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FOREWORD

Apvances IN CHEMISTRY SERIES was founded in 1949 by the
American Chemical Society as an outlet for symposia and
collections of data in special areas of topical interest that could
not be accommodated in the Society’s journals. It provides a
medium for symposia that would otherwise be fragmented,
their papers distributed among several journals or not pub-
lished at all. Papers are reviewed critically according to ACS
editorial standards and receive the careful attention and proc-
essing characteristic of ACS publications. Volumes in the
ApvaNnces IN CHEMISTRY SERIES maintain the integrity of the
symposia on which they are based; however, verbatim repro-
ductions of previously published papers are not accepted.
Papers may include reports of research as well as reviews since
symposia may embrace both types of presentation.
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PREFACE

This is the second volume in a series dealing with the fundamental

phenomena (and their applications) occurring when an electrolyte is
dissolved in a mixed solvent, that is, in a solvent consisting of two (or
more) liquid components. The first volume, ADVANCES IN CHEM-
ISTRY SERIES 155, was published in 1976. Twenty-two chapters in the
present volume represent contributions from nine different countries:
the United States; Canada; Britain; Japan; Australia; France; India; Italy;
and the Netherlands.

The various thermodynamic and physicochemical effects reported
are often quite complex. The liquid phase continues to yield its mysteries
with reluctance. A system composed of an electrolyte and a single-com-
ponent solvent is complex enough; when the solvent consists of two or
more components an additional range of complexity unfolds. This is
largely the result of the greatly increased number of permutations and
combinations possible in the interactions that may occur among the
species present, both ionic and molecular, along with the usual tendency
for these interactions to be composition dependent. Although much of
the research represented here is basic, the potential for industrial appli-
cation is immense; ranging, for instance, from applications in separating
processes such as extractive distillation and liquid extraction, to electro-
chemica' rower sources such as fuel cells and batteries.

Some of the content deserves particular attention by industry at the
present time. The first chapter by D. F. Othmer, 1978 winner of both
the SCI Perkin Medal and the ACS Murphree Award, stresses the energy-
saving potential of solvent or liquid-liquid extraction over more energy-
consuming alternatives. Electrolytes often are used in such processing as
complexing agents added to enhance interphase mass transfer of a solute
species between two immiscible liquid phases. The three chapters di-
rctly following the one by Dr. Othmer examine the effects of nonvolatile
electrolytes on the equilibrium vapor composition of mixed-solvent sys-
tems. Again there is a potential for major energy saving, this time in the
replacement of generally high concentrations of liquid separating agent
recirculated within conventional extractive distillation processes with
much lower concentrations of a dissolved salt or other nonvolatile electro-
lyte as the separating agent.

The remaining eighteen chapters address a wide range of electrolyte
effects on the liquid-phase properties of mixed-solvent systems, including
such diverse but interrelated topics as solvation and liquid structure;

ix
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solubilities; activity coefficients; dissociation constants; distribution coeffi-
cients; free energies; viscosities; entropy; transfer functions; stability
constants; acidity functions; enthalpies of solution; electrostatic theory;
conductances; standard potentials; dielectric constants; various computa-
tional techniques; and related properties and behavior. A better under-
standing of such phenomena in this type of system must be obtained if
efficient chemical engineering process design is to be achieved in systems
where they are encountered.

Finally I would like to acknowledge the expert work of Joan Com-
stock and Candace Deren of the ACS Books Department in the produc-
tion of this book and its predecessor.

Royal Military College of Canada WiLiam F. FURTER
Kingston, Ontario K7L 2W3
March 22, 1979
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Extraction of Concentrated Solutions

Refining of Sugar and Recovery of Acetic Acid
from Wood-Pulping Liquors

DONALD F. OTHMER

Distinguished Professor, Polytechnic Institute of New York,
Brooklyn, NY 11201

Separation of materials takes much of the energy used by
chemical industry. Extraction often requires the least. An
entirely water-miscible solvent may be immiscible with an
aqueous solution that has a high concentration of a solid and
may even extract another component therefrom. Thus,
water-soluble acetone (alone or containing water-soluble
ethanol) extracts impurities from raw sugar syrups or mo-
lasses (above 50% solids), refines sugar at less cost—espe-
cially in terms of energy, gives higher yields of sugar, and
recovers valuable impurities that otherwise would be wasted.
Acetone extracts acetic acid out of concentrated waste
liquors obtained from semichemical or kraft-pulping proc-
esses after their acidification with sulfuric acid and is several
times as efficient as conventional solvents. Operational
profits may range from $15 to $20/ton of pulp produced.

nergy—as scarce and expensive as it is becoming—is used in the
largest amounts in the process industries to separate the components
of many diversified raw materials or feedstocks of most industries. It is
used in the next largest amounts to separate the intermediates resulting
from treatments with other materials for chemical or physical change or
convenience. Finally, it is used in the least amounts to purify (i.e., sepa-
rate) the products. Thus, the success of the chemical engineer in reducing
these major requirements of energy—as its cost increases—will be of the
greatest importance in maintaining the present selling prices of all
resulting products—from pharmaceuticals to paper or pig iron and from
acetic acid to zinc. :

0-8412-0428-4/79/33-177-001$05.00/1
© 1979 American Chemical Society
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The development of separation techniques is also a fascinating exer-
cise in problem solving for the chemical engineer, in which his skill and
experience are very important on the bottom line—i.e., in the energy cost
as well as the dollar cost of the finished product. Also, the units of energy
required in the separation processes now, more than ever before, translate
into very important percentages of the dollar sum.

To separate solutions of both liquids and of solids in a liquid (par-
ticularly water), two methods usually are considered first: (1) vaporiza-
tion—i.e., evaporation or distillation—to utilize the different relative
volatilities of the components, either normally or accentuated by another
liquid in azeotropic or extractive distillation and (2) liquid-liquid extrac-
tion to take advantage of the relative preferential solubility of one
component in an added liquid.

A priori it would seem that liquid-liquid extraction with the almost
negligible energy costs associated with the transfer of one material in a
liquid solution (preferentially from one solvent to another) would be
always more economical than vaporization in terms of energy. However,
since the added solvent usually has to be separated subsequently from
both the extract layer and the raffinate layer by distillation, these thermal
costs for the overall separation may be substantial.

Processes using a great deal much less energy than conventional
processes have been developed through pilot plant stages for the separa-
tion from an aqueous solution of important industrial materials, one of
which is present as a very concentrated or saturated solution of a solid,
which remains in the raffinate, while the other is extracted therefrom by
an added solvent. Advantage is taken of the greatly lessened mutual
solubility of the extracting solvent and of the water in the concentrated
solution. The dissolved solid in the concentrated aqueous solution in-
creases the relative solubility of the component dissolved in, and to be
extracted by, the solvent compared with that in the water and at the same
time reduces greatly the solubility of the solvent in the aqueous phase.

Two examples illustrate the many places in industry where other,
quite different methods of separation are used conventionally to separate
such concentrated solutions. Large amounts of energy are used now;
valuable materials are lost or destroyed when a smaller amount of one
material or group of materials is separated from the larger amount of
another material or group of materials.

Sugar and Molasses

About 100 million tons world wide of sugar per year (more than half
from cane, the balance mainly from beets) must be separated from five
to ten times as much water and refined by more or less complete separa-
tion from a dozen impurities that are present in varying amounts. Juice
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expressed from sugar cane in the tropics is concentrated; sugar is crystal-
lized therefrom and is shipped as “raw” (about 97% sucrose) to be
refined to above 99% in the country of its use. Most of the molasses re-
maining as mother liquor after crystallizing out the raw sugar also is
shipped from the point of origin (1).

The refining of raw sugar by solvent extraction costs less in energy
and materials and can be done in a plant that is much less expensive to
operate than a conventional plant (2).

When refining by solvent extraction, the cane juice can be concen-
trated to 60% or higher total solids, impurities can be dissolved out to
give a pure syrup for shipment, or a pure sugar may be crystallized
therefrom. If, alternatively, raw syrup instead of raw sugar is shipped
(at the lower cost for handling a liquid in tankers), it can be refined by
solvent extraction after delivery. Either operation will give a refined
sugar or syrup at a much lower cost, particularly in energy requirements.

Conventional Cane Sugar Refining. Raw sugar as it is unloaded
from the ships, besides containing 85-97% sucrose, also contains a small
amount of water, suspended materials, invert sugars (glucose), and other
organic chemicals such as aconitic acid, sugar cane fats and waxes, chloro-
phyl, various vitamins, and other constituents of the original sugar cane
plant that have come with the juice. Soluble impurities are present in a
thin aqueous film on the crystal surfaces of saturated sugar-molasses
mixture.

The raw sugar is melted—i.e., dissolved in water—then refined in a
sequence of evaporations and crystallizations with intermediate operations
for removing and destroying minor impurities. By treatment with mate-
rials to adsorb the impurities, the sugar is crystallized from the purified
solution and removed from the final mother liquid (molasses), which
contains all of the impurities that were not adsorbed. These impurities—
including potentially valuable wax, vitamins, and aconitic acid—if not
wasted substantially in the molasses are lost on the adsorbent solid, with
considerable expense in destruction or removal.

Such refining of raw sugar cane is done on a tremendous scale; most
of it in this country is done in a dozen huge plants, one of which may
spend $200,000 to refine 2,000 tons per day, of which $20,000 per day
may be for fuel. Thus, all standard refining methods are expensive
because of:

(a) the large heat cost in evaporating the water used to dissolve or
to melt the raw sugar, as well as t%e water that is added in subsequent
washing steps;

(b) revivification cost of the solid adsorbing agent, such as bone
black, carbon black, or various ion-exchange resins, and the loss by

discard of these adsorbed materials and ultimately the loss or discard of
the adsorbent itself;
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(c) complete loss of the value of all impurities except those sold as
part of the final unseparable dregs, the ultimate molasses;

(d) mechanical and other losses (inversion) of the sugar during the
numerous steps;

(e) the large size of and investment in the plant owing to the
numerous steps and the considerable equipment required;

(f) the large requirements of water, principally for cooling; and

(g) the removal of pollution possibilities in various aqueous dis-
charges from the refinery.

Refining of Raw Sugar by Washing with Solvent. To identify the
impurities, raw sugar crystals of a carefully selected size, hence with a
readily calculable surface area per unit weight, had their thin surface
layer dissolved sequentially by several washings with nearly saturated
sugar syrups of very high purity. Almost all impurities dissolved in the
first washings, and these impurities were almost entirely in a film on the
surface of the crystals. After very slight dissolution of the crystal surfaces
themselves, most of the grain was almost pure sucrose. Thus, it appeared
that a nonaqueous solvent, herein called the first solvent, which would
dissolve off and separate the impurities from the crystals, would save the
high cost of the classic melting or complete dissolution and the subse-
quent evaporation of water, crystallization of sugar, and removal of
impurities in a low value liquid residue—molasses.

Previously reported experiments showed that the most desirable first
solvents have the same number of oxygen and carbon atoms in the
molecule. Such compounds are completely water soluble and also are
good solvents for the impurities. (Solvents with molecules that contain
chlorine, nitrogen, or atoms other than carbon hydrogen, and oxygen are
not useful.) Thus, methanol and acetic acid are good, and the low boiling
point of methanol is an advantage (3).

From 0.1 to 8% water in the first solvent aids this extraction. More
water improves the efficiency of the solvent but decreases its selectivity—
i.e., the solubility of many impurities is increased considerably, but so is
the solubility of sugar. Thus, the water reduces the yield of refined sugar
but increases its purity.

A higher temperature of washing, up to the solvent’s boiling point,
increases the removal of impurities in the least time. The temperature
must not be high enough to carmelize the sugar. Good washing is secured
in 1-2 hr with an equal weight of methanol just below its boiling point
of 65°C. Higher temperatures require a pressure operation, which greatly
reduces the time required.

With glacial acetic acid, temperatures up to its boiling point, 118°C,
may be used. This higher washing temperature—without pressure—
removes impurities in less time than methanol, and at temperatures be-
tween 105° and 110°C, the raw sugar is refined in 45-90 min.
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Almost complete recovery of the solvent is essential, and higher
boiling solvents makes this easier, but all but about 1% of the methanol
may be recovered in a suitable closed system. Methanol is distilled readily
for its recovery from water and from aqueous sugar solutions. Distillation
of acetic acid, if used as a solvent, removes water also from the dissolved
impurities and leaves a first molasses. (Other methods of separation of
the solvent may be used.)

A very small amount of surface-active agent improves the rate of
washing—i.e., reduces the time. A sucrose ester of a fatty acid, such as
sebacic, in amounts of 0.001-0.01% of raw sugar, reduces the time
necessary for extraction by 25-30%. This stays in the extract layer.

Sugar refined by washing with methanol is a very light straw color.
Acetic acid gives a refined sugar with a much lighter color and lower ash.
This indicates that the acidic as well as the solvent nature of acetic acid
is important. Hence, a very small amount of sulfuric acid was added to
methanol when this was used to give a pH of about 1.25. This step elimi-
nated most of the color in the refined sugar, increased its purity by 0.1-
0.25%, and reduced its ash content from 0.12-0.15% to 0.05-0.1%. This
acidification also reduced the total free and combined aconitic acid from
0.05-0.15% to 0.01-0.02%. Aconitic acid was related directly to remain-
ing color and, to a lesser degree, to the remaining ash. Thus, addition of
sulfuric acid to spring the aconitic acid present at a pH of 1.25-1.3 gave
a purity of 99.8% sucrose, improved color, and a washing time of less
than 30 min at a temperature of 30°-40°C (3).

This washing by a completely water-soluble solvent does not remove
all of the water in the raw sugar: the solubility of water in methanol and
vice-versa is depressed by this complete saturation with sugar and the
salting out of impurities.

The centrifuged and washed crystals of highly refined sugar immedi-
ately gave above 99% of the sucrose of the raw sugar. However, 1 or
2% of this came back as recycle from subsequent solvent extractions;
these extractions would be on a very small scale because almost all of
the sucrose content was produced as refined sugar in the first step.

