction processes as
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acid-base reactions, although Gutmann and Lindqvist conceded
that the distinction between the two becomes vague if the
acidic and basic ions of a solvent are comprised of different

oxidation states of the same atom, é.g..

= 1" + 1. (51)

21 3

2

is considered to represent the autoionization reaction of an

iodotropic solvosystem.
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3. Lewis Theory

Usanovich did not compare his concept to the electronic
theory, but it seems that both are fundamentally similar in
their assessments of the basis for acidity and basicity.
The ability to accept an electron pair, deemed by Lewis to
indicate the presence of acidic properties, is related to
Usanovich's coordinate electropositive unsaturation.
Similarly, electron pair donating tendencies can be related
to coordinate electronegative unsaturation. The major
difference between the classical Lewis and the Usanovich
acid-base theories is the inclusion of oxidation-reduction
in the latter. It is therefore of interest to consider the
relationship between acid-base and oxidation-reduction
processes from the viewpoint of the electronic fheory.

The classical Lewis formulation distinguishes between
partial electron pair transfer (acid-base) and complete
electron transfer (oxidation-reduction), but does not
explain the increasing Lewis acidity associated with

increasing oxidation state, e.g.,

Weak Acid Strong Acid
Fe?t —_— Fedt + e (52)
Weak Acid Strong Acid
sn?t T=———= n** + 2e" (53)
Base Acid

21— 1, + 2" (54)

the general validity of which is confirmed by Cartledge's

L6,47

ionic potential calculations as well as by experi-~
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28,48
ment . It may be noted that some of the strongest non-
ionic Lewis acids contain atoms of high positive oxidation
state, e.g., hexavalent sulfur in 803 and pentavalent anti-
mony in SbCls. In addition, a sharp delineation does not
always exist between Lewis acid-base and oxidation-reduction
reactions, e.g., as in the case of the formation of pyridine

oxideéz

CoHNs + 01 m=——==2 CH/Ni0: (55)

Lewis theory, like Bronsted-Lowry theory, can account
for the effect of acidity and basicity on redox potentials.
The previous description of the decrease in the Fe(III)-
Fe(II) reduction potential in the presence of different
hydrogen acids may be interpreted in the Lewis sense as the
result of more stable adduct formation between Lewis bases
(perchlorate, chloride, sulfate, nitrate, and phosphate) and
the Lewis acid Fe3+ than between the same bases and Fe2+.
i.e., the stronger acid is the species of higher oxidation

49,50 found that the oxidizing power of metal

state. Gutmann
ions decreases in solvents of increasing Lewis basicity;
standard reduction potentials and cathodic half-wave poten=-
tials become more negative, i.e., metal ion reduction is
harder to achieve, because of coordination with the solvent.
Such observations agree with predictions if solvent coordi-
nation is viewed as partially providing the metal ion with

the electrons it otherwise obtains only by causing the oxida-

tion of another species. Metal ion reduction potentials
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rise in acidic solvents not only as a result of less metal
ion-solvent coordination but also because the solvent is able
to compete with the metal ion for the solute anion, increas-
ing the availability of the latter as an oxidizing agent and
consequently increasing its reduction potential. Likewise,
ligand oxidation potentials drop and anodic half-wave
potentials become more positive, i.e., ligand reducing power
decreases, in solvents of increasing Lewis acidity, since
these solvents compete for ligand electrons, while more
basic solvents eliminate the ability of acidic species to
interfere with ligand reducing power, thus increasing ligand
oxidation potential. Therefore solvent basicity is associa-
ted with increasing reducing and decreasing oxidizing power,
while solvent acidity leads to increasing oxidizing and
decreasing reducing power, in agreement with the conclusions
of Bancroftza.

There are also instances, however, in which the reduc-
tion potential of a metal ion increases in the presence of a
Lewis base. This occurs if the reduced form of the metal ion
forms a more stable adduct with the base than the oxidized

2+ forms a more stable complex with o-phenan-

3+

form, e.g., Fe

, and Cu+ coordinates with chloride ion to

a greater extent than does Cu2+ 51. The arrangement of Lewis

throline than Fe

acids (or bases) according to a single, invariant order of
strength would be possible if such behavior did not exist.
The occurrence of both decreased and increased redox poten-

tials associated with complexation is another manifestation
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of the fact that reactivity depends not only on Lewis acid-
base strength in its narrowest definition, but also on other
factors, e.g., polarizability, extent of ionic and covalent
bonding tendencies, »-bond formation, backbonding, etc.

The Edwards equation52'53.

K .
log[— | = «E, + BH (56)
0
in which

K = a rate or equilibrium constant,
Ko = the same constant in water at 25°C,
H

= a proton basicity factor,

Hs=pK, + 1.74 | (57)
En = a nuleophilicity factor,

- (o}

E, = Ej, *+ 2.60 (58)

and @« and S8 are acid-dependent constants,
recognizes the link between acid-base and oxidation-reduction
reactions by attributing total reactivity to a mixture of
both types of behavior. Pearson'’s theory of hard and soft
acids and base353. a qualitative descendant of the Edwards
equation, states that hardness increases with increasing
oxidation state and softness increases with decreasing
oxidation state.

Charge tranfer spectra of transition metal complexes
(which are Lewis acid-base adducts) are sometimes referred
to as "redox spectra“su. A comparison of the spectral

charge tranfer band positions for complexes of a given ligand
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with different metal ions reveals that the energy of this
band decreases with increasing metal ion oxidizing power.
Conversely, for a given metal ion complexed with different
ligands, the higher the reducing power of the ligand the
lower is the charge transfer band energys. It is evident
that some degree of correlation of Lewis acid reactivity
with oxidizing power and base reactivity with reducing power
is possible, in agreement with the Usanovich view of redox
processes as a part of acid-base chemistry and of redox
potentials as a means for assessing relative acid-base
strength.

GutmannSo’55 distinguished between coordinating (Lewis
acid-base) and redox solvents in his investigations of the
effects of solvent acid-base properties on reactions in
solution, but noted similarities in the behavior or electron
pair donating (basic) and electron donating (reducing)
solvents. The former abet the ionization of covalent
solutes by coordinating with the positive part of the solute.
Further solvation stabilizes the cations formed. The cations
produced by the ionization of solutes in reducing solvents,

e.g., liquid sodium, are also stabilized by solvation:

H0 + 4 Nag=—=4 Na* + 0% 4+ 2K~ (s9)
€Cl, + 2NagT=—=20Na" + 201" (60)

The behavior of acidic solvents, in which solute anions are
stabilized by coordination and solvation, and the parallel
behavior of oxidizing solvents, in which solute anions are

also stabilized by solvation, e.g., in liquid iodine,
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2Na + 3I,==2Na" + 2 1, (61)

are analogous to that of basic and reducing solvents, respec-
tively.

All of the examples cited above reveal a link between
Lewis acid-base chemistry and oxidation-reduction that was
acknowledged in early presentation of the electronic theory,
but was not interpreted as anything more than a formal simi-
1arity7’58. This approach may be better understood by compa-
rison to an earlier classification scheme that includes
acids, bases, oxidizing agents, and reducing agents.

Usanovich generalized acid-base chemistry to include
oxidation-reduction, but it is conceivable that the generali-
zation could be the other way around, i.e., redox chemistry
may be generalized to include acid-base processes. This
approach stems from the work of Ingold56’57, who viewed
chemical reactions as electrical transactions arising from
the electrophilicity, or electron seeking tendency, of one
reactant, and the nucleophilicity, i.e., nucleus seeking
tendency, of the other. Ingold proposed an extended classi-
fication of chemical species based on generalized oxidation-
reduction considerations.

Generalized oxidation-reduction reactions involve the
donation of electrons by a nucleophile to an electrophile.
Sometimes complete electron transfer occurs in such an inter-
action, in which case the process is an example of what is
commonly regarded as a redox reaction, e.g.,
cu?* = re?*

Fe + + Cu (62)
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Not all common redox reactions are as clearcut as equation
(62) insofar as the actual transfer of electrons is concerned.

For example, consider the reaction
I- o+ Clzr—-"—: 1c1 + C1° (63)

for which there may be more than one possible path for
electron transfer. The iodide may reduce oneatom of a homo-
lytically cleaved chlorine molecule and then, as an lodine
atom, combine with the remaining chlorine. On the other
hand, the chlorine molecule may split heterolytically,
leaving a c1? fragment to combine with iodide. Electron
transfer takes place from iodide to chloride in the former
case, while in the latter the tranfer occurs between chlorine
atoms. A third possibility is simultaneous iodide addition
and chloride expulsion, in which case two electron transfers
occur.

Ingold also viewed reactions in which only a share in
electrons is offered by the nucleophile to the eléctrophile
as part of a generalized oxidation-reduction classification,
justifying the inclusion of these processes, whose redox
nature is somewhat vague, by pointing out what he considered
comparable ambiguities in electron transfer in "“traditional”®

oxidation-reduction reactions, e.g., equation (63). Thus

H30+ + OHF=——= H,0 + HOH (64)

may be considered an oxidation-reduction process if hydroxide
ion is regarded as becoming formally electrically neutral, an
effect comparable to the result of using hydroxide as a

reducing agent:
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OH e=—= O0H + e~ (65)

Likewise, the proton transferred in equation (64) also
attains formal electrical neutrality. which may be compared
to its fate as an oxidizing agent:

H + & ——= %Hz (66)

An even vaguer example of a generalized redox process,
according to Ingold, is

F~ o+ BF3= BF),~ (67)

Ingold consequently was able to classify reagents as
electrophiles or nucleophiles. The former are able to
completely or partially accept electrons, and include

both oxidizing agents and acids, e.g., Cu2+

’ Clz. hydrogen
acids, 82082-' some of which can behave as either or both,
depending on the circumstances, e.g., equation (19).
Nucleophiles are capable of complete or partial electron
donation, and inelude both reducing agents and bases, e.g.,

Sn2+

, Fe, NHB' 17, which, depending on the nucleophile and
on circumstances, are able to manifest either reducing or
basic behavior, or both. Ingold also recognized that some
substances are capable of exhibiting both electrophiliec

and nucleophilic behavior, i.e., amphoterism. Stannous and
ferrous ions are amphoteric species in this classification.

7:8,58,59 also recognized a relation-

Luder and Zuffanti
ship between oxidation-reduction and Lewis acid~base chemis-
try. They retained Ingold's classification but substituted

*electrodotic" (electron donating) for "nucleophilic*
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(nucleus seeking), because the former term presents a more
realistic description of reducing agent action, e.g., sodium
donates electrons but cannot be considered to be nucleus
seeking. Unlike Ingold, whose claséification did not distin-
guish between acids and oxidizing agents, or between bases
and reducing agents, Luder and Zuffanti maintained that a
distinction does exist, despite cases of apparent overlap,
e.g., equations (19), (20), (32), and (33). They contended
that instances of simultaneous acid and oxidizing action, or
simultaneous basic and reducing action, are limited to
processes involving the formation or reaction of the solvent
ions of amphoteric solvents, and are consequently not
generally characteristic of acids and bases. Many strong
acids, e.g., 503, have no oxidizing power, and many strong
oxidizing agents, e.g., Mn04°. evidence no acidity (although
there is an argument, to be discussed later, supporting the
acidity of permanganate).

