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Preface to the First Edition

The rapid and substantial progress made in Pharmacy
within the last decade has crenied a necessity for a work
treating of the improved apparatus, the revised processes,
and the recently introduced preparations of the age.

The vast advances made in theoretical and applied chem-
istry and physies have much to do with the development of
pharmaceutical science, and these have been reflected in all
the revised editions of the Pharmacopoeias which have been
recently published. When the autbor was elecled in 1874 1o
the chair of Theory and Practice of Pharmacy in the Phila-
delphia College of Pharmacy, the outlines of study which
had been so carefully prepared for the classes by his eminent
predecessors, Professor William Procter, Jr, and Professor
Fdward Parrish, were found Lo be pol sirictly in accord,
either in their arrangement.of the subjects or in their method
of treatment, Desiring to preserve the distinetive charac-
teristics of each, an effort was al once made to frame a
systemn which should embody their valuable features, cm-
brace new subjects, and still retain that harmoeny of plan and
proper sequence which are absolutely sssential 1o the suc-
cess of any system,

The sirictly alphabetical classification of subjects which is
now universally adopied by phanmacopoeias and dispensa-
tories, although admirable in works of reference, presents an
effectual stumbling block Lo the acquisition of pharmaceuti-
cal knowledge through systematic study; the vast accumula-
tion of facts collected under each head being arranged lexi-
cally, they necessarily have no connection with one another,
and thus the saving of labor elfected by considering similar
groups together, and the value of the association of kindred
subjects, are lost to the student. In the method of grouping
the suhjects which is herein adopted, the constani aim has
been to arrange the latter in such a manner that the reader
shall be gradually led from the consideration of elementary
subjects 1o those which involve more advanced knowledge,
whilst the groups themselves are so placed as to follow one
another in a natural sequence.

The work is divided into six parts. Part I is devoted to
detailed descriptions of apparatus and definitions and com-
ments on general pharmaceutical processes.

The Official Preparations slone are considered in Pt 11,
Due weight. and prominence are thus given to the Pharmaco-
poeia, the Nalional authority, which is now so thoroughly
recognized.

In order (o suil the convenience of pharmnacists who prefer
to weigh solids and measure liquids, the official formulas are
expresaed, in addition 1o parts by weight, in avoirdupois
weight and apothecaries’ measure. These eqoivalenis are

printed in bold ivpe near the margin, and arranged so as 4o
fit them for guick and accurate reference.

Part [ ireats of Inorganic Chemical Substances. Prece-
dence is of course given to official preparation in these. The
deseriptions, solubilities, and tests for idenlity and impuri-
ties of each substance are systematically talrulated under its
proper title. It is confidently believed that by this methad
of arrangement ihe valuable descriptive features of the
Pharmacopoeia will he more prominenily developed, ready
reference facilitated, and close study of the details rendered
easy. Hach chemical operation is accompanied by equa-
tions, whilst the reaction s, in addition, explained in words.

The Carbon Compounds, or Organic Chemical Sub-
stances, are considered in Part IV. These are naturally
grouped according to the physical and medical properties of
their principal constituents, heginning with simple bodies
like cellulin, gum, ete, and progressing to the most highly
organized alkaloids, ete.

Part V is devoled to Bxtemporaneous Pharmacy. Care
has been taken to treat of the praciice which would be best
adapted for the needs of the many pharmacists who conduct:
operations upon a moderate scale, rather than for those of
the few who manage very large establishments, In this, as
well as in other parts of the work, operations are illustrated
which are conducted by manufacturing pharmacists.

Part VI contains a formulary of Pharmaceutical Prepara-
tions which have not been recognized by the Pharmacopoeia.
The recipes selected ave chiefly those which have heen here-
tofore rather difficult of access to most pharmacists, yet such
as are likely to be in request. Many private formulas are
embraced in the collection; and such of the preparations of
the old Pharmacopoeias as have notl been included in the
new edition, but are still in use, have been inserted.

In conclusion, the author ventures io express the hope
that the work will prove an efficient help to the pharmaceu-
tical student as weil as Lo the pharmacist and the physician.
Although the labor has been mainly performed amidst the
harassing cares of active professional duties, and perfection
is known to be unatiainable, no pains have been spared to
discover and correct errors and omissions in the text, The
author’s warmest acknowledgments, are tendered to Mr AB
Taylor, Mr Joseph McCreery, and Mr George M Smith for
their valuable assistance in revising the proof sheets, and to
the latter especially for his work on the index. The outline
illustrations, by My John Collins, were drawn either from the
actual objecls or from photographs taken by the author,

Philadelphia, October, 1885 JPR,

xfi
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Preface fo the Eighteenth Edition

In enticipation of setting forth this Preface and prior to
gathering thoughts on paper (or more accurately, the word
processor’y, this Editor paused Lo reread the preface to the
first. edition of Remington, published in 1885, Since it ap-
poars on the preceding page of this book it is recommended
highly. The first paragraph would he just as suitable today
as penned by Professor Remington 105 years ago.

Fach decade transeends the previous one and the pharma-
ceutical and health sciences are not laggards. Iivery revi-
sion of Remington has sncompassed new viewpoints, ideas,
doctrines or principles which, perhaps, were inconceivabie
for the previous edition. It is a tribute to the authors and
editors that they have kept abreast of the burgeoning litera-
ture in their respective fields of expertise.

Change not withstanding, the organization of this edition
is sirnilar to its immediate predecessors, being divided into 8
Parts, each subdivided into several chapters. Every chapter
hasbeen culled, revised and rewritten to update the material
presented.

Two new chapters are evident; Biotechnology and Dirugs
(Chapter 74) and Drug Educetion (Chapter 99). ‘Three
chapters of the previous edition, which embraced Interfacial
and Pariicle Phenomena and Colloidal and Coarse Disper-
sions have been winnowed and combined into a single chap-
ter entitled, Disperse Systems (Chapter 19).

The current revision contains an additional 21 pages. A
large amount of space {(about 19 pages) gleaned from the
review and condensation process, coupled with the extra
pages, have been devoted primarily to expanding the con-
tenta of Part 8, Pharmaceutical und Medicinal Agents and
Part 9, Pharmaceutical Proctice.

Excessive duplication of text is the bane of any editor
dealing with a multitude of authors, While some duplica-
tion in the discussion of rudinventary conecepts is beneficial,
there has been a special effort to cross-reference and elimi-
nate unnecessary repetition. Space is at such a premijum
that it is hoped the reader will not be offended by being
diverted to a different section of the text in order to obtain
supplementary information.

Photographs which depicted the typical “hblack box™ have
been eliminated aimost completely and replaced by line
drawings or schemnatic diggrams which are instructive rather
than picturesque.

Most of the drug monographs have heen revamped not
only ae a means of updating, but to gain & degree of uniformi-
ty. All structural formulas are now in the standard USAN
form. Duplication of chemical names has been minimized
and the inclusion of trade names inereased. No attempt has
been made to fervet out every trade name by which a product
is known, and only the most common are mentioned. The
standard format for the major monographs is:  Official
Name, chemical name (CAS-—inverted), trade name(s) and
manufacturer{s), structural formula, CAS (Chemical Ab-
stracts System) registry numher (in brackets), molecular
Tormula and formula weight {in parenthesis), This is fol-
lowed by the method of preparation (or o reference if the
method s lengthy), physical description, solubility, uses,
dose and dosage forms.

The number of authors remains at 97, however, 36 new
authors have joined as contributors to femington. As the
credentials of the new authors touch upon many areas of
pharmacy, every section of the book has been invigorated by
the incorporation of updated and fresh concepts.

As one primarily responsible for the production of a com-
prehensive text devoled Lo the science and praclice of phar-
macy, the wisdom of Dr ¥rie Martin, editor of the 13th
Edition, in creating an Editorial Boeard to share the enor-
mous burden, has been evident constantly, Fach of the
wection editors labored diligently to comply with Che logistics
of maintaining a simooth flow of manuseripts and proofs.
Alsa, each section editor doubled as an author or coauthor of
one or more chapters, Il would be remiss not to extend
special mention to this group of dedicated people.

TFour membhers of the Tditorial Board are serving for the
first time after having been authors for several editions, Dr
Ara DerMarderosian of PCDP&S, Editor for Part 1; Dr Daniel
Hussar, also of PCP&S, Part 9; Dr Edward Rippie of the
University of Minnesota, Part 2; and Dr Joseph Schwartz of
PCP&S, Part 8. Tach of the new members literally “jumped
into the fray,” gave much of their precious time and have
becomne “‘blooded” members of the staff.

The stalwarts of the Editorial Board surviving the trihula-
tions of one o more previous editions of this work demand
singular attention. IJr Grafton Chase of PCI?&S for Part 5,
Roadivisoiopes in Pharmacy & Medicine; 1)v Thomas Med-
wick of Rutgers University for Part 3, Pharmaceutical
Chemistry and Part 4, Testing and Anefysis; and Dr Gilbert
Zink of PCP&S for Parl 7, Biological Products.

Two dauntless, prolifie cantributors elaim special recogni-
tion, Drs Stewart Harvey and Ewart Swinyard, both of the
University of Utah, have served on the Bditorial Board for
twenty and twenly-five years vespectively. They bear the
burden of Part 6, Pharmaceuticel & Medicinal Agents,
which comprises over one-third of the book. Their diligence
and meticulous attention to detail has eased the task of this
Editor. Qur relationship over the past several decades has
Been one of exceptional pleasure.

The Mack Publishing Company, through Messers Paul
Mack and David Palmer, continues its unrelenting support.,
which has endured through many, many editions of this
publication. Special commendation must he extended to
Ma Nancy Smolock, of the Mack organization, as she was the
peraon who interfaced with the Editorial Board. She was
competent, cooperative and much oo tolerant of the many
requests made of her.

Aswith any publication a few of the editorial stalf bear the
hrunt. of the unglamorous, but absolutely essential, chores
associated with the production of this voluminous tome. 1t
mandates a close working relationship and, at times, re-
siraint and concession to sustain the harmony necessary to
function efficiently. One often encounters the aphorisin
usually attributed to administrators, “When three managers
meet to discuss a problem there arise four points-of-view.”
TFortunately, thiz dilemma did not surface in the associntion
of this Editor with Mr John Hoover and Ms Bonnie Packer.

After shepherding this publication through four editions,
the Twelfth to Fifteenth, following a short hiatus for the
Sixteenth, Mr Hoover returned in a lesser capacity with the
Sevanteenth revision. With the cwrent edition he reas-
sumes the role of Managing Editor and his experience in
pharmacy, journaiism and the publishing business, have
provided the capabilities needed o translate a disarranged
manuseript into a format acceptable hy the publisher and
pleasing to the reader.

Ms Packer accepted the assignment of serutinizing every
word of text in the proof stages. Combinivg her skills in the

xiti
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healih and social sciences, she assumed the charge of veading
primarily for comprehension and clarity of presentation,
while concurrently uncovering typographical, spelling and
grammatical errors which, although unpardonable, are ever-
present.  As a consequence of her deliberations, paseages
were ofton rephrased and refined 1o portray a concept from
the viewpoint of the student, for whom this work primavily is
directed.

The Index was developed by Mr Hoover, with the assis-

tance of Ms Packer. Much use was made of the computer in
enguring thai a complele, practical and useful index was
created. 1t is the opinion of this Kditor that a major weak-
ness encountered in most reference books is a perfunctory,
casual index which amounts to little more than an expanded
table of contents. Users of the index of this book will find it
“friendiy.”

Philadelphia, Ilebruary, 18910 ARG

xiv

FRESENIUS EXHIBIT 1013
Page 13 of 408



Table of Confents

Part 1 Orientation
1 Scope ...... Veressnranaen T Civere e 3
2 Evolution of Pharmacy «.vvvevaesriiiisaannas 8
3 Ethics ..veeevrnns R L T 20
4 The Practice of Communliy Pharmacy .. .vvuviis 28
5 Opportunities for Pharmacists In the Pharmaceutl-
ol INAUSIY  wvuviionurirsaanansoasionss ' 80
& Pharmaclsts In Government .. .eeavsse R a8
7 Drug Information «.... T Vevaen 49
B Research ........c.vuvsvins R &0
Part 2 Pharmaceutics
9  Metrology and Calculotion . vuiveireinianien &9
10 Statistics ...ocovvirinean A R T A 104
11 ComputerSclence . ..... SRR PR 136
12 Calculus ......ccivivninnsnsans B —— 145
13 Molecular Structure, Properr!es and States of
MOMBT Lot ivnnescrsearaan i m i a i aaas 158
14 Complex Formation .......... T 1682
£5 Thermodynamics . ...ocveeneennen P sae 197
i6  Solutions ond Phase Equilibric ... cviviiinnns 207
17 lonlc Solutions ond Electrolytic Equilibria ... ..... 228
18 Reaction Kinetles . ........ PRI S PO R 247
19 Disperse Systems ........ooiiiiiaiie., sun 257
20 Rheology ....covininiiinnn B L 310
Paort 3 Pharmaceufical Chemistry
24 Inorganic Pharmaceutical Chemistry ...... T
22 Organic Pharmaceutical Chemistry ............ 354
23 Matural Products .o vuvevrarrnerreianaiiinnn JBO
24 Drug Namencloture —United States Adopted
Mames ... 0. R BN TR 412
25 Structute-Activity Relotlcnshlp and Drug
Deslgn ..vvivnnnnnn R A A T RS 422
Part 4 Teosting and Analysis
26  Analysis of Mediclnals .o iann i sarnaes 405
27 Diologlcal Testing ........ TR . dbd
268 Clinical Analysis voeivinenirenainanrasrnnian 495
29 Chromatography ...vevivmrvriirirsinnranias 529
90 Instrumental Methods of Analysls . cvaeueaiin 555
01 Disselutlon . .oavaian. i eerersrerrerreranan 589
Part § Radicisotopes in Pharmacy and Meditine
32 Fundamentals of Radiolsotopes ...ovvuuens sess 605
33 Medical Applications of Radlcisotopes ......... 624
Part & Pharmaceutical and Medicinal Agenis
34 Diseases: Manifestations ond Patho-
Physlology - vvovieeianii R R enwans OIS
35 Drug Absorption, Actlon and Dispesitlen ........ &97
36 DBaskc Pharmaookinetlcs o vvvarivrrinaniiaana 725
37 Clnlcal Pharmacekinetles «vauviveniaas o 746
38 Topleal Drugs ... SR es: 757
39 Gastraintestinal Drugs «ovvvvvrrvsvianionias ..o 774
40 Diood, Fluids, Electralytes and Hemamlogic
Drogs v.evansrinns AR 800
41 Cordlovascular Dvgs voovvvaes S ——— 831
42 Respiratory DIUGS vussrvrrnssararuarsanrnis 860
43 Sympathomimetlc Drugs « . vraasivcarnann- ... 870