Solvent Extraction of Sugar Solution Coming from the Washing of
Raw Sugar. The solvent or extract layer from the washing of impurities
from the raw crystals was settled to remove dirt and other small solid
particles. The solvent was evaporated for immediate recycle, leaving
behind a first molasses.

Equally as economical as the washing of impurities off of the raw
sugar crystals, in terms of thermal energy and other costs, is the liquid—
liquid extraction of impurities from concentrated sugar solutions (includ-
ing molasses) by a solvent that is entirely soluble in water. Again, the
high concentration of the sugar salts-out the impurities and prevents the



Published on June 1, 1979 on http://pubs.acs.org | doi: 10.1021/ba-1979-0177.ch001

6 THERMODYNAMIC BEHAVIOR OF ELECTROLYTES—II

mutual miscibility of the water in the sugar solution with the solvent,
which, by itself, is completely miscible in all proportions with pure water.

In this way, constituents of the first molasses produced by solvent
washing of raw sugar crystals can be separated by a second solvent.
Preferably it is one that removes the less water-soluble impurities—oils,
fats, waxes, aconitic acid, chlorophyl, etc.—from the sucrose and invert
sugar. Hydrocarbons and chlorinated hydrocarbons, ethers, higher alco-
hols, and ketones have disadvantages as a solvent—e.g., they often form
relatively stable emulsions.

Acetone was first rejected because of its complete miscibility with
water but was found to be the best on all counts when it was used with
solutions above 50% total solids because of the salting-out effect. Thus,
the first molasses, diluted to 75% total solids, can be extracted in a
counter-current extractor with one-half as much acetone by volume. The
partition coefficient for aconitic acid may be over 4 to 1 in favor of ace-
tone. The acetone extract layer contains a little water, and when the
acetone is distilled off, a semisolid residue is left.

Analysis of this residue showed only about 4% sucrose, 6% inverts,
and 17.4% total acids. Most of this (15.7% ) was obtained as aconitic
acid by leaching with hot water and subsequent crystallization. The
residue was oils, waxes, and chlorophyl and could be separated by other
solvent extractions; the sucrose and inverts were left to be processed for
their sugar content by combining them with the raflinate from the extrac-
tion of the first molasses. The first molasses also was evaporated to strip
off acetone and to concentrate the syrup further to a grain formation. The
raw sugar obtained was about 98% sucrose and was recycled to join the
original raw sugar feed, of which it represented approximately 1.3%.
The extract layer was a small amount of light-colored molasses, low in
sucrose and high in invert sugars; analysis showed it to contain five to ten
times as much of several vitamins as conventional blackstrap molasses.

Solvent Extraction of Conventional Sugar Solutions. Sugar syrup
made by directly concentrating cane juice or the blackstrap molasses that
results after the crystallization of sugar therefrom can be refined also (2)
by acetone extraction to remove the nonsugar constituents of oils, fats,
waxes, chlorophyll, acids, etc. When total solids in the syrups are about
50%, the acetone forms a second layer that contains a larger percentage
of the impurities than the first layer. The mutual solubility of acetone
with the syrup decreases at high temperatures and this improves the
extraction. Since the viscosity of the syrup is reduced greatly at higher
temperatures, the rate of extraction is greatly increased. Other entirely
water-soluble liquids were tried—e.g., methanol, ethanol, and glacial
acetic acid. By themselves they usually go into solution, then remove the
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water to precipitate crystals (very small) and to give a solution and a
solid phase at equilibrium. However, when mixed with appropriate
amounts of acetone, they also give two liquid phases and can be used to
refine sugar syrups.

Thus, as first indicated, the salting-out effect on impurities of concen-
trated sugar solutions will allow the refining of a sugar syrup by simple
evaporation of a sugar juice expressed from cane to a total solids content
of more than 50% and subsequent extraction with acetone, either at the
point of production or at a refinery to which the raw syrup is shipped in
tankers. A refined syrup or sugar then can be made mode cheaply than
by present methods.

As another example, after a reaction process, acetic acid remained in
a 60% sucrose solution. Water-miscible acetone was used to extract the
acetic acid, and the partition coefficient between the two layers (gram
acetic per gram acetone/gram acetic per gram sugar solution) was over 5
compared with less than 1.0 for solvents conventionally used to extract
acetic acid from industrial solutions. This example shows again the great
ability of the high concentration of the dissolved solid to prevent the
normal miscibility of water and acetone and to salt-out the acetic acid
from the aqueous solution into the extracting solvent.

Acetic Acid

Acetic acid is produced industrially by the oxidation or other degra-
dation of many organic materials, and it is involved as a solvent or
reagent in the synthesis of many important compounds. Having the
same ratio of oxygen to carbon atoms as does the carbon monoxide mole-
cule, it is often an intermediate in many oxidation processes, both
chemical and bacterial. Formic acid, which has the same ratio of oxygen
to carbon as does carbon dioxide, was produced also but in lesser
amounts because of its comparative instability. Numerous chemical
reactions leave acetic acid or its salts in the spent aqueous solutions,
together with a high concentration of other liquids or solids. The decom-
position of lignocellulose by any process gives acetic acid and usually
formic acid or their salts. For example, destructive distillation gives char-
coal as the principal product, pulping gives cellulose for paper, alkaline
fusion gives oxalates, and bacterial action gives numerous materials.
Often large amounts of other solids are present also in the aqueous solu-
tion of acetic acid or its particular salt, depending on the raw material
used. All of these may involve large amounts of other solids, which may
salt-out the acetic acid (and formic acid if it is present) in an extraction
for their removal.
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The production of wood pulp from lignocellulosic materials by treat-
ment with various chemical liquors, particularly the neutral sulfite semi-
chemical process and the kraft or sulfate process, gives residual black
liquors. These contain salts that carry acetic acid and formic acid
equivalent to 5% or more of the dry weight of the wood.

Either the aliphatic acids or their salts is a most undesirable con-
stituent of waste liquors that are to be discharged into streams since
both acids and salts have a high biochemical oxygen demand (BOD),
with consequent damage to aquatic life. Usually these liquors are evapo-
rated to concentrate the solids present, including the salts. If they are
then treated with sulfuric acid, the acetic acid and related acids will be
freed or “sprung,” giving the corresponding sulfates.

The acetic acid is then present in an aqueous solution with a high
concentration of solids—i.e., sodium sulfate plus lignosulfonates and other
materials derived from the degradation of lignin and other constituents
of wood. Acetone is an excellent solvent here (2) even though it is
completely soluble in water. The dissolved solids prevent the usual
complete miscibility of acetone with water. Thus, the higher the concen-
tration of solids, the less is the mutual solubility of acetone and water,
and the greater is the selectivity of acetone for acetic and formic acids.
The partition coefficient is very high—4 to 6—which is five to eight times
that usually found for solvents in the conventional extraction of acetic
acid solutions.

Acetone has the additional essential property that it does not emulsify
during mixing with most concentrated aqueous solutions of solids in
industrial extractors, and with these aqueous solutions it is better in this
respect than any other solvent.

Furthermore, acetone, which remains dissolved in the raffinate solu-
tion after extraction, may be distilled readily therefrom because of its
high volatility from aqueous solutions and particularly from the solution
with its high concentration of solute. This high concentration greatly
reduces the vapor pressure of water, and for the same reason, acetone
can be evaporated or distilled readily from the extract layer. In fact, a
substantial portion of that used as the solvent for the acetic acid can be
evaporated from the extract layer in a simple pot still without distilling
over an appreciable amount of acetic acid.

The liquids in one extract layer containing the acetic acid extracted
from a solution that contains solids had a composition of about 70%
acetone, 15% water, and 15% acetic acid (2). The first distillate from
this layer contained less than 0.1% acetic acid and thus could be recycled
directly to the extractor. The balance of the acetone was stripped from
the extract layer in a short column, and the water was distilled azeo-
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tropically (2) from the approximately 50% acid to give an anhydrous
mixture of acetic and formic acids; these acids then were separated by a
second azeotropic distillation (4).

With aqueous solutions of acetic acid of lower solids content—usually
less than about 50% —acetone has a poor selectivity (i.e., it extracts more
water with the acid). As this solid’s concentration is reduced, the solvent
layer disappears and the acetone becomes completely miscible, usually
when the solids concentration falls below 50% ; sometimes it does not
disappear until total solids are as low as 40%.

Industrial solutions containing acetate salts usually are evaporated to
a higher concentration before sulfuric acid is added to free the acetic
acid. With the higher percentage of solids in the solution, addition of
acetone gives a separate layer. This method, however, is not always the
most desirable or economical. Instead, one canadd, in amounts of 10—
40% of the acetone, another solvent that is much less miscible with water
than acetone. This cosolvent improves acetone’s selectivity for dissolving
acetic acid with a minimum of water, but invariably it will reduce the
partition coefficient, and usually it increases the tendency of emulsification
in the extractor.

Isopropyl ether is a desirable cosolvent (2) and has, with acetone, a
constant boiling mixture, boiling at 53.3°C, containing 56.5% acetone
and 43.5% isopropyl ether. This cosolvent helps in distilling acetone
from the extract layer by increasing its relative volatility with respect to
both acetic acid and water.

Liquors from Neutral Semichemical Pulping and from Kraft Pulp-
ing. In making neutral sulfite semichemical pulp, the black liquors may
have about 10 parts of water to 1 part of total solids, of which about one-
third is sodium acetate and sodium formate. After evaporation to about
1 part solids to 1 part water, sulfuric acid is added to the concentrate
to free the acetic and formic acids. When the concentrate is extracted
with acetone, the mixed acids are obtained, the acetone is separated for
recycle, and the acids are concentrated and refined. The raffinate is
stripped and is passed to the usual furnace to be burned for recovery of
the inorganic salt values. This process gives a smelt of sodium sulfate,
which may be used in the kraft process as chemical makeup. The loss
of the fuel value of the acetic and formic acids is practically negligible.

Liquors of the kraft process itself contain a large amount of free
alkali, which must be neutralized by sulfuric acid before the acetic and
formic acids are freed. The corresponding amount of sodium sulfate
produced from the free alkali and from the acetate and formate decompo-
sition may be more than can be reused in the recycle liquor system. On
the other hand, since the makeup of liquors for a kraft process requires
the addition of fresh sodium sulfate as well as the sulfate radical from
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sulfur burning, a significant part of this sodium sulfate can be used, up
to a chemical equivalence of the makeup amount.

Hence, a part of the black liquors (10-50% ) of a kraft plant may
be processed to free, and subsequently to recover, the acetic acid as
described by the addition of sulfuric acid and the formation of sodium
sulfate. This new sodium sulfate from the sulfuric acid is present in the
raffinate from the extractor; it is thus the makeup for the balance of the
liquors (50-90% ) that can be processed conventionally without recovery
of the acetic and formic acids. The liquors from the raffinate are added
to the other liquors before they go to the drier and the furnace. This
part of the liquors (10-50% ) recovers that much of the volatile acids
that would otherwise be lost in the burner as salts.

Thus, with black liquors from kraft pulping, the addition of sulfuric
acid for recovering acetic acid from a part of the liquors replaces the
sulfur and sodium sulfate makeup, which would otherwise be used.
However, since the cost of sulfuric acid is greater than that of the
equivalent amount of sulfur and sodium sulfate makeup normally used
(because of the cost of making sulfuric acid from sulfur vs. the cost of
making sulfur oxides), the difference is charged against the cost of
recovering acetic and formic acids.

Economics. Because of a wide range of conditions, the weight of
acetic and formic acid recovered per ton of neutral sulfite semichemical
pulp produced can vary between approximately 80 and 150 pounds, with
formic acid representing 5-30% of this total. The possible revenue would
thus be $20-$35/ton of pulp produced, and after capital and operating
costs are subtracted, the profit would be about half of the revenues. In
addition, one would have the value of the sodium sulfate, which will have
its normal use and value in the kraft process. These figures do not include
the value of this processing in pollution abatement—the effluent liquors
from a 300 tons per day semichemical plant are equal in BOD to that
from the municipal sewage of a city of 300,000 people, and a large part
of this BOD comes from the acids that would be recovered.

Material and cost balances for a kraft plant are more intricately tied
in with its specifics but also offer a major opportunity for additional
revenue and elimination of problems in water pollution.
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Salt Effect in Vapor-Liquid Equilibrium at
Fixed Liquid Composition
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The effect of salt concentration on equilibrium vapor
composition at atmospheric pressure was studied in four
ethanol-water—salt systems at the boiling point, with mixed-
solvent composition held constant. The salts investigated
were potassium iodide, ammonium bromide, sodium acetate,
and potassium acetate. As expected, the two inorganic salts
were in good agreement with the Furter equation. In the
case of the two salts of organic acids the agreement became
less and less valid as salt concentration increased. The
failure of the equation with the two acetate salts was
attributed to the presence of significant organic ion—alcohol
interaction, a situation which does not normally become sig-
nificant with inorganic ions in aqueous alcohol solution
except at high alcohol concentrations.

The original equation for salt effect in vapor-liquid equilibrium, pro-

posed by Furter in 1958 (1, 2), predicts the effect of a salt dissolved
in a mixed solvent on vapor-liquid equilibrium when the composition of
the solvent is held constant:

In(as/a) = k2. (1)

In the equation, equilibrium vapor composition expressed in the form
of an improvement factor, a,/a, is related to salt concentration z in the
liquid phase by the salt effect parameter, k. According to the theoretical
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background from which the equation was derived, k remains constant
when the relative proportions of the two volatile components forming the
mixed solvent are held constant. The background, range of applicability,
previous usage, limitations, and significance of this equation have been
discussed recently in detail (3).