The classification of a reagent as electrophilic or
electrodotic depends on the reaction under consideration,
i.e., amphoterism is common in both acid-base and redox
processes. For example, HCl is electrodic when it acts as
an acid towards water or as an oxidzing agent towards metals;
it is electrophilic when it behaves as a base towards 503 or
as a reducing agent towards permanganate.

Lewis theory thus distinguishes between three reaction
types:

1) Acid-base reactions - those involving electron
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pair sharing.
2) Redox reactions - those involving complete
electron transfer.
3) Free radical reactions - odd electron processes.

The acid-base processes are often referred to as "closed
shell - closed shell” interactions to distinguish them from
the other types ("open shell - open shell" interactions)éo.

According to the principle that the acidity of an
element increases with increasing oxidation state, it might
be expected that permanganate, which contains heptavalent
manganese, should be one of the strongest acids. As
mentioned previously, however, Luder and Zuffanti cited
Mnou- as a prime example of a strong oxidizing agent that
manifests no acidity in support of their contention that
acid-base and oxidation-reduction processes are inherently
different. If MnO, is regarded as composed of Mn’* and
four oxide ions, part of the apparent lack of acidity may
be due to the presence of the latter, which are basic. It
must be noted at this point, however, that SO3 and CO2 are
not subject to the loss of their predominant acidity, despite
the fact that their electropositive atoms are of lower
valence than manganese in Mnoh'. The possiblity of coordi-
nate saturation of manganese, similar to that of carbon in
the orthocarbonic acid anion couu', or that of sulfur in the
sulfate ion, may be considered as an explanation of the lack
of apparent acidity. Permanganate is converted to Mn03+ ion

in aqueous H, S0, the visible and ultraviolet spectra of this
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species are consistent with a trigonal planar structure61.
By analogy to other trigonal planar, coordinately unsaturated
substances, e.g., 803, 0032'. BCl3. which become tetrahedral
and coordinately saturated upon the formation of an adduct
with a base, permanganate may be regarded as a tetrahedral
species no longer susceptible to further coordination,. i.e.,
a species which has no apparent acidity. The electron dot
structure of the ion would seem to be in accord with such an
interpretation.

Usanovich62

challenged the assertion of Luder and
Zuffanti, insisting that oxidizing agents are equivalent to
acids. Permanganate, according to this viewpoint, is an
acid as well as an oxidizing agent because it causes the
disappearance of bases (many of which are also good reducing
agents). As supporting evidence Usanovich cited the work of

63. who believed that ions of like charge cannot react

Duke
directly with each other, but must interact through neutral
or oppositely charged intermediates. Examples of such
behavior are found in both aqid-baée and oxidation-reduction
processes, e.g., Duke maintained that the conversion of
dihydroxotetraaquoiron (III) to hydroxopentaaquoiron (III)

does not occur via the prior dissociation of the solvent in

aqueous solutions
[Fe(OH)Z(HZO)u] * e e [Fe(OH)(HZO)S] 2+ (68)

because the close approach of two positively charged species
is required. Instead, the dihydroxo complex abstracts a

proton directly from electrically neutral water:
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[Fe(OH)Z(HZO)u ]* + H)0
= [remo) [+ o (69

The oxidation of stannous ion by ferric ion does not occur
in the absence of a relatively large HCl concentration
(equations (23) - (24)) because both reactants are positively
charged and require a large chloride ion concentration which
permits the formation of metal-chloride complexes. The rate
of this reaction decreases when HC10,, is substituted for HC1
because perchlorate is not as good a ligand as chloride ion.

Mechanisms of processes involving permanganate oxidation
are particularly difficult to explain in this light, accord-
ing to Duke, because there is often no obvious positive or
neutral intermediate, as, for example, in the alkaline oxida-
tion of sulfites, phosphites, or formates. The constituents
common to such processes are, in addition to the reducing
agent and permanganate, water and alkali or alkaline earth
metal cations. The cations are positively charged but are
unlikely intermediates, because such an assumption implies
their oxidation to higher oxidation states by permanganate,
which is only a remote possiblity in view of their closed
shell electronic configurations. Duke therefore suggested
that the first step in Mnou' oxidation, at least in water,
involves an equilibrium between permanganate, water, the
manganate ion Mnouz' (a species stable only in strongly
alkaline solutions or in basic melts), and the hydroxyl
radical, which serves as the neutral intermediate that

actually oxidizes the reducing agent62'64:
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M0, + H,0 ﬁmou"" + OH + H' (70)

Usanovich cited the formation of protons in equation (70) as
evidence supporting the simultaneous acidity and oxidizing
power of permanganate.

The validity of equation (70) is questionable because
it requires a reverse process that constitutes a termolecular
reaction between three species of low concentration, and an
alternate formulation is considered more likely6u°67:

Mn0,~ + OH === Mn0,®~ + OH (71)

We note at this point that a Grotthus-type electron transfer
mechanism analogous to that postulated for aqueous ferrous-
ferric ion electron exchange, as well as aqueous proton
transfer, would seem to be a logical possibility for equa-
tions (70) and (?1)'(especially if coupled with proton trans-
fer in equation (70)), emphasizing again the link between
acid-base and oxidation-reduction chemistry in general, and
between acids and permanganate in particular.

The alkaline oxidation of cyanide to cyanate by Mﬁou'
is believed to occur via a mechanism incorporating equation
(71) or a similar equilibrium between cyanide and Mnob- 68.
Ladbury and Culliséh stated that the two predominant mecha-
nisms of permanganate oxidation, at least in alkaline aqueous
solution, are electron abstraction (equation (70) or (71))
followed by hydroxyl radical oxidation of the reducing agent,
and, in the case of protonic reducing agents, proton abstrac-

tion by hydroxides
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HA + OH &————= A~ + H,0 (72)

followed by reaction of the base A~ with Mnou', also possibly
via a ‘Grotthus mechanism. Permanganate causes the disappear-
ance of a base in either case.

Equilibria of the form of equation (71), be the base
OH™, CN”, or any other base A~, do not constitute the only
mechanistic evidence in support of permanganate acidity. As
far back as 1922, Holluta69'71 suggested the following steps
for the oxidation of formic acid by Mnou' in aqueous solu-

tions of varying aciditys

Weak Acid Solution:

Mn0,”~ + HCO0T——3Mn0,>" + co, + H'  (73)
Neutral Solution:
Mn0,~ + HCO0™ + H,0
— mo,>” + o, + 3w (74)
Basic Solution:
MnO),~ + HCQO™ + - OH™
—> mo,* 4+ c032‘ + HO (75)

It must be noted at this poiﬁt that equations (70) - (75)
all involve the formation or reaction of solvent ions of an
amphoteric solvent, which, as previously mentioned, is
insufficient as a general criterion for the identification
of acids and bases in the opinion of Luder and Zuffanti7’58.
However, Wiberg and Stewart’? argued that equations (73) -
(74) involve the transfer of either a hydride ion or an

electron pair from formate to permanganate:
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S - 2-

_oéc-}{ + 0-Mn0;" ——3 CO, + HMnO, (76)
40 - + 3-

H-\C?‘o’ + 0-Mn0;" — 3 H' + CO, + MO, (77)

Equation (76) can be regarded as a Lewis acid displacement
in which permanganate displaces carbon dioxide from the
hydride ion. Since Wiberg and Stewart specify the transfer
of an electron pair (as opposed to two individual electrons)
in equation (?77), it is possible to view this process as the
result of the formation of an unstable Lewis acid-base
adduct.

The above-cited mechanistic evidence indicates that a
case can be made in support of Usanovich's assertion that
permanganate specifically is both an oxidizing agent and an
acid, despite its apparent lack of acidity. By extension,
all oxidizing agents are equated with acids and reducing
agents with bases.

The quantum mechanical formulations of the Lewis theory
are more inclusive than the Luder-Zuffanti viewpoint. The

60'73'75.'based on the contributions of a

Mulliken treatment
"no bond" state, W (A,B), comprised mainly of electrostatic
interactions, and a state of complete charge transfer

(covalent interaction), w(A™B'), to the actual state, W ape

of a Lewis acid-base adduct:

W, = a w(A,B) + b W(aATB") (78)

(in which a and b are weighting coefficients), does not

specify that the transfer involves pairs of electrons.



-250~
Equation (78) also permits all degrees of donation, including
the complete electron transfer characteristic of oxidation-
reduction (bz/'a2 = o0 ), Although Mulliken originally
developed his treatment for the class of weak Lewis acid-
base adducts known as charge transfer complexes, he subse-
quently realized its general applicability and explicitly
included oxidation-reduction processes in his formulation
as well as closed shell - closed shell interactions. The

60'76'78, also based on

Klopman-Hudson reactivity treatment
weak charge transfer, can, in principle, also be extended to
redox reactions.

Jensen6° maintained that oxidizing power (complete
acceptance of electrons), acidity (acceptance of a share in
an electron pair), basicity (donation of a share in an elec-
tron pair), and reducing power (complete electron donation)
may be regarded as degrees along a continuum instead of as
separate phenomena. Along this continuum there are gray

areas in which these processes overlap, e.g., the reaction

2-
3

may be regarded as either a redox reaction or as a Lewis base

2~

SO + 0103‘——\._=__.—‘ 50,7 + €10,° (79)

displacement of C102' from an acidic oxygen atom by 8032'.
Although it has been argued that the quantum mechanical
treatments blur the distinction between two different types
of phenomena (acid-base and oxidation-reduction)lu. one of
the results of this broader view of the electronic theory is
the qualitative equating of the Lewis and Usanovich acid-base

concepts, although oxidizing and reducing agents are expli-
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citly designated as acids and bases, respectively, only in

the latter approach.

C., Conclusions

The evolution of the acid-base concept since Boyle's
initial seventeenth century attempt to explain the properties
of acids was, at first, a shrinking process, continually
restricting the number of substances regarded as acids and
bases, and culminated in the narrow-based Arrhenius theory
in the late nineteenth century. The twentieth century has
witnessed a reversal in this trend. Successive acid-base
concepts have extended in the opposite direction for over
half a century, i.e., the range of processes regarded as
acid-base reactions has grown to include a wide variety of
chemical reactions and has contributed greatly to the

knowledge of the fundamental properties of matter.
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VI. Experimental

Careful examination of the Brgnsted-Lowry and Lewis
acid-base theories reveals support for a strong connection
between acid-base and oxidation-reduction processes. The
Usanovich theory goes further and explicitly includes oxida-
tion-reduction reactions in acid-base chemistry. However,
it offers no experimental evidence to substantiate the
classification of oxidizing agents as -acids and reducing
agents as bases, nor does it suggest a general mechanism or
specific, structure-dependent phenomena by which oxidizing
and reducing agents manifest their respective acidic and
basic tendencies that is comparable to protolysis in the
protonic concept or to coordination in the electronic concept.