AV

71

73
74

CholinomIMmetcDILgs «evsuiviusineiirrarans, 0889
Adrenergic and Adienergic Neuron Btockfng
Drugs: v ieaia inaivie R S AT a9
Antimuscarinlc and Antispasmodic Drugs ... .... 907
Skeletal Muscle Reloxants ... .. vhana vee. B8
DIuretle DIUGS vevvriasivnrauirmrenaniianins 929
Uterine and Anfimigralne Drugs  .ovvvnciannas 043
HOMMIONBSE & ouriansrenraaissrsrmsassssinins . 048
Yitamins and Other Nutelents .. ovvaeiivinns Lo 4002
ERZYMEBS vuvvrressrsrrremstasansnararsnnns 4085
General Anastheﬂcs ........ T, 1099
Local Anesthetics ovvvvnnss- T P T oo 4048
Sedatives and Hypnotics .. ..vvvvnens ieieeaes 1057
Anflepllepllcs vvuv i iraiiiinnine TN AN 1072
psychapharmacologic Agents . ocuue, e DB
Analgesics and Antlpyreflcs «vvvaan e vervenreas 1097
Histamine and Antihistamines .. ..., R 1423
Central Nervous System Stimulonts ..... veaaens 1132
Antineaplastic and Immunosuppressive Drugs ... 1138
Antimicroblal Drugs .. oo vanss R o 1163
Parasltlcldes . ... .. pirmasamir e sy 1242
Pesticldes ..........covvunnne T veiawes 1249
Dlagnastic Drugs oo ivasieririrainuisnins oo 1272
Pharmaoceutical Necessifles ....o.ovieanen s 120846
Adverse Drug Reoctions .. oavvvinninneiine: 13080
Pharmacogenethcs .o oo ivssrnnananas s 1344
Pharmocological Aspects of Drug Abuse ........ 1049
Introduction of New Drugs ...vvvinranasinias . 1065
Part7  Diological Products
Principles of Immunology «.o.oviieieniiian 1379
Immunizing Agents ond Dlagnaestic Skin
ANHGENS tvvtvnnimarsncnn s ranctarannne, .. 1089
Allergenic EXtroets ... o.oooeiiniiiiiiiaiiiinns 4405
Biotechnolegy and Drugs .. .cvviniiniiianns 1416
Part & Pharmaceutical Preparations and Their
Manufacture
Preformulaton «.ovvsvirvarsrsarsarnrnnnns . 1435
Bloavallabllity and Blaequlvulency Testing ..... 1451
Separation ... cieeranais R R . 1459
Sterllizotion ...vavenenen R ceea 1470
Tonlclty, Osmotlclsy, Osmolality and Osmelarity . 1481
Plastic Packaging Materlals .........onveeun 1499
Stability of Pharmaceutical Produets ......oo00s 1504
Guality Assurance and Control ...vvvrvnieanns 1510
Solutions, Emulsions, Suspensions and
EXHQCHVES wuvuevrvninnrrnns — reve 1519
Parenteral Preparations .....veiasianinaers 1545
Introvenous ADMIXTUMeS .. .ouvreiriinnnisnnros 1570
Ophthalmic Preparations . .o..vavhs S 1581
Medlcated Applications ... veievens SRR 1594
POWOETS wyvevrnansacsnarasrarsnin Vilaasans 4618
Oral Solid Desoge mes .................. s 1609
Coating of Pharmaceutical Dosage Forms (..., 1666
Sustalned-Release Drug Dellvery Systems ...... 1676
Aerosols . e T TR e crreens 1694
Part 9 Pharmaceutical Practice
Ambulatory Patient Care . ... coiiiiiciaann . 1715
Institutional Potlent Care ... ovvvuvnan veniens 1707
Long-Term Care Facliities ............. i 1758
The Pharmacist and Public Health . .v i vavnvvas 1773

FRESENIUS EXHIBIT 1013
Page 14 of 408




97
o8
99
100
101
102
103
104
105

The Patlent: Dehavioral Determinants
Patlent Communication

Patient Complionce
The Prescription

Drug Interactions
Clinicat Drug Literature
Health Accessaries
Surgical Supplles

Poison Confrol .....vivenuuans o 1905
Laws Governing Pharmacy vaas R
Community Pharmacy Ecenomics and

MONCGEMERT oy iariiirsrinnstisasresors o 1940

Dentol Services ....oiieuen P e g . 1957
Index

Alphabeticindex ... e iiiiiireiiian 1967

FRESENIUS EXHIBIT 1013
Page 15 of 408



CHAPTER 16

Solutions and Phase Equilibria

Theocdore D Sokoloski, PhDr

Professor of Tharmocy, College of Phammacy
Chio State University
Columbus, OH 43210

Solutions and Solubility

A solution is a chemically and physically homogeneous
mixture of two or more substances. The term solution gen-
erally denoies a homogeneous mixture that is Hguid even
though it is possille Lo bave homogeneous mixtures which
are solid or gnseous. Thus, it is possible Lo have solutions of
solids in liquids, liquids in liguids, gases in liquids, gases in
gases and solids in solids. The first three of these are nost
important in pharmacy and ensuing discussions will be con-
cerned primarily with therm.

In pharmacy different kinds of liguid dosage forms are
used and all consist of the dispersion of some substance or
substances in a liquid phase. Depending on the size of the
dispersed particle they are classified as true solutions, col-
loidal selutions or suspensions. If sugar is dissolved in
water, it is supposed that the ultimate sugar particle is of
molecular dimensions and that a frue selution is formed.
On the other hand, if very fine sand is mixed with water, a
suspension of comparatively karge particles, ench consisting
of many molecules, is obtained. Between Lbese two ex-
iremes lie colloidal solutions, the dispersed particles of
which are Jarger than those of true solutions but smaller than
ihe particles present in suspensions. In this chapter only
true solutions will be discussed.

1t is possible to classify broadly all golutions as one of two
types.

In the first type, atthouph there may be a lesser or grester interaction
hetween the dispersed substance (e soluted and the dispersing medium
{the solvent), tie solulion phase containg the same chemical entity as
found in the solid phase and, thus, upon removal of the solvent, the
solute is recovered unchonged,  One example would he supnr disselved
inwater where, in the presence of supar in excess af its salubility, iheveis
an equilibrium between sugar molecules in the solid phase with sugar
molecules i the solution phase, A second example would be dissolving
siiver chloride in water, Admittedly, the solubitity of this salt in water is
low, but it is Mnite, I this case the sobvent contains silver and chiovide
iems and the solid phase contains the same materinl. The ranowal of the
solvent yields initinl solute.

In the seeond type the solvent. contains a compotnd which is different
fram that in the solid plase. ‘The difference between the compownd in
the solid phase and solution iz due generally Lo some chemical reaction
that has oceurred in the solvent.  An example would be dissolving nspi-
rin in an squeous solveni containing some hasic material capable of
reacting with the acid aspirin.  Now the species I solution would ot
only he undissocinted aspirin, but aspirin also as its anion, whereas the
species in the solid phase is aspirin in only its undissocialed aeid form,
In this situation, if the solvent were removed, part of the subsiance
oblained {the salt of aspivin) would be differerst from what, was present.
initinliy in the solid.

Solutions of Solids in Liguids

Ttovergible Solubility without Chemical Reaction
—-From a pharmaceutical standpoint solutions of solids in
liguids, with or without accompanying chemical reaction in

The author acknowledpes the kind assistance of Dr Goedon L Flyn,
Einiversity of Michigan, in the revision of paris of this chapuer,

the solvent, are of the greatest importance, and many cquan.
titative data on the behavior and properties of such solutions
are available. This discussion will be concerned with defini-
tions of solubility, the rate at which substanees go into solu-
tion and with temperature and other factors which control
solubility.

Solubility—When an excess of a solid is brought into
eontact with a liquid, molecules of the former are removed
from its surface until equilibrium is established hetween the
molecules leaving the solid and those retwrning to it.  The
resulting solution is said to be saturated al the temperature
of the experiment, and the extent to which the solute dis-
solves is relerred to as its sofubility. The extent of solubility
of different substances varies from almast imperceptible
amounts to relatively large quantities, but for any given
solute the solubility has a constant value at constant tem-
perature.

Under certain conditions it is possible to prepare a solu-
tion eontaining a larger mmount of solute than is necessary to
form a saturated solution. ‘This may oceur when a solution
js saturated at ene tempersture, the excess of solid solute
removed and the solution cooled. The solute preseni in
solulion, even theugh it may be less-soluble at the lower
Lemperature, does not always separate from the solution and
there is produced a supersaturated solution. Such solu-
tions, formed by sodiwm thiozulfate or polassium acetate,
for example, may be made to deposit their excess of solute by
vigorous shaking, sevatching the side of the vessel in contact
with the sofution or introducing into the solution a small
erystal of the solute.

Methods of Expressing Solubility---When quantitative
data are available, solubilities may be expressed in many
ways. For example, the solubility of sodium chlovide in
water at 25° may be stated as

1. L of sodivn chloride dissolves in 2 THG mbL of water.  (Anapprox-
imation of this Method is used by ihe USP.)

2. 3589 ¢ of sodinm chloride dissolves in 100 1wk, of water.

3100 ml, of a snturated solution of sodivm chlovide o waler con-

taius 3171 g1 of selute,

4. 100 g of o saturnted solution of sodium chloride in water containg
26.47 g of solute.

5.1 L ol o saturated solution of sodivm chlovide in water conlaing
5,425 miles of solute, This also may be stated as asaiuraied solution of
sodivin chloride i water is 5425 mobar with respeed 1o the solute,

11 order to caleulate J from I or 2 it is necessary to know
the density of the solution, in this casc 1.198 g/ml., Te
calewlate 5, the number of grams of solute in 1000 ml: of
sohution {oblained by mulliplying the data in (3) by ten) is
divided by the molecalar weight of sodium chloride, namely,
Ha.4b.

Several other concentration expressions are used.  Molal-
ity is the number of moles of solute in 1000 § of solvent and
could be caleutated from the data in 4 by subtracting grams

207
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208 CHAPTER 16

Tabie |—Descriptive Tedams for Solubblity

Dancriptive Parls of Selvent
Tarms 1or 1 Part of Solufe
Moryeodublae . ... e Lossthan
Freelysoluble ... . .. Erom 1 Lo 10
SO R From 10 1o 30
Sparingly soluble., ... .. Ao Fream 30 10 100

From 100 to 1000
From 1000 to 10,000
More than 10,000

Stightly soluble ..o
Very slightly soluble .
Practically insoluble, or insoluble .. .. ..

of solute from grams of solution Lo ablain grams of solvent,
relating this to 1000 g of solvent and dividing by molecalar
weight Lo obiaib maoles.

Mole fraction is the fraction of the total number of moles
present which are noles of one companent.  Mole % may be
obtained by multiplying mole Mraction by 100. Normality
refers to the number of gram equivalenl weights of solute
dlissolved in 1000 ml, of solution,

In pharmacy, use also is made of three other concentration
expressions. Percent by weight (% w/fw) is the number of
grams of solute per 100 g of solution and is exemplilied by 4
above. Percent weight in volame (% w/v) is the number of
grams of soluie per 100 ml, of solution and is exemplified by
Jabove, Pereent hy volume (% 2/0) is the number of millili-
ters of solute in 100 mis of solution, referring to solutions of
liguids in liguids. ‘The USP indicates that Lhe term “per-
cent,” when unqualified, means percent weight in volume for
solutions of solids in liguids and percent. by volume for
solutions of liquids in liguids,

When, in pharmacopeial texts, it has not been possible, or
in some instances not desirable, to indicale exaet solubility,
a descriptive term has been used. Table T indieates the
meaning ol sach terms.

Rate of Solution-I1 is possible to define quantitatively
the rate at which a solute pgoes into solution. The simplest
trestment is hased on @ model depicled in Vig 18-1. A solid
particle dispersed in a solvent is surrownded by a thin layer
of solvent having a finite thickness, { inem. T'he layer is an
integral part of the solid and, thus, is relerred Lo characteris-
tically as the “stagnant Jayer.” ‘Fhis means that regardless
ol how fasl the bulk solution is stirred the stagnant layer
remains a part of the surface of the solid, moving wherever
the particle moves. Uhe thickness of this layer may get
gmaller as the stirring of the bulk solution increases, hut itis
important to recognize that this layer will always have a
(inite thickness however small iL may get.

Using Mek’s First Law of Diffusion (he rate of solution of
the solid can be explained, in the shmplest cage, as the rate al
which n dissolved solate particle diffuses through the stag-
nant layer to the bulk solution. TFhe driving foree behind
the movement of the solute mojecule through the stagnant
layer is the difference in concentration that exisis batween
the concentration of the solute, €, in the stagnant layer al.
the surface of the solid and its conceniration, Cy, on the
farthest sicle of the stagnant laver (see Diffusion in Liguids,
page 221). T'he greater this difference in concentration (€
- (Ug), the fasier the rate ol solution.

@h\ BULK

P i 4 SOLUTION
A 1O THTS) =
VU N

Fig 6.1, Physical model reprresanting the dissolution process,

According to Fick's Law, the rate of solution also is direct-
ly proportional 1o the area of the solid, A in em?, exposed to
solvent and inversely proportional to the length of the path
through which the dissolved solute melecule must diffuse.
Mathematically, then, the rate of solution of the solid is
given by

Rate of solution = %4 « -, o)

where I? is a proportionality constant called the diffusion
coefficient in em*fsec. Tn measuring the rate of solution
experimentally, the copcentralion Cy v maintained ot a low
value compared Lo ) and hence considered to have a negligi-
hle effeel on the rate. FPurthermore, (1 most often is the
saturation solubility of the solute. Hence Iy 1 is simplified
Lo

Rate of solution = -%—A (saturalion solulynlity) (2)

Equation 2 quantitatively explaing many of the phenomena
comnmonly ohserved that affect the rate at which materiais
dissolve.

1. Smal parsicles go intoe solution Gaster than lavge particles. Tora
wiven mass of solute, ny the particle size beoames amaller, the surface
area per weit mass of solid incroases; 19 2 shows thal s ares increases,
e rate must inerease propertionately,  Henee, il a pharmacist wishes to
increase the rate of solotion ol a drug, its particle size should be de-
creased.

Y. Stivring o selution inerenses (he rate al which # solid dissoives.
This is becaase Lhe (hickness of (e stagnant layer depends on how Mst
the bull solution s stivred; ps stivving rate increases, the lenglh of the
diffusional path decreases.  Binee the rate of solution is properiicnal
inversely to the Jengih of Lhe diffusional path, the faster the solution is
stivred, the faster the solute wilk o into sobation,

4. The more soiuble the solute, the fagter is its rale ol solutjo.
Apain, 8y 2 predicls that Use larger the satluration solubility, the lasier
Lhe rale.

4, With r viscous Houid the rite of salution is decreased.  This is
begause the diffusion coelticient. is proportional inversely 1o the viscosity
f:!'l the medium; tie more viseous the sobvent, the slower the rate of
salution,

Heat of Selulion and Temperature Dependency
—Turning from the kinetic aspects of dissolution, Lhis dis-
cussion will be concerned with the situation where there is
thermodynamic equilibrium hetween solute in its solid
phase and the solute in solution, (It is assumed thal there is
an amount. of solid material in excess of the amount that can
o inta solution; hence, a solid phase iy always preseni.) As
defined earlicr, the concentration of solute in solution at
equilibrium is the saturation solubility of the substance,

When a solid (Solute A) dissolves in some solvent two
steps may be considered as occurring:  the solid absorbs
energy Lo become a liguid and then the liquid dissolves.