Jaques and Furter (3) tested Equation 1 with isobaric vapor—
liquid equilibrium data at atmospheric pressure, under conditions of fixed
liquid composition, for four systems of the alcohol-water-inorganic salt
type. The systems tested were ethanol-water with each of sodium bro-
mide, ammonium chloride, and sodium chloride, and methanol-water—
calcium chloride, over a range of salt concentrations up to saturation. For
all four systems agreement with the equation was very good, in all cases
yielding average absolute deviations between predicted and experi-
mental values of one-half percent or less. However, Jaques and Furter
noted that solubilities and boiling point elevations were not large at the
liquid composition values in the systems investigated. They suggested
testing the equation where these are known to be large as in the ethanol-
water-potassium acetate system.

Burns and Furter (4) tested Equation 1 with two more ethanol-
water-inorganic salt systems under conditions of fixed-liquid composition,
the salts in this case being the potassium and ammonium bromides.
Again, very close agreement with the equation was observed, although
some tailing-off seemed to occur close to saturation. (It is not clear
whether the tailing-off was real or whether saturation had already been
reached: the exact saturation point with certain salts can be difficult
to observe.) They then extended their study to include four organic-
cation salts of the tetraalkylammonium (TAA) bromide series, testing
ethanol-water at fixed-liquid composition with the methyl, ethyl, n-propyl,
and n-butyl members of the TAA bromide series. The methyl salt, which
exhibits mainly electrostrictive behavior in ethanol-water solutions, and
the n-propyl and n-butyl salts, which exhibit mainly hydrophobic be-
havior (4), all yielded results in close agreement with Equation 1. How-
ever, tetraethylammonium bromide, the member of the TAA bromide
series in which the crossover from salting-out to salting-in of the alcohol,
and hence of electrostrictive to hydrophobic behavior, was observed in
ethanol-water solution, did not yield data in good agreement with the
equation. The reason was postulated to be the location of this salt, which
was in the TAA bromide series with ethanol-water, at or close to the
transition point between competing solute—solvent interactions.

The purpose of the present investigation was to extend the study of
Equation 1 at fixed-liquid composition to salts in which the anion, rather
than the cation, is organic. For this purpose, the sodium and potassium
acetates were chosen, both having very high solubilities in ethanol-water
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solution at the liquid compositions used, and hence being capable of
causing large boiling point elevations. For comparison, two inorganic
salts, potassium iodide and ammonium bromide, were studied also, all in
ethanol-water at atmospheric pressure. Potassium iodide and sodium
acetate were investigated at a single mixed-solvent composition (0.309
mole fraction ethanol), and potassium acetate, the most soluble salt, at
three fixed-liquid compositions. Ammonium bromide, which had been
studied previously at three liquid values (4), was studied at six more in
the present investigation in order to gain insight into the influence of
mixed-solvent composition over a wide range. With the exception of
ammonium bromide, the fixed-liquid composition values were selected
from the range in which the relative volatility of the ethanol-water
system is highest, and non-ideal behavior is at a maximum. All of the
systems of the present investigation have been studied previously, but
none (with the exception of ammonium bromide as noted above) under
the conditions of fixed-liquid composition. For references to previous
studies the reader is referred to two literature reviews of salt effect in
vapor-liquid equilibrium, the first covering the work up to 1965 (5),
and the second from 1965-1975 (6). A recent review of the complex
topic of correlation and prediction of salt effect in vapor-liquid has been
published also (7).

Experimental

* The apparatus used—the improved Othmer recirculation still modi-
fied for salt effect studies—was described previously (1,7), as were the
analytical techniques, specifications on the purity and treatment of the
solvents, and details of surface tension and solubility measurements (4).

The ammonium bromide, potassium iodide, and sodium acetate were
British Drug Houses Analar analytical reagent grade. The potassium
acetate was Baker Analyzed crystal reagent grade from J. T. Baker Chemi-
cal Co. Owing to the extreme hygroscopicity of some of these salts, they
all were dried for at least 72 hours at 120°C immediately prior to each
series of experiments. The dried salts then were stored under vacuum
over phosphoric pentoxide between each experimental measurement.

Results

Isobaric vapor-liquid equilibrium data at atmospheric pressure are
reported for the four systems of the present investigation in Tables I-VI.
Salt concentrations are reported as mole fraction salt in the solution,
while mixed-solvent compositions are given on a salt-free basis. A single
fixed-liquid composition was used for potassium iodide and sodium
acetate; potassium acetate used three—all chosen from the region of
ethanol-water composition where relative volatility is highest. In the
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Table I. Isobaric Vapor-Liquid Equilibrium Data for the
Potassium Iodide~Ethanol-Water System at
x = 0.309 (758 = 3 torr)

(<7}

2 y ¢ logse ”

0 0.5837 82.0 0.0000
0 0.5844 82.0 0.0005
0.0100 0.5983 82.1 0.0263
0.0113 0.6044 82.2 0.0373
0.0218 0.6158 82.2 0.0581
0.0275 0.6233 82.2 0.0719
0.0344 0.6316 82.3 0.0873
0.0438 0.6437 82.6 0.1100
0.0488 0.6508 82.7 0.1235
0.0608 0.6634 829 0.1479
0.0687 0.6732 82.9 0.1670
0.0768 0.6839 83.0 0.1885
0.0823 0.6882 83.2 0.1971
0.0881 0.6943 83.5 0.2094
0.0992 0.7013 83.6 0.2238
0.1033 0.7112 83.8 0.2446
0.1187 0.7213 84.0 0.2662

(saturated)

case of ammonium bromide, six fixed-liquid composition values were used,
which, when combined with previous data for three other values (4),
provided data for a wide range of mixed-solvent composition in this
particular system. With the exception of the potassium acetate-ethanol-
water system, the boiling point elevations were generally small.

Instead of applying Equation 1 directly to the experimental data,
the expression was modified to read logio(as/a) =k’z, where k' =
k/2.303

Figure 1 is a graphical presentation of the data obtained for potas-
sium iodide-ethanol-water at x — 0.309 mol fraction ethanol in the mixed
solvent, and Figure 2 is an example of the results for ammonium bromide-
ethanol-water, in this case at x=20.246. In both cases the linearity
predicted by Equation 1 is noted, although some slight tailing-off appears
to occur close to saturation. (As previously mentioned, the tailing-off
may or may not be real; in the latter case the saturation would have been
reached already and no further vapor composition change was possible.)

Because of the wide range of fixed x values for which data had been
taken, it was possible to use interpolated data from Table II to construct
a family of vapor-liquid equilibrium curves for the ammonium bromide-
ethanol-water system at various constant salt concentration values—the
condition most closely representing that existing from tray to tray in a
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Figure 1. Salt effect of potassium it())dide on the ethanol-water system at
x=0.3
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Figure 2. Salt effect of ammonium bromide on
the ethanol-water system at x = 0.246
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Table II.

X

0.1533

0.2461

0.2778

0.37777

0.5198

0.6624

THERMODYNAMIC BEHAVIOR OF ELECTROLYTES—II

0

0.0248
0.0482
0.0705
0.0925
0.1139
0.1344
0.1534
0.1755

(saturated)

0

0.0139
0.0143
0.0279
0.0284
0.0502
0.0523
0.0722
0.0750
0.0984
0.1151
0.1245
0.1510

(saturated)

0

0.0324
0.0619
0.0896

0

0.0367
0.0693
0.1009

0

0.0306
0.0667
0.0838

0

0.0336

0.0612

0.0828
(saturated)

(759 = 8 torr)

y

0.5040
0.5660
0.5860
0.6054
0.6164
0.6378
0.6536
0.6697
0.6765

0.5828
0.5956
0.5968
0.6106
0.6100
0.6372
0.6360
0.6536
0.6536
0.6715
0.6822
0.6899
0.6982

0.5616
0.6312
0.6566
0.6815

0.6013
0.6622
0.6944
0.7246

0.6596
0.7009
0.7434
0.7572

0.7326
0.7762
0.7934
0.7999

84.8
85.0
85.0
85.2
85.0
85.0
85.5
86.1
86.4

83.0
83.0
83.0
83.0
83.0
83.1
83.2
835
83.6
84.0
84.0
84.0
84.0

83.0
83.6
83.5
83.5

81.5
81.9
82.5
83.0

80.0
80.5
81.9
82.0

79.5
80.0
80.8
80.9

Isobaric Vapor-Liquid Equilibrium Data for the
Ammonium Bromide—Ethanol-Water System

Qag
logo —
10 o

0.0000
0.1083
0.1439
0.1790
0.1991
0.2388
0.2687
0.3000
0.3134

0.0000
0.0230
0.0251
0.0502
0.0491
0.0994
0.0971
0.1305
0.1305
0.1653
0.1866
0.2021
0.2191

0.0000
0.1258
0.1739
0.2229

0.0000
0.1139
0.1781
0.2417

0.0000
0.0826
0.1748
0.2068

0.0000
0.1025
0.1467
0.1641
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Table III. Isobaric Vapor-Liquid Equilibrium Data for the Sodium
Acetate—Ethanol-Water System at x = 0.309 = 0.001
(758 = 3 torr)

Qg

Z Yy t lng a

0 0.581 82.0 0.0000

0 0.581 82.0 0.0000
0.008 0.600 82.2 0.033
0.013 0.609 82.2 0.049
0.043 0.652 82.3 0.131
0.045 0.658 82.3 0.142
0.072 0.688 82.5 0.202
0.081 0.699 82.5 0.223
0.108 0.725 82.7 0.277
0.118 0.733 82.7 0.296
0.130 0.742 82.8 0.317
0.142 0.744 829 0.321
0.144 0.752 83.2 0.339
0.160 0.760 83.4 0.358
0.180 0.773 83.5 0.390
0.200 0.777 83.9 0.399
0.204 0.783 84.0 0.414
0.224 0.787 84.0 0.424
0.242 0.782 83.9 0.421

fractional distillation column. The family of constant salt concentration
curves so constructed is shown in Figure 3. For further reference to
distillation applications, the reader is referred to a recent review of the
topic (8). The k’ salt effect parameter values measured at the six fixed x
values of the present investigation and the three values of the previous
study (4) are summarized in Table VII and plotted in Figure 4 as
functions of x, with the standard deviation shown in each case. (Relative
deviations tend to be larger in mixed-solvent composition regions where
relative volatility is lower, and vice versa).

The results for the two organic anion salts of the present investigation
are demonstrated in Figures 5 and 6. Figure 5 presents the data for
sodium acetate—ethanol-water at x — 0.309; and Figure 6 for potassium
acetate—ethanol-water at x = 0.245 and 0.311, two of the three values
used . Equation 1 is unable to correlate data in these two systems; in
each case a linear regression yields a large deviation of the experimental
points from the best straight line, which in any event would fail to pass
through the origin.

The values of k’ reported in Tables VII and VIII for the systems
studied were determined by applying a linear least-squares calculation
to the experimental data. The average absolute deviation (A.A.D.) of
logio(as/a) was determined at fixed intervals of z from the individual
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Table IV. Isobaric Vapor-Liquid Equilibrium Data for the Potassium
Acetate—Ethanol-Water System at x — 0.245 (758 =+ 3 torr)

Qas
Z y t logso @
0 0.5875 84.0 0.0000
0.0267 0.6331 83.0 0.0832
0.0522 0.6610 83.0 0.1364
0.0762 0.6879 82.5 0.1896
0.0990 0.7064 82.0 0.2276
0.1207 0.7281 82.0 0.2740
0.1413 0.7418 815 0.3048
0.1611 0.7531 81.0 0.3309
0.1799 0.7647 81.0 0.3582
1.0
0.8}
VALUES OF Z
[ o
0.6} 09°
, T
0.4}
0.2
1 | | ] | 1 | | |
0 0.2 0.4 0.6 0.8 1.0
X

Figure 3. The ammonium bromide—ethanol-water system at various
fixed-salt concentrations and saturation
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Figure 4. Salt effect parameter as a function of
the liquid composition ratio for the ammonium
bromide—ethanol-water system

Table V. Isobaric Vapor—Liquid Equilibrium Data for the Potassium
Acetate—Ethanol-Water System at x = 0.311 (758 £ 3 torr)
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Qg
zZ y t log:o a
0 0.5839 82.0 0.0000
0.0308 0.6413 82.0 0.1053
0.0543 0.6741 82.0 0.1686
0.0794 0.7061 82.1 0.2335
0.0892 0.7186 82.2 0.2601
0.1055 0.7371 82.4 0.3007
0.1302 0.7586 828 0.3503
0.1532 0.7780 83.4 0.3975
0.1746 0.7947 84.1 0.4407
0.1792 0.7982 84.3 0.4501
0.1959 0.8076 84.5 0.4759
0.2160 0.8194 85.8 0.5096
0.2354 0.8286 86.5 0.5373
0.2565 0.8377 874 0.5657
0.2702 0.8422 88.0 0.5801
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Figure 5. Salt effect of sodium acetate on the ethanol-water system at x =
.309
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Figure 6. Salt effects on the potassium acetate—ethanol-water system at
x=0.245, A; and x=0.311, O
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Table VI. Isobaric Vapor—Liquid Equilibrium Data for the Potassium
Acetate—Ethanol-Water System at x = 0.313 (753 = 3 torr)

Qg
Z y t l0g0 a
0 0.5989 82.0 0.0000
0.0155 0.6186 82.0 0.0360
0.0295 0.6420 82.0 0.0796
0.0578 0.6799 82.3 0.1530
0.0876 0.7167 82.5 0.2290
0.1098 0.7414 82.6 0.2834
0.1217 0.7524 83.0 0.3087
0.1504 0.7768 834 0.3676
0.1782 0.7956 84.0 0.4161
0.1913 0.8059 85.0 0.4440
0.2036 0.8116 85.5 0.4603
0.2151 0.8169 86.0 0.4753
0.2679 0.8403 87.7 0.5470
0.3417 0.8612 92.0 0.6185
0.4023 0.8740 94.2 0.6670
(saturated)

Table VII. Values of the Salt Effect Parameter at Various Values of
x for the Ammonium Bromide—Ethanol-Water System

X k’
0.154 1.44 = 0.05
0.206° 1.61 = 0.07
0.246 1.67 = 0.06
0.278 1.67 = 0.10
0.305° 1.83 = 0.10
0.309° 1.94 = 0.11
0.378 1.99 = 0.05
0.520 2.45 =+ 0.10
0.662 2.75 =0.25

¢ Data from Burns and Furter (4).
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Table VIII. Salt Effect Parameters and Reliability of Equation 1 to
Predict Salt Effects for Some Inorganic Salts in Ethanol-
Water Mixtures at Various Values of x

RAAD.:*
Salt X K’ % Reference
KBr 0.206 2.89 = 0.04 1.3 4
0.311 3.02 = 0.09 2.5 4
KI 0.309 2.33 = 0.09 4.0 this work
NaOAc 0.309 2.05 = 0.20 13.8 this work
KOAc 0.245 2.11 =0.18 8.5 this work
0.311 2.31 =0.20 8.3 this work
0.313 2.20 =0.15 7.7 this work
NH,Br 0.206 1.61 = 0.07 3.9 4
0.246 1.67 = 0.06 3.0 this work
0.305 1.83 = 0.10 5.8 4
0.309 1.94 = 0.11 45 4
NaCl 0.240 3.46 = 0.11 3
0.248 3.62 3
NaBr 0.248 2.87 3
NH,CI] 0.143 2.50 3
0.223 2.20 3
0.313 2.19 3
0.367 2.29 3
0.451 2.35 3
0.527 2.23 3

¢ The relative average absolute deviation, % (see Results).

deviations of the smoothed curve from the linear regression passing
through the experimental points. From this A.A.D. value its magnitude,
relative to the experimental value of logio(as/a) at the mean z, was
obtained, giving the R.(relative)A.A.D. values listed in Table VIII. An
assessment of the capability of Equation 1 to correlate the salt effects
can be made more effectively from these R.A.A.D.