The hypothesis that oxidizing agents are acids may be
tested by applyin conventional methods of measuring acidity,
i.e., pH measurements and acid-base titrations, to the deter-
mination of the acidity of oxidizing agents. pH measurements
were made on a series of aqueous solutions of constant hydro-
gen-acid concentration and varying oxidizing-agent concentra-
tion to determine the effect of the latter on solution acidi-
ty. If oxidizing agents indeed manifest acidic tendencies,
the pH should decrease as oxidant concentration increases.
However, the magnitude of the pH change is expected to be
small, and consequently the problem of other factors that
change pH and thus interfere with the observation of oxidant
acidity arises.

The increase in ionic strength with increasing oxidant
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concentration will result in decreased activity of all ioniec
species present and increased pH, in accord with the various
forms of the Debye-Huckel equation. Although it was uncer-
tain whether the Debye-Huckel effect was of sufficient magni-
tude to obscure pH changes resulting from the acidity of the
oxidizing agent, it was certainly a complication, and there-
fore a series of experiments was performed to determine the
pH change in a series of acid-oxidant solutions at constant
ionic strength.

The change in liquid-junction potential with change in
solution composition also represents a complicating factor;
unlike the Debye-Huckel effect, changes in liquid-junction
potential are often of unpredictable magnitude and direction
because the ionic mobilities from which they are calculated
are not known with certainty under all experimental condi-
tions, e.g., changing pH and changing ionic strength, for all
species. The contribution of an ionic species to the liquid-
junction potential depends on its activity, the sign and mag-
nitude of its charge, and its transport number, t. The trans-
port number depends on the ionic mobilities, u, and activi=--

ties, a, of all species present in solutiongg

t. = (1)
1
P aj uj

3
The sum of the transport numbers of all the species in any
solution must therefore be unity. The effect of changing

liquid- junction potential was also eliminated in the above
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mentioned pH experiment involving the measurement of pH of a
series of acid-oxidant solutions at constant ionic strength,
because the sum of the transport numbers of those species
(hydrogen ion and the ions of the supporting electrolyte)
whose activities remained constant was always 2> 0.9975,
and assured negligible contributions to the liquid-junction
potential from the ions of the oxidizing agent, whose acti-
vities changed with increasing oxidant concentration. 1In
addition, the change in emf with increasing oxidant concen-
tration was measured in a series of acid-oxidant solutions
without supporting electrolyte in a.cell without a salt
bridge to insure that the change in liquid-junction potential
did not mask the acidity change.

Potentiometric titrations of bases with oxidizing agents
were performed, since an acid may be defined, on a practical
basis, as any substance capable of neutralizing a base. The
results of these titrations were analyzed with regard to
reproducibility, sharpness of equivalence point, and stoichi-
ometry of the titration reaction. |

The fact that the structures of many oxidants, e.g.,
dichromate aﬁd permanganate ions, depend on the acidity of
the medium in which they are dissolved implies a connection
between oxidant acidity and structure that, in turn, may
imply a mechanism by which oxidizing agents manifest acidity.
Paper-strip electrophoresis experiments were performed with
various oxidizing agents in supporting media of varying acid-

ity to attempt to elucidate this mechanism and to determine
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the presence of any previously unobserved species whose

existence could be correlated with oxidizing agent acidity.
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A. Reagents

1. Water

The high degree of accuracy required in the pH and
other emf measurements necessitated high purity water free
of ionic impurities, that could alter ionic strength, and
organic contaminants, capable of undergoing oxidation in the
presence of strong oxidizing agents, for preparation of stock
and sample solutions. Water of the requisiste purity was
prepared by passing tap water through two deionizing columns,
followed by distillation of the doubly deionized effluent
in a glass still over alkaline permanganate to oxidize

1. and

organic substances and trap the 002 thus produced
finally redistillation. Conductance measurements indicated
a conductance of approximately 1.7 x 10-6 mhos for water
treated in this manner, as compared to approximately

é

5.9 x 107" mhos for ordinary deionized water.

2. Acid and Base Stock Solutions

Stock solutions of HC1l and HClOu were prepared by
diluting the respective concentrated reagent-grade acids
with water, and were standardized against analytical reagent-
grade sodium carbonate, utilizing both visual indicator
(methyl orange) and potentiometric end-point detection
techniquesz'B.
Reagent-grade sodium hydroxide was dissolved in a small

quantity of water to prepare a concentrated NaOH solution.

This intermediate step in the production of a stock solution
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possesses an advantage over direct preparation of a stock
solution of the desired concentration because the sodium
carbonate impurity present in solid NaOH is only slightly
soluble in a concentrated NaOH solution but very soluble in

2'“; addition of a small quantity of barium

dilute NaOH
hydroxide insures precipitation of capbonates. Insoluble
material was then removed by filtration, and the filtrate

was transferred to a nalgene bottle, in which it was immedi-
ately diluted with freshly boiled water and thus stored under
a parafilm seal. The bottle waé opened only to facilitate
withdrawal of aliquotss; on such occasions nitrogen gas was:
bubbled through the remainder of the contents to exclude air
entering the bottle during aliquot removal, and the bottle
was then closed and resealed. Potassium hydroxide stock
solutions were prepared and stored in an identical manner,
except that the use of barium hydroxide to precipitate the
carbonate impurity is necessary, rather than optional, in
this case, since potassium carbonate is freely soluble even

2,5

in concentrated KOH Sodium and potassium hydroxide

solutions were standardized potentiometrically against

primary standard potassium hydrogen phthalatez'u.

3. Oxidant Stock Solutions

Weighed quantities of primary standard potassium
dichromate were dissolved in water to prepare dichromate
stock solutions, whose concentrations were verified by

gravimetric determination as barium chromate6'7.
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Ferric chloride and ferric perchlorate stock solutions
were prepared by dissolving the respective reagent-grade
chemicals in water. The iron content of these solutions
was determined gravimetrically by precipitation from alkaline

solution as the hydrous oxide and subsequent ignition to

2'8
3 ]

Potassium permanganate stock solutions were prepared by

FeZO

dissolving KMnO,, in water, boiling the solution for one hour
to oxidize organic impurities and expel COZ’ and filtering
through sintered glass to remove MnO2 2. These solutions
were stored in brown bottles in the dark under a parafilm
seal, and were opened only when aliquots were removed, after
which the remaining stock solution was deaerated with nitro-
gen gas, the bottle closed, and resealed. Permanganate
solutions were standardized by titration against potassium

oxalatezw

Ly, Stock Solutions of Supporting Electrolyte

Reagent-grade lithium chloride was dissolved in water
and standardized against silvér nitrate via the Mohr method
of determining soluble chloride®™%,

Supporting-electrolyte stock solutions for use in
electrophoresis experiments were prepared from aliquots of
the HClOu or KOH stock solutions over a pH range from 1.1 to .
12,7, Lithium or potassium perchlorate was added where

required to bring the ionic strength of each supporting

medium to 0.10.
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5. Sample Solutions

Acid-oxidant sample solutions for use in the pH and
liquid junction measurements were prepared by diluting
mixtures of aliquots drawn from the acid and oxidant (and,
wher» necessary, supporting electrolyte) stock solutions
with water in one-liter volumetric flasks, thus assuring the
availability of replicate samples from each sample solution.
The pipets utilized to withdraw aliquots from the stock
solutions were calibrated? so that their delivery volumes
were known to { + 0.01 ml; no pipet smaller than 10 ml was
used, so that the analytical concenfrations of all consti-
tuents of the sample solutions were known to at least & one
part per thousand. The pH titrations involved direct use of
stock solutions.

The following sémple solutions were prepared for use in
electrophoresis experiments by dissolving the appropriate
amounts of the requisite reagent-grade chemicals in waters

0.05 MK in 0.10 M LiClOu and

2Cr20?
0.10 M Fe(ClOu)3 in 0.10 M LiClOu.

A solution of 0.10 M KMnO, in 0.10 M LiCth was prepared by

diluting an aliquot of stock KMnO, and adding the requisite

amount of lithium perchlorate.

6. Buffers

The pH values of commercially produced buffers are not
known to the degree of accuracy required for the pH measure-

ments, i.e., *+ a few thousandths of a pH unit. It was
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therefore necessary to prepare buffer solutions of sufficient
accuracy to standardize the pH meter - electrode assembly
over the ranges of pH studied. Table VI;l contains a list
of the buffers utilized. Freshly boiled water, or boiled

water stored under NaOH, was used in buffer preparation.



Table VI-1: Buffer Solutions Utilized for Standardization of pH Meter - Electrode

Buffer

Assembly in pH Experiments

Preparation

0.05 m potassium
tetroxalate

(secondary standard)

0.01549 m KH,PO, +
0.01221 m HC1

0.01105 m KHZPob +
0.008710 m HC1

0.05 m potassium
hydrogen
phthalate

(primary standard)

dissolution of weighed quantity
of reagent-grade potassium
tetroxalate

dissolution of weighed quantity
of reagent-grade potassium di-
hydrogen phosphate; dilution of
stock HC1

dissolution of weighed quantity
of reagent-grade potassium di-
hydrogen phosphate; dilution of
stock HC1

dissolution of weighed quantity
of primary standard grade
potassium hydrogen phthalate

1.679

2.270

2.366

L,o04

pH at 25°C References

9 - 12
5
5
5, 9 - 12

—992-
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B. Procedures and Equipment

1. pH Measurements

The pH of aliquots drawn from acid-oxidant sample solu-
tions were measured to 0.001 pH unit with a Corning model 12
pH meter equipped with Corning models 476022 glass and 476029
calomel electrodes. Samples were contained in a jacketed,
four-necked flask with a single gas outlet (Figure VI-1).
Sample temperature was maintained at 25°C by either immersing
the sample container in a constant-temperature bath or by
circulating water from the bath through the flask jacket.
Samples were deaerated with nitrogen gas for several minutes
prior to the beginning of measurement, during which pressure
buildup in the flask was prevented by mild suction.

The pH meter ~ electrode assembly was connected to
transformer-regulated, 120 V AC, constant voltage to minimize
the effect of line fluctuations. The meter was standardized
daily with appropriate standard buffer solutions (Table VI-1),
i.e., buffers of pH approximating the sample pH, under
experimental conditions identical to those of sample measure-
ments.