Autiay ¥ A{iiquiﬂ) @ Agontion

For the overall dissolution the equilibrium existing hetween
solute molecules in the solid and solute molecules in solution
may be ireated as any equilibrium, Thus, for Solule 4 in
equilibrivm with its selution

Aol = Agsalution)

Using the Law of Mass Action an equilibrium constant for
thig syslem can be defined, just as any equilibrium constant
may he written as

K, = Csuhution)
Asolichs

where ¢ denotes the activity of the solute in each plase.
Since the activity of a solid is defined as unity

K oy = Mgalation}
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Hecause the activity of a compound in dilute solution is
approximated by its concentration and, because this concen-
Lralion is the saturation solubility, I[{s, the van't Hoff Equa-
tion {for a more complete treatment, sec Ref 1, page 113}
may be used, which defines the relationship between an
equilibrium constant (here, solubility) and absolule lem-
perature.

dlogKy  AH 3)

dr 2.3R7?

where d log Ks/dT is the change of log Ky with a unit change
of absolute temperature, T; AH is a constant which in this
situation is the heat. of solution for ihe overall process (solid
i liquid w solution); and R is the gas constant, 1,99 cal/
mole/deg. Egustion 3, a differential, may be sclved to give

TS G Q)

where Ks 7, is the saturation solubility al absolute tempera-
ture T and Kgq, Is the solubility al temperature T
Through the use of Eg 0, if AH and the solubility at one
temperature are known, the solubility at any other tempera-
ture can be calculated.

Effect of Temperalure-—As is evident from Kq 4, the
solubility of a solid in a liquid depends on the temperature.
If, in the process of solulion, heal is absorbed (as evidenced
hy a reduction in temperature), AH is by convention positive
and the solubility of the solute will incrense with increasing
temperature. Such is the case for most salls, as is shown in
Fig 16-2, in which the solubility of the solute is plotted s the
ordinate and the temperature as the abscissa, and the line
joining the eaperimental points represents the solubility
curve for that solute.

If a sohute gives off heat during the process of solution (os
evidenced by an increase in lemperature), AN is, by conven-
tion, negative and aolubility decrenses with an increase in
temperature. This is the case with caleium hydroxide and,
at higher temperatures, with calcium sulfate. {Because of the
slight sclubtlity of these substances their solubility curves
are not included.) When heat is neither absorbed nor given

SOLUBILITY, GMS OF SALT IN 100 GMS OF WATER

]
BT - e b
] I} L] L] i 1. 1 -
00 28t A ADt S0 600 YOt MO ot
TEMPERATUNRE

Fig 16-2,  Effect of haat on solubility,
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Fig 16-3. Typified relationship botwenn the iogarithm of the setura-
tion sedubifily and the reciprocal of the absolute temparature,

off, the solubility is not affected by varialion of temperature
as is nearly the case with sodium chloride.

Solubility curves usually are continuous as long as the
chemical composition of the solid phase in contact with the
solution remains unchanged, but if there is a transition of
the solid phase from one {orm to another, a break will be
found in the curve. Such is the case with NapS0, . 10H,0,
which disselves with absorption of heat up to a lemperature
of 32.4°, ol which point there is a transition of the solid phase
to anhydrous sodium sulfate, Na,S0,, which dissolves with
evolution of heat. This change is evidenced by inereased
solubility of the hydrated salt up to 32.4°, but above this
lemperature the solubility decreases.

These temperature effects are what would be predicted
from Eq 4. When the hieat of sclution is negative, signilying
that energy is released during dissolution, the relalion he-
tween tog Kgand 1/7"is typified in Fig 16-3 (Curve A), where
as 1/T increases, log ICg increnses. 11 can be seen that with
in¢reasing temperature {7 itself actually inereases proceed-
ing left in Fig 16-3, A) there i¢ a decrease in sclubility. On
the other hand, when the heat of solution is positive-.that is,
when heat is absorbed in the solution process——the relation
between log Kg and 1/7 is typified in Fig 16-3, B, Here, as
temperature increases (1/T' decreases), the solubility in-
creases,

Eifect of Selts—The solubility of a noneleclrolyte, in
watey, either is decreased or increased generally by the addi-
tion of an electrolyte; it is only ravely that the solubility is
not aliered. When the solubility of the nonelectrolyte is
decreaged, the effect is referred to as salting-out; if it is
increased, it is described as salting-in.  Inorganic efectro-
Ivles commonty decrense solubility, though there are some
excepliond to the generalization.

Salting-out occurs because the ions of the added electro-
lyte interact with water molecules and, thus, in a sense re-
duce the amount of water available for solution of the non-
alectrobyte. (Refer to the section on Thermodynamics of
the Selution Process, page 215, for another view.) The
greater the degree of hydration of the ione, the more the
solubility of the nonelectrolyle is decreased. I, for exam-
ple, one compares the effect of equivaleni amounts of lithi-
um chloride, sodium chloride, potassium chloride, rubidium
chloride and cesium chioride (all of which belong to the
family of alkali metals and are of the same valence type), it is
observed that lithium ehleride decreases the solubility of a
nenelectrolyte to the graatest extent and that the salting-out
effect decreases in the order given. This is also the order of
the degree of hydration of the cations; lithium ion, being the
smallest ion and, therefore, having the greatest density of
positive charge per unit of surface area (see also Chapter 13
under flectronegativity Values), is the most extensively
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hydrated of the cations while cesium ion is hydrated Lhe
least. Balting-out is encountered frequently in pharmacen-
tical operations,

Salling-in, commaonly occurs when either the salts of vavi-
ous organic acids or organic substituted ammonium salts are
added to agueous sofutions of nonelectrolytos,  In the [ivst:
ease the solubilizing effeet is associated with the anion and
in the second, with the eation. In both cases the solubility
inereases as the concentration of ndded sall is increased.
The solubility inerease may be relatively great, sometlimes
amounting to several times the solubility of the nonglectro-
Iyte in water.

Solubility of Solutes Containing Two or More Species
—In cases where the solule phase consists of two or more
species {as in en ionizable inorganic salt), when the solule
goes into solution, the solution phase often containg each of
these species as discrete entities. For soma such substance,
AB, the following reiationship for the solution process may
be written.

A‘Blsohtlj e A{Hu}minn} + 'H{ﬂ.l]llll(lﬂl

Bince there is an equilibrium between the solute and saturat-
cd solution phases, the Law of Mass Action defines an equi-
Jilrium constant, Ky

_ agdution) " 9 Eisalution)
K, = Aiuion Bl

(6)
A ARsnlid)

where aataion, @disolutiont 106 &4 pesonia) BIG Lhe activities of A
and # in solution and of A3 in the solid phase. Recall from
the earlier discussion Lhat the aclivity of a solid iy defined as
unity, ond that in a very ditule solution {eg, for a slightly
soluble salt), coneentrations may be substituted for activi-
ties and 1ig 6 then becomes

s
Kun = CA('B

where C4 and Cpp are the concentrations of A and B in
solution. In this situation K. has a special name, the solu-

bilicy product, Kgp. Thus
Kyp = C,Cy ('”

This equation will hold true theoretically ondy for slightly
soluble salts,

As an example of this type of solution, consider the solu-
hility of silver chioride

K= [AghHC17)

where the brackets | | designate concentrations,

AL 253° the solubility product has a value of 1.56 X 10719,
the concentration of silver and chloride ions being expressed
in moles/liter. The same numerical value applies also Lo
solutions of silver chioride containing an excess of either
silver or chlovide ions, If the silver-ion concentration is
increased by the addition of a soluble silver salt, the chlo-
ride-ton concentration must decrease until the product of
the iwo concentrations again is equal numerically to the
solubility produet. In order io effect the decrease in chlo-
ride-ion concentration, silver chloride is precipitated and,
henee, its solubilily is decreased. In a similar manner an
increase in chloride-ion concentration by the addition of a
soluble chloride effects a decrense in the silver-ion concen-
tration until the nwmerical value of the solubility product is
attained. Again, this decrease in silver-ion concentration is
brought about by the precipitation of silver chloride.

The solubility of silver chioride in a saturated aqueous
salution of the salt may be calewlated by assuming that the
concentration of silver ion is the same ns the concentration
of ehioride ion, bolh expressed in moles/liter, and that the
coneentration of dissolved silver chloride is nwmerically the

same since each silver chloride inolecule gives rise {o one
silver ion and one chloride ion.  Since

[dissolved AgCl} = [Ag™] = [C17]

the solulbility of AgCl is equal to v1.56 X 1071, which is 1.25
¥ 109 molefliter. Multiplying this by the moleenlar weight
of silver chloride (143) we olitain a solubility of approxi-
mately 1.8 mg/liter.

FFor a sall of the type PHCly the solubility product expres-
sion takes the form

[PHCI] = Ky
while for AsaSy it would be
[AsHHS™ ] = Koy
because from the Law of Mass Action
POClygaiar = PO smtions + 2C1 atations

and

As?.sﬂl:miiiﬂ = 2A""‘Hiaiviuliuu] & :%Szn{s;ulutimt)

For further details of methods of using solubitity-product
caleulations, the reader is referred 1o books on qualitative or
quantitative analysis or physical chemiatry.

Recall that the solubility-product principle is valid for
agueous solutions of slighily soluble salts, provided the con-
centration of added salt is not too greal. Where the concen-
trations are high, deviations from the theory oceur and these
have been explained by assuming that in such solutions the
nature of the solvent has beon changed. Freguently, devi-
ations also may oceur as the resull of the formation of com-
plexes between the twosalts,  An example of increased solu-
bility, by virtue of complex-ion formation, is seen in the
effect. of solutions of soluble indides on mercuric jodide.
According to the solubility-product principle it might be
expected that soluble lodides would decrease the solubility
of mereuric lodide, but beeause of the formation of the more
soluble complex salt KoM g, which dissociates as foilows

the iodide ion no longer lunclions as a coinmon ton.

I'ractical applications of the solubility-product principle
are found in qualitative and guantitative analysis whenever
an excess of a precipitant is added in order to diminish, by
cominon-ion affect, the solubility of the precipitate.

Iiis possihle to formulgie some general rules regarding the
effect of the addilion of soluble salts o slightly sotuhle salls
where the added sall does nol have an jon common 1o the
slightly soluble salt. If the ions of the added soluble salt are
not highly hydrated (see Effect of Saits on the Solubility of
Nonelectrolytes, page 209), the solubility prodoct of the
slightly soluble snlt will mcrease because the ions of the
added salt tend to decrease the interionic altraction between
the ions of the slightly soluble salt. On the other hand, if the
jons of the added soluble sait are hydrated, water molecules
become less available and the interionic atiraction between
the ions of the slightly soluble salt increases with a resultant
decrease in solubility product. Another way of considering
this effect is discussed later (Thermodynamics of the Solw-
tion. Process, page 215).

The effect of {emperature is, in general, what would be
expected,; increasing the temperature of the solution results
in an increase of the solubility produet.

Sclubility Following a Chemical Reaction—Thus far
in this chapter the diseussion has been concerned with solu-
bility that comes about because of interplay of entively phys-
jcal forces. ‘The dissolution of some substance resulted {rom
overcoming the physical interactions betweesn solute mole-
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cules and solvent molecules by the energy produced when a
solute molecule interacted physically with a solvent mole-
cule. The solution process, however, can be facilitated also
by a chemical reaction. Almost alwavs the cheinical en-
hancement of solubility in agueous systems is due to the
formation of o salt following an acid-base reaction.

An alkeloidal base, or any other nitrogenous base ol rela-
tively high molecular weight, generally is slightly soluble in
water, but if the pH of the medium is reduced by addition of
acid, the solubility of the base is increased, considerably so,
8s the pH continues to be reduced. The reason for this
increase in solubility is that the base is converted Lo a salt,
which is relatively soluble in water, Conversely, the solubil-
ity of a salt of an alkaloid or other nitrogenous base is re-
duced as pH is incressed by addition of alkali,

The soluhility of stightly soluble acid subslances is, on the
other hand, increased as the pH is increased by addition of
alkali, the reason again being that o sali, relatively soluble in
water, is formed. Examples of acid substances whose sofu-
bility is thus increased are aspirin, theophylline and the
penicilling, cephalosporing and barbiturates. Conversely,
the soluhility of salts of the same substances is decreased as
the pH decrenses.

Among some inorganic compounds a somewhal. similar
hehavior is obeerved. Tribasic ealeium phosphate,
Cas(PQy)s, for example, is almost insoluble in water, but if
an acid is added its solubility increases rapidly with a de-
crease in pH. Tbis is because hydragen ions have such a
strong affinity for phosphate ions forming nonionized phos-
phoric acid, that the calcium phosphate is dissolved in order
to release phosphate ions. Or, stated in another way, the
solubilization is an example of a reaction in which a strong
acid {the source of the hydrogen ions) displaces a weak acid.

In all of these examples soluhilization occurs as Lbe resull
of an interaction of the solute with an acid or a base and that.
the species in solution is nof the same as the undissolved
solute. Compounds which do not react with either acids or
bases are slightly, or not at all, influenced in their aguecus
solubility by variations of pH. Such effects as may he ob-
served are generally due to ionic sait effects.

It is possible to analyze quantitatively the solubility fol-
Jowing an acid-base reaction by considering il as a two-step
process, The first example is an organic acid, designated as
HA, that is relatively insoluble in water. Its two-step disso-
lution can be represented as

I-IA{mlid) = HAlktﬂulinu}
followed hy
HA(&oJuiinnl = Hq(snlnlion) + h“(s:}iutinll]

The equilibrium constant for the first step is the solubility of
HA (Kg= [HA)otution)s just as was developed earlier when no
chemical reaction took place, and the eguilibriun consiant
for the second step is the dissociation constant of the acid is

K o [aT]
“ {HA|

Since the lotal amount of compound ir solution is Lhe sam of
nonionized and ionized forms of the acid, the total sojubility
may be designated as S;ap or

S = [HA] + [A7] = [HA] + K, J[%?'Tl ®)
Since Ky = [HA}, Eq 8 becomes

K
Siains = Ks(] 2 !H:'I) 9

Equation 9 is very useful since it equates the total solubility
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of an acid drug with the hydrogen-ion concentration of the
solvent. If the waler solubility, X, and the dissociation
constant, X, are known, the tolal solubility of the acid can
be caleulated al various hydrogen-ion concentralions.
Equation 8 demonstrates quantitatively how the tolal solu-
hility of the acid increnses as the hydrogen-ion concentra-
tion decreases (thal is, as the pH increases).

It is possible to develop an equation similar to 12q 9 for the
solubility of a basie drug, B, such as a relatively insoluble
nitrogenous base (an alkaloid, for example), at various hy-
drogen-ion concentrations, The solubility of the base in
water may be represented in Lwo steps, as

B otias = Bgatations
= + 7
B(r.c:lutim!) = BH (xndution) +OH (solutinn}

Again, if Kg is the solubility of the free hase in waler and K,
is ils dissociation constant

B BHY[OH"]

(1)
the total solubility of the hase in water Sy, is given by
K,[B]
Sy = [B) + [BHY] = [B] + =22 =
wm = [B] + [BH'] = [B] 01

K,
K (1 + [o:ﬁ) (10)

1t is convenient to rewrite Eg 10 in terms of hydrogen-ion
concentralion by making use of the dissociation constant for
water

Ky =101 = 1x 107"

Equation 10 tben becomes

Sy =K l+———-j(b— =He(l ﬁ'-}{ilyj (11}
L KWIIH"]) * Ky

Equation 11 quantitatively shows how ihe total solubility of
the hase mereases as the hydrogen-ion concentration of the
solvent increases. If K¢ and K, are known, it is possihle to
calculnte the total solubility of a basic drug al various hydro-
gen-ion concentrations using this equation,

Equations 2 and 11 have assumed that the salt formed
following & chemical reaction is infinitely soluble. This, of
course, is net an acceptable assumption as suggested and
demonstrated by Kramer and Flynn.? Rather, for an acidic
or hasic drug there should be a pH at which maximum
solubility occurs where this solubility remains the sum of the
solution concentrations of the free and sall forms of the drug
gl that pH. Using a basic drug, B, as the example, this
would mean that a solution of B, at pH wvalues grealer than
the pH of maximum solubility, would be saturated with {ree-
base form but nol with the salt form and the use of g 11
would be valid for the prediction of solubility. On the other
hand, at pH values less than the pH of maximum soluhility,
the solution would be saturated with galt form and Eq 11 is
no longer really valid. Since in this situation the total solu-
bility of the base, 5, is

Sy = |B] + [BHY),
where the subscript, s, designates a solution saturated with

salt, the correet equation to use at pH values less than the
pH maximum would le

i) (14 PETY gy o
Sll.‘.n IBH ]x (] + Kp, ) [B}i ].i (I + I{b[H-i'l
(12)
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CHAPTER 16

A relationship similar to 15q 12 lkewise can be developed for
an acidic drug at. pHs greater than s pH of maximum
solubility.