The significance and magnitude of the errors involved in the experi-
mental procedures and analytical methods, and the precision of the
solubility and surface tension data listed in Table IX have been discussed
fully elsewhere (4).

Discussion

The kK standard deviation data and R.A.A.D. values listed in Table
VIII for the data of the present investigation and certain data from
previous studies (3,4) demonstrate clearly that Equation 1 can satis-
factorily correlate the salt effects of the inorganic salts tested at fixed-
liquid composition in ethanol-water, at all salt concentrations up to
saturation. The R.A.A.D. yields a critical evaluation of the applicability
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of the equation since it removes the complicating factor of experimental
data scatter. This treatment accentuates the validity of Equation 1 in
correlating accurately the effects of the inorganic salts; however, it also
accentuates its failure for the salts containing organic anions, especially
if the organic ions have a propensity to promote both a hydrophilic and
hydrophobic effect on the water molecules, the net result of which is a
balance between these two types of solute—solvent interactions with one
or the other slightly predominating. In the case of the acetate ions, the
hydrophilic interactions are more evident. A similar observation was
made previously by the present authors for tetraethylammonium bromide
(4). However, it was found that when hydrophobic interactions pre-
dominated, then the salt effects again could be correlated using Equation
1, but a salting-in of ethanol was noted instead of the normal salting-out.
Figures 5 and 6 reveal that a diminishing return appears to occur as the

Table IX. Physical Properties of Saturated Solutions of Some
Inorganic Salts in Water, Ethanol, and 0.206 Mole
Fraction Ethanol-Water at 25°C

Surface Solubility
Tension m
Solvent Salt Pam X 108  mol Kg™* zZ
H.0 72.0
KBr 734 56 =0.1 0.092
KBr 5.71° 0.093
NH,Br 60.7 8002 0.126
NH,Br 7.92° 0.125
KI 69.6 8.92° 0.138
NaOAc 57.5 15.2° 0.215
KOAc 66.8 27.4° 0.331
C.H;OH 22.3
KBr 22.3 <01 < 0.0004
KBr 0.113° 0.0004
NH,Br 224 0.33 = 0.02 0.015
NH,Br 0.35° 0.016
KI 22.5 0.118° 0.005
NaOAc 22.5
KOAc 23.3
0.206
mole fraction
C.H;0H-H,0 30.5
KBr 29.5 1.9 +=0.1 0.043
NH,Br 31.3 3502 0.073
KI 31.3 452° 0.097
NaOAc 28.1
KOAc 28.6

¢ Data from Seidell (13).
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salt concentration is increased; this may be caused by either ion reasso-
ciation occurring at high salt concentrations, or saturation effects with
respect to the hydration spheres; that is, the added ions and their solvent
spheres may find it difficult to fit into spaces among other ions and their
solvent spheres. In addition, surface effects could, at least partially
account for the inability of Equation 1 to correlate the salt effects in the
case of organic ions where the hydration spheres at the surface are
disrupted severely compared with those within the homogeneous solution.
This would result in a large degree of heterogeneity occurring at the
surface, and the water molecules finding it easier to escape than if there
were no salt present.

A comparison of the dependence of the improvement factor on the
salt concentration for the ammonium bromide-ethanol-water system at
x = 0.246 (Figure 3) and that observed by Jaques and Furter (3) for
ammonium chloride-ethanol-water at x — 0.223 reveals many similarities
between these two systems. Their k’ values are similar, they both yield
good correlation with Equation 1, and in both systems an inflection can
be detected in the experimental plot of improvement factor vs. salt
concentration at ~ 0.05 mole fraction salt. The inflection probably can
be attributed to a change in the solvent structure owing to the presence
of salt.

Although Johnson and Furter (1,2), among others, observed a
surprising insensitivity of k’ to mixed-solvent composition in many
alcohol-water—inorganic salt systems, such does not appear to be the
case with ammonium bromide—ethanol-water. A linear dependence of
k’ with x was observed and is demonstrated in Figure 4. The slope of
this dependence is 2.63 and the intercept with the y-axis occurs at
approximately a value of unity. This extrapolated salt effect when x =0,
that is, with water as the single solvent, is consistent with Raoult’s Law
in that the vapor pressure of the aqueous salt solution depends directly
on the salt concentration. However the same behavior has not been
observed for the ammonium chloride—ethanol-water system (3); as seen
in Table VIII its salt effect parameter shows essentially no dependence
on the liquid composition. Therefore the two systems differ in this respect.

In the case of the acetate salts, Meranda and Furter (9) found that
K’ changed relatively little with x for sodium acetate-ethanol-water, but
it underwent a major variation with potassium acetate in the same binary
solvent. They also found (10) that at x values below 0.5, the improve-
ment factor in the potassium acetate-ethanol-water system fell off with
decreasing x, even though the study was conducted at saturation and
hence salt concentration was increasing with decreasing x. The same
phenomenon is observed in the two curves of Figure 6 where, for the
same salt concentration, the larger effect occurs at the higher value of x
(both values being below 0.5).
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Table X. Solubility of Various Inorganic Salts in Boiling Solutions
of Water, Ethanol, and Ethanol-Water Mixtures

Solubility®
m
Solvent Salt mol kg™ z
H,0 NaOAc 23.8 0.30
KOAc 54.2 0.494
KBr 8.89 0.138
KI 12.50 0.183
NH,Br 13.8 0.200
C,H;OH NaOAc 0.22 0.01
KOAc 2.58 0.106
KBr 0 0
NH,Br 0.48 0.022
0.25 m.f.> EtOH-H,0 NaOAc 17.1 0.30
KOAc 28.6 0.417
KBr 3.24 0.075
0.31 m.f.* EtOH-H,0 NaOAc 1.61 0.28
KOAc 23.4 0.40
KBr 2.39 0.06

¢ Data from Seidell (13).
* m.f. = mole fraction.

Bedrossian and Cheh (11) studied vapor-liquid equilibrium in the
sodium acetate—ethanol-water system, using constant lower values of salt
concentration rather than the saturation values used by Meranda and
Furter (9). Analysis of their data using Equation 1 indicates a larger
variation of k” with x than that observed at saturation by Meranda and
Furter. Bedrossian and Cheh concluded that hydration as well as hydro-
tropism of ions plays a major role in this particular system.

The surface tension and solubility data listed in Tables IX and X
demonstrate that the sodium and potassium acetates have much more
dramatic effects in aqueous solution than do the inorganic salts for which
data are given.

All salts of the present investigation salted-out ethanol from aqueous
solution; that is, they raised its concentration in the equilibrium vapor.
Also, all are more soluble in water than in ethanol. While there are
exceptions to this general parallel (12), in most systems it is more or less
applicable (7).

Acknowledgments

The research presented in this chapter was supported financially
through Grant No. 3610457 from the Defence Research Board of Canada.
J. S. Labbé obtained some of the experimental results for the potassium
acetate-ethanol-water system at x — 0.245.



Published on June 1, 1979 on http://pubs.acs.org | doi: 10.1021/ba-1979-0177.ch002

26

THERMODYNAMIC BEHAVIOR OF ELECTROLYTES—II

Nomenclature
k = salt effect parameter, as defined by Equation 1.
, k
k' — salt effect parameter; k' — 9303
t = boiling point, °C
x = mole fraction of ethanol in liquid phase;
calculated on a salt-free basis
- mole ethanol
" mole ethanol 4+ mole water
= mole fraction of ethanol in the vapor phase
z = mole fraction of salt in the liquid phase
_ mole salt
~ mole ethanol ++ mole water 4+ mole salt
« = relative volatility in absence of salt
_y(l—x)
(1 —y)
a;, = relative volatility in presence of salt; calculated using

liquid compositions on a salt-free basis.
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Prediction of Salt Effect on Vapor-Liquid
Equilibrium: A Method Based on Solvation II

SHUZO OHE

Ishikawajima—Harima Heavy Ind. Co. Ltd., Research Institute,
1 Shinnakahara Isogoku, Yokohama 235, Japan

The preferential solvation formed between salt and solvent
molecules causes a salt effect on vapor-liquid equilibria. A
method of prediction of salt effect based on the preferential
solvation number was reported previously for the case in
which salt was solved below the saturation level. The idea
introduced in this chapter applies for salt solved in satura-
tion. The alcohol-ester—calcium chloride system for which
the preferential solvation was thought to be formed was
examined. Specifically, calcium chloride dissolves readily
in alcohol but only sparingly in ester. Thus, when cal-
cium chloride is solved into alcohol—ester mixed solvent, the
calcium chloride will form a preferential solvation with
alcohol only. Methanol-methyl acetate, butanol-butyl ace-
tate, and methanol—ethyl acetate systems were selected for
the mixed-solvent systems.

hen salt is added to a volatile solvent mixture, there is a salt

effect—a change in the vapor-liquid equilibrium relation. This
salt effect occurs because salt forms a preferential solvate with a particu-
lar component of the solvent mixture, causing a drop in partial pressure
of the particular component which forms the preferential solvate. Results
of the studies coriducted based on this idea are reported by the author
in References 1 and 2. In the past studies, the vapor-liquid equilbrium
relation of the system for which formation of preferential solvate had
been expected was observed, preferential solvation number was calcu-
lated based on the actually observed values, and further, salt effect was
predicted based on the preferential solvate number. The author has

0-8412-0428-4/79/33-177-027$05.00/1
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developed this study further by expanding the concentration of the salt
to the saturation level (in his former studies, it was limited to the non-
saturated concentration). This chapter reports on this most recent study.

Preferential Solvate System

The author selected the system containing salt which is not dissolved
with other components but only with a particular component of a solvent
mixture as a system with which the phenomenon of preferential solvate
can be understood easily. Calcium chloride is dissolved with alcohol but
it is not dissolved well with ester. Thus, calcium chloride forms a prefer-
ential solvate with alcohol and does not with ester. For the component
system which consists of calcium chloride, alcohol, and ester, the author
selected the following three systems for which vapor-liquid equibrium
relations have been measured: methanol-ethyl acetate—calcium chloride
(1); methyl acetate-methanol—calcium chloride (3); and n-butyl acetate—
n-butanol—calcium chloride (3).

Solubility of Salt into Solvent Mixture

The solubility of the salt into a solvent mixture is decided by the
concentration of a particular component in that mixture when salt is
readily dissolved only with the particular component in the solvent mix-
ture. Figures 1, 2, and 3 show solubilities of calcium chloride for the
above mentioned three systems. Figure 1 shows the solubility of calcium
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Journal of Chemical
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Figure 1. Solubility of calcium chloride in

boiling methanol-ethyl acetate mixture at 1
atm (3)
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0.20
| |

CaCl; mole fraction

Solubility,

Figure 2. Solubility of calcium chloride in boiling methyl acetate—methanol
mixture at 1 atm

chloride into the methanol-ethyl acetate system. From 0-0.333 mole
fraction of methanol, the solubility is almost zero. These solubility data
indicate that if calcium chloride is dissolved by only the methanol con-
tained in the methanol—ethyl acetate solution, both solvents exist in the
form of clustered molecules comprised of one methanol molecule and
two ethyl acetate molecules (2). In methanol concentrations greater than
0.333 mole fraction, free molecules forming nonclustered molecules are
present in the system, so that the salt is dissolved in the free molecules
of methanol. From the extrapolated solubility (the mole ratio of calcium
chloride to methanol is —1:6), calcium chloride and methanol are be-

lieved to form a solvate of CaCl, - 6CH;OH. Figure 2 shows the solu-

bility of calcium chloride into the methyl acetate-methanol system. Fig-
ure 2 was drawn by the author based on Hashitani’s report (3). This
figure indicates that the solubility changes linearly against the concen-
tration of methanol in the same manner as that depicted in Figure 1.
Solubility is almost zero in the range where the mole fraction of methanol
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is between 0 and 0.15. The molecules of methanol and methyl acetate
form a cluster of some kind and because of this cluster, no free methanol
molecule exists. Figure 3 shows the solubility of calcium chloride in the
butyl acetate-butanol system. This figure was drawn also by the author
based on Hashitani’s report (3). This figure shows that the solubility of
calcium chloride reduces linearly against the reduction of the mole frac-
tion of butanol and that the existence of butanol in the solvent mixture
contributes to dissolving calcium chloride. Similarly, in this system also,
the solubility of calcium chloride is almost zero at the range where the
mole fraction of butanol is between 0 and 0.2. This occurs because four
molecules of butyl acetate form a cluster against one molecule of butanol

Q
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0.10

Solubility, CaClz mole fraction

0.05

0 0.2 0.4 0.6 0.8 1.0

/7
x,
Journal of Chemical Engineering of Japan

Figure 3. Solubility of calcium chloride in boiling butyl acetate-butanol
mixture at 1 atm (3)
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resulting in the inability of a butanol molecule to exist. It is obvious from
the above described three examples that calcium chloride is dissolved
only by an alcohol molecule in a solvent mixture. This indicates that
calcium chloride is related only to alcohol molecules in the solvent mix-
ture, suggesting the existence of a preferential solvate.