The time required for the system to attain equilibrium
in each measurement, as indicated by no change in pH over a
10 - 15 minute period, was of the order of 1.- 2 hours. The
flask and electrodes were carefully rinsed after each meas-
urement, first with several portions of deionized, distilled

water, and then with several portions of the next sample
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Figure VI-1: pH Measurement Cell
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solution. Replicate measurements were obtained for each
sample solution.
Figure VI-2 is a schematic diagram of the complete pH

measurement system described above.

2. Emf Measurements in a Cell Without a Salt Bridge

‘The apparatus consisted of an H-shaped cell containing a
sintered glass disk which separated the solutions in the two
half cells (Figure VI-3). The reference half cell was
composed of a previously unused, new Fisher model 13-639-3
glass electrode with BNC connector immersed in an aqueous
solﬁtion of approximately 0.005 M HCl., The indicator half
cell was composed of a second new electrode of the identical
type immersed in an aqueous solution of equal HC1l concentra-
tion, which also contained potassium dichromate in a concen-
tration varying from zero to approximately the same molarity
as HCl. Each half cell also contained a grounded platinum
wire to minimize the effect of stray currents, since the cell
potentials measured were of the order of only a few milli;
volts.

The high impedance of a cell containing two glass
electrodes causes the output signal of the cell to be very
small, It is convenient to amplify this signal and therefore
an amplifier with a gain of three, powered by a 30-V power
supply, was included in the measuring circuitry. The
reference half cell was attached to the positive terminal of

the amplifier and the indicator half cell to the negative
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Figure VI-2: pH Measurement System
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terminal. The amplifier output was read on a Hewlett-Packard
model 3430 A digital voltmeter.

The solutions in both half cells were deaerated with
nitrogen gas for several minutes prior to the beginning of
each measurement, and the temperature was maintained at 25°C
by immersing the cell in a constant-temperature bath.

Equilibrium, as indicated by a fluctuation in the
voltmeter reading of only a few tenths of a millivolt (and
therefore a fluctuation in actual junction potential one
third as large) over a 10 -~ 15 minute period, was attained
in each measurement after about an hour. The indicator half
cell and electrode were carefully rinsed after each measure-
ment with several portions of the next sample solution.

The solution in the reference half cell was replaced by a
fresh aliquot every 2 - 3 measurements. Replicate measure-
ments were obtained for each sample solution.

Figure VI-4 is a schematic diagram of the emf measure-

ment system described above.

3. pH Titrations

Portions of base (either aliquots of stock NaOH or
weighed Na2C03 samples) were titrated potentiometrically |
with stock oxidizing agent solutions under conditions of
constant, slow bubbling of nitrogen gas to prevent absorption
of atmospheric CO,, and constant stirring to insure solution
homogeneity. pH measurements were made to an accuracy of

0.01 pH unit during titration with the same pH meter -



-273- |
Figure VI-4: Emf Measurement System

30V Digital
Power Amplifier Voltmeter
Supply (Gain =

,<] ]
Y A oo

Al {3 cell
il B

].

3

Constant
Temperature
Bath




274 -
electrode assembly as in the static pH measurements, with
a higher concentration of readings in the region of the

endpoint.

L, Electrophoresis

The electrophoresis apparatus consisted of a Shandon
electrophoresis bath and an ad justable DC power supply. The
bath was filled with one of the previously prepared support-
ing electrolyte solutions. Since these supporting media
were not discarded following use but stored and reused in
the study of several oxidizing agents, it was necessary to
check periodically the pH of each supporting electrolyte with
a Corning model 12 pH meter and Corning glass and calomel
electrodes to assure constancy of pH. It was found that
solutions at both ends of the pH scale (pH{ 4 and pH) 10)
maintained a fairly constant pH with time and use, i.e.,
fluctuation were less than 0.1 pH unit, while those at
intermediate pH did not remain‘constant. However, it will
be shown that the wide variations in the intermediate pH
range had no significance for the oxidizing agents studied.

Whatman No. 3 mm chromatographic filter paper was
utilized as a chromatographic medium in most of these
experiments. Initial experiments with this paper produced
relatively high migration currents and a significant amount
of evaporation from the supporting medium, as evidenced by
excessive condensation in the upper part of the electrophor-

esis chamber. This problem was solved by cutting the paper
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into strips one fourth their original width; decreasing the
cross-sectional area in this manner decreased the current
without affecting the quality of the results obtained.
Mallinckrodt ChromAr Sheet 500, a blend of chromatographic
grade silicic acid (H28105 - 70%) and glass fiber (30%) was
used in some of the permanganate experiments instead of the
Whatman paper in an attempt to avoid Mnou' decomposition due
to the presence of organic compounds in the paper.

Each paper strip was supported by a plastic ruler to
prevent sagging and to facilitate direct reading of migration
distance. The ruler was suspended between the supports of
the electrophoresis chamber so that the ends of the paper
could dip into the supporting electrolyte. Each paper strip
was equilibrated in the supporting medium for at least one
half hour before application of a sample spot and initiation
of an experiment to minimize migration due to solvent flow.
Supporting media were periodically deaerated with nitrogen.

A circular spot was appliéd to the stationary phase with
a 10 or 50 microliter disposable pipet and its location noted
from the plastic ruler. Experiments were performed at an
applied voltage of 100 V DC for one hour. Spot development
was achieved by spraying the strips with an 0.2 % solution
of the redox indicator diphenylamine in aqueous sulfuric
acid; the oxidized form of this indicator is either violet

or green, depending on the exact indicator concentrationz.
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VII. Results and Discussion

A. Dichromate

The observed changes of pH with increasing oxidizing
agent concentration were compared to predicted pH trends for
each set of acid-oxidant solutions studied. Predicted pH
values were calculated for each oxidant concentration at

fixed acid concentration in the usual manner:

pH = - log ay = = log ( Ty CH) (1)
where ay = the hydrogen ion activity,

CH = the hydrogen ion concentration, and

Ty = the activity coefficient of hydrogen ion.

Activity coefficients were calculated from the various

forms of the Debye-Huckel equation, including the Debye-

Huckel limiting law1:

log 7; = -Az° ¥ (2)
and the Debye-Huckel expressionl‘zs
CL A zi2 I% (3)
log 7; = =~ 3
. (1 +B83 I%)
where Yy = the activity coefficient of the species of
interest,
z; = the charge of the species of interest,
I = the ionic strength of the solution, which depends

on the charge, zj. and concentration, Cj. of

each species present in solution:

I = 3%cC. 5,2 ()
%5 23
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A and B are constants dependent on the dielectric
constant, €, and density, d°. of the solvent, and

on the temperature, T 2‘v

1.825 x 10 (e 1)~¥2 (a°)V/2

= 0.509 in water at 25°C (5)
- 50.29 (€1)"1/2 (40)1/2
= 0.33 in water at 25°C (6)

and 2 = the ion-size parameter. Kiellandl'3
assigned a value of 9 to 2 for the hydrogen ion

(B 2 = 2.97); although it.may seem a contradiction
to associate such a large 8 value with the smallest
ion, the high degree of solvation associated with
the proton in aqueous solution provides some
justification for this arbitrarily assigned value.
The difference between pH calculated according to
the Debye-Huckel limiting law and that calculated
according to the Debye-Huckel expression increases

with increasing ionic strength.

The Debye-Huckel theory predicts a rise in pH with

increasing ionic strength, i.e., a decrease in the hydrogen

ion activity, regardless of which form of the Debye-Huckel

equation is employed. The particular form of the equation

utilized influences only the magnitude of the predicted pH

change.

Table VII-1 contains the observed and calculated pH

values for a series of HCl-KZCr207 solutions at approximately

pH 2.4 .

These data are also represented graphically in
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Figure VII-1 as a function of the concentration ratio of
hydrogen acid to oxidizing agent. The change in pH over the
oxidant concentration range studied, ApH, indicates that a
decrease in pH is observed with increasing oxidant concen-
tration, contrary to the Debye-Huckel predictions and in
agreement with the hypothesis of a unified, all-encompassing
acid-base theory that a reducible species enhances solution
acidity because it is an acid.

It may be noted at this point that, although the acids
oxidant ratios of Table VII-1 and Figure VII-1 assume the
presence of the oxidant as dichromate only, this is not in

accord with the equilibria governing the distribution of

dichromate and related species in aqueous solutionu'ss
Kro,” = H' + cro,2" (7-a)
r L — r L a

E] [ero,27] —

K, = e = 3.2 x 10 (7-v)
-\ 2=

2 HOr0,” &= Cr,0,°" + H,0 (8-a)

2~

Cr,0

K L 43 (8-b)

Therefore, in any aqueous dichromate solution the analytical
chromium concentration, CCr' is the sum of the concentrations

of the three chromium species in equations (?7) and (8):

Cop = 2 [Crzo?z“] + [HCrOu'J + [Cro“z'] (9)

If, as in this case, the solution was prepared by dissolving

dichromate, CCr is equal to twice the original dichromate



Table VII-1: pH of HC1-K,Cr,0, Solutions at 25°C

[HCI] = L4,149 x 1072 M

pH of standardizing buffers: 2.270, 2.366

Debye-Huckel Calculated pH
Qxcid] :+ [Oxidant] * Observed Standard ’

-182-

Ratio pH Deviation Limiting Law Expression
0 2.438 0.007 2.b15 2,810
37.58 2.441 0.005 2.416 2.410
18.79 2.441 0.006 2.417 2.411
12.53 2.441 0.008 2.417 2.411
9.396 2.438 0.005 2,418 2,412
7517 2.440 0.004 2.419 2.413
4,698 2.435 0.006 2.422 2.414
3.758 2.433 0.007 2.L423 2.b15
1.879 2.432  0.008 2.431 2.b20
0.9400 2.430 0.008 2.444 2.427
apH =  -0.008 +0.029 +0.017

*total oxidant concentration is expressed as dichromate (0.5 CCr)
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Figure VII-1: pH of HC1-K,Cr,0, Solutions at 25°C
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concentration. Substitution of expressions for bichromate
and dichromate concentrations from equations (7) and (8)
into equation (9) yields:

2
C = i Kd Hf’ [Crouz' ]2 + [Hﬂ + 1 [Cl‘ouz-] (10)

Cr 2
Ka Ka

which may be solved, via the quadratic formula, for Crouzi .
Bichromate and dichromate concentrations are then determined
by substitution into equations (7) and (8). The results of
calculations of the distribution of the dichromate, bichro-
mate, and chromate species for CCr = 0.10 (e.g., 0.05 M
K20r207) are shown in Table VII-2 and Figure VII-2.

- Equation (10) indicates that the distribution is
dependent on the two factors, pH and CCr' Table VII-2
indicates that, at constant CCr’ increasing pH does not
significantly alter the distribution up to pH) U4; the
relative dichromate and bichromate concentrations remain
essentially constant while chromate concentration is
negligible at low pH.