Effecting Solution of Solids in the Preseription Lab-
oratory-—The method usually employed by the pharmacisi,
when soluble compounds are to be dissolved in water in
compounding a preseription requires the use of the mortar
and pestle. The ordinary practice is to crush the substance
into fragmentls in the mortar with the peatle and pour the
golvent on it, meanwhile stirring with the pestle unti] solu-
tion is effected. If definite quantities are used, and the
whole of the solvent is required to dissolve the given weighl
of the salt, only a portion of the solvent should be added first
and, when this is saturated, ibe solution is poured off and a
fresh portion of solvent added. This operation is repeated
until the solid is dissolved entirely and all the portions com-
bined. Other methods of effecting solution ave to shake the
solid with the liguid in a bottle o flask or to apply heat to the
substances in a suitable vessel. Substances vary greatly in
the rate at which they dissolve; some ave capable of produc-
ing a saturated sotution quickly, others requirve several hours
to attain saturation, All too often, in their haste Lo prepare
a saturated solution, pharmeacisis fail to obtain the required
degree ol solution of solute,

With hygroscopic substances Lke pepsin, silver protein
compounds and some others, the best method of effacting
solution in waler is Lo place the substance directly upon the
surface of the water and then stir vigorously with a glass rod.
If the ordinary procedure, such as using a mortar and pestle,
is employed with these substances, gummy lumps are
formed which are exceedingly difficult to dissolve.

The solubility of chemicals and the miseibility of liquids
are important physical factors for the pharmacist to know, as
they often have a bearing on intelligently and properly filling
preseriptiona. Mainly for the informalion of the pharma-
cist, the USP provides tabular data indicating the degree of
solubility or miscibility of many official subslances.

Determination of Solubility—For the phormacist and
pharmaceutical chemist the question of solubility is of para-
mount importance. Not only is it necessary to know sofu-
bilities when preparing and dispensing medicines, but such
information is necessary Lo effect separation of substances in
gualitative and quantitative anatysis. Furthermore, the ac-
curate determination of the solubility of a substance is one of
the best methods for determining its purity.

The delails of the determination of the solubilily are af-
focted markediy by the physical and chemical characteris-
tics of the solute and solvent and also by Lhe Lemperature at
which the solubility is to be determined. Accordingly, it is
not possible to describe a universally applicable method but,
in general, the following rules must be observed in solubility
determinations.

1. The purity of both the dissolved substance and the sulvent, is
casentinl, sinee impuritios in either affect the solubility.

2, Aconstancy of femperatuze myst be maintained seeurately during
the course of the delermination.

4 Complete sulanration musl be aliained.

4. Aceursie onalysis of the saturated solution and correct expression
of Lhe resulis are imperative.

Consideration should be given also to the varying rates of
solution of different compounds and Lo the marked eflsct of
the degree of fineness of the particles on the thne required
for the saturation of the solutien.

Many of the solubility data of USDP have been determined
with regard Lo the exacting requirements mentioned above.

Phase-Solubility Analysis—his procedure is ene of the
most uselful and accurate methods for the determination of
the purity of n substance. Tt invelves the application of
precise solubility methods (o the prineiple that constaney of
solubilily, in the same manner as constancy of melting point,

indicates thal a material is pure or free from foreign admix-
ture. 1t is imporiant Lo recognize that the technique can be
used to obtain the exact solubility of the pure substance
without the necessity of the experimental malorial itsell
leing purc.

The method is based on the thermodynamic principles of
heterogeneous equilibria which are among the soundest of
theoretical concepts of chemistry, Thus, it does not depend
on any asswnplions regarding kineties or structure of mat-
ter, but is applicable to all species of molecules, and iz suffi-
ciently sensitive Lo distinguish Dbetween optical isomers.
The requiremnents for an analysis are simple, since the equip-
ment needed i basic to most laboratories and the guantities
of substances required are small.

The standard solubility method congists of five steps:

1. Mixing, in separnte systems, increasing amounis of a substance
with measured mnounts of a solvent,

2, Establighment of equilibrium for euch system ot identionl con-
stant temperature and pressure,

3. Separation of the solid phase from the solutions.

4. Determination of the concentration of the materisl dissolved in
the various solutions,

5. Plotting the concentration of LUhe dissolved matezial per unii of
solvent (y-axis, or solution congentration) aguinst the mags of material
per unit of solvent {x-axis or systom eancentration).

The solubility method has been established on the sound
theoretical principles of the (Gibbs phase rule; F=C ~ P+
2, which relates €, the number of compoenents, F, the degrees
of freedom {pressure, temperature and concentration) and
P, the number of phases for a heterogeneous equilibrium.
Since solubility analyses are carried out at constant tem-
perature and pressure, a pure solid in solution would show
only one degree of freedom, hecause only one phase is
present at concentrations below saturation. This is repre-
sented by seciion AB in Fig 16-4. For a pure aclid in a
saturated solution at equilibrium (Pig 16-4, BC), two phases
are present, solid and solulion; there is no varialion in con-
centration and thus, at constant lemperatire and pressure,
no degrees of [Teedom.

The curve ABC of I'ig 16-4 represents the type of solubili-
ty diagram obtained for; (1) a pure material, {2} equal
amounts of two or more materials having identical solubili-
ties or {3) a mixture ol two or more materials present in the

NTRATICN, mg/mi
o
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Fig 16-4.  Phasae-solubliity diagram for 8 pure substance,
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Fig 16-6.  Type of solubility curve obtainod when a substance con-
taing one impurity.

unique ratio of their soluhilities. These lalier two cuses are
rare and often may be detected by a change in solvent sys-
tem,

Line scgment BC of Fig 16-4, since it has no slope, usvally
indicates purily. If, however, this section dees exhibit a
slope, its numerical value indicates the fraction of impurity
present. Line segment B, extrapolated to the v axisat I}, is
the actual solubility of the pure substance.

A representalive type of solubilily curve, which is ob-
tained when a substance contains one impurity, is illustrated
in g 16-5. Here, at 2, the solution hecomes saturated with
one component. From J to C there are two phases present:
& solution saturated with Component I (usually the major
component) containing also some Component 1T {usually the
minor component), and a solid phase of Component I, Fhe
one degree of freedom revealed by the slope of the line
segment BT s the concentration of Component H, which is
the impurity (usually the minor component). A mixiure of
d and { isomers could have such a curve, as would any siinple
mixtures in which the solubilities arc independent of each
other.

The section CD indicates that the selvent is saturated
with Dbotls components of the two-component mixture.
Here, three phoses are present: a solution saturated with
both components and the two solid phases. No variation of
concentration is possible, hence, no degree of freedom is
possible {indicated by the lack of slope of section CD). The
distance AE on the ordinate represents the solubilily of the
major component, and the distance £F, the solubility of the
minor composnent.

The fact that the equilibration process is time-consuming,
requiring as long as 3 weeks in certain cases, is offset by the
fact that all of the smnple can be recovered after a determi-
nation. This adds to the general usefulness of the method,
particularly in cases where the substonce is expensive or
difficull to obtain. A use for the method other than the
determination of purity or of solubility is Lo obtuin especially
pure samples by recovering the solid residues al system
concentration corresponding to points on seetion BC in Fig
16-h. Thus, the method is useful not only as & guantitative
analytieal tool, but aleo for purification,
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Solutions of Liquids in Liquids

Binary Systems.—. Under this Litle the following Lypes of
liguid-pairs may le recopnized.

1. Those which wre soluble completely in each other in all propoe-
tions.  Examples: nleohol and waler; glycerin and weter; aleohol and
glycerin,

2. Those which ave soluble in cach other in definite proportions,
Examples: phenol ot water; other and water; nicotine and water.

3. Those which are imperceptibly soluble in each other in any pro-
portion. Hxamples: castor oid end water; liquid petrolatum and waier,

"The mutual solubility of liguid pairs of Type 2 has been
studied extensively and found to show interesting regulari-
ties. If a series of tubes containing virying, but known,
percentages of phenol and water are heated (or cooled, it
necegsary) just to the point of formation of a homogeneous
solution, and the temperatures at such points noted, there
will be obtained, upon plotting the results, a curve similar to
that in Tig 16-6. On this graph the aren inside the curve
represents the region where mixtares of phenaol and water
will separate into twa layers, while in the region outside of
the curve homogeneous solutions will be obtained. The
maximum temperature on this curve is called the critieal
sofution temperature, that is, the temperature above which
a homogeneous solution occurs regardiess of the composilion
of the mixture. For phenol and water the eritical solution
iemperatute occurs al a composition of 34.5% phenol in
water.

Temperature versus composition carves, as depicted in
TMig 16-G, provide much useful information in the prepara-
Lion of homogeneous mixtures ol substances showing mutu-
al-sotubility behavior. At room temperature (here assumed
to be 25°), by drawing a line parallel 1o the abseissa at. 205,
we {ind that we actually van prepare two sets of homoge-
neous solutions, one containing from 0 to about 7.0% phenol
and the other containing phenol from 72 to sboul 95% (its
limit of solubility). At compositions hefween 7.5 and 72%
phenol at 25° two liquid layers or phases will separate. In
sample tubes containing a concentration of phenol in this
two-layer region al 25° one layer always will be phenol-rich
and always contain 72% phenol while the other layar will be
water-rich and alwoys contain 7.6% phenol.  These values
are olitained by interpolation of the lwe points of inlersec-
tion of the line drawn at 25* with the experimental curve,
As it. may be deduced, at other temperatures, the vomposi-
tion of the two layers in the two-layer region is determined
by the peints of intersection of the curve with a fine (called
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Fig 16-6.  Phenul-water solubility.*
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the *“tie line”y drawn parallel to the abscissa at that tempera-
ture. The relative amounts of the two layers or phases,
phenol-rich and water-rich in this example, will depend on
the concentration of phenol added. As expected, the pro-
portion of phenocl-rich layer relative to the water-rich layer
inerenses as the concentration of phenel added increases.
For example, at 20% phenel in waler af 25° there would he
more of the water-rich layer than of the phenol-rich layer,
while al 50% phenol in water there would he more of Lhe
phenol-rich layer. The relative proportion of each layer
may be caleulated from such tie lines al any temperature and
composition as well as the amount of phenol present in sach
of the two phases. To determine how these calculations are
made and for further discussion of this topic the studenl
should consult Ref 1, page 79,

A simple and practical advantage in the use of phase
diagrams is pointed out in Ref 1. Based on diagrams such as
Iig 18-6, they point out thal the most concentrated stock
solution of phenol that perhaps should be used by pharma-
cists is one containing 76% w/w phenol in water {equivalent
to B0% w/v). Atroom temperature this mixture is a homoge
neous solution and will remain homogeneous to around 3.5%,
at which temperature freezing oceurs. 1t should be noted
that Liquefied Phenol USP contains 90% w/w phenol and
freezes at 17°C.  This means that if the storage avea in the
pharmacy falls 1o about 63°F, the preparation will freeze,
resulting in a stock salution no longer convenient Lo use.

In the case of phenol and water the mutual solubility
increases with increase in temperature and the critical solu-
tion temperature occurs at a relatively high point. In a
cerlain number of cases, however, the mulual solubilivy in-
creases with decrease in temperature and the eritical solu-
tion temperature oceurs at a relatively low value. Most of
the substances which show lower critical solution tempera-
tures are amines as, for example, (riethyinmine with water.

I addition to pairs of liquids which show either upper or
lower critical solution temperatures, there are other pairs
which show bath upper and lower eritical solulion tempera-
tures and the mutual solubility curve is of the closed type,
An example of this tvpe of liquid paiy is found in the case of
nicotine and water (Fig 16-7).  Mixtares of nicotine and
water represenbed by peints within the curve will separate
into two layers, but mixtures represented by points cutside
of the curve are perfeetly miscible with each other.

In a discussion of solutions of liquids in liguids it is evi-
dent that the distinction beiween the terms solute and sol-
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Fig 16-7.
sclubifity.

vent loses its significance. For example, in a solution of
water and glycerin, which shall be considered to be the solute
and which the solvenl? Aguin, when two liguids are soluble
only partially in each other the distinction bebween solute
and solveni might be reversed easily. In such cases the term
solvent ususlly is given to the constituent present in larger
quantity.

Ternary Systems-—The addition of a third liquid to a
hinary liguid system to produce a ternary or three-compo-
nent system can result in several possible combinations.

If the third liguid is soluble in only one of the two original
liquids or if its solubility in the tweo original liquids is mark-
edly different, the mutual solubility of the original pair will
be decreased. An upper eritical solution temperature will
be elevated and a lower critical solution temperature low-
ered. On the other band, the addition of a liquid having
roughly the same solubility in both components of the arigi-
nal pair will result in an increase in their mutual solubility.
An upper eritical solulion temperature then witl be lowered
and a lower critical sohilion temperature elevated.

An equilaterak-triangle graph may be used to represent
the situation in whieh a third liguid is added {o a partially
miscible liguid pair, the third liguid being miscible with each
member of the original pair. In this type of graph, each side
of the triangle represents 0% of one of the components and
the apex opposite that side represents 100% of that compo-
neni. The reader is relerred to textbooks on experimental
physical chemistry for delails of the conglruction and use of
graphs of this lype.

Twa other possibilities exist iy ternary liquid systems:
that in which lwo components ore completely miscille and
the third is partially miscible with each, and thal in which all
combinations of tworol the three components are only par-
tially miscible.

Solutions of Gases in Liguids

Nearly ali gases are more or less soluble in liguids. One
has bt to recall the solubility of carbon dioxide, hydrogen
sulfide or air in water as common examples.

The amount of gas dissolved in a liquid in general follows
Henry's fow, which states thal the weight of gas dissolved by
a given amount of e liquid at o given temperalure is propor-
tional to its pressure. ‘Thus, if the pressure is doubled,
twice a5 mueh gas will dissolve as at the initial pressure,
The extent to which a gas 1s dissolved in & Houid, at a given
temperature, may be expressed in terms of the selubifity
coefficiant, which is the volume of gas measured under the
comditions of the experiment, that is, absorbed hy one vol-
ume of the liquid. The degree of sclubility also is expressod
sometimes in terms of the absorption coefficient, which is
1he volume of gas, reduced Lo standard conditions, dissolved
by one volume of liquid under o pressure of one atmosphere.

Although Henry’s law expresses fairly accurately the solu-
lility of slightly soluble gases, it deviates considerably in the
case of very soluble gases such as hydrogen chloride and
ammonia.  Such deviations most frequently are due to
chemical inleraction of solute and solvent.