Preferential Solvation Number

When a preferential solvate is formed across salt and a particular
component in a solvent mixture, the preferentially solvated component
is assumed to be nonvolatile. Hence, the essential concentration of the
preferentially solvated component in the solvent mixture is reduced as
much as the solvated component. The vapor-liquid equilibrium relation
obtained under the addition of a salt may well be considered to be the
same as the vapor-liquid equilibrium without the salt for liquid-phase
composition from which the solvents forming solvates are excluded.
Based on this idea, the essential concentration at the time when salt forms
a preferential solvate with the primary component is given by Equation 1.
Then we can obtain the preferential solvation number from the observed
values of the salt effect. As the concentration of solvent is decreased by
the number of solvated molecules, the actual solvent composition par-
ticipating in the vapor-liquid equilibrium is changed. Assuming that a
salt forms the solvate with the first component, the actual composition
X1, is given by

7, — Sz (1)

e = (xy — Sz3) + 22~

Since x; = x;,°(1 — x3), x2 = x2’(1 — x3), and x," + x5’ = 1, Equation 2
is rewritten as follows:

’ /(1 —x3) — S
T’ = (1 —x3) - Sx3 ’ (2)

Solving Equation 3 for S, we obtain

S=l_x3xl —xln. (3)

T3 1— xla’

Therefore, the solvation number can be calculated by determining x,,’
from the measured values using the vapor-liquid equilibrium relation
obtained without adding a salt. When a salt forms the solvation with
the second component, the following three equations can be derived in
a similar manner.
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z S ; S—
"7 2+ (22 — Sza)

ot — L =Tz’
1 (1 —z3) — Sz

1—23 2 — 2/

‘S_ ’

T3 T1a

(4)

()

(6)

Figures 4, 5, and 6 indicate caluculated results of the preferential sol-
vation numbers for the three systems. As shown by each figure, prefer-
ential solvation numbers are almost constant against compositions of the
solvent. On the other hand, the concentration of salt increases linearly
against an increase in the concentration of alcohol in the solvent as
indicated in Figures 1, 2, and 3. This fact denotes that for an increase
of solvent which forms a preferential solvate in a solvent mixture, the
salt required to form a certain solvation number with that solvent is
dissolved. For essential concentration x;,” in Equations 3 and 4, which
are required in calculating solvation numbers, the data observed by the
author et al. (1) were used for the methanol-ethyl acetate system;

0.4 0.6

Journal of Chemical and Engineering Data

Figure 4. Preferential solvation number in the methanol-ethyl acetate sys-
tem at 1 atm: (O), CaCly: 5 wt %; (A), CaCly: 10 wt %; (V), CaCly: 20 wt

% ; (0), CaCl,: 25 wt % ; (@), CaCl,: saturated (1).
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Figure 5. Prejerential solvation number in the methyl acetate-methanol-
calcium chloride system at 1 atm (O), CaCly: 6 wt %; (A), CaCly: 15 wt
% ; (@), CaCl,: saturated (3).

Nagata’s data (4) were used for the methyl acetate—methanol system;
and for the butyl acetate-butanol system, data observed by Brunjes et al.
(5) were used. Figure 4 shows that the preferential solvation number is
about 5.5 in the methanol-ethyl acetate—calcium chloride system, and it
is constant at the range where the mole fraction of methanol is between
0.333 and 1.000. At the range where the mole fraction of methanol is less
than 0.333, the concentration of calcium chloride is zero and consequently
the preferential solvation number is also zero. Figure 5 indicates that for
the methyl acetate-methanol-calcium chloride system, the preferential
solvation number is about 5, and it is constant at the range where the
mole fraction of methyl acetate is between 0 and 0.85. At the range where
the mole fraction of methyl acetate is 0.85 to 1.0, the concentration of
calcium chloride is zero, and consequently, the preferential solvation
number is also zero. For the butyl acetate-butanol—calcium chloride sys-
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Figure 6. Preferential solvation number in the butyl acetate-butanol-cal-
cium chloride system at 1 atm

tem, the preferential solvation number is about 2 and it is constant at the
range where the mole fraction of butyl acetate is between 0 and 0.8
as shown in Figure 6. At the range where the mole fraction of butyl
acetate is 0.8 to 1.0, the concentration of calcium chloride is zero, and the
preferential solvation number is also zero.

Prediction of Salt Effect

A method to predict salt effect on vapor-liquid equilibrium in which
salt is dissolved in a saturated state is introduced. In this method, salt
effect is predicted by using preferential solvation numbers, the concen-
tration of the salt, and the vapor-liquid equilibrium data for which salt is
not involved. It is possible to predict salt effect completely without using
actually measured data if the preferential solvation number can be pre-
dicted. Presently, however, it is impossible to completely predict prefer-
ential solvation number. Hence, the preferential solvation numbers are
obtained through actual measurements, and these numbers are used for
the prediction. If preferential solvation number can be predicted inde-
pendently in the future, this method will be an extremely hopeful one.
The salt effect prediction method is entirely in reverse sequence of that
used to obtain preferential solvation number. Specifically, it is carried
out in the following sequence.

(1) The components which form preferential solvate in a mixed-
solvent system are determined.
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(2) The preferential solvation number across salt and solvent is
determined.

(3) Solubility of salt into the solvent mixture is determined.

(4) The essential composition (x;,") is calculated by applying Equa-
tion 2 or 5.

(5) Vapor composition for the x;,” is read out by using the vapor—
liquid equilibrium data for which salt is not involved, and this vapor
com;zosit)ion is used as the vapor composition for the actual concentra-
tion (x,").

Figures 7, 8, and 9 indicate the prediction results for the following
three systems: methanol-ethyl acetate, methyl acetate—methanol, and
butyl acetate-butanol with saturated calcium chloride, respectively. The
absolute value of mean errors |Ay| were 0.018 and 0.014 for each system,
while the maximum and minimum errors were 0.047 and 0, 0.039 and
0.005, and 0.039 and 0.005, respectively.
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Figure 7. Result of prediction for methanol-ethyl acetate—calcium chlo-
ride system at 1 atm: (O), observed; (—), calculated.
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Figure 8. Result of prediction for methyl acetate-methanol-calcium
chloride system at 1 atm: (O), observed; (—), calculated.
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Figure 9. Result of prediction for butyl acetate-butanol—calcium chlo-
ride system at 1 atm: (O), observed; (—), calculated.
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Conclusion

As a cause of salt effect, the existence of a preferential solvate formed
across salt and particular component in a solvent mixture is considered.
Preferential solvation number was calculated for the alcohol-ester—cal-
cium chloride system in which formation of preferential solvate was
believed to exist. The preferential solvation number was found to be
constant regardless of compositions of a solvent mixture. On the other
hand, the solubility of salt into mixed solvent increased linearly against
an increase of composition of the component which dissolved salt. This
fact indicates that the entire dissolved salt contributes to the formation
of solvation with the particular component in the mixed solvent. The
author feels that the study should be continued in order to make the salt
effect clear so that it will be possible to apply the above described idea
to other systems also.

Glossary of Symbols

S — preferential solvation number ( —)
x = liquid-phase composition ( mole fraction)
y — vapor-phase composition (mole fraction)

Superscript

! — salt free

Subscripts

1 = first component

2 = second component

3 = third component

a = free solvent molecule not solvated
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Error Analysis of Isobaric Liquid-Vapor
Equilibrium Data for Mixed Solvents

Containing Salts at Saturation

DEREK JAQUES

Department of Applied Chemistry, Royal Melbourne Institute of Technology,
Melbourne, Victoria, 3000, Australia

In the calculation of total pressure and vapor composition
from boiling point data using the indirect method, the
greatest source of error lies in the liquid-phase composition.
We have attempted to characterize the frequency distribu-
tion of the error in the calculated vapor composition by the
standard statistical methods and this has given a satisfactory
result for the methanol-water system saturated with sodium
chloride when the following estimates of the standard devia-
tion were used: x, 0.003; y, 0.006; T, 0.1°C; and =, 2 mm Hg.
This work indicates that in the design of future experiments
more data points are required and, for each variable, a
reliable estimate of the standard deviation is highly desirable.

Recently there has been considerable interest in the chemical literature
on the subject of thermodynamic consistency, evaluation of data, and
in error analysis of salt-free data. These authors (1,2, 3,4), for reasons
of simplicity, chose isothermal data where the isothermal-isobaric form
of the Gibbs-Duhem equation can be used with only a very small error.
We are interested in isobaric data containing salts at saturation because
most salt data are measured under these conditions. Also the model we
wish to use is based upon Barker’s method (5) which predicts vapor
composition from boiling point data. This approach has been discussed
previously in some detail by the present author (6) and for alcohol/water
systems it was preferable to the correlation of excess free energy which
incorporates the redundant y-values and their associated errors. Further-

0-8412-0428-4/79/33-177-039$05.00/1
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more, a suggestion was made (7) that as Othmer liquid-vapor equilib-
rium stills have been used extensively there is uncertainty in the deter-
mination of temperature. Hence we ask what is the relative importance
of the errors in each variable. If the importance of the T-error was
much greater than the y-error the Barker method might not be the best
approach.

There are three sources of error in the calculated vapor composition
when these are calculated from boiling point data: random error in each
experimental observation; systematic error in one or more of the observa-
tions; and the model is imperfect (this is particularly true for isobaric
data because use is made of the Gibbs-Duhem equation which was
derived for constant temperature and pressure). In the present work we
shall assume that the only error in the data is caused by randomness.

The purpose of this work is to attempt to analyze the random errors
in each independent variable and assess which one contributes the
greatest error in the calculated quantities when use is made of the
indirect method.

Correlation Procedure

This procedure has been given in detail elsewhere (6) so it will only
be described here briefly for the sake of completeness. The function
3 (7= — m)? is minimized where the total pressure is given by the equation:

we == ZP1"y1®1 + (1 — ) pa'ye®2 (1)

The vapor pressure of each solvent is replaced by the vapor pressure of
the solvent saturated with salt at the observed temperature. The Wilson
Equation (8) is used to relate the activity coefficient on a salt-free basis:

Iny; = —In(1 — An(l —2)) 4+ (1 —2) {(_}%2_% B
(2)
_ TAn
1 —Axu(l —2) }
— A
Iny,= —In(1 — Apx) — { (} — 2)11:;.;12 T 1= A:;(zl1 —7) }
3)
where
a1 = Lo exp (—z/RT) @

Vi
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and

Ap—1— % exp (—Za/RT) 5)
2

One of two procedures can be used now. The equilibrium vapor com-
position is evaluated using the observed temperatures and Equation 6:

Iny = In(2py/®1/7) — In(1 — A (1 —2)) +

(l —Z)A xAzl (6)
(1=2) { T—Agr 1—A21(1—x)}

or alternatively the equilibrium temperature is calculated and substituted
in Equation 7:

In y = In(xp,’®1/7) —In(1 — Ay (1 — 7)) +

(1 - x)Am xAzl (7)
(l’x){ 1= Az ’1—A21(1—x)}

In the present work the second procedure has been used.

Error Analysis

We begin by defining the error in total pressure (Er) for each
measurement as:

Er=n—m.=mn —2zyip//® — (1 — 2)y2ps'®2 ®)

The independent variables are x, T, and . In Equation 8 the activity
coefficients are functions of x and T, the vapor pressures are functions of
T, and the fugacity coefficients and molar volumes are assumed free of
random error. Hence for the variance of the Er error we have:

dE\2 dE\? AN
2 __ [ ——= 2 - 2 = 2
SE (3217)1',17 Se + (aT)z,r St + (677')@,1' S (9)

Three differential terms are readily calculated at each datum but the
corresponding set of x, T, and = standard deviations are strictly unknown.
However we can make a reasonable estimate of these values and also
assume that each is independent of composition.

The vapor compositions are calculated from the equation:

_ Vih P, (10)

™

Y
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using the calculated temperatures. Hence we have the following vari-
ables: x, T, =, Z;, and Z,, but they are not all independent. So we take
x, =, Z1, and Z, as independent variables. The problems associated with
trying to assess the error in Z, and Z, will be discussed fully later. Here
it is sufficient to note that the actual values of Z; and Z, depend upon the
random errors associated with x, T, and = and hence the problem is
complex and not amenable to a full statistical treatment. The variance
of the y-error is given by:

ay\? av\?
S2— (X 2 9oy §.2
Y <3x)1r,z1,zz s+ <31r)z.z1,zz i
KAY 2 AN 2
+ <dZ1)z,1r,Zl SZI + 3Z2 z, 7,22 Szz

To check that the method can be used for isobaric data a set of
perfect data are generated and random errors added to x, y, T, and = in
turn and all together to see what effect they have on our standard pro-
cedure. For large samples we expect 68% of the sample values to lie
within one standard deviation of the perfect value of the selected variable.
In the case of small samples, e.g., twelve data, error bounds are calculated
using binomial probabilities for each of the above variables so that, with
probability of 0.95, we expect 41-95% of the sample observations to lie
within one standard deviation of the perfect value of the selected variable
(the normal distribution is assumed). Twelve is a common number of
data points with salt-saturated solutions and this shows the desirability of
taking more experimental observations.