The forty-fold variafion in Cop (excluding the dichro-
mate-free solution) over the range of dichromate concentra-
tions studied does affect the distribution of Cr(VI) at a
given pH. Calculations using the HC1l concentration from
Table VII-1 in equation (10) indicate that the bulk of CCr
is present aé HCrOu' at pH 2.4, and varies from approximately
0.67 CCr in the most concentrated dichromate solution to

0.98 Ceop in the most dilute one (Figure VII-3).
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Table VII-2: Distribution of Chromium Species in 0.05 M

K20r2027with Varying pH

pH H* Cro,,? Cr,0,° HCrO,,
0.19899%999 0.63085742 ©0.00000001 0.03561108 0.02877784
0.39999298 0.39810729 0.00000002 0.03561101 0.02877783
0.599989996 0.25118893 0.00000004 0.03561101 0.02877783
0.799899995 0.15848953 0.00000006 0.03561103 0.02877783
0.999999%4 0.10000014 0.00000009 0.03561095 0.02877780
1.19999981 0.06309581 0.00000015 0.03561094 0.02877779
1.39999962 0.03981078 0.00000023 0.03%61096 0.02877780
1.59999943 0.02511893 0.00000037 0.03561085 0.02877776
1.79999924 0.01584898 0.00000058 0.03561074 0.02877773
1.959399505 0.01000004 0.00000092 0.03561070 0.02877769
2.19299886 0.00630960 0.00000146 0.03561042 0.02877759
2.39999866 0.003%8109 0.00000231 0.03561001 0.02877744
2.59999847 0.002511%0 0.00000367 0.03560954 0.02877723
2.79999€628 0.001584%0 0.00000581 0.03560860 0.02877685
2.99999809 0.00100001 0.00000921 0.03560716 0.02877627
3.19999790 0.00063096 0.00001459 0.03560497 0.02877538
3.39899771 0.0003931% 0.00002313 0.035€0132 0.0287739
3.592999752 0.00025119 0.00003665 0.0355957¢ 0.02877166
3.79999733 0.00015848 0.00005808 0.03558890 0.02876808
3.99999714 0.00010000 0.00009204 0.03557278 0.02876237
4,19999695 0.00006310 0.00014583 0.03555033 0.02875330
4,39999676 0.00003981 0.00023100 0.03551497 0.02873899
4,59999657 0.00002512 0.00036583 0.03545887 0.02871628
4.79999638 0.00001585 0.00057907 0.03537016 0.02868035
4.99999619 0.00001000 0.00091594 0.03523023 0.02862355
5.19999599 0.00000631 0.00144712 0.03500953 0.02853375
5.39999580 0.00000388 0.00228214 0.03466280 0.02839211
5.59999561 0.00000251 0.00358857 0.03412103 0.02816935
5.79999542 0.00000158 0.00561706 0.03328116 0.02782051
5.99999523 0.00000100 0.00872891 0.03199632 0.02727821
6.19999504 0.00000063 0.01341182 0.03007156 0.02644501
0.3¢24y9485 0.00000040 0.02024651 0.02728235 0.02518876
6.59999466 0.0000002% 0.02974908 0.02344923 0.02335232
6.79999447 0.00000016 0.04199494 0.01860272 0.02079958
6.99999428 0.00000010 0.05607139 0.01320295% 0.01752270
7.19999409 0.00000006 0-0698&]88 0.00816578 .0.01378049
7.39999390 0.00000004 0.03114100 0.004381¢5 0.01009484
7.59999371 0.00000003 0.08884287 0.00209140 0.0069740S
7.799€73352 0.00000002 0.09352195 0.00092260 0.00463204
7.99999332 0.0000C001 ©.08621471 ©.00038875 0.00300679
8.19999313 0.00000001 0.09774327 0.00015972 0.00192731
8.39999294 0.00000000 0.09861797 0.00006473 0.00122692
8.59999275 0.00000000 0.09906763 0.00002601 0.00077767
8.79999256 0.00000000 0.09922391 0.00001039 0.00049145
8.99999237 0.00000000 0.09935361 0.000C04185 0.00031049
9.19999218 0.00000000 0.09982473 0.00000167 0.00019684
9.39999199 0.00000000 0.09671873 0.00000062 0.00012033
£.59959180 0.00000000 0.098387687 0.00000028 0.00007770
9.79999161 0.00000000 0.09040844 0.00000009 0.00004478
9.99999142 0.00000000 0.05677317 0.00000001t 0.00001774
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Figure VII-2: Distribution of Chromium Species in 0.05 M

K2Cr207 with Varying pH
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Figure VII-3: Distribution of Chromium Species at Constant

pH with Varying CCr
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The question may be raised as to whether it is valid to
utilize an acidioxidant ratio scale in Figure VII-1 based on
the presence of the oxidizing agent as dichromate only, if
this is not actually the case. Bichromate, HCr0, , is
almost as good an oxidizing agent as Cr2072', while Crouz'
has only weak oxidizing properties (Table V-1). However,
the concentration of the latter is negligible below pH 5,
and therefore it is not incorrect to state that the chromium
species are quantitatively present as strong oxidants at pH
2.4 . While it is simply a matter of calculation to deter-
mine the oxidant concentration in terms of the sum of the
actual dichromate and bichromate concentrations, important
relationships between acidity and specific oxidant structure
(to be discussed later) are thus obscured. It is not only
convenient, but also advantageous, to utilize a scale in
which the total oxidant concentration is expressed in terms
of dichromate only; it should be noted that the same argu-
ments apply with equal force to the use of an abcissa in
which the total oxidizing agent concentration is expressed
in terms of bichromate only (in which case all the numbers
on the acidioxidant ratio scale of Figure VII-1 would be
halved).

It may be mentioned at this point that the ionic
strengths (equation (4)) used to calculate Debye-Huckel pH

values were determined on the basis of Cr2072'

- HCr0,~ -
Crouz' distributions calculated via equation (10), and not

on the supposition of the presence of only one form of the
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oxidizing agent. However, the pH calculated in this manner
differs only slightly (£ 0.005 pH unit) from that calculated
on the supposition of the presence of dichromate only, over
the range of CCr studied.

Table VII-3 and Figure VII-4 contain the results of
experiments with K2Cr207 in which HClOu was substituted for
HCl. A pH trend similar to that of the HCl-KZCr207 system

was observed with increasing oxidizing agent concentration,

indicating that this behavior is not an anomaly characteristic

of HC1.
Measurements of the enmf, Ecell' of cells containing a
series of HC1-K Cr.0, solutions and an HCl reference solution

2°°277
in the pH 2.3 - 2.4 range are shown in Table VII-4 and Figure

VII-5. These data indicate that E 1 increases with

cel
increasing oxidant concentration over the range of CCr

studied by more than 3 mv. Since

E - E, (11)

Ecell = ®ref ind
where Eref and Eind represent the potentials of the reference
and indicator half cells, respectively, and Eref is constant,
Eind must decrease with increasing oxidant concentration.
This is due, at least in part, to the decreased activity of
hydrogen ion at increased ionic strength (Debye-Huckel :
effect), but the magnitude of this effect is much greater
than the predictions of either of the forms of the Debye-
Huckel equation utilized in Table VII-1, and implies that

other factors also contribute to the change in cell potential.



Table VII-3: pH of HC10,-K,Cr,0, Solutions at 25°¢

[HClOa] = 5.750 x 103 M
pH of standardizing buffers: 2.270, 2.366

Debye-Huckel Calculated pH

Q\cicﬂ : J-Qxidana * Observed Standard

-682-

Ratio pH Deviation Limiting Law Expression
0 2.294 0.006 2.279 2.272
Li.01 2.298 0.004 2.280 2.272
20.51 2.298 0.003 2.281 2.273
16 .44 2.293 0.005 2.282 2.274
13.68 2.296 0.004 2.282 2.274
10.26 2,296 0.005 2.283 2.274
8.182 2.295 0.005 2,284 2.275
4,101 2.292 0.004 2.288 2.278
2.051 2.287 0.005 2.296 2.283
1.026 2.289 0.005 2.311 2.290
apH = ~0.005 +0.032 +0.018

*total oxidant concentration is expressed as dichromate (0.5 CCr)
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Figure VII-4: pH of HC10,-K.Cr,0, Solutions at 25°C
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Table VII-4: Emf Changes and Calculated Liquid-Junction Potential Changes of

s s , . o
Cells Containing HCl-KZngg,? Solutions at 29°C

Cell: Glass |HC1 (4.701 x 10-3 M), K2013207 (x M) | HC1 (4.701 x 10-3 M) |Glass
Indicator Half Cell Reference Half Cell

AEj (pH units)

E AE

lacid] + [xidant] * Ecell Standard cell . yy Limiting =
Ratio {mv) Deviation (mv) ind Law Expression
© 0.4 0.8 - - - -
8.787 0.7 0.9 0.3 0.005 0.082 0.082
3.521 1.6 0.8 1.2 0.020 0.178 0.177
1.753 2.4 0.9 2.0 0.034 0.293 0.290
0.8787 3.7 0.5 3.3 0.056 0.434L 0.434

*¥total oxidant concentration is expressed as dichromate (0.5 CCr)
*% ApHind = change in the indicator half cell pH with increasing oxidant
concentration = - aE__,,/0.05916 @ 25°

-162-
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Figure VII-5:+ Emf of Cells Containing HCl-KZCrZB7 Solutions

at 2§°C
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A change in the liquid-junction potential of a cell, Ej'
is sometimes responsible for the difference between observed
and predicted pH. The liquid-junction potential may be
changed by altering the ionic strength of the sample solution;
however, solutions of equal ionic strength containing equal
concentrations of an acid but containing different supporting
electrolytes are also characterized by unequal Ej values (in
cells with identical reference electrodes), which are mani-
fested as differences between the observed pH values of these
solutions. The liquid-junction potential depends upon the
nature of each individual ionic species in solution, its
activity, and its transport number. This is clearly evi-
denced by the Henderson equation, from which Ej is calculated
as the difference between the sums of contributions of all
the ions present in the solutions, "1" and "2", between

which the boundary exists?s

2"1
Ej = 2 dpa, (pai units) (12)
1 1oz
where a; = the activity'of species "i",
23 = its charge,
and ti = its transport number, which depends on the

activities and mobilities, us of all the ions

present in solutionzs

t, = m——— | (13)
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Equivalent ionic conductance at infinite dilution constitutes
a reliable measure of relative ionic mobility and may there-
fore be used to calculated transport numbers.