The solubility of gases in liquids decreases with a rise in
temperature and, in general, also when salts are added to the
solvent, Lhe [atter effect being referred to as the selting-ous
of the gas.

Solutions of gases potentiaily are dangerous when exposed
10 warm lemperatares because of the liberalion and expan-
sion of the dissolved gas which may cause Lhe container o
burst, Bottles containing such selutions (eg, strong ammo-
nia solution) should be cooled belore opening, if practical,
and the stopper should be covered with a cloth before at-
templing ils removal.
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Thermadynamics of the Solution Process

In the discussions under this heading the solule is as-
sumed to be in the liguid state, hence, the heal of solution
{AH') iz a term different from that in 18g 3 tAH), The heal
of solulion for a solid solute going into solution gs defined in
Eq 3 is the net heat effect. for the overall dissolution

Apaiar 7 Aggiguiy = Apsatation)

Considering only the process
Agtiuicy ™ Asamiion

and assuming that the solute is a liguid {or a supercooled
liquid in the case of a solid) ai. a temperature close to room
temperature, where the energy needed for melting (heat of
fusion) is not being considered,

For a physical or chemical reaction Lo occur spontaneously
al a constant temperature and pressure, the net free-energy
change, &G, far the reaction should be negative (see Ther-
medynamics, Chapter 15). Furthermore, it is known that.
the free-energy change depends on heal-related enthalpy
{AH" and order-related entropy (AS) factors as seen in

AG = AH' - TAS (13}

where 7' is the temperature. Recall, also, that the relation
between free energy and the equilibrium eonstant, I, for a
reaclion is given by

AG ==RT InK (14)

Equstions 13 and 14 certainly apply (o the solution of a drug.
Sinee the solubility is, in realily, an equilibrium censiant, g
14 indicates that the greater the negative value of AG, the
greater the solubility.

The interplay of these two factors, Al and AS in g 13,
determines the free-enerpy change and, hence, whether or
not dissolution of a drug will aceur spontaneously. Thus, if
in the solution process Afl’ is negative and AS positive,
dissolution ia favored since AG will be negative,

As the heat of solution is quite significant in the dissolu-
tion proeess one must look at its origin.  (For an excellent
and more complete diseussion of the inleractions and driv-
ing forees underlying the dissolution process, see Higuchi ')
The mechanism of solubilily invelves severing of Lhe bonds
that hold together the ions or molecules of a solute, the
separation of molecules of solvent to create a space in the
solvent into which the solute ean be fitted and Lhe vitimate
response of solute and solvend Lo whalever forces of inferac-
tion may exist between them. In order to sever the bonds
hetween molecules or ions of solute in the liguid state, ener-
gy must be supplied, as is the case also when molecules of
solvent are to be separated.  1f heat is the souxce of energy it
i apparent that both processes require the absorption of
heat.

Solute-solvent interaction, on the other hand, generally is
accompanied by the evolution of heat since the process oc-
curs spontaneously. In effecting solution there is, accord-
ingly, & heat-absorbing effect and n heat-releasing effect. Lo
be considered beyond those reguired to melt a solid. If
there is no, or very liltle, interaction belween solule and
solvent, the only efTect will be that of absorption of heat to
produce the necessary separations of solute and solvent mol-
ccules or ions.  Ef there is a significant interaction between
solute and solvent, the amount of heat in excess of that
required to overcome Lhe solute-solute and Lhe sal-
vent-solvent forees is liberated.  If the opposing heat effects
are equal, there will be no change of temperature.

When AM is wero, and there is no volume change, an ideal
solulfon is said to exist since the solute--solute, sulvent~sol-
vent and solute-solvent interactions are the same, Forsuch
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an ideal solution, the solubility of & solid ¢an be predicted
From its heat of fusion (the snergy needed to mell the solid)
al lemperatures below its melting point. The student is
referred Lo Rel 1, page 281 (o ¢ee how this caleulation is
macde.

When the heat of solution has a positive {energy absorbed)
or negative {energy liberated) value, the solution is said to be
a nonidea! solution. A negative heat of solution favors
solubitity while a positive heat works againet dissolution.

The magnitude of the various atlractive forees involved
hetween solate, solvent and solute-solvent molecules may
vary greatly and thus could lead to varying degrees of posi-
tive or negative enthalpy changes in the solution process,
The reason for this is thal the molecular structure of the
various solutes and solventis determining the interactions
can themselves vary greatly. (For a discussion of these
effects, see Rel' 1, page 41.)

The solute-golute interaction that must be overcome ¢an
vary from the strong ion-ion interaclion (as in a salt), to the
weaker dipole-dipole interaction (as in nearly all organic
medicinals that are not salis), to the weakest induced dipole-
induced dipole interaction (as with naphihalene).

The attractive forces in the scivent that must be overcome
are, most frequently, the dipole -dipole interaetion (as found
in waler or acetone) and the induced dipole-induced dipole
interaction (as in liguid petrolatum).

The energy-releasing solute-solvent interactions fhat
must be taken inlo aecounl may be one of foar types. In
decreasing energy of interaction these are ion-dipole inter-
actions {eg, a sodiwm ion interacting wilth water), dipole~di-
pole interactions leg, an organic acid dissolved in water),
dipole--induced dipole interaction, Lo be discussed later {eg,
an organie acid dissolved in carbon tetrachloride) and in-
duced dipole-induced dipole interactions {eg, naphthalene
dissolved in benzene).

Since e energy-releasing solute-solvent interaction
should approximale the energy needed to overcone the sol-
ute-solute and sotvent-sclvent interactions, it should be ap-
parent. why it is nol possible Lo dissolve a salt like sodium
chloride in henzene. The interaction between the ions and
benzene does not supply enough energy to overcome the
interaction between the fons in the solute and therelore gives
rise to a positive heat of solution. On the other hand, the
interaction of sodivm and chloride ions with water molecules
does provide an amount of energy approximating Lhe energy
needed to separate the ions in the solute and the molecules
in the solvent.

Consideration must next be given to entropy cffects in
dissoluiion processes. Kntropy is an indicator of the disor-
der or randomness of a system. The more positive the en-
tropy change (AS) is, the greater the degree of randomuness
or disorder of the reaction system and the more favarably
disposed is the reaction. Unlike 4, the entropy change
{an entropy of mixing} in an ideal solution, is not zero, bui
hes some positive value singe there is an inerease in the
disorderlingss or entropy of the system upon dissolulion.
Phus, in an ideal solution with AH’ zere and AS posilive, AG
would have n negative value and Che process, therefore,
would be spontaneous.

In anonideal solution, on the other hand, where A" is not
zero, A5 can be equal to, greater than or less than the entro-
py of mixing found for the ideal solution. A nonideal solu-
tion with an entropy of mixing equal {o that of the ideal
solution is catled a “regular solution.” These solutions usu-
ally ocour with nonpolar or weakly polar solutes and sol-
vents, Such solutions are accompanied by n positive enthal-
py change, implying that the solute~solvent molecular inier-
action is less Lhan the solute-solute and solveni-solvent
molecular interactions. Regular solutions are amenable to
rigorous physical chemical analysis which wili not be covered
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218 CHAFTER 16

in this chapter but which can be found in outline form in Ref
1, page 282.

The possibility exists in a nonideal solution that the entro-
py change is greater then for an ideal solution. Such a
solution oecurs when there is an association Rmong solute or
solvent molecules. In essence, then, the disselution process
oceurs when one begins at a relntively ordered (low entropy)
state and progresses to a disorderly (high entropy) state.
The overall entropy change is positive, greaier than {hat of
the ideal case, and favorable to dissolution. As inay be
expected, the enthalpy change in such a solution is positive
sinee association in a solute or solvent must he overcome.
The facilitated solubility of citrie acid (an unsymmetrical
molecule), as compared to inositol (a symmetrical molecuke),
may be explained on the basis of such a favorable entropy
change.?

The solubility of citric acid is greater than that of inositol,
vet, on the basis of their heats of solution, inositol should be
more soluble. One may regard this phenomnenon in another
way. The reason for the higher solubility of citric acid is
that although there is no hindrance in the transfer of a citric
acid molecule as it goes from the salute to the solution phase,
when the structurally unsymmetrical citric acid attempts Lo
return (o the solute phase from solution, it must assume an
orientation that will allow veady interaction with polar
groups already oriented, I il does not have the required
orientation, it will not return readily to the solute, but it will
remain in solution, thus bringing ahout a solubility larger
than expected on the basis of heat of solution.

On the other hand, the stracturally symmetrical inositod,
a8 it leaves the solution phase, can interact with the solute
phase without requiring a definite orientation; all orienta-
tions are equivalent. Hence, inositol can enter the solute
phase without hindrance and, therefore, no facilitation of its
solubility is ohserved.

In general, unsymmetrical molecules tend to be more solu-
ble than symmetrical molecules.

Another typa of nonideal solution occurs where there is an
entropy change less than that expected of an ideal solution.
Such nonideal behavior can occur with polar selutes and
solvents. 1n a nonideal solution of this type there is signifi-
cant interaction hetween solute and solvent. As may be
expected, the enthalpy change {AH') in such a solution is
negative and favors dissolution, but this effect is tempered
by the unfavorable entropy change occeurring al the same
titne. The reason for the lower-than-ideal entropy change
can be visualized where the equilibrium system is more or-
derly and has a lower entropy than that expected (or an ideal
solution. The overall entropy change of solution, thus,
would be less and not favorable to dissolution. One may
rationalize the bower-than-expected soluhility of lithinm flu-
oride on the basis of this phenmmenon. Compared with
other alkali haiides, it has a solubility lower than would be
expected based solely on enthalpy ¢hanges. Because of the
small size of jons in this salt there may be considerable
ardering of water molecules in the =olution. This effect
must, of course, lead to a lowered entropy and an unfavor-
able effect on solubility. The effect of soluble salts on the
solubility of nonelectrolytes (page 209) or slightly soluble
salts (page 210} may be considered a reault of an unfavorable
antropy effect.

Pharmaceutical Solvenis

The discussion will focus now on sclventis available (o
pharmacists and, in particular, on their interactions and
properties of these solvents. It is most important that the
pharmagcist obtain an understanding of the passible differ-
ences in solubility of a piven solute in various solvents since

he most often is called on Lo select & solvent which will
dissolve the solute. A knoewledge of the properties of sol-
vents will allow the intelligent selection of suitable solvents,

Maolecular Interactions

The solvent-solvent interaction is, in pharmaceutical sol-
vents, always made up of a dipole-dipole interaction {Kee-
som FForce) and an induced dipole-induced dipole interac-
tion (London Force). It is important 1o keep in mind that
both forces are always present; the contribution that each of
these forces makes toward the overall ultractive force de-
pends on the structure of the solvent molecule. Some sol-
vents have interactions which predominantly involve the
Keesom Force {eg, water}, while others are predominantly
composed of the London Force (eg, chloroforand; usually,
both forces will be found.

Dipole-Dipole Forces—The unequal sharing of the elec-
tron pair between two atoms due to a difference in their
electronegativity brings about a separation of the positive
and negative centers of electricity in the molecule, cavsing it
to become polarized; that is, to assume a partial ionic charac-
ter. The molecule then is said to he a permanent dipole and
the substance described as being a polar compound,

The greater the difference in the electronegativities of the
constituent atoms, the greater the inequality of sharing of
the electron pair, the greater the distance between the posi-
tive and negative centers of electricity in the molecule and
the more polar the resulting molecule. As the character of
the bonds are intermediate between those existing in nonpo-
lar compounds and those occurring in ionic salts, it is Lo be
expected that the properties of polar compounds should be
intermediate between those of the two other classes. Such,
in fact, penerally is the case.

Coordinate ¢covalent compounds all are very strongly polar
because both of the electrons constituting the bonding pair
have heen contributed by a donar atom which, in effect, loses
an electran and becomes positively charged, while the accep-
tor atom may be considered to gain an electron and become
negatively charged.

While, in general, the electronegativities of different kinds
of atoms are different, and the expectation is, therefore, Lthat
all molecules containing twe or more different atoms will he
polar, many such molecules actually are nonpolar. Thus,
while the electronegativity of chlorine is appreciably differ-
ent from that of carbon, the molecule of carbon tetrachio-
ride, CCly, is nonpolar because the symmetrical arrangement
of chlorine atoms aboul the carbon atom is such as to cancel
the affects of the difference in the efectronegativity of the
constituent atoms. Thesame is true in the case of methane,
CH,, and for hydrocarbons generally. But the molecules
CHC1, CHoCly and CHCly definitely are polar because of the
unsymmetrical distribution of the forces within the mole-
cule.

A knowledge of the degree of polarity of various molecules
usually is available in the measurement of the dipole mo-
ment, u, of the molecules. This quantity is defined as the
product. of one of the charges on the molecule and the dis-
tance between the two average centers of positive and nega-
tive electricity. Measurements of the dipole moment of a
substance are made, when possible, en the vapor of the
substance but, when not possible, a dilute solution of the
substance in a nonpolar solvent is employed. Table I lists
the values of the dipole moment for a number of substances.

As stated previously, the molecules of nonpolar sub-
stances are characterized by weal atiractions for one anoth-
er, while molecules of polar substances exhibit a relatively
strang attraction, which is all the more powerful the greater
the dipole noment. The reason for this is readily apparent;
the dipoles tend Lo align themselves so that the opposite
charges of lwo different molecules are adjacent. They affect
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Table H—Dipole Momenis

Electrosiatic Units
Substance (e X 108

Water 1.85
Acetone 28
Methyl alechol 1.68
Ethy! aleohol 170
Phenol L70
Bthyl ether 1.14
Aniline 1.51
Nitrobenzence 4,19
o-Dinitrobenzene 6.0
m-Dinitrobenzene 3.8
p-Dinitrobenzene 0.3
Benzeno 0
Methane 0
Chioromethane 1.86
Dichloromethane 1.58
Chloroform 1.06
Carbon tetrachloride 0

© Carben monaoxide 011
Carhon dioxide 0
Oxypen 0
Hydrogen 0
Hydrogen chloride 103
Hydrogen hromide 0.78
Hydrogen iodide 0.18
Hydrogen sulfide 0.95
Hydrogen ¢cyanide 2.5
Ammonia 1.49

each other in somewhat Lthe same manner as do two bar
magnets, the opposite poles of which are adjacent. While
thermal agitation tends to break up the alignment or associ-
ation of the dipoles, there is, nevertheless, a resultant signifi

cant intermolecular force present.

Induced Dipole-Induced Dipole Forces—It isof inter-
estto inquire at this point what force does exist belween the
molecules of compounds which are nonpolar, eg, those which
have zero dipole moment. If some attractive foree did not
exist, the molecules could not be expected to cling together,
as in the solid and liquid states. Although the attraction is
relatively slight, there is a force that arises from momentary
polarization of the molecules because of electronic oscilla-
tions which are taking place continuously within the mole-
cules. The temporary dipoles thus produced induce oppo
site polarizations in adjacent molecules and the net.effect is
that there is a small but definite altractive force between the
molecules to keep them together in the liquid and solid
states. This atlraction resulting from mutual polarization
commaonly is referred to as the London Force and as an
induced dipole~induced dipole force.

The Hydrogen Bond—Theattraction between opposite
iy charged ends of two dipoles is accentuated when the posi-
tive end of one dipole conlains a hydrogen atom and the
negative end of the other dipole contains an atom of fluorine,
oxygen or nitrogen. In such instances the nucleus of the
hydrogen atom—which is a proton—appears to be able (o
bind together the negative end of the molecule, of which it is
a part, with the negative end of the adjacent molecule. This
may be represented by Fig 16-8.