(11)

Application of Error Analysis

In a previous evaluation of salt-saturated data, it was found (7) that
the methanol-water system saturated with sodium chloride showed little
or no average bias for the calculated vapor composition for both the T —
x fit and the GE/RT — «x fit, it passed the area test quite easily and
showed satisfactory values of all sample derivations. Hence this system
was chosen for error analysis.

Stage 1. The MeOH/H,0/NaCl data are subjected to the correla-
tion procedure described previously which gives values of the Wilson
energy constants (Z, and Z,) and a new set of data for temperature and
vapor composition that are internally consistent (see Table I). The small
values of the standard deviation and the bias indicate good quality data
in the salt effect field. For the analysis of serial correlation among the
residuals we use the Durbin-Watson test (9). A run of positive or
negative signs in the series of residuals is some indication that the model
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Table I. Experimental and Calculated Data for the
MeOH/H;0/NaCl System at = = 762 mm Hg Pressure®

Xobs ¢ Yovs Yeale ¢ Toba Tcalc ¢
0.029 0.259 0.301 99.6 99.05
0.050 0.418 0.415 95.0 94.55
0.074 0.515 0.499 90.5 90.84
0.110 0.590 0.578 86.5 86.95
0.174 0.661 0.658 82.3 82.58
0.250 0.721 0.714 79.0 79.29
0.348 0.766 0.763 76.2 76.30
0.448 0.804 0.803 74.0 73.88
0.557 0.841 0.842 72.2 71.61
0.653 0.875 0.875 70.2 69.77
0.768 0.913 0.915 68.0 67.70
0.878 0.953 0.954 66.1 65.82

Durbin—
RMS Watson
Deviation Bras Test (D)

x-values 104 —-3.0 0.57
y-values 0.014 0.0 1.04
T-values 0.40 0.11 0.60

¢ New data set.

used is inadequate. In the present case for isobaric data we would not
expect the model to be perfect because of the use of the Gibbs-Duhem
equation which is not strictly applicable to isobaric data and so a value
close to two is not to be expected. However, we shall use the test to give
a relative measure of the adequacy of the model.

Stage 2. We produce 99 equally spaced x-values between 0 and 1
excluding the two extreme values. By using the values of Z; and Z,
found in Stage 1 and the experimental total pressure value for the
MeOH/H;0/NaCl system we calculate the corresponding values of y
and T. Next we introduce normally distributed random errors of zero
mean for each variable by specifying the standard deviation of #, y, T,
and =, respectively, and add them in turn and then all together to the
generated data. The following values of the standard deviation were
selected: x, 0.003; y, 0.006; T, 0.1°C; and =, 2 mm Hg. The latter was high
because Johnson and Furter (10) did not connect a monostat to their
equilibrium still. The average variation of atmospheric pressure quoted
for their data set is =2 mm Hg. The choice of the other values was
determined by the requirement that 68% of the differences between the
generated data plus random error and the generated data must lie within
the specified confidence levels based on Equation 11. Figure 1 shows Sp
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Figure 1. Effect of errors in x, T, and = on the calculated standard devia-
tion of E in Equation 9: (1) 3 simultaneous errors; (2) x-error; (3) T-error;
(4) m-error

plotted against x (Equation 9) where the effect of error in each variable
separately and then all together is shown. Note that the effect of x is
always appreciable and is the dominant variable at low x-values.

Figure 2 shows S, plotted against x (Equation 11) for all four vari-
ables (i.e, x, =, Z;, and Z,) separately and then together. Again x is the
dominant variable at low x and has an appreciable effect over the remain-
ing concentration range.

It is perhaps worth mentioning that in Equation 10 y is a function
of x, =, T, Zy, and Z, but they are not independent variables, because if
x, m, Z,, and Z, are known T can be calculated. Hence the error in the
measured T is included in the errors associated with the energy param-
eters. The fact that they also contain x and = errors complicates the
statistical treatment. The level of error associated with the Wilson energy
parameters is difficult to quantify. The problem arises because the values
of the parameters are governed by the errors in x, T, and = through the
use of Equation 8. We examined the sum of squares (Equation 8) for a
range of values of the two parameters to see if they are robust, i.e., to see
if slight changes in value caused large changes in the sum of squares and
found this not to be so. We assumed an error level of 2% for each energy
parameter as being reasonable.
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Table II gives the standard deviations of pressure, vapor composition
and temperature, and the corresponding bias and D-value as each variable
is changed randomly and then as all four are changed simultaneously.
We see that the random error of x contributes ca. 75% of the induced
error in the value of the standard deviation of both the pressure and
temperature while the random error of T and = only contribute about
12% each. On the other hand the random errors of x and y contribute
equally to the induced-vapor composition standard deviation with the
pressure making a negligible contribution. The bias values are negligibly
small except for the pressure standard deviations where they are still not
large. The final column has D-values at least equal to two and this gives
one confidence in the model and suggests it is adequate for good quality
data as in this particular case the only source of error is caused by
random behavior.

0.03 4

0.024
0.01+
Ve
3 eommmT = — e |
_,é::-:‘“‘m 55" e,
0 | J | J | |
0 0.2 0.4 0.6 0.8 1.0

Figure 2. Effect of errors in x, T, Z,, and Z, on the calculated standard devi-
ation of the y-error in Equation 11: (1) 4 simultaneous errors; (2) x-error;
(3) w-error; (4) Z,-error; (5) Z,-error
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Table II. Effect of Random Error on 99

Standard Deviation
Y T T All 4
w-Value 5.7 — 2.6 24 6.8
y-Value 0.006 0.006 — 0 0.008
T-Value 0.23 — 0.09 0.08 0.27

Stage 3. The twelve calculated data from Table I are processed by
adding normally distributed random errors of zero mean to each variable
in turn and then all together. The results are shown on Figures 3 and 4
for Ar and A,, respectively. The confidence regions also are shown and
we observe that 92% and 58% of the calculated differences, respectively,
fall within these limits. For 12 data points there is a 95% probability
that between 41% and 95% of the calculated values should lie within the
confidence limits. This wide range for a small number of data points again

104
AT
5=

-10+

-159

L] L Ll L J

Y 0.2 0.4 x 0.6 0.8 1.0

Figure 3. Pressure difference and the 68% confidence region for the 12
calculated data of Table I
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Simulated Data for MeOH/H,0/NaCl
Bias Durbin Watson Test (D)
z v T - Alls =z Y T ™ All 4

—0.3 — 016 006 011 14 — 1.6 2.1 20
0 0 — 0 0 14 1.7 — 1.9 21
001 — —001 —001 —001 15 — 1.8 23 2.0

highlights the desirability of taking a large number of observations. Table
III shows the standard deviation, bias, and D-value for the simultaneous
addition of random errors to all variables.

Finally the original data are shown on Figures 5 and 6 together with
the confidence regions. Now we see that 42% of the pressure differences
lie within the confidence levels while 66% of the vapor composition
differences are within the levels. Included in Table III are the standard
deviations, bias, and results of the Durbin-Watson test. Comparison of
the two sets of results indicates appreciably larger values for standard
deviation and bias for the experimental results whereas for the D-test the

0.04

0.02+4 o

Dy

o
(o] S— ot
(O o) °
(o] ) L
(o]
-0.024
‘004 L L | | |
o 0.2 0.4 0.6 0.8 1.0

x
Figure 4. Vapor com;taﬁgsn. di&ermce a ATagliqla confidence region for
Society Library
1155 16th St. N. W.
Washington, D. C. 20036
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Figure 5. Pressure difference and the 68% confidence region for the metha-
nol-water—sodium chloride system

reverse is true. Part of the explanation for this lies in the particular set of
calculated data plus random errors used in Table III. One hundred sets
of calculated data containing simulated random errors were processed
and the average value of the pressure standard deviation and its standard
deviation calculated. This was 5.0 == 3.4. Hence the particular set used
in Table III was on the low side of the mean. The other part of the ex-
planation for the apparent discrepancy is given in the next section.

Table III. Comparison of 12 Experimental Data and 12
Simulated Data Containing Random Error

Standard Deviation Bias D-value
Ezxptl. Calc. Ezxptl. Calc. Exptl. Cale.
w-Value 10.4 3.1 —3.0 —0.8 0.57 1.14
y-Value 0.014 0.009 (] 0 1.04 2.28

T-Value 0.40 0.11 0.11 0.3 0.60 1.20
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Figure 6. Vapor composition difference and the 68% confidence region for
the methanol-water—sodium chloride system

Conclusions

In the analysis of the effect on the calculated quantity of random errors
in measured quantities it is unfortunate that the only model susceptible
to an exact statistical treatment is the linear one (11). Here we have
attempted to characterize the frequency distribution of the error in the
calculated vapor composition by the standard methods and have not
included a co-variance term for each pair of dependent variables (12).
Our approach has given a satisfactory result for the methanol-water—
sodium chloride system but it has not been tested on other systems and
perhaps of more importance, it has not been possible, so far, to confirm
the essential correctness of the method by an independent procedure.
Work is currently being undertaken on this project.

Several conclusions can be drawn from this work. First, in the
calculation of total pressure and vapor composition from boiling point
data the greatest source of error lies in the liquid-phase composition,
particularly at low concentration. Second, the estimates of the standard
deviation for vapor composition and temperature of 0.006 and 0.1°C,
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respectively, are quite low and suggest that the main effort is required
in reducing the error in the first conclusion. Certainly with the present
set of data the measurement of T-r-x data only would have given very
satisfactory y-values. Third, unless a more sophisticated approach is to
be used for collecting isobaric data, data determined at very low x-values
are going to be subject to a very large random error and hence it would
be more profitable to obtain extra data at higher x-values. Finally, in the
design of future experiments we need more data points and, for each
variable, a reliable estimate of the standard deviation should be
determined.

Nomenclature
Subscripts:

1 = alcohol

2 = water

¢ = calculated

Az, A2 = constants in Wilson equation
Er = pressure difference in Equation 8
p’ = vapor pressure of Component i saturated with salt
Sz» Sy, S, Sp — estimate of standard deviation of the error in the experi-
mental variables x, y, =, and T, respectively
Sz;, Sz, — estimate of the standard deviation of the error in the

calculated energy parameters

Sz = calculated standard deviation of E in Equation 9

S, = calculated standard deviation of the error in y in
Equation 11

T = temperature, °C

V: = molar volume of Component i

x — mole fraction of alcohol in liquid phase, calculated on a

salt-free basis
y = mole fraction of alcohol in vapor phase
Z,,Z, — energy parameters in Wilson equation commonly expressed
as (A — Aig)

v« = activity coefficient of Component i
Ar = 7 — m
Ay =Yy — Y.

= = total pressure

®; = correction term for nonideality of Component i in an indeal
gaseous solution and is the reciprocal of the fugacity
coefficient.
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The Concept of Basicity in Mixtures of
Water with Organic Solvents

C. F. WELLS

Department of Chemistry, University of Birmingham, Edgbaston,
P.O. Box 363, Birmingham B15 2TT, England

The concept of acidity and basicity in mixed solvents is
discussed and a method for analyzing differential solvation
effects is described. This enables the free energy of transfer
of the proton between water and the mixed solvent,
AG,°(H*), to be calculated, and thereby AG.°(i) for i = X~
and M, using values for AG°(HX) and AG:°(MX). The
pK, values for acids are combined with AG°(H*) to calculate
proton affinities in mixed solvents, and these are used as
measures of free energies of transfer of the charges on the
molecular species, AG.°(i).. Values of AG.°(i) and
AG,°(i), are compared for a range of co-solvents and the
factors influencing the way these quantities vary with solvent
composition are discussed.

The early observations of Goldschmidt and his co-workers and of

others (1-12) using kinetic, conductiometric, and electrometric tech-
niques suggested that water, when present in small concentrations in an
organic hydroxylic solvent, appears to be more basic than the organic
solvent. However, Hammett’s Acidity Function (13), H,, showed that
the acidity of a solvent to a dissolved solute varied quite considerably
with composition. Although the latter concept has proved to be very
useful in interpreting the kinetics of acid-dependent reactions of solutes,
it is of little value when one of the reactants is a component of the solvent
system (14,15). The simple Bronsted-Lewis notion of an acid-base
relationship requires considerable modification in a mixed solvent with
varying component ratios. The extrema found in a mixed solvent in the
variation of H, with composition (16, 17,18,19) must mean that the

0-8412-0428-4/79/33-177-053%05.75/1
© 1979 American Chemical Society
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nature and the structure of the solvation of the proton varies over the
whole range and that its acidity depends strongly on solvation.

This partition of the proton between the two components of the
solvent has been investigated in water-rich conditions spectrophotomet-
rically using p-nitroaniline B as the solute.