Calculations of tsEj. the change in liquid- junction
potential with increasing oxidant concentration, were made
for the HCl—KZCr207 solutions of Table VII-4 by calculating
the contribution to Ej of the indicator half cell (solution
“1" in equation (12)) and subtracting from the result of
a similar calculation for the reference half cell (solution
"2" in equation (12), and a constant). The values for the
limiting ionic conductances are from the data tabulated

19, except for those of bichromate and

by Robinson and Stokes
dichromate, which were estimated from the extrapolation to
infinite dilution of the equivalent conductances, measured
at various concentrations, of Na20r207 and K20r207

20'21. and then subtracting the appropriate cationic

solutions
limiting equivalent conductance*. The activity of each ionic
species was calculated from both the Debye-Huckel limiting

law (equation (2)) and the ngye-Hﬁckel expression with ion-

size parameter (equation (3)). The ion-size parameters of

*Since an acidic, aqueous solution of dichromate is actually
a dichromate-bichromate mixture, and the mobilities of these
ions therefore cannot be determined independently of each
other, the result of the extrapolation procedure was con-
sidered an "average" limiting equivalent ionic conductance
and was applied to the calculation of the transport numbers
of both the dichromate and bichromate species.
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all relevant species required for the latter computation were
obtained directly from the data of KiellandB, except for
dichromate and bichromate, for which 2 (which is dependent
upon the limiting equivalent ionic bonductance) was estimated
by Kielland's method.

The_‘4Ej values tabulated in Table VII-4 predict that
the pH should increase by more than 0.4 pH unit over the
range of oxidant concentrations examined. The observed
values of AE 14 (which'is equal to -AAEind), the change in
cell emf with increasing oxidant concentration, indicate a
rise in pH barely one eighth as large as.AEj over the same
range. It is evident that the acidity of the oxidizing agent
significantly counteracts the effect of changing liquid-
junction potential, because AEcell and AEj are not even of
approximately equivalent magnitude. The magnitude of the
effect of oxidant acidity is apparently too small to result
in a net decrease in pH comparable to that observed in meas-
urements with a glass-calomel cell (Table VII-1). However,
it may be reasonably assumed-that the concentrated KCl salt
bridge present in the glass-calomel cell is able to suppress,
at least partially, the change in liquid junction potential
for a series of dilute, aqueous solutions of similar compo-
sition, and that this permits the observation of a decrease
in pH. It is for this reason that ApH, the change in pH with
increasing oxidizing agent concentration, is significant in

Table VII-1, although its magnitude is comparable to that of

the standard deviation of measurements for each solution.
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The decrease in E, may also be partially attributed

ind
to the formation of the chlorochromate ion6.

HCr0,™ + W + c1” = CrOBCl' + H,0 (14)*

K =17

which involves the replacement of three ionic species by a
single ion, but it is notable that equation (14) predicts a
significant rise in pH with increasing oxidant concentration,
since hydrogen ion is consumed during the reaction and the
magnitude of K is fairly large, which is in contradiction
with experimental observation. Thus, despite several
reasons (Debye-Huckel effect, change in liquid-junction
potential, chlorochromate ion formation) to expect a large
rise in pH with increasing oxidant concentration, an increase
in acidity (or, at least, only a small decrease) is observed.

We propose that the decreasg in Eind and the simulta-
neous inérease in acidity may be explained by the fact that
dichromate and bichromate alter the usual Grotthus mechanism
for rapid proton transfer in aqueous solutions (Figure V-1).
These chromium species coordinate with hydrogen (hydrohium)
ions to form large, bulky species of limited mobilitys

Cr2072‘ + m H30+ = (Cry0, « m 1{30)(“"'2)+ (15)

HCr0,~ + n H30* = (KCr0, * n }{30)("‘1)+ (16)
This viewpoint is not unreasonable, since an oxygen of the

dichromate or bichromate entities should be at least as

*Equilibria analogous to equation (14) also occur in aqueous
sulfuric and phosphoric acid solutions upon addition of
dichromaté, but not in perchloric and nitric acids.
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likely a coordination site for protons as the oxygen atom of
a water molecule, and probably more so, because of the
negative charges on these species. The existence of these
"hydroniumated" species is at least as possible as the
existence of "hydroniumated" Fe(II), which Reynolds and

7

Lumry’ postulated as a prerequisite to the Grotthus-like

electron exchange between ferrous and ferric ions in aqueous
acid solutions:

Fe2+ + H30

and which mandates the close approach and combination of two

+

== Fe(#y0) (15)

positively charged species, in direct contradiction with the
opinion of Duke8 that species of like charge do not inferact
directly (see Chapter V for a complete discussion of these
points).

The assumption that each oxygen atom in dichromate or
bichromate is capable of coordinating two hydronium ions
leads to maximum values of m = 14 and n = 7 in equations (13)
and (14), respectively. The existence of species with
charges as high as those in (Cr207-1hH30)12+ and
(HCr04o7H30)6* seems improbable, but it is notable that
the experimental curves of Figures VII-1 and VII-4 begin to
turn downward, i.e., begin to manifest their most visible
increases in acidity, at acid:oxidant ratios (where the
oxidant is considered to be present totally as dichromate
only as a convenience) close to 14:1 (or 7:1 if the oxidant
is taken as bichromate). Thus, increased acidity becomes

most visible when there is insufficient H30+ present to
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fully "hydroniumate" all of the available dichromate and
bichromate in the sense of the maximum coordination numbers
proposed above. This implies that the enhancement of aqueous
acidity by these oxidizing agents is related to competition
between "hydroniumated" and non-"hydroniumated" chromium
species for the available hydronium ion. The oxidizing
(electron accepting) abilities of dichromate and bichromate
exert an inductive effect (Figure VII-6) upon coordinated
hydronium ions that "loosens” protons from the complex and
renders them even more available to rapid proton transfer
than in the case of the usual Grotthus mechanism. The
unusually high degree of freedom afforded protons under
these conditions raises their activity and is responsible
for the observed increase in acidity with increasing
oxidizing acid concentration. Postulation of the existence
of hydroniumated dichromate and bichromate also explains
decreased Eind with increasing oxidant concentration, since
Ej is dependent on ionic mobility and such large, bulky
species are not expected to have high mobilities. It is
of interest to note that the hydroniumated species satisfy
the Brgnsted-Lowry, solvent systems, Lewis, and Usanovich
conceptions of an acid, i.e., they are proton donating,
solvent cation forming, electron pair accepting, and
reducible.

Enhancement of acidity by these species is not limited
to the very low pH range. Table VII-5 and Figure VII-?

contain the results of a series of experiments with the
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Figure VII-6: Inductive Effect of Oxidizing Ability of

Dichromate and Bichromate lons upon Hydronium Ion

in "Hydroniumated" Species
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HCl-KZCr207-LiCl system in the pH 4.3 - 4.4 range. Initial
experiments at this pH with solutions containing only HC1
and dichromate yielded unstable and irreproducible results.
Comparison of the compositions of the sample solutions with
those of standard buffers led to the deduction that the low
ionic strength of the samples (5 x 10-5 -2x 10'“) could be
responsible for the difficulties in measurement. Primary
standard 0.05 m potassium hydrogen phthalate buffer has an
ionic strength of approximately 0.05 although its hydrogen

b M. Sample solutions

ion concentration is only about 10~
were subsequently prepared with a large excess of supporting
electrolyte, which gave stable and reproducible results.

The thousand-fold excess of LiCl relative to HCl in
each sample solution also provided other advantages. The
change in ionic strength over the range of oxidant concen-
trations examined was small enough (0.1%) to eliminate
variations due to the Debye-Huckel effect and changing
liquid-junction potential, and permitted.the observation:
of a drop in pH much larger than at pH 2.4 . It is
interesting to note that, if it is assumed that the Debye-
Huckel and liquid-junction potential changes at pH 2.4
are regarded as obscuring part of a significant increase
in acidity, the total magnitude of that increase, i.e.,
the sum of the obscured and observed parts, is approximately
0.06 pH unit. Table VII-5 indicates that at pH 4.4, where
the interferences have been eliminated by the supporting

electrolyte, the increase in acidity is approximately 0.05



Table VII-5s pH of HC1l-K Cr,.0,.,-LiCl Solutions at 25°C

2 27

[HCl] = 5.800 x 1070 M ; [LiCl] = 5.551 x 1072 M

pPH of standardizing buffer: L4.004

Debye-Huckel Calculated pH

@cnd] E)x1danﬂ * Observed Standard

Ratlo pH Deviation Limiting Law Expression
0 4,383 0.011
39.30 L,374 0.012
19.65 L.373 0.014
15.76 L,383 0.011
9.827 L.373 0.009
7.872 4.370  0.009
3.954 L.350 0.009
1.969 L,327 0.008
0.9847 4.338 0.012
ApH -0.045

*total oxidant concentration is expressed as dichromate (0.5 CCr)

-To€-
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Figure VII-7: pH of HC1-K,Cr,0,-LiCl Solutions at 25%
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pH unit. Taking into account the change in the distribution
of chromium species that accompanies a one hundred-fold
decrease in Cop range (at pH 4.4, chromium (VI) is quanti-
tatively or almost quantitatively present as bichromate over
the range of CCr studied; chromate and dichromate are prac-
tically negligible) and the slightly greater oxidizing (and
related acidic) properties of dichromate relative to bichro-
mate, it can be seen that the results of Table VII-5
correlate well with those of Table VII-1.

It is not expected that chromate ion, the predominant
Cr(VI) species in alkaline solutions, will enhance aqueous
acidity because chromate is not a good oxidizing agent
(Table V-1). The experimental verification of this statement
is difficult because the glass electrode lacks selectivity
for hydrogen ions in the presence of alkali metal ions at

high pH. This results in the "alkaline error" associated

with glass electrodes2'9'1°:
= - 1/z.
pH = log (aH + ; E:H KH;i a; i) (18)
where ay = the activity of the interfering species "i",
z:. = the charge of the interfering species, and

K = the selectivity constant of the glass electrode
for the interfering species over the proton.
The alkaline error yields a measured pH lower than the true
pH, i.e., the change in pH is in the same direction as any
enhancement of acidity would be. Consequently, even if

enhancement of acidity by chromate was expected, it would be
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difficult to distinguish from the alkaline error, considering
the small magnitude of such enhancement (not more than a few
hundredths of a pH unit). Equation (18)'indicates that the
problem of interference from alkali metal ions can be
partially resolved, in general, by substituting divalent or
trivalent metal ions for univalent metal ions, since the
effective interference varies with ail/zi. However, this is
impractical in this case because multivalent cation chromates
are only slightly soluble in water. The only freely soluble
chromate other than alkali metal chromates is (NHu)ZCrOu.
which is undesirable because it is likely to affect the pH
of alkaline media through the action of the NHu+ - NH3
buffer system.

Further evidence supporting the existence of the
*hydroniumated” species of equations (15) and (16) was
obtained from paper strip electrophoresis experiments with
0.05 M K20r207 in supporting media of varying pH. The
results of these experiments are contained in Table VII-6
and Figure VII-8.