Since the proton is the smallest positively charged atomic
particle, it can draw together two negatively charged atoms

CX@—-— proton (+)
(=) &)

(- }

e

Fig 16-8. Hydrogen bonding.

-

N,

SOLUTIONS AND PHASE EQUILIBRIA 217

or ions more closely than can any other--and necessarily
larger—positively charged particle.  Not more than two
negative atoms e capable of being attracted at any given
instant, as is evident from g 16-8, where a third negative
atom is shown to be restricted physically (rom direct contact.
with the proton. Water is an excellent example of a sub-
stance, Lthe molecules of which are associated through the
formation of such a hond . called the hydrogen bond. An
illustration of such bonding in the case of water may be

represented as
0—H~-0- H~O-H
Tl
H H H

Tach dotted line represents the hond or “bridge” established
by the hydrogen atom of one water molecule with the oxygen
atom of another. It is fo be noted that the water molecule is
pictured as an angular, rather than as a linear, molecule
(H—O0-—H). Thisisin accord with the bond angles imposed
by the directional character of the honding orbitals making
up the molecule (see Chapter 22). By virtue of its kernel
containing six unneutralized protons, not. only the valence
electrons of the oxygen atom, but also those of the hydrogen
atoms are attracted so strongly to the oxygen atom as to
make the latter charged negatively, while the rest of the
molecule is charged positively.

The hydrogen bond is not a strang bond, but it. plays an
important role in determining the properties of substances
in which it occurs. For example, it primarily is responsible
for the unusual properties of water. I the substance 11;0
followed the course of Lhe related substances HiyTe HsSe
and HsS, in so far as the physical properties of these latler
substances are concerned, the freezing point of water would
be about 100° and its boiling point about —80°. The
unexpectedly high values actually observed are atiributed to
hydrogen bonding between molecules of waler. To break
such honds, as lor example in vaporizing water in the farm of
single HyO molecules during the process of boiling, more
energy is required than would be necessary if the water
molecules were not linked by hydrogen bonds.

The molecules of at least the low-malecular-weight alco-
hols similarly are joined by hydrogen bonds to forma lattice-
like structure.

Another example of the manner in which the hydrogen
bond functions & seen in the case of carhoxylic acids. Such
acids usually exist in dimeric form, the two molecules being
joined by hydrogen bonding, which mnay be depicled as

OH--- -0
RC/ CR
Vi
S oeut0

This tendency is so pronounced in the case of aceticacid that
even in the vapor state the substance exists in dimeric aggre-
gation.

Classification

On the basis of the forces of interaction oceurring in sol-
vents one may broadly classify solvents as one of three types:

L. Polar solpent s—-those made wp ofstrong dipolar molecules having
hydrogen bonding (water or hydrogen peroxide).

2 Semipolar solpents-—those also made up of strong dipolar mole-
cules but which do not form hydrogen bonds (acetone or pentyl alcohol).

3 Nenpolar selvents—those made up o Mrolecules having a small or
no dipolar charactoer (benszens, vegetable vl or mineral oil).

Naturally, there are many solvents thal may it into more
than one of these broad classes; for example, chloroform isa
weak dipolar compound but generally is considered nonpo-
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218 CHAPTER 18

tar in character, and glycerin could be considered a polar or
semipolar solvent even though it is capable of forming hy-
drogen bonds.

Types

Water-.Water is a unique solvent. Besides being a high-
ly associated liquid, giving rise Lo its high boiling point, it has
another very important property, a high dielectric constant.
The dielectric constant (¢} indicates the effect that a sub-
slance has, when it acts as a medium, on the ease with which
twa oppositely charged ions may be separated. The higher
the diclectric consiant of a medium, the easier it is Lo sepa-
rate two oppositely charged species in that mwedium. The
dielectric constants of a number of liquids are given in Table
L. The values listed arve relative to a vacuum which, by
definition, has a dielectric constant of unity. According to
Coulomb’s Law the foree of attracltion {F) between two op-
positely charged ions is

F=- (18)

where Z; and Z; ave the charges on the jons, » is the distance
separating the oppositely charged fons and ¢ is the dielectric
constant of the medium. FEquation 15 indicates that the
force of interaction between the oppositely charged ions is
proportional inversely to the dielectric constant of the medi-
um. Thus, the interactive force helween a sodium and chlo-
ride ion in water at a distance 7 would be Yy, that of the same
ions in & vacuum separated the same distance. Looking at
this exampie in another way, Coulomb’s Law suggasts that it
is much easier to keep sodium and chloride jons apart in
water than in a vacuum. Consider another example: the
relative cage with which the ions of sodium chloride may be
kept apart the same distance in water, as compared to olive
oil, would oceur in the ratio of 80/3.1; that.is, it is 80/3.1 times
easier to keep these jons apart in waker than it is in olive oil.
The ease of solubilizing saits in solvents like water and giye-
erin can be explained on the basis of their high dielectric
conslant. In general, also, the more polar the solvent, the
greater its dielectric constant.

There is a very close relationship between dieleciric con-
stant and the two types of interactions found in all solvants;
that is, the dipole~dipole interaction (Keesom) and the in-
duced dipole-induced dipole interaction (London). The di-
electric constant is related to these 1wo forces through a
quantity called totaf molur polarization, P, which is a mea-
sure of the relative ease with which a charge separation may
be made within 8 molecule. The total malar polarization is
given by

Tabie Hi-—Dislectric Constants (at 20°)

Hydrogen cyanide .................. 118
WRLBE o i voves som s s e i BO
IR sy nevm s v T 46
Ethyieneptycol . ...... ... o 41
Methyvlaleobol ... ... 00 0L 33
Eilhwlaleolol. ..oooo0 00 i 25
n-Propylalechol ... ... 000 22
ACBLONE o e e e g e 21
Andline........o....oo L 70
Chloroform ... 50
Cartr Bl s s o sives 48
BUWEEher o w v s o 1.3
Qetylaleobhol ... oo 34
L T e e s 3.1
Bomne s | o R DT L 22
Turpentine oil e T 29
Carbon tetrachloride ... 000000 9.9
L F T PP S S R 1.9

p=izl M (16)

where ¢ is the dielectrie constant of the substance, M is the
molecular weight and P is the density. (For further details,
see Ref 1, page 114.) Tolal molar pelarization is in tarn
composed of two Lerins

3&T

where P, = 4/8 wNo is the contribution due to induced
pelarization (the London contribution), and where

4 2
5 I " !f
Pu=gmh (:ak?')

is the contribution due to the permanent dipole {the Keesom
contribution), N is Avogadro’s Number, ¢ is a constant
called the polarizability (related to the induced dipole), p is
the dipole moment, & is the Boltzmann constant (1.38 X
10770 erp/mole/deg) and T is the absolute temperature.
Grouping all constant terms, it is possible to rewrite g 17 a8

P=A+BIT

3
P=p +P, = ; il ; N (") (17

and substituting Eq 16, yields
B

e—1 M
- P} =

e+2 D Ak T U8
The first term on the right-hand side is the contribution to
the dielectrie constant of the London dispersions; it is not
temperature-dependent. The second term on the right-
hand side is the contribution to the diclectric constant of the
Jeesom dispersions, This latler contribution is tempera-
ture-dependent. because the contribution from the perma-
nent dipole depends on the dipoles aligning themselves,
which tendency is opposed by thermal agitation. Thus, it is
apparent from Eq 18 (and from common sense} Lhat as
temperature increases, the dieleciric constant of dipolar sol-
vents will tend Lo decrease.

Equation 18 alse indicates that solvents which have large
dipole moments tend to have large dielectric constants be-
eauge of the contribution of the P, term {Eq 17). Water,
which has a very large dielectric constant, is estimated to
have % of its molecular interaction due to & dipole-dipole
interaction and % due to the inducad dipole-induced dipole
interaction. On the other hand, compounds such as ben-
zene, with a dipole moment of zero, will have small dielectric
constants since the contribution by the P, term will drop out
of Eq 18.

There is an imporlant concept that should he considered
which has been introduced to pharmaceutical systems.® It
must be recognized that pbarmacists frequently ave con-
cerned with dissolving relatively nonpolar drugs in aqueous
or mixed polar agueous solvents. To understand what may
be happening in such cases, factors concerned wich the en-
tropic effects arising from interactions originating with the
nonpolar solutes must be considered. Previously it had
been noted Lhat the favorable entropic effect on dissolution
was due Lo the disruption of associations ocourring among
solute or solvent molecules. Now, consider the effects on
solubility due to solule interactions in the solution phase.
Since the solutes nnder discussion ave relatively nenpolar,
the interactions are of the London Force type or a hydropho-
bic association. This hydropbobic association in aqueous
solutions may cause significant structuring of water with a
resultant ordered or Jow-entropy system, anfavorable 1o so-
lution. As is known, the solution of an essentially nonpolar
malecule in water is not a favorable process. it should be
stressed that this is due to not only an unlavorable enthalpy
change but also an unfavorable entrepy change generated by
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woler-structuring,  Such an unfavorable entropy change is
quite significant in the selution process. As an example of
this effect, the agueous solubility of a series of alkyl p-
aminobenzoates shows a ten million-fold decrease in sotubil-
ity in going from the 1-carbon analog to the 12-carbon ana-
log. These findings demonstrate clearly the considerable
effect that hydrophobic associations can have.

Alcoliols—IEthanol, as a solvenl, is next in importance Lo
water, An advantage is that growth of microorganisins does
not occur in solutions containing aleohol in a reasonable
concentration,

Resins, velatile oils, alkaloids, glycesides, ele are dissolved
by aleohol, while many therapeutically inerl. prineiples, such
as gums, albumin and starel, are insoluble, which makes it
more useful as a “selective” solvenl. Mixlures of water and
alcohol, in proportions varying (o suil specific cases, arve used
extensively. They are often referred to as hydrouleoholic
aolvents.

Glyserin is an excellent solvent, although its range is not
as exlensive as that of water or aleobol.  Inhigher coneentra-
tions it has preservalive action. 1t dissolves the fixed allea-
lies, a large number of salts, vegetable acids, pepsin, tannin,
some active principles of plants, etc, hul it also dissolves
guimns, soluble carbohydrales, starch, etc. 1t is also of special
value a2 a simple solvent, as in phenol glycerite, or where the
major porlion af the glycerin simply is added as a preserva-
tive and stabilizer of solutions that have baen prepared with
other solvents (see Giyeerines, Chapter 84).

Propylene glyeol, which has been used widely as a substi-
tute for glycerin, is miscible with water, acetone or chlore-
form in all proportions. Il is soluble in ether and will dis-
solve many essential oils but is immiseible with fixed oils. 1t
i claimed Lo he as effective as ethyl aleohol in its power of
inhibiting mold growih and fermentation.

Isopropy! alcohol possesses solvent properties similar 1o
those of athyl alcohol and is used instead of the atter ina
nuwmber of pharmaceutienl manufacturing operations, i
has the advantage in that the commonly available product
contains not over 1% of water, while ethy] aleohol contains
aboul 5% water, often a disadvantage. lIsopropy! aleohol is
employed in some liniment and lotion formulations, Tt can-
nol he taken internatly.

General Properties—Low-molecular-weight and polyhy-
droxy alcolols form associated structures Lhrough hydrogen
bonds just as in water. When the carbon-atom conlent of an
alcohol rises above five, generally only monomers then are
present in the pure solvent. Although alcohols have high
dielectric constants, compared to other Lypes of solvents,
they are small compared lo water. As has been discussed,
the soluhility of salts in a solveni should be paralleled by its
dielactric constanl, That is, as the dielectric constant of a
series of solvents increases, the probability of dissolving a
salt in the solvent increases. ‘This behavior is observed for
the alcohols. Table IV, taken from Higuchi,! shows how the
soluhility of salts [llows the dielectric constant of the alco-
hols.

Asmentioned earlier, absolute alcohol ravely is used phar-
maceutically, However, hydroaleoholic mixtures such as
elixirs and spirits frequently are encountered. A very useful
generalization is that the diclectric properties of & mixed
solvent, such as water and alcohol, can be approximated as
the weighted avernge of the properties of the pure compo-
nents. Thus, a mixture of 60% aicohol (by weight} in water
should have a dielectric constant approximated by

Clminture} 0'6{f[n11v=i|(nl}) * 0-4{('{\»;.1'”-')
0.6025) + (L4{80) = 47

Eimixture)

The dielectric constant of 60% aleohol in water s found
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Tabls IV—Seclubiities of Potassium lodide and Sodium
Chioride In Sevaral Alcohols and Acetone?

a KK a NaCI#
Solvant 160 g Solvent 100 g Solvent

Water 148 35,9
Glyeerin o 8.3 (20°)
Propylens Glyeol 50 7.1 {30%)
Methanol 17 1.4
Acelone 2.9 e
Tathanoi 1.88 006
1-Propanal 0.4 0.0124
2.Propanal .18 003
1-Butanol 0.20 0.006
1-Pemtanol 0,089 00074

© Al measurements are al 25°0 unless olhorwise indicated,

experimentally to be 43, which is in close agreement with
that just caleulated. The dieleciric comstant of glyeerin is
46, close to the 60% alcohol mixture. One would, therefore,
expect, a salt like sodium chloride to have about the same
solubility in glycerin as in 60% alcohel. The solubility of
sodium chloride in glycerin is 8.3 g/100 g of solvent and in
G0% alcohol about 6.3 g/100 g of solvent. This agreement
would be even closer i comparisons were made on a volume
rather than weight basis. At Jeasl gualitatively it can be
said that the solubility of a salt in a solvent or a mixed
solvent very closely follows the dielectric constant of the
medium or, conversely, that the polarity of mixed solvents is
paralleled by their diclectric constant, based on salt solubili-

Y.

Although the dielectric constant is useful in inferpreting
the elfect of mixed solvents on salt solubility, it eannot be
applied properly to the effect of mixed solvents on the solu-
bility of nonelectrolytes. It was seen earlier that unfavor.
able entropic effects can oceur upon dissolution of relatively
nonpolar nonelectrolyles in waler. Such an effect due to
hydrophobic sssocialion considerably affecls solubility.
Yalkowslky® stucdied the ability of cogolvent syslems Lo in-
crease the solubility of nonelectrolyles in polar solvenis
where the cosolvent system essentiably brings about a redue-
tion in structuring of solvenl. Thus, by increasing, in a
positive sense, the entropy of selution by using cosulvents, it
was possible Lo increase Lhe solubility of the nonpolar mote.
enle. Using as an axample the solubility of alkyl p-amino-
henzoates in propylene glycol-water systems, Yalkowsky®
reported thal it is possible Lo incroase the sobubility of the
nonelectrolyte by several orders of magnitude hy increasing
the fraction of propylene glycol in the aqueous system.
Semetimes, it is found that, as a good [irst approximation,
the logarithm of the soluhility is related linearly to the frae-
tion of propylene giyveol added by

log 5, = log Siog + ¢f
! f=n

where Sy is the soluhility in the mixed aqueous system con-
taining the volume fraction / of honaqueous cosolvent, Sy=q
is the sojubility in water and ¢ is a constant (not dielectric
constant) characteristic of the system under siudy. Speciii-
cally, when a 50% solution of propylene glycol iny water is
used, there is a 1000-fold increase in solubility of dodecyl p-
aminochenzoate, in comparison to pure waler.