K
(H2O).‘0H’solv + ROH solv = {(Hzo)w-lROH}H*solv + Hzosolv (1)
K,
Bsolv + (HZO)zH*solv = BH’solv + Hzosolv (2)

K
Bsolv + {H2O)w-lROH}H*solv ‘é BH’solv + ROH solv (3)

K is the thermodynamic equilibrium constant for the solvation sorting of
the proton as in Equation 1, and K; and K, are the thermodynamic
equilibrium constants for Equations 2 and 3, respectively. For a range of
concentrations of mineral acid at a constant added concentration of ROH,
a, at constant ionic strength and temperature, with ¢, equal to the total
added concentration of p-nitroaniline and ¢ and cg equal to [Byy] with
and without the ROH present, respectively, plots of ccr/(ck — c)
against cg/(c, — cg) are always linear (20, 21, 22) for a wide variation in
the chemical identity of ROH. The mineral acid used is normally HCI,
with the ionic strength maintained at 1.00 mol Lt If F; = fgfe/fsn+
fazo and Fy = fg fromy/feae from, Where f = activity coefficient, P —
(HzO)zH*mlv, and ROH2 = {(HzO)@.lROH}H’solv, Equation 4 can be
deduced from Equations 1, 2, and 3,

CCr KoF, . WrCo Cr CoWr (4)
cg—c¢ KiFy a Co — Cr K,Fa

provided wF, — wgFy’; wg = [H;0] in the presence of ROH, w =
[H:O] in the absence of ROH and F,’ = F, in the absence of ROH. This
requirement is equivalent to the assumption that K,Fy'w™ = K;Fjwg™:
it is supported by the observed linearity of the plots for c cr/(cr — )
against cg/(c, — cg), the coincidence of the intercepts of these plots
with c,w/K;Fy’a using K;F,'w™ determined in the absence of ROH, and
by the invariance of K;F;'w! for a wide range of [ROH] when ROH is
glycerol for which K of Equation 1 is very small (20, 21, 22, 32, 33, 34, 35,
36). Applying Equation 4 to the plots, their slopes are given by Equa-
tion 5,

KoF2  weco _ [ROH][P] | froms fmzo . Co _ FeCo (5)

1 =
slope K,F, a [RéHz] fe from @ K.a
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where Fc = fROHz szo/fp fROH and Kc = [ROHz]/[P] [ROH]. Assuming
that the symmetrical F, — 1.0, K. — c,/(slope)a. Now, K;F, can be
calculated from the slope and the intercept of these plots, and this enables
[ROH,] to be calculated at individual total concentrations of mineral acid,
[H*]r, at constant [ROH], ionic strength (I), and temperature (T').
Thereby, K. —= [ROH:]/(a — [ROH,])([H']r — [ROH,]). Values of
K. calculated by this latter method agree well with those calculated from
the slope alone, which adds further support for the above assumption
(20, 21, 22, 32, 33, 34, 35, 36). At low [ROH], K. depends strongly on the
electron-releasing properties of R and on the chemical structure of R (20,
21,22). K. determined in this way is in good agreement with values
determined from the kinetics of acid-catalyzed reactions (24), conduc-
tivity measurements (25-31), ionic transport (25-31), and calorimetry
(25-31). K. at low [ROH] varies in the range 0.1-1.0 L mol™ for a wide
variation in the chemical identity of ROH. This implies that an HyO is
less basic than ROH in water-rich conditions, as indeed the electron-
releasing properties of R require: this can be pictured as an ROH replac-
ing an H,O in the solvation sheath of H3'O so that the stability of
(H3'0)4o1y is increased by extending the sharing of the distribution of
electrons via hydrogen bonding among the solvent molecules to include
an ROH, with the bonding strengthened by the electron-releasing
properties of R.

When this treatment is extended to higher concentrations of organic
component (i.e. 10-50% wt), similar experimental results are obtained
(20, 21, 22, 23, 32, 33, 34, 35,36) : linear plots for ccr/(cr — c) against
cr/(c, — cr) and agreement between K, via the two methods. Although
the solvated aqueous proton is commonly assumed to be (H:0),H,q", i.e.
{H3'O(H20)3}aq, With a trigonal-pyramidal arrangement of H,O mole-
cules around H3*0O, it is more convenient when discussing the transfer of
the proton between water and a mixed-aqueous solvent to consider the
solvated aqueous proton as approximating to a sphere with an additional
H,0 molecule at the apex of the tetrahedron. This structure, {H5'O-
(H20)4}aq, has a tetrahedral arrangement of H,O molecules in the imme-
diate coordination sphere around the central H3*O: this is consistent with
the tetrahedral arrangement of orbitals around the central O atom with
each orbital involved in hydrogen bonding. The arrangement of O atoms
for these two structures is shown in Figure 1 with O-O indicating a
hydrogen bond. The free energy change for Equation 1 will include
contributions from the replacement of an H,O in the coordination sphere
of Hy'O in Figure 1b by an ROH molecule (as discussed above) and
from changes in the interactions with the solvent molecules outside the
coordination sphere. This free energy change, AG°(ROHy,), is given by
Equation 6,
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AG° (ROH;) — — RTInK — — RT In {K.(55,345 — a)}  (6)

Upon transferring {H;'O(H;0),} from water into the mixture, water -4
ROH, the free energy of transfer, AG,°(H*), will consist of a component
derived from the transfer of the spherical{H;'O(H20),} between the two
dielectric surroundings plus the contribution from Equation 6 owing to
the changes represented by Equation 1: this is shown in Equation 7,

AG:® (H') = {Ne*(D,* — Dy') /(6 rago) }
—[ROHseo] BT In {K. (55345 —a)}  (7)

where N is Avogadro’s number, e is the electronic charge, rm,o is the
radius of the water molecule, and Dy, and D, are the dielectric constants
for water and the mixed solvent respectively. [ROH; sory] = {(H20;.1-
ROH}H*,,, in the mixed solvent is calculated from Equation 8 which is
derived using Equation 9,

[ROHzuor] — 0.5 {4 — (A2 — 4a)#) (8)
[R6H2solv] + [(Hzo) zH*solv] =1 (9)
where A is as defined in Equation 10,

A=a+1+K? (10)

The free energy of transfer at 25°C for a species MX between water
and the mixed solvent can be calculated from Equation 11,

AG:° (MX) — 96.5 (Ew° — E,°) kJ mol (11)

(a) (b)

Figure 1. Structures for the hydrated proton
in water: (a) trigonal pyramidal; (b) tetrahedral
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where E° and E,° are the standard electrode potentials in water and the
mixed solvents, respectively, for an appropriate cell (32,33, 34, 35, 36).
AG;°(HX) can be determined from Equation 11 with M = H, and when
these values are combined with the values for AG;°(H*) calculated as
described above, values for AG;°(X") can be obtained; then, from
AG;°(MX), values for AG,°(M*) can be calculated. Alternatively, for a
sparingly soluble salt MX, with a solubility product K,, AG;°(MX) is
obtained from Equation 12,

AG:°(MX) = RT In (K,"/K,*) (12)

where superscripts w and s indicate water and the mixed solvent respec-
tively. For M = H* and X — OH-, Equation 13 can be used to derive
values for AG,°(HOH),

AG,° (HOH) — RT In (Ki,"/Kyp®) + BT In {(ary0%)%/mums} (13)

where K, is the ionic product as designated by the appropriate super-
script, am.o® is the activity of water in the mixed solvent on the molality
scale, and m,, and m, are the molalities of water in pure water and in the
mixed solvent respectively. AG;°(OH-) then can be calculated using
AG;°(H*) for the appropriate mixture.

Values for AG,°(H*), AG;°(M*), and AG,;°(X") have been published
(32, 33,34, 35) for the mixtures water + methanol, water 4 acetone,
water + isopropanol, water -+ ethylene glycol, water + glycerol, and
water 4 tert-butanol. As values are now available for water 4 ethanol,
water 4 dioxan, and water -+ dimethyl sulfoxide, it is interesting to
compare free energies of transfer for these new mixtures with those
already available in the above mixtures. E° values for MX with these
new co-solvents have been derived from the published data (37-61):
values for K. have been determined experimentally from linear plots of
ccr/(cr — c) against cr/(c, — cgr) for the appropriate solvent mixtures
using HCI and p-nitroaniline at a constant ionic strength of 1.0 mol L!
maintained by the addition of NaCl and at a constant temperature of
25°C. If there are no interactions of the ions with the solvent, then
AG;° obtained using the Born Expression (as used above for the dielectric
contribution to AG;°(H*)) should be always positive for both M* and X~
for co-solvents like those listed above where Dy < Dy. Figures 2 and 3
show that H* and K* are more stable in the mixtures than in water, except
for K* in water 4+ methanol. In general, AG,° is negative for all cations,
including quaternary ammonium cations and the ferrocinium cation, for
all solvent mixtures including water 4 methanol. The curves for X~ =
CI" in Figure 4 are typical of those for all simple anions, with positive
values for AG;°(X"). However, the values for AG;°(X") are much greater
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than those expected from the simple Born Expression. The order of
AG,°(X") among the halide ions is always CI" > Br~ > I'; AG,°(F") is
available in water + methanol, and there the order is F- > CI" > Br~
> I~ (32,66). When data are available for ClOy", the order in AG°(X)
isCl" > Br > I > ClO;” (F- > ClI" > Br > I > ClOy in water +
methanol). Thus, although the values of AG,°(X") are much bigger than
the values expected using the Born Expression, the order of AG,°(X") is
still in the order expected from this expression as indicated by the order
of their ionic radii: however, the above order is also the reverse order of
the structure-breaking effects of the anions on the solvent (62, 63, 64, 65).
The position of OH- in the series of AG;°(X") depends on the identity of
the co-solvent. For co-solvents where an H atom can ionize to give a
solvent anion, AG,® is always low, e.g. methanol and ethylene glycol,
becoming negative for ethylene glycol (Figure 5); clearly, some stabiliza-
tion in the mixed solvent arises from the production of the co-solvent
anion by proton exchange. Only with co-solvents not possessing such an
ionizable proton does OH- sit in its expected position on the structure
breaking/forming order, OH- > CI > Br > I' > ClOy}; this is exempli-
fied by the curves for OH- with the co-solvents dioxan and dimethyl
sulfoxide in Figure 5. Alkyl and aryl groups, especially when forming the
major bulk of the molecule, are known to confer a structure-forming
capacity on the molecule. Thus, AG;°(M*) for M* — R(N' with R —
alkyl tend to be more negative than values for M* — a unipositive cation
like Na* or K*. Therefore, it is not surprising that BPh,~ behaves so
differently from the other anions—having large negative values for AG.®
(Figure 6).

For larger cations and anions that eject or associate with, respectively,
a proton, this analysis can be taken a stage farther (66). It is possible to
calculate AG,® which derives solely from the transfer of the charge on the
species, eliminating the contribution to AG,® which arises as a result of
its size and chemical identity. For an acid-base system as in Equation 14,

Ka
Asolv = Bsolv + H*solv (14)

the change in the proton affinity P, of B on transferring the system from
water to water + co-solvent at 25°C is given by Equation 15,

AP, — 5.70 (pK.* — pK.*) + AG,°(H") kJ mol™ (15)

where superscripts w and s refer to water and the mixture, respectively.
When A and B are large, the chemical difference between A and B is
minimal; so for a cationic acid A* producing a neutral conjugate base B,
AG°(B) equals AG,° for A arising solely from its chemical bulk, i.e. it
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equals the neutral component of AG,°(A*), designated as AG;°(A"),,
and therefore AP, equals AG;° of A* arising solely from the effect of its
charge, designated as AG;°(A*).. Similarly, for the “bulk” component
for an anionic B~ produced from a neutral A, AG;°(B"), is equal to
AG;°(A), and consequently AG,;°(B"). is equal to — AP,. Positive values
are found always for AG,°(B")., and are similar to those found for
AG.°(X") for simple anions. However, as Figure 7 shows for B~ — acetate
ion, AG;°(B"). is not even nearly related linearly to the reciprocal of the
dielectric constant, as the Born Expression predicts for the transfer of
the charge between two dielectric media. Other examples of AG:°(B").
are shown in Figures 9, 10, and 11. Figures 12 and 13 show that AG;°(A*).
is negative at low-mole fractions of co-solvent x;, comparable with the
variation of AG,°(M*) with x, for simple cations. The pK, data used in
the derivation of these free energies were taken from Refs. 67-89.
Looking at Figures 8, 9, 10, and 11, one notices the special place
which tert-butanol appears to occupy among the co-solvents: there is
always an extremum at low x, in the variation of AG,° with x for tert-
butanol. To a lesser extent, this also occurs with ethanol. This extremum

~N
o
I

—_
[
T

lacetat elgkJ mot”!

°
(=]
T

| 1 | 1
0010 0.06 0.020 0.025 0.030

1
ot 005

Figure 7. Plots of AG,°(CH,COO"), for water + co-solvent at 25°C
against reciprocal of the dielectric constant with the following_ co-solvents:

(©) methanol; (V) ethanol; (>-0) acetone; (@) dioxan; (R) tert-butanol; (A)
dimethyl sulfoxide
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Figure 8. Plots of AG,* (CH,COO"), zor water + co-solvent at 25°C

against mole fraction of co-solvent with the following co-solvents: (©)

methanol; (V) ethanol; (3{) acetone; (@) dioxan; (R) tert-butanol; (A)
dimethyl sulfoxide

with tert-butanol is emphasized by the variation of AG,°(anion), with
x, for several other anions in Figure 14. Using properties of solvent
mixtures such as changes in the partial molar volume of the co-solvent,
Avol; = vol; — vol,® (90), changes in the structural contribution of the
co-solvent to the variation in maximum density, AT® (91, 92), and changes
in the ultrasonic absorption (93) with x,. This sharp change in AG.°
always occurs in the region where there are considerable changes in
structure in solution. This behavior can be contrasted with the absence
of an extremum in AG,° at low x, for solvents like dioxan and dimethyl
sulfoxide where, if extrema occur in the other properties of the mixed
solvent, they are found at higher x, (91, 92, 94, 95, 96, 97, 98). Therefore,
in addition to the classification of the types of variation in AG,° according
to the structure-breaking or -forming capacities of the ions themselves,
there is also a pronounced effect depending on the structural effect of
the co-solvent in the mixture.