The distance, L, migrated by an ion under the influence

of an applied voltage, V, in a time, t, is given by
L=atV (19)

where a is proportional to the ionic mobility of the migra-
ting species. Holding t and V constant made L directly
proportional to a, permitting direct observation of changes

in ionic mobility and, consequently, changes in the nature
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of the migrating species with changing pH.

Three spots were observed over the range of pH studied.
Only one spot (spot A in Figure VII-8) is present below pH
1.5; this spot is characterized by a 3 cm migration from its
point of origin. A second spot (spot B) begins to appear at
pH 1.5 as a faint front protruding slightly from spot A. The
species in spot B are therefore slightly more mobile than
those in spot A. The overlap between the two spots at pH
1.5 is so great that it is impossible to determine the size
of spot B (or its center and thus its migration distance).
At pH 1.8 the separation between spots A and B is much
greater; the two can be distinguished from each other and it
can be seen that the characteristic migration distance of
spot B is 6 - 7 mm greater than that of spot A. Spot B is
clearly predominant at pH 2.1 but has a tail almost 1 cm
long, indicating that those species predominant at lower pH
have not yet disappeared. This tail does not even begin to“
disappear until between pH 4 and 5, and vanishes only above
pH 5.

A third spot (spot C) begins to appear between pH 4 and
5. Spots B and C are present in approximately equal size
from pH 5 through the neutral pH range. The predominance of
spot C is beginning to become evident at pH 10.5, and at pH
11.3 only spot C remains, although a comparison of spot size
at pH 11.3 and pH 12.7 indicates that some of the species
of spot B may still be present at pH 11.3 .

These three spots cannot be attributed to dichromate,



Table VII-6:
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Electrophoresis of 0.05 M KZCr

2.2

0, in 0.10

Ionic Strength Supporting Electrolyte Solutions of

Varying pH
Average Spot Center Average Spot Tail
pH Migration Distance (mm)* _lLength (mm)* Length (mm)
1.1 31.1 + 4.8 Lb,9 + 2.6
1.5 35.3 + 3.9 15.2 + 4.7
108 3103 1 1.1 1“05 _t 7.8
36.6 + 3.4 14,6 + 11.9
2.1 38.8 + 4,0 4.0 + 1.0 8.1
301 3801 ;"_ 2-1 uou :_"_ 103 803
4.6 38.8 + 5.7 .7 + 1.5 L,2
55.3 + L.,6 9.8 + 2.8 9.3
L.9 Lo.0 + 3.0 6.1 + 1.3 5.1
53.3 + 4,2 6.8 + 1.7 7.8
7.2 k1.6 + 4.1 9.8 + 3.9
55.8 + 4.5 10.2 + 1.8
8.1 Lo.0 + 5.5 9.6 + 2.3
s4L.6 + 5.6 11.8 + 1.9
10.5 b1.5 + 5.0 8.2 + 3.9
57.0 + 5,8 11.0 + 3.7
11.3 58.8 + 4.9 12.1 + 2.0
12.7 56.4 + 4.8 6.1 + 2.7

*includes + standard deviation



Figure VII-8:
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Electrophoresis of 0.05 M K20r207 in 0.10

Ionic Strength Supporting Electrolyte Solutions of

Varying pH
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bichromate, and chromate. Equilibrium calculations (which
are, however, based on the assumption of the existence of
only these three species) indicate that the ratio of
dichromate:bichromate remains essentially constant up until
pH> 4 at constant Cop (Table VII-2 and Figure VII-2). It
is therefore unreasonable to assume that dichromate is
responsible for spot A, which begins to disappear at about
pH 2, and bichromate for spot B, which doesn®t begin to
appear until pH 1.5 . A more logical explanation is that
significant equilibria between Cr2072' and (Cr207°mH30)(m'2)*.
and between HCrOh' and (HCrOu°nH30)(n'1)+ at low pH, decrease
the migration rates of the chromium species because of the
increased mass and possibly positive charge of the "hydro-
niumated” species. Increasing pH decreases the availability
of hydronium ion for "hydroniumation", and thus the migration
rate rises. We therefore propose that spot A is character-
istic of the "hydroniumated” dichromate and bichromate
species, and spot B of their non-"hydroniumated" analogues.
The fraction of CCr present as dichromate does not become
negligible until the pH 7 - 8 range and that present as
bichromate does not become insignificant until the pH 8 - 9
range (Table VII-2), accounting for the presence of spot B
well into the moderately alkaline pH range. The behavior

of spot C is in accord with that expected of chromate ion,
i.e., it begins to appear between pH 4 and 5, and is the only
species present at high pH.
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The results of acid-base titrations in which a dichro-
mate solution served as the titrant acid offer further

evidence of the acidity of aqueous solutions of dichromate.
The titration combines the following two reactions (the
extent of each depending on the dichromate-bichromate-

_chromate distribution as determined by CCr)'

Cr,0,%" + 2 OH” ~—s 2Cr0,%" + H0 (20)
HCr0,~ + OH™ ~=——3 Cr0, %" + H,0 (21)

and therefore a predicted equivalence point ratio, if the
total oxidizing agent concentration is expressed as dichro-
mate, qu2072-/q0H- = 0,5000, or, if the total oxidant
concentration is alternatively expressed as bichromate,
qHCrOu'/qOH' = 1.000, where q; refers to the quantity
(concentration x volume) of reagent "i".

The titration of aliquots of 0.2930 M NaOH with
0.07696 M K20r207 gave an experimental equivalence point
ratio qu2072-/q0H- = 0.4958 + 0.0016, 0.8% less than‘the
stoichiometric ratio. The equivalence point occurred in the
pH 8.9 - 9.1 region and was felatively sharp and reproducible
(+ 0.3%).

The titration of weighed Na2C03 samples with the same
dichromate stock solution was successful only from a purely
qualitative standpoint, i.e., an inflection point was
observed in the pH 8.2 - 8.4 region (the usual first equiva-
lence point in acid-carbonate titrations). However, this

inflection point is generally not very sharp, even if the
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titrant is a strong acid, and there is a + 3% uncertainty
in its exact position. Dichromate is apparently too weak

an acid to titrate carbonate to its second equivalence point.
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B. Permanganate

1

Table VII-? and Figure VII-9 contain the results of pH
measurements of a series of HClOu-KMnou solutions at pH 2.3 .
The behavior of this system agrees well with the predictions
of the Debye-Huckel equations. However, these results can
also be explained in terms of a unified, all-encompassing
acid-base theory if the analogous relationship between
Mnou" and Crouz- is considered. Chromate ion is the least
acidic member of the dichromate-bichromate-chromate system
and thus the weakest oxidizing agent of that system. A
similar statement can be made for permanganate; the only
difference is that the other members of the permanganate
system are not as well known as those of the chromate system
because structural transitions among the former take place
outside the ordinary pH range.

The addition of permanganate to concentrated sulfuric
acid results in the formation of the MnO.% ion and/or

3
manganese heptoxide, Mn207. depending on the concentration

of added Mnou' 11. These two species are extremely strong

oxidizing agents and decompose quickly (within a day of
preparation) and sometimes violently in air to MnO2 and 02;

exposure to moist air often results in explosion11'13. The

+

3
safety in CCl,, but even in these solutions the oxidizing

MnO ion and Mn207 are stored with relative stability and
power and acidity of these species are manifested. Exposure
of a solution of Mn03+ in CCl, to moisture results in slow

hydrolysis to yield permanganate. Manganese heptoxide in



Table VII-7: pH of HClOu-KMnOu Solutions at 25°C

[HCIO“] =  5.697 x 10"3 M
pH of standardizing buffers: 2.270, 2.366

Debye-Huckel Calculated pH

[Acid] + [xidanf]  Observed Standard
R

atio pH Deviation - Limiting Law Expression
(1] 2.298 0.004 2.283 2.276
Lo.75 2.299 0.002 2.283 2.276
20.37 2.304L 0.002 2.28L 2.276
16.36 2.303 0.002 2,284 2.277
13.58 2.307 0.003 2.284 2.277
10.18 2.306 0.002 2.285 2,277
8.141 2.307 0.001 2.285 2.277
4,081 2.303 0.002 2.287 2.279
2.040 2.309 0.002 2,291 2.281
1.021 2.312 0.003 2,298 2,285

-21€-

ApH = +0.014 +0,015 +0.009
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Figure VII-9:+ pH of HC10,-KMnO, Solutions at 25°¢
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the same solvent decomposes slowly to MnOBCl, Mn02. and
13
COCl2 .

The Mn03+ ion and ano7 may be regarded as analogues of

CrO3 and Cr2072'. respectively, but the former are much
stronger acids and oxidants than the latter. Upon conversion
of Mn03+ and Mn207 to MnOu', both oxidizing power and
conventional acidity decrease, just as in the conversion of
dichromate to chromate. However, since the oxidizing power
to each Mn(VII) species surpasses significantly that of its
Cr(VI) analogue, and the conventional acidities of Mn03+ and
M’n207 greatly surpass those of their chromium analogues, it
seems logical to consider permanganate to be much more acidic
than chromate. This is supported by Usanovich's assertion of
the equivalence of permanganate acidity and oxidizing abili-.

1u. which may also be interpreted in terms of Lewis acid-

ty
base theory15 (see Chapter V). Thus, although permanganate
appears to be too weak an acid to counter the Debye-Huckel
effect in aqueous solution, this does not mean that perman-
ganate possesses no acidic tendencies whatsoever. Even
chromate, a much weaker acid/oxidant, can, in principle,
manifest acidity in the presence of a sufficiently strong
base/reducing agent, e.g., metallic sodium.

It must be noted at this point that, in accord with the
electronic acid-base theory, no single order of acid or base
strength exists, and that relative acidity is dependent on
the identity of the reference base. Permanganate is a
stronger acid than dichromate towards the electron as a

reference base, as the difference in oxidizing power
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indicates, but weaker towards hydroxide as a reference
base. Consequently, potentiometric titrations of NaOH with
KMnO, were not expected to yield results analogous to those
of K20r207-Na0H titrations; attempté to perform such titra-
tions verified this prediction.