In a series of studies, Martin et alf have made atlempts to
predict solubility in mixed solvent systems through an ex-
tension of the “regular solution™ theory. The equations are
logarithmic in nature and can reduce in form to the equa-
tions of Yalkowsky ®

Aceione and Related Semipelar Materials—LEven
though acelone has a very high dipole moement (2.8 X 1018
esu), as a pure solvent it does not form associated stractures,
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Fig 168-8.  The charge separation in acetone.

This is evidenced by its low hailing point (67°} in compari-
sol with the boiling peint of the lower-molecular-weight
water (100°} and ethanol (79°). The reason why it does not.
associate is because the positive charge in its dipole does not
reside in a hydrogen atom (Fig 16-9}, precluding the possi-
bility of its forming a hydrogen bond. However, if some
substance which is capable of forming hydrogen bonds, such
as water or alcohol, is added o acelone, a very strong inter-
action through hydrogen honding will oceus {see Mechanism
of Solvent Action below). Some substances which are semi-
polar and similar Lo acetone are aldehydes, low-molecular-
weight esters, other ketones and nilro-containing com-
pounds.

Nonpolar Salvents——This class of solvents includes fixed
oils such as vegetable oil, petrolewm ether (ligroin), carhon
tetrachlorvide, benzene and chloroform. On a relative basis
there is a wide range of polarity among these soivents; for
example, benzene has no dipole moment while that of chio-
roform is 1.0 X 107" gsu.  But even the polarity of these
compounds normally classitied as nonpolar is still in line
with the dieleetrie constant of the solvent. 'The relation
between these guantities is seen best through a quantity
called molar refraction. ‘T'he molar refraction {or refructivi-
tv), K, of a compound is given by

.t

e nn -1 M

ni+o b

where i i Lhe refractive index of the liquid, M is its molecu-

lar weight and 17 is its density., The similarity between g

19 and Eq 16 is to be noted and, indeed, in refractive index

measurements using very long wavelengths of light, n? = «.

"Thus, molar refraction under these conditions approximates

total molar polarizationn. Since, in the more nonpelar sol-

vents there is generally no dipole moment, p, iotal molar

polarization reflects polarization due only to the induced
dipoles possible. Thus

{19

c—1 M _ 4

“ ptg9 D b2 D 3
1t is evident from this that the refractive index of a nonpolar
compound reflects its relative polarity. Tor example, the
more-polar benzene (¢ = 2.2) has a higher refractive index,
1.501, than the less-polar hexane (¢ = 1.9), whose reflraclive
index is 1.375.

1 should be emphasized again that when a solvent (steh
as chloroform) has highly electronegative halogen aloms at-
tached Lo a carbon atom also containing at least one hydro-
gen atom, such a solventl will be capable of forming strong
hydrogen bonds with solutes which are polar in character,
Thus, through the formation of hydrogen bonds such sol-
venis will dissolve polar solutes, For example, il is possible
1o dissolve alkaleids in ebloroform.

L.
one=1 M (20)

Mechanism of Solvent Aciion

A solvent may function in one, or more, of several ways.
When an ionie salt is dissolved, eg, by water, the process of
solution involves separation of the cations and anions of the
salt with attendant orientation of molecules of the solvent
about the ions,  Such orientation of solvent molecules about
the ions of the solute-—n process called solvation (hydration,
il the solvent is water)—is possible only when the solvent is
highly polar, whereby, Lhe dipoles of the aolvent are alract-
ed to and held by the ions of the solute. The solvent also

must possess the ability to keep the solvated, charged ions
apart with minimal energy. The role of the dislectric eon-
stant in keeping this encrgy to a minimum has heen dis-
cussed earlier,

A polar liguid such as water may exhihit solvent action
also by virtue of ils ability t¢ break a covalent bond in the
solute and bring aboul ionisation of the latter. Forexample,
hydrogen chloride dissolves in water and functions as an acid
as a resull of

HC - H,0 -+ H O + ¢

The ions formed by this preliminary reaction of breaking the
covalent hond subsequently are maintained in solution by
the same mechanismn as ionic salts,

Still angther mechanisin by which a polar liquid may act
ag a selvent. is thal invelved when the solvent and solute are
capable of being coupled through hydrogen-bond formation.
The solubility of the low-molecular-weight alcohols in water,
for example, is atiributed to the ability of the alcohol mote-
cules o become parl. of a water-alcohol association complex.

H R H R

| { I |
3 ORI R € SNy SNNG ¢ SOUUNOR s ML ; g

As the molecular weight of the aleohol increases, it becomes
progressively less polar and less able to compete with water
molecules for a place in the lattice-like arrangement formed
through hydrogen bonding; high-molecular-weight aleohols
are, therefore, poorly soluble or insoluble in water. When
the number of carbon atoms in a normal alcohol reaches five,
its selubility in water is reduced materially.

When the number of hydroxyl groups in the aleohol is
increased, its solubiity in water generally is incrensed great-
ly: it is principaily, if not. entirely, for this reason that such
high-moleevlar-weight compounds as sugars, guimns, many
glyeosides and synthetic compounds, such as the polyethyl-
ene glyeols, are very soluble in water.

The solubility of ethers, aldehydes, ketones, acids and
anhydrides in water, and in other polar solvents, also is
attributable largely to the formation of an association com-
plex between salute and solvent by means of the hydrogen
bond. The molecules of ethers, aldehydes and ketones, un-
like those of alcohols, are not essociated themselves, hecause
of the absence of a hydrogen etom which is capahle of form-
ing the chavacteristic hydrogen bond. Notwithstanding,
these substances are more o1 less polar hecause of the pres-
ence of a strongly electroncgative oxygen atom, which is
capable of association with water through hydrogen-bond
formation. Acetone, for example, dissolves in water, in all
likelihood, principally because of ihe folfowing type of asso-
ciaiion:

H

|
CH,CO + H0 - (CHg)CO. -H---0

The maximum vumber of carbon aloms which may be
present per molecule possessing a hydrogen-bondable
group, while still retaining water solubility, is approximately
the same as {or the aleohols.

Although nitrogen is less electronegative than oxygen and,
thus, tends to form weaker hydrogen bonds, il is ohserved
that amines ave at lenst as soluble as alcohols containing an
equivalent chain length. The reason for this is that aleohols
form two hydrogen bonds with a net interaction of 12 kcal/
mole. Primary amines can form three hydrogen honds; two
amine protons are shared with the oxygens of two water
molecules, and the nitrogen acceptls ane waler proton, The
net interaction for the primary amine is between 12 and 13
keal/mole and, hence, it shows an equal or greater solubility
compared with corresponding aleohols.
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The solvent action of nonpolar liquids involves a some-
what different mechanism. Because they are unable to form
dipoles with which to overcome the attractions between ions
of an ionic salt, or to break o covalent bond Lo produce an
tonic compound or form agsociation complexes with a solute,
nonpolar liguids are incapable of dissalving polar com-
pounds. They only can dissolve, in general, other nonpolar
subsiances in which the bonds between molecules are weak.
The forces involved usually are of the induced di-
pole-induced dipole type. Such is the case when one hydro-
carbon is dissolved in another, or an ol or & fat is dissolved in
petroleumn ether. Sometimes it is ohserved that a polar
substance, such as aleohol, will dissolve in a nonpolar liguid,
such as benzene. This apparent exception to the preceding
generalization may be explained by the assumption that the
alcohol molecule induces a temporary dipole in the benzene
maotecule which forms an association complex with the sol-
vent. molecules. A binding force of this kind is referred 1o as
a permanent dipole~induced dipole force.

Some Usclul Genoralizations—The preceding discussion indieates
that enough is known aboul the mechenisin of solubility to be able 1o
formulnte seme penorolizations concerning this important physical
property of substonees.  Because of the groaler imporiance of organic
substances in the fleld of medicinal chemisiry, certain of the more useful
penerslizations with respect to organic chemicnls gro presented here in
surmmary foro. 1t should be remembered, however, that the phenome-
non of solubility ugunlly involves several varinbles, and there may be
excentions 1o general rules.

One general maxin which holds troe in mosl instinces is: Lhe greater
the structural similarily between solute und solvent, the greater (he
solubility. As often stated 1o the student, “like dissobves like.”" Thus,
phenol is nimost insuluble in petrolewm ether but is vory soluble in
glycerin,

Orponie compounds containing polar groups cupable of forming hy-
drogen homnds with water are soluble inwnler, providing thal the moleey-
lar weight of the compound is not too greal, 1 is demonsbraled cosily
that the polar groups OH, CHG, COH, CHOH, CHu0M, COOH, N(L,
C0, NHy ond SO:H tend 1o incresse Lo sotuinlity of oo organic com-
pound in water. On the other hand, nonpolar or vary weak polar groups,
sueh as the varieus hydrocarben radicals, reduce sahubility; the grenter
the number of carbon abims in the radieal, the preater the decrense in
solubility. Introduction of halogen ateins indo a molecule in general
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Table V-—Demonsiration of Solublity Rules

Ghemical Gompound Sotubiiily
Aniline, CeH NI, 286
Benzene, CiH, 1430
Benzaic acid, CHC00H Xih
Benzyl aleohaol, CHLCHL0H 25
1-Butanel, CH.0H 12
-Buiy! aleohaol, (CHghCOH Miscilde
Carbon tetrachloride, CCly 2000
Chiovoform, CHCL, 200
Fumarie acid, Lruns-hutenedioie neid 150
Hydroguinoue, OG0, 14
Maleic acid, cis-butetediote acid 5
Phenal, CeHOH 15
Pyrocatechol, CiH.(01), 2.3
Pyrogollol, Calda(0HM)y 1.7
Resorcinol, CyH(OH)y 0.4

« The number of mL of waler required Lo dissolve 1 ¢ of solute.

teiiels to decrense solubility Decause of an ineressed molecular weight
without a proportionaie increase in polarity.

'The grealer the number of polar groups contained per moleeule, Lhe
greater thie solubilivy of & compourd, provided that the sise of Lhe rest of
the molecule is not altered; thus, pyrogailo] is mueh more soluble in
wiater than phenol. ‘The relfuiive positions of te groups in the molecule
also inMuence solubility; thus, v waler, resorcinel (m-dihydrogyben-
2ened is mere soluble than ealechel {o-dilivdroxyhenzene), and the lodler
is mare suluble than hydroguinone (p-dihydroxvbenzenc).

Folvmers und compounds of high molecudar weight generally ave insol-
uble or ondy very slightly sotulie,

High melting points frequently are indicative of low solubility for
organic compounds.  One reason Tor high melling points is the associs-
tion of molecules an this cohesive force tentds lo prevent dispersion of
the solute in the sobvent.

The eis form of an isomer is move sofuble thon the trans form,  See
Table V.

Solpalior, which is evidence of the existence of & strom aitclive
farce hetween solute and aolvent, enhianees the solubility of Lhe solute,
peovided there is not a marked ordeving of the solvent malocules in the
solution phose.

Avids, especially slrong neids, usually praduce water-soluble salts
when rencted with nitropen-coattaining organic bases,

Colligative Properties of Solutions

Up to this point concern has heen with dissolving a solute
in a solvent. Having brought ahout the dissolution, the
solulion, quite naturally, has a number of properties which
are different from that of the pure solvent, Of very great
importance are the coiligative properties which o solution
possesses.

The colligative propertics of a solulion are those Lhat
depend on the number of solule particles in solution, irre-
spective of whether these are molecules or ions, large or
smail. [deally, the effect of a solute particle of one species is
considered to be the same as that of an entirely different
kind of particle, at least in dilute solution, Practicaily, there
may be diffexences which may become substantial as the
concentration of the selution is increased.

The colligative properties which will be consiclered ave:

1. Osmolic pressure.

2. Yapor-prsssure lowering.
3. DBoiling-point elevation.

4, Freezing-point depression.

Of these four, all of which are related, osmotic pressure
bas the greatest divect importance in the pharmaceutical
sciences. 1l is the property that largely determines the
physiologicel accepiability of a variety of solutions used lor
therapeutic purposes.

Osmotic-Pressure Elevaiion

Diffusion in Liguids-—Although the property of diffu.
sion is rapid in poseons systemns, it is nol limited to such
systems, ‘That molecules or iong in liquid systems possess
this same freedom of movement may be demonstrated by
placing carefully a layer of water on a coneentrated aqueous
solution of any salt. In time it will be ohserved that the
houndary between solvent and solution widens gradually
since salt moves into the water layer and water migrates
from its Jayer into the salt solution below. Eventually, the
composition of the new solution will become uniform
throughout. This experiment indicates that substonces
tend Lo moove or diffuse from regions of higher concentration
to regions of fower concentraiions so that differences in
coneentration eventually disappear.

Osmosis—In carrying oul the experiment just deseribed,
it is impossible to distinguish between the diffusion of the
solute and that of the solvent. However, by separating the
solution and the solvent by means of & membrane that is
permeable to the solvent, hut not to the solute (such a mem-
brane is referved Lo as a semipermenble membrane), it is
possible to demonstrate visibly the diffusion of solvent into
the concentrated solution, since volume changes will occur,
in a similar manner, if two solutions of different concentra-
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Lion are separaled by a membrane, the solvent will move
from the solution of lower solute concentralion to the solu-
tion of higher solute concentration. This diffusion of sol-
vent through a memlrane is called osmosis.

There is a difference between the activity or escaping
tendency of the water melecules found in the solvent and
salt solution separated by the semipermeable membrane.
Since actipity, which is relaled o waler concentration, is
higher on the pure solvent side, water moves {rom solvent Lo
solution in order to equalize escaping-tendency differences.
The difference in escoping-tendency gives rise to what is
referced to as the osmotic pressure of the solution, which
might be visualized as [ollows. A semipermeable membrane
is placed over the end of a tube and & small amount of sall
solution placed over the membrane in the tube. The tube
then is immersed in a trough of pure water so that the upper
jevel of the salt solution initially is at the same leve] as the
water in the trough.  With time, solvent molecules will move
{rom solvent into the tube. 'Mhe height of the solution will
rise until the hydrostatic pressure exerted by the column of
solution is equal Lo the osmolic pressure.

Osmotic Pressure of Nonelectrolytes—I'rom quantita-
ive studies with solutions o varying concentration ol a
solute that does not jonize, it has been demonstrated that
asmatic pressure is proportional lo the concentration of the
solute; ie, twice the concentration of a given noneleclrolyte
will produce Lwice the vsmotic pressure in a given solvent.
{This is not strictly true in solutions of fuirly high solute
concenlration, but does hold quite well for dilute solutions.}

Furthermuore, the osmotic pressures of solutions of diffesr-
ent noneleclrolytes are propoertional to the number of mole-
cules in each solution, Stated in another manner, the os-
moti¢ pressures of two nonelectrolyle solutions of the same
molal concentration are identical. Thus, a solution contain-
ing 34.2 g of sucrose (mol wi 342) in 1000 g of water has the
same gsmotic pressure as a solution containing 180 g of
anhydrous dextrose (mol wt 180) in 1000 g of water. These
solutions are said to be (soosmotic with each other because
they have identieal osmotic pressures,

A study of the results of osmotic-pressure measurcments
on different substances led the Duich chemist Jacobus Hen-
ricus van't Hoff, in 1885, to suggest that the solute in a
solution may be congidered as being analogous o the mole-
cules of a gas and the osmotic pressure as being produced by
the bomhardment of the semipermeable membrane by the
molecules of solute. According to van't Hoff’s theory the
osmaotic pressure of a solution is equal Lo Lhe pressure which
the digsolved substance would exert in the gaseous state if it
oceupied a volume equal o the volume of the sehution.
From this it follows that, just as in the case of a gas, thereisa
proportionalily hetween pressure and concentration of dis-
solved substance. This proportionality is illustrated well by
the values of the osmotic pressure of solutions of sucrose at
0° as determined by the Barl of Berkeley and EG/J Hartley
and shown in Table VL.