For a species i, AG,°(i) must be related to changes in the excess free
energy of mixing the two solvents, AGy®, produced by i, AAGyE. This
latter quantity is in turn related to the differential effects on the excess
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Figure 10. Plots of AG,°(CH,CH,COO"), for water + co-solvent at

25°C against mole fraction of co-solvent with the following co-solvents:

(©) methanol; (1) isopropyl alcohol; ( 7 ) ethonol; (®) dioxan; (M) tert-
utano



Published on June 1, 1979 on http://pubs.acs.org | doi: 10.1021/ba-1979-0177.ch005

5. WELLs  Basicity in Mixtures 67

AG:(benzoate)ekJ mol~!
b S

-
o

wn

]
0.5

1 1
01 02 mote? fraction of’* co-solvent

Figure 11. Plots of AG,°(C4H;COO"), for water + co-solvent at 25°C
against mole fraction of co-solvent with the following co-solvents: (©)
methanol; (V) ethanol; (}O acetone; (@) dioxan; (A) dimethyl sulfoxide

enthalpy of mixing, AHy®, and the excess entropy of mixing, ASy®, of the
solvents, AAHu® and AASy®, respectively, as expressed in Equation 16,

AG° (1) = AAHyF — TAASKF (16)

The sign of AG;°(i) will depend on the relative magnitudes of AAHy®
and T AASy®, ie. on whether the energetic or configurational effect
dominates. These are classified in Table I according to the structure-
forming or -breaking effect of the ion. The proton is always in Category
1, except for glycerol where AG,°(H*) is small and positive (33) and
Category 2 applies (not shown in Figure 2). K" is in Category 1, except

Table I. (34)

Structure-forming i: Structure-breaking i:
AAHy® and AAsy® AAH P and AAsy®
Sign of AG.°(i) (both negative) (both positive)

Negative |AAHWE| > |TAASKE| (1)  |TAASWE| > |AAH®| (3)
Positive |TAASWE| > |AAHNE| (2) |AAHNE| > |TAASKE| (4)

Journal of the Chemical Society, Faraday Transactions 1
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Figure 12. Plots o{ AG,° (n-propylammonium’),

for water + co-solvent at 25°C against compo-

sition of the mixture with the following co-

solvents: (©) methanol; (V) ethanol; (®) di-
oxan; (A) dimethyl sulfoxide

for methanol where Category 2 operates (Figure 3). CI is always in
Category 4, as are all the other halide ions and ClO," for all co-solvents.
In contrast, where the proton exchange with co-solvent is absent, the
structure fromer OH" is in Category 2 along with F- and the structure
former BPh, is always in Category 1 (Figure 6). The difference between
OH™ and F- on the one hand and BPh;™ on the other may lie in the two
different types of structure-forming effect: OH- and F- presumably are
involved in hydrogen bonding with solvent molecules, whereas BPhy" is
involved in hydrophobic bonding (99). The anilinium ion and the n-pro-
pylammonium ion, as structure formers, are always in Category 1 at low
%z, but they soon change to Category 2 as x, rises: here, too, hydrophobic
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bonding will also occur, but now accompanied by the structure-forming
effect of the positive charge. The carboxylate anions are more difficult
to classify, but assuming that the normal effect of a negative charge is
structure breaking, then they always fall into Category 4. For structure-
forming positive ions, generally — AG,°(i) increases with increasing
structure-forming capacity, e.g. increase in the positive charge on i for
the simple cations or increase in the size and branching of R in R{N":
these effects cause the difference between T AASyE and AAHyF in Cate-
gory 1 to increase.

The behavior of the proton in the mixed solvent is very similar to
that of the other cations: in general they are stabilized in the mixed

+
(921
I

+ -1
IPhNHeE kJ,mol 3

t
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1 ] | I
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| l ! 1
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Figure 13. Plots of AG,°(anilinium’), for water
+ co-solvent at 25°C against composition of
the mixture with the following co-solvents: (©)
methanol; (V) ethanol; (3+{) acetone; (@) di-

oxan; (A) dimethyl sulfoxide
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Figure 14. Plots of AG,°(carboxylate), for water +

tert-butanol at 25°C against mole fraction of tert-buta-

nol with the following carboxylate anions: (©O) buty-

rate; () 1-butyrate; () 1-valerate; (A) pivalate; (V)

caproate; (@) diethylacetate; (- - =) cyclohexanecar-
boxylate

solvent. For the proton, the structural effects are presumably a combina-
tion of the penetration of the inner coordination sphere around H3*O by
the co-solvent through its electron-donating power being higher than that
of H,O and of orientation effects outside this coordination sphere i.e.
general stabilization of the “cluster” of solvent molecules around the ion,
with a greater effect in the mixed solvent than in pure water. Similar
effects will operate with other cations, except that for a co-solvent mole-
cule with a lower dipole moment than that of water with inorganic
cations not possessing d orbitals, these effects in the cluster must be
largely outside the inner coordination shell. For inorganic anions, AG,°(i)
is always positive except for some anions in water -+ glycerol (32, 33, 34,
35, 36), but the values are much greater than those required by the Born
Expression, even though the order in anion, OH- > CI" > Br > I >
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ClO;, in a solvent where OH~ cannot produce a co-solvent anion (F~ >
CI' > Br > I" > ClO, in water 4+ methanol), is roughly related to the
order of the reciprocal of size, as required by the Born Expression. As
pointed out above, this is also the reverse of their order of structure-form-
ing capacity; but OH™ and F-, as net structure formers, require a different
balance between energetic and configurational effects than those of the
other anions. In general, as the dipole moments of the co-solvent mole-
cules are less than that of H,0 (34), replacement of H;O in the inner
coordination sphere of an anion by a co-solvent molecule is unlikely,
except for ethylene glycol and glycerol which have dipole moments
greater than that of H,0O (34). Perhaps it is best to discuss possible
effects in water + dioxan, where dioxan has a dipole moment of zero
and is the least likely to appear contiguous with a halide anion and the
structural effects are most likely to be produced outside the coordination
sphere. The introduction of an anion except OH" and F- induces structure
breaking with energetic changes dominating configurational effects (Cate-
gory 4). The reverse order in AG,°(i) with respect to the order of the
increasing structure-breaking effect of the anion may arise from an en-
hancement of the polarization of the anion electron density by the positive
end of the H,O dipole caused by quenching of the vibrational and rocking
motions of the latter (32, 33,34) in the more rigid conditions prevailing
in the mixed solvents at low x,. Although, in water -+ alcohol mixtures,
this increase in rigidity over that in water at low x, probably largely
results from the stabilization of the “iceberg-like” structures of water
caused by the alkyl groups (63, 64, 65), the physical properties of water
+ dioxan suggest (36) that this effect is relatively small with dioxan,
although the electron-releasing properties should cause dioxan to encour-
age hydrogen-bond formation in the mixture extending to higher x,. If
the change in —AH from this effect is greater than the accompanying
change in —AS and it increases in the same order as the polarizability of
the anions, CI" < Br" < I" < ClO;~ (33), the resulting difference between
AAHyP and T AASyE could decrease in the latter order. With OH™ or F-,
the dioxan molecule’s capability for hydrogen bonding may allow a di-
oxan molecule to become contiguous with the ion, and this structure
formation, together with that outside the coordination sphere, results in
Category 2 and a change in the balance of energetic and configurational
effects in favor of the latter.

Glossary of Symbols

H, = Hammett’s Acidity Function
B = p-nitroaniline
BH* = protonated p-nitroaniline
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K, K;, and K; = thermodynamic equilibrium constants for Reactions 1,
2,and 3
ROH = co-solvent
a = added molar concentration of ROH
¢, = total added molar concentration of B
¢ = molar concentration of B with HCI present
cg = molar concentration of B with both HCl and ROH
present
P— (HZO)QH‘SOIV
F,, Fy, and F, = activity coefficient quotients
f, = activity coefficient on molar scale for species y
w = molar concentration of water in the absence of ROH
wg = molar concentration of water in the presence of ROH
[H*]t = total added molar concentration of mineral acid
K. = concentration quotient [ROH,]/[P][ROH]
I = ionic strength
T = temperature in Kelvin
R = gas constant
AG°(ROH;) = standard free energy change for the formation of ROH,
from H,,'
AG;° (i) = standard free energy change for the transfer of i from
water into the mixed solvent
N = Avogadro’s number
e = electronic charge
Dy, = dielectric constant of water
D, = dielectric constant of the mixed solvent
a0 = radius of the water molecule
E° = standard electrode potential in water
E,° = standard electrode potential in the mixed solvent
M = cation
X = anion
K" = solubility product in water
K,* = solubility product in the mixed solvent
K, = ionic product in water
K;p* = ionic product in the mixed solvent
am,0® = activity of water in the mixed solvent on the molality
scale
my, = molality of water in pure water
m, = molality of water in the mixed solvent
Agorv = acid molecule
Bsoiy = conjugate base of Agqy
K,¥ = acidic dissociation constant in water
K.® = acidic dissociation constant in the mixed solvent
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P, = proton affinity
AP, — difference in proton affinity between the mixed solvent
and pure water
AG,° (i), = component of AG,° (i) arising from the chemical bulk
of i
AG,° (i) = component of AG,° (i) arising from the charge on i
xz = mole fraction of co-solvent
vol, — partial molar volume of the co-solvent molecule
TE — structural contribution to the temperature of maximum
density
AGyE = excess free energy of mixing of water with the co-solvent
AHy® — excess enthalpy of mixing water with the co-solvent
ASyE — excess entropy of mixing water with the co-solvent
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Conductance and Tonic Association of Several
Electrolytes in Binary Mixtures Involving
Sulfolane (TMS) and Protic Solvents

GIUSEPPE PETRELLA’, ANTONIO SACCO, and
MAURIZIO CASTAGNOLO

Institute of Physical Chemistry, University of Bari,
Via Amendola, 173-70126 Bari, Italy

Conductometric and spectrophotometric behavior of sev-
eral electrolytes in binary mixtures of sulfolane with water,
methanol, ethanol, and tert-butanol was studied. In water—
sulfolane, ionic Walden products are discussed in terms of
solvent structural effects and ion—solvent interactions. In
these mixtures alkali chlorides and hydrochloric acid show
ionic association despite the high value of dielectric con-
stants. Association of LiCl, very high in sulfolane, decreases
when methanol is added although the dielectric constant
decreases. Picric acid in ethanol-sulfolane and tert-butanol-
sulfolane behaves similarly. These findings were interpreted
by assuming that ionic association is mainly affected by
solute—solvent interactions rather than by electrostatics.
Hydrochloric and picric acids in sulfolane form complex
species HCl,” and Pi(HPi),".

In recent years, in organic syntheses studies, dipolar aprotic solvents or
mixtures of these with protic solvents have been used more and more
frequently as media in which to carry out the reaction, because the rate
of reaction is much higher in these solvent systems than in protic ones.
These findings aroused the interest of research workers, so that electro-
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chemical studies multiplied with the aim of obtaining useful information
on ion-solvent and ion-ion interactions in aprotic and mixed protic—
aprotic solvents.

In this regard a systematic investigation has been planned in our
laboratory to study the behavior of several electrolytes in sulfolane
(TMS) and in its mixtures with different protic solvents. TMS possesses
a high value of the dipolar moment (4 — 4.65 D.U.) (I) and a dielectric
constant of intermediate value (¢ — 43.33) (2). The small changes of
these two quantities over a wide temperature range (1) shows that TMS
is a scarcely structured solvent, even though it has low AH and AS fusion
values (2.84 cal/g (3) and 1.1 eu (4), respectively), which are connected
to the fact that it first solidifies into plastic crystals of a mesomorphic
phase at 28.45°C and then at 15.43°C into a nonrotational crystalline
phase with transition AS higher than that of fusion (8 eu (4)). TMS has
a low autoprotolysis constant (pK — 25.45) (5), and, in spite of its high
dipole moment, it has very weak acidic and basic properties (pKpn+ —
—12.88 (6) and pK, > 31 (7). TMS has been chosen for our studies
because it appears anomalous among nonaqueous solvents since in this
medium several ions have very high Walden products, even higher than
in water (8,9,10). Moreover, ionic association constants greater than
expected on the basis of its dielectric constant were reported in literature
for some salts (11). These findings led us to believe that research on
ionic mobility and association to ion pairs extended to TMS mixtures with
protic solvents and might provide us with some interesting results.

Experimental Data

Ionic mobilities under consideration here are based on the results of
conductometric measurements carried out on diluted solutions (103 < ¢
< 7.10%mol/L) of Bu/NCl, BuNBr, Bu,NI, Bu,NCIO,, iAm;BuNI
(TABI), NaBPh,, and Nal in water—TMS at 30°C (2, 12). Experimental

Table I. Limiting

A,

X n(cP) € Bu,NCl Bu,NBr
0 0.8004 76.77 105.29 107.57
0.0208 0.9304 73.95 90.782 91.277
0.0744 1.282 68.32 66.83 66.297
0.1586 1.869 62.51 45.59 47.109
0.3098 2.860 55.79 30.36 31.298
0.6080 4.988 48.40 17.69 19.12
1 10.29 43.33 12.27 11.722

* For BugNCl, BusNBr, BugNI, BusyNClOs, iAmzBuNI, NaBPhy, and Nal in
water-TMS mixtures at 30°C.
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data were analyzed according to Fuoss—Onsager—Skinner treatment (13)
and the values of derived limiting equivalent conductances A, are sum-
marized in Table I together with TMS mole fraction x, viscosity », and
dielectric constant e of solvent mixtures. Limiting ionic equivalent con-
ductances have been obtained on the basis of the hypothesis suggested
by Coplan and Fuoss (14) A,* (iAmgBuN*) = A, (BPh,") = [A,(iAms-
BuNBPh,)]/2. Moreover, since iAmgBuNBPh, (TABBPh,) was not
soluble in water—sulfolane mixtures, the value of its limiting equivalent
conductance has been calculated by the equation:

A, (TABBPhy) = A, (TABI) 4 A, (NaBPhy) — A, (NaI) (1)

given that the salts TABI, NaBPh, and Nal are soluble in water-TMS
mixtures.

Information on ionic association phenomena have been obtained
conductometrically in water—TMS at 35°C for diluted solutions of LiCl
(15), NaCl (16), KCI (17), HCI (18), and NaClO4 (19). The study of
association to ion pairs has been extended conductometrically to diluted
solutions of LiCl in methanol-TMS at 35°C (20), and spectrophoto-
metrically to picric acid (HPi) in solutions of ethanol-TMS, and tert-
butanol-TMS at 30°C (21).

Also, in this case, conductivity data were analyzed by Fuoss—On-
sager—Skinner equations and limiting equivalent conductances A, and
association constants K, are collected in Table II together with physical
properties of solvent mixtures. Furthermore, Table III shows ethanol
and tert-butanol concentration in the<ns1:XMLFault xmlns:ns1="http://cxf.apache.org/bindings/xformat"><ns1:faultstring xmlns:ns1="http://cxf.apache.org/bindings/xformat">java.lang.OutOfMemoryError: Java heap space</ns1:faultstring></ns1:XMLFault>