The tendency of permangangE? to decompose in aqueous
solution, which may be regarded as one consequence of its
acidity, interfered with some of the attempted experiments
with this oxidizing agent. Some of the sample solutions
used in the pH experiment at pH 2.3‘evidenced traces of
MnO2 after several days in spite of precautions taken
(deaeration, storage in dark under a parafilm seal), but
there was no discernible effect on the pH of these solutions.
An attempted extension of the pH experiments to pH 4.3 was
impossible due to total decomposition of permanganate within
hours of preparation. Attempts to observe the presence, if
any, of hydroniumated species via paper strip electrophoresis
at varying pH were ruined by decomposition literally as one
watched in both acidic and basic supporting media on both

types of paper strips employed.
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C. Ferric Ion

Ferric ion is not as powerful an oxidizing agent as
dichromate or permanganate, but is nevertheless of particular
interest because of its well established effect on the
acidity of aqueous solutions. It is well known that
ferric hydroxide (or, more correctly, hydrated ferric oxide)
precipitates in aqueous ferric salt solutions at pH )3 with
a resultant increase in the acidity of the solution. Even
at lower pH the presence of Fe(III) increases solution

acidity via the following reactionsllz

[Fe(H20)6]3* = [Fe(HZO)S(OH)] 2+, gt
L

K,y = 8.9 x 107 (22)
[Fe(HZO)S(OH)] 2+ :[Fe(HZO)u(OH)z] * o+ v
K, = 5.5 x 10~ (23)
2[Fe(H20)6] 3+ == |Fe(H,0),,(OH) ,Fe (H,0), b Loyt
K .= 1.2 x 1072 (24)

a3

The oxidation of ferrous complexes containing other protonic
ligands to their ferfic counterparts has also been shown to
increase the acidity of the complex, as manifested by the
increasing ability to release protonsl6.

These considerationé. along with the fact that an
especially large Debye-Huckel effect is expected for solu-
tions containing Fe(IIl) because of the effect of trivalent
ions upon ionic strength (equation (4)) and consequently

upon hydrogen ion activity, make the study of Fe(III)

systems significant in terms of the proposed unified acid-
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base concept.

The results of a study of the HCl-FeCl3 system at pH
1.3 (a level of aqueous acidity sufficiently high to prevent
precipitation of the hydrous oxide) are give in Table VII-8
and in Figure VII-10. A decrease in pH of a magnitude
comparable to that of the HCl-K20r207 and HClOu-KZCrZO7
systems at pH 2.3 - 2.4 (Tables VII-1 and VII-3, respectively)
is observed, in contradiction with Debye-Huckel predictions.
It must be noted at this point that the full magnitude of
of the effect of increasing ferric ion concentration on
acidity is not reflected by the results of Table VII-8

because Fe(III) shows a strong tendency to form complexes

with chloride ion via the following series of reactionsil'
17,18
Fe3* + c1” == rec1?* K, = 30 (25)
FeC1?t + C1” ~=rFec1," K, = 4.5 (26)
+ -
FeCl,” + Cl ‘-":—-—'FeCIB Ky = 0.1 (27)
FeCly + C1™ += FeCl,"~ K, = 0.01 (28)

Thus there is significantly less "free" (in the sense of
not being complexed with chloride) ferric ion present than
the analytical concentration of iron, CFe' dissolved in each

sample:
Fe [Fe3*] +.[ge012“]_'+ [FeClz*] + [Fe013] + FeClu-]
1+ K, [01‘] + KK, [01‘] 2

K5K K [01‘] 3 . KyK K K [c1'] b

C

1]
)
(4]
by
| W—

3)



Table VII-8: pH of HC1-FeCl, Solutions at 25°¢

IE{CI] = 5.424 x 1070 M
pH of standardizing buffer: 1.679

Debye-Huckel Calculated pH

Eﬂcj.d] s [Oxidant] * Observed Standard

-81E-

Ratio pH Deviation Limiting Law Expression
L 1.332 0.007 1.384 1.336
37.85 1.339 0.006 1.390 1.338
18.95 1.340 0.010 1.395 1.339
15.14 | 1.337 0.006 1.397 1.340
12.56 1.341 0.006 1.400 1.341
9.473 1.341 0.009 1,404 1.342
7.571 1.338 0.002 1.408 1.344
3.777 1.339 0.010 1.425 1.348
1.889 1.322 0.008 1.450 1.355
0.9492 1.322 0.006 1.466 1.358
ApH = -0.010 +0.082 +0.022

*¥total oxidant concentration is expressed by CFe
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Figure VII-10: pH of HC1-FeCl., Solutions at 25°C
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Figure VII-11: Distribution of Chloroiron Species at

Constant pH with Varying CFe
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The amount of chloride ion remaining uncomplexed is therefore:

[C;L’] = CCl - {FeQ12+] - 2 [FeClé{, -3 [FeClB]

- u [recy,”] (30)

Calculations utilizing the HC1l concentration of Table
VII-8 in equation (27) indicate that the fraction of Fe(III)
present as "free” iron varied from approximately 0.31 CFe in
the most dilute sample (excluding the zero iron sample) to
less than 0.07 CFe in the most concentrated sample over the
range of Cp, studied (Figure VII-11), although Cpe varied by
a factor of 40, i.e., the most concentrated sample contained
only 8.5 times as much "free" iron as the most dilute sémple.
The bulk of the complexed iron was present as FeCl2+ and
Fe012+; only in the most concentrated solution was FeCl3
present in >1% quantity, and the concentration of the
tetrachloroiron complex remained negligible over the range
of CFe studied. |

The ionic strength required for the computation of pH
in accord with the Debye-Huckel equations for each solution
in Table VII-8 was calculated from concentrations of the
various iron species determined from equations (25) - (29).
Although these calculations were carried out to four signi-
ficant figures, the accuracy of pH thus calculated is limited
by the fact that the complex stability constants of equations
(25) - (28) are not known to this degree of accuracy,

although this consideration does not affect the direction of
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the Debye-Huckel predictions and probably affects their
magnitude only slightly. The dissociation equilibria of
equations (22) - (24) do not proceed to an extent appreciable
enough to influence the ionic strength at pH 1.3, although
these equilibria are responsible for the characteristic
yellow-orange color of Fe(III) solutions and for the

observed increase in acidity.

A noticeable drop in pH with time was observed in the
most concentrated iron solution during the approximately
eight week period during which this study was made. The pH
of this solution remained fairly constant for the first
three weeks (and the mean of these results is given in.
Téble VII-8), then decreased to pH 1.30 for the next three
weeks, and dropped to pH 1.27 during the final two weeks.
No comparable pH changes were observed for the other sample
solutions. It is conceivable that this effect is due to
the slow formation of even larger aggregates than that of
equation (22) above a certain level of "free" iron concen-
tration, the existence of which is compatible with the well
known uncertainty in the composition of hydrated ferric
oxide precipitates.

Although Fe(III) complexes to some extent with all the
anions of strong acid, it combines with perchlorate to the
least extentlas

2+

Fe’* + c10,” == reclo, K=2.10 (31)

The results of a study of the HClOu-Fe(Clou)3 system are
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shown in Table VII-9 and Figure VII-12. The higher concen-
tration of "free" iron (anywhere from three to eleven times
as high as in equimolar FeCl3 solutions in the range of CFe
studied; see Figure VII-13) in the perchlorate system permits
increased participation by equilibria (22) - (24); conse~.
quently a greater increase in acidity is expected than in
the ferric chloride systemn, although a greater Debye-Huckel
effect is also expected.

The observed decrease in pH is three times as large as
that of the H’Cl-FeCl3 system. This pH change does not take
into account the acidity of the most concentrated ferric
perchlorate system, which, like its chloride counterpart,
experienced a change in pH with time. However, the much
greater concentration of "free" iron in the perchlorate
solution accelerated those processes that increase solution
" acidity to the extent that no reprdducible measurements
could be obtained, i.e., there was a continuous drop in pH
from measurement to measurement, and sometimes even during
a single measurement. Therefore no experimental result is
given for this solution in Table VII-9.

Paper strip electrophoresis experiments with ferriec
species in supporting media of varying pH were limited to
the pH 1.1 to 2.4 range because evidence of precipitation
was observed at pH ;L 2.b ., Only one spot was observed, with
little evidence of tailing, indicating that all of the

Fe(III) species present have approximately equal ionic



Table VII-9s pH of HC10,-Fe(Cl0, ). Solutions at 25°C
L 473

[HClOu] = L.475 x 1077 M
pH of standardizing buffers 1.679

erve-Huckg;,Calculated pH

[Acid] s [Oxidanf;l * Observed Standard
R

-ﬂZC-

atio _pH Deviation Limiting law Expression

0 1.388 0.007 1.457 1.415
L2,70 1.385 0.006 1.464L 1.418
21.37 1.388 0.009 1.470 1.420
17.16 1.391 0.006 1.474 1.421
1,24 1.389 0.008 1.477 1.422
10.69 1.390 0.007 1.482 1.424
8.540 1.388 0.006 1.488 1.426
L,282 1.368 0.006 1.513 1.433
2.141 1.357 0.008 1.552 1.442
1.071 *a 1.610 1.453
ApH = ~-0.031 +0.153 +0.038

“#total oxidant concentration is expressed by C
- ##pH value not reproducible

Fe
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Figure VII-12: pH of HC10,-Fe(C10,), Solutions at 25°C
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Figure VII-13: Distribution of Perchloratoiron Species at

Constant pH with Varying CFe
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mobilities or are in rapid equilibrium with each other. The
positive charge associated with these species makes "hydro-
niumation" less likely in this case than in the case of

dichromate.
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D. Conclusions

The inclusion of oxidation-reduction processes in acid-
base chemistry, first proposed by Usanovich, does not merely
extend the scope of the latter but offers a freéh perspective
on the general nature of chemical processes. According to
this viewpoint, one measure of relative acid strength is the
extent of reaction of the acid with electrons (oxidizing
power). The electron plays the same role as any other
reference base, e.g., water in the determination of aqueous
acidities. Standard reduction potentials are consequently
simply a ranking of acidity against the electron as a
reference btase. This order of strength is not universal and
is subject to change with a change in reference base, as
illustrated by the example of permanganate and dichromate.
Analogous statements can be formulated concerning the basic
nature of reducing agents.

" As a result of the integration of redox phenomena into
acid-base reactions, any chemical process can now be
regarded as an interaction between two species, an acid and
a base (although traditionalists may propose other names to
distinguish between reactants). Thus a unified, all-encom-
passing acid-base theory is actually equivalent to a theory
of general reactivity.

A unified acid-base theory is supported by the following:

a) Analogous Grotthus transfer mechanisms for protons

and electrons in aqueous solution.
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b) Enhancement of aqueous acidity by oxidizing agents,
e.g., Fe(III) and dichromate, and enhancement of’
aqueous basicity by reducing agents, e.g., metallic
sodium.

c) Enhancement of the oxidizing power of a given redox
couple with increasing acidity, and of reducing power
of a given couple with increasing basicity (Table
V-1).

It is believed that oxidizing agents are able to
manifest acidity in aqueous solution by altering the
Grotthus mechanism for proton transfer and coordinating with
hydronium ions. The electron accepting tendency of the
oxidizing agent exerts an inductive effect on the electrons
of these hydronium ions, permitting the environment of some
of the protons of hydroniumated oxidants to approach that of
the free proton and thereby increasing hydrogen ion activity.
Even those oxidizing agents that are too weak to manifest
this tendency, e.g., permanganate, can be shown to have some

acidic properties.
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