In ¢olumn IV of Table VI a quantitative conlirmation, at
least for fairly dilute solutions, of van’t Hofl"s oversimplified

Table VI—Osmotic Pressure of Sucrose Solutions

ValInL

in Which 1¢g Prassuro

Mola iz in Atoios
Cone. {g/L}, C Digsolved, W 2] PG PV
10.00 34.2 065 (085 222
20,00 171 1.27 0064 217
45.00 7.60 2.9 0.065 28.4
93,70 3.65 G.23 0067 221

= *Phese figures were obtained by cajeulating the volume of selution in which
347 (mod wid g ol socrose would he dizgsolved.

though uselul generalization is shown by the constaney of
the values of the product PV, Recali that the produet of the
pressure and the volume of o gas, at constant temperature, is
likewise constant (Boyle’s law).

Van't HofT also deduced that the osmotic pressure must be
proportional ta the absolute temperature, just as in Charles’
law for gases, which deduclion was confirmed by the experi-
ments of several workers, From this il follows that the
equation PV = nRT is valid for dilute solutions of nonelec-
trolyles jusl as a similar equation is valid for gases, Howev-
er, even as Boyle's law does not apply to gages under high
pressures and at low temperatures, so van'l Holf's equation
for osmatic pressure does ol apply in concentrated solu-
tions.

Osmotic Pressare of Electrolytes—In discussing the
gencralizations concerning the osmotic pressure of solutions
of nonelectrolyles it was stated that the osinotic pressures of
two solutions of the same molal concentration are identical.
"This generalization, however, eannot he made for solutions
ol electrolytes, le, acids, alkalies and salts (see Chapter 17).

For example, sodium chloride is assumed (o jonize as

NaGl— Na* + CI”

I is evident thal cach molecule of sodium chloride that
jonizes produces two ions and, i sodium chioride is com-
pletely ionized, there will he twice as many particles as
would be the ease if it were not ionized at ali. Furthermore,
if each ion has the same effect on osmolic pressure as a
moleeule, it might be expected that the osmolie pressure of
the solution would be twice that of a solution containing the
same malal coneentration of nonjonizing substance.

For solutions which yield more than two fons as, for exam-
ple

K,80, ~ 2K* + 80,
FeCl, — Fe'™* + 301

it is to be expecied that the complete dissociation of the
molecules would give rise to osmotic pressures that are three
and lour times, respectively, the pressure ol solutions con-
taining an equivalent gquantity of a nonionized solute. Ac-
cordingly, the equation PV = nRT, which may be employed
to caleulate the osmolic pressure of a dilide solution of a
nonelectrolyte, also may he applied lo dilite solutions of
electrolytes if it is changed to PV = intT, where the value of
i approaches the number of ions produced by the jonization
of the strong electrolyles cited in the preceding examples.
For weak electrolytes [ represents the total number of parti-
cles, iong and molecules together, in the solution, divided by
the number of molecules that would be present if the solute
did not ionize. The experimental evidence indicales Lhat in
dilule selutions, at least, the osmotic pressures approach the
predicted values. It should be emphasized, however, thatin
more concenirated solutions of electrolytes the deviations
from this simple theory are considerable, due to interionic
attraction, solvation and other factors.

Biological Aspects of Osmetic Prossure—Osmotic-
pressure experiments were made as early as 1884 by the
Dutch hotanist IHuge de Vries in his atudy of plasmolysis,
which term is applied to the centraction of the contents of
plant cells placed in solutions of comparatively high osmotic
pressure, The phenomenon is caused hy the osinosis of
water out of the cell through the practicatly semipermeable
membrane surrounding the protoplasm. If suitable celis
(g, the epidermal celis of the leal of Tradescanta discolor)
are placed in a solution of higher osmolic pressure than that
of the cell contents, water Hows out of the cell, cousing the
comtents to draw away from the cell wall. On the other
hand, if the eells are placed in solutions of lower osmaotic
pressure, water enters the cell, produeing an expansion
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which is limited by the rigid cell wall. By immersing cells in
a series of solutions of varying solule concentration, a solu-
tion may be found in which plasmolysis is barely detectable
or abseni. The osmotic pressure of such a solution is then
the same, or very nearly the same, as that of the cell contonts,
and it is then said that the solution is isotonic with the cell
conlents. Solutions of greater concentyation than this are
said to he hypertonic and solutions of lower concentration,
hypotonic.

Red blood cells, or erythrocytes, have been studied simi-
larly by immersion into solutions of varying concentration of
different salutes. When inteoduced into water or into sodi-
um chloride solutions containing less than 080 g of solute
per 100 ml, human erylhrocyles swell, and often burst,
because of the diffusion of water into the cell and the fact
that the cell wall is not sulficiently strong Lo resist the pres-
sure. This phenomenon Is referred 1o os hemolysis. 1 the
cells are placed in solutions containing more than 0.90 g of
sodium chloride per 100 mkL, they lose water and shrink, By
immersing the cells in a solution containing exactly 090 g of
sodium chloride in 100 mL, no chanyge 1 the size of the cells
is observed; since in this solution the cells maintain their
“Lone,” the solution is said Lo be isviondic with human eryth-
racytes, TFor the reasons indicated it is desirahle that solu-
tions to be injected into the blood should be made isotonic
with erythrocytes. The manner in which this may be done is
described i Chapter 79,

Distinction between I[scosmotic and Isotonic—-The
terms isoostmotic and isotonic are nol to be considered as
equivalent, although a solution oflen may be deseribed as
being hoth isoosmotic and isotonic. If a plant or animal cell
is in contact with a solution that has the same osmotic
pressure 0s the cell contents, there will be no net gain or loss
of water by either solution provided the cell membrane is
impermeable io all the solutes present.  Since the velume of
the celt contents remains unchanged, the “tone”, or nermal
state, of the cell is maintained, and the solution in conlact
with the cell may be described not only as being isoosmotic
with the solution in the cell, but also as being isotonic with it
I, however, one or more of the solules in contact with Lhe
membrane can pass through the laiter, it is evident that the
volume of the cell contents will change, thus altering the
“tone” of the cell; in Lhis case the two solutions may be
isoosmolic, yet not be isotonic,

1t is possible that some substances used in an injection
dosage form can cause hemolysis of red blood cells, even
when thelr concentrations are such as Lo produce solutions
theoretically isoosmotic with the cells, because the solules
diffuse through the membrane of the cells, For example, a
1.8% solution of urea has the same osmotic pressure as a 0.9%
solution of sodium chloride, but. the former solulion pro-
duces hemolysis of red blood cells; obviously the urea solu-
tion is nol isotonic with the cells. To determine il asclution
is isotenic with erylhrocyles, it is necessary to determine the
concentration of solute at which the cells retain their normal
size and shape. A simple method for doing this was devised
by Setnikar and T'emelcou,” who determined the concentra-
tion of a solution at which red blood cells maintained a
volume equal to that accupied in an isotonic solution of
sodium chioride. The red cell volumes were deteymined by
cenliifuging suspensions of them in different solutions, us-
ing a hematocrit tube.

Vapor-Pressure Lowering

When a nonvolatile solute is dissolved in a liquid solvent
the vapor pressure of Lhe solvent is lowered. 'This easily can
be described qualitatively by visualizing solvent molecules
on the surface of the solvent, which normally could escape
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into the vapor, being replaced by solule molecules which
have Jittle if any vepar pressure of their own, FFor ideal
solutions of nonelectrolytes the vapor pressure of the solu-
o lollows Rooull’s law

Py= X\ Pe (21)
where P is Lhe vapor pressure of the solution, PR° is the
vapor pressure of the pure solvent and X, is the mole frac-
tion of solvent, This relationship states that the vapor pres-
sure of the solution is proportional ta the number of mole-
cules of solvent in the solution. Rearranging Bq 21 gives

S e (- X=X, (22)

A

where X is the mole fraction of the selute. This equation
states that the lowering of vapor pressure in the solution
relative to the vapor pressure ol the pure solvent— enlled
simply the relative vapar-pressure lowering—is equal Lo the
mole fraction of the solute. The absolute lowering of vapor
pressure of the solution is defined by

PA® = Py = XpPy° (23)

Example—Caleulate the lowering of vapor pressure and ihe vapor
pressure at 209, of asalution containing 50 g of anhydrous dextrose (mo
wi TB0L 1G] i 1000 g of water {maol wi 18020 The vapor prossure of waler
at-20¢, in absence of air, is 17.045 mm.

First, caleulale the lowering of vapor pressure, using g 24, in which
X1z i% the mole fraction of dexlrose, defined by

where iy is Uhe number ol moles of solvent and g s Uhie pumber of moles
of solute, Substifoling numerical values

.
iy r§§“§ = 0,274
= 1000 _
" g
Xy=— 218 000408

5.0 4 0,274
the lowering of vapor pressure is
Pye = Py = 0.00498 X 17,635
= [LOATA mim

The vapor pressure of the solulion is

Py = 17.635 - 0.0873
= 17.448 mm

Boiling-Point Elevation

In consequence of the fact that the vapor pressure of any
solution of a nonvolatile solute ig less than that of the sol-
vent, the bailing point of the solution—the temperature al
whicls the vapor pressure is cgual to the applied pressure
(commoenly 760 rmm)—musl be higher than that of the sol-
vent, ‘This is clearly evident in Iy 16-10.

The relationship between the elevation of boiling point
and the concentration of nonvolatile, nonelectralyle soiute
mey he derived from the Clausius-Clapeyron equation (see
Chapter 15), which is

(24)

Replacing the differential expression dP/dT by AP/AT),
where A7 is the lowering of vapor pressure and AT, is the
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elevation of boiling point, and introducing Px®, the vapor
pressure of the solvent at. its boiling point T, results in

AP Poal,
ATy T ORTE

Since the lowering of vapor pressure in an ideal selution is
AP = X b0 (26)

suhstitution of this equation into g 25, with rearrangement
to provide a solution for AT, gives

(25)

2n

This equation may be used to calcnlate the elevation of the
beiling point if the concentration of solute is expressed as
the mole fraction. A more common expression, however, is
in terms of the molality m (the number of gram-moles of
solute per 1000 g of solvent), which relationship is derived as

N R n ...om
B7 natny 1000/My +m " 1000/M,

In these equations My is the molecular weight of the solvent.
When the solutions are dilute, so that m is small, it may be
neglected in the denominator (but not in the nwmeraior!) Lo
give the approximate equivalent in Jag 28, Subslituting this
equivalent into I8 27 gives

(28)

AT, = Iﬂﬂi&& (29)
1000AH .,
Grouping the constants into a single term resulls in
ATy, = Hym (30
where
e 1 3 (31)
1000AH,,,

and it called the molal boiling-point. elevation constant.
The value of this consbant for wailer, which boils at 373.1°
K, has a heat of vaporization of 539.7 cai/g and a molecular

weight of 18,02, is

K = L98T X 370.1° X 18,03
BTL000 X 18.04 X 5397
Notwithstanding that K, is called a modal boiling-point
elevation constant, it should not be interpreted as the actual
vise of boiling point for a 1-molal solution. Such solutions
are generally too concentrated to exhibit the ideal behavior

= (.513° (32)

assumed in deriving the equation for ealeulating the theoret-
ical vatue of the constant, In dilute solutions, however, the
actual boiling-point elevation, calewlated to a 1-molal busis,
approaches the theoretical value, the closer the more dilute
the solution.

The elevation of boiling point of a dilute solution of a
nonelectrolyte solute may be used to calculate the mol wi of
the latter. In o solution containing wp g of solute of My in
toy, £ 0f solvent the molality m is

1000 10
gl B (39)
WMy
substituting this into lig 30 and rearranging gives
K, 1000 w
Ml ue ZRTE ()
w nﬂ " h

Freezing-Roint Depression

The lreezing point of a solvent is defined as the tempera-
ture at which the solid and liquid forms of the solvent coexist
in eguilibrivin at a fixed external pressure, commonly 1 atm
(760 mm of mercury). At this temperature the solid and
liguid forms of the solvent must have the same vapor pres-
sure, for if this were not so, the foym having the higher vapor
preszare would change into that having the lower vapor
Ppressure.

The freezing point of a selution is the temperature at
wiiich the selid form of the pure solvent coexists in equilibri-
um with the solution at a lixed external pressure, again
comnmenly 1 atm, Since the vapor pressure of a solulion is
lower than thal of its solvent, it is obvious tliat solid solvent
and solution cannot coexist at the same temperature as solid
solvent and liguid solvent; only at some lower lemperature,
where golid solvent and solution do have the same vapor
pressure, 18 equilihrium established. A schematic pres-
sure-temperature diagram for water and an aqueous solu-
tion, not drawn 1o scale and exaggerated for the purpose of
more eflective illustration, shows the equilibrium conditions
involved in both {reezing-point depression and boiling- point
elevation (Ifig 16-10).

The reezing-point lowering of a solution may he guantita-
tively predicted for ideal solutions, or dilute solutions which
obey Raoult’s law, by mathematical operations similar to
(though somewhat more complex than) those used in deriv-
ing the boiling-point elevation constant. The equation for
the freezing point lowering, AT, is

RT3EMm
ﬂTf s T s K,m {35)
1000AH,,,,
where
RTM
K, ¢ A (36}

" 1000AH

The value of K| for water, which freezes a1 273.1°K anﬂ hasa
heat. of fusion of 79.7 calfy, is

2
K = LEBTXITBE X 1802 _ 4 oo

1000 X 18,02 X 79.7

The molal freezing-point depression constant is not in-
tended Lo represent the freezing-point depression for a 1-
molal solution, whick is too concentrated for the premise of
ideal behavior to be applicable.  In dilute solutions the
freczing-point depression, calculated to a 1-molal basis, ap-
pronches the theoretical value, the agreement between ex-
periment and theory being the better the move dilute the
solution,

(37)
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The freezing point of a dilate solution o a nonelectrolyte
solute may be used, as was the boiling point, to caleulale the
maolecular weight of the solute. The applicable equation is

My 5 = (34)

The moleenlar weight of organic substanees soluble in
molten eamphor may be determined hy observing the Mree-
ing peint of & mixture of the substance with camphor. This
procedure, catled the Rest method, uses camphor hecause it
has a very large moelal freezing-point-depression constant,
abeut 40°. Since the “constant” may vary with different
Jots of camphor and with vartalions of technique, the meth-
ad should be standardized using a sodute of known molecular
weight.

Freesing-point determinations ol molecular weights have
the advantage over boiling-point determinations of greaier
accuracy and precision by virlue of the larger magnitude of
the freezing-point depression compared Lo builing-poinl ele-
vation. Thus, in the case of water the molal {reezing-point
depression is approximately 3.5 times greater than the inolal
boiling-point elevation.

Relationship between Osmotic Pressure and
Vapor-Pressure Depression

The lowering of vapar pressure and the development of
osmolic pressure in a solution arve both manifestations of the
basic condition that the free energy of solvent molecules in
the pure solvent is greater than the free energy of solvent
molecules in the sclution.  Consequently, solvent maolecules
will iransfer spontaneously, if given an opportunity, from
solvent to solution unu] equilibrivm conditions are estab-
lished. 'The transfer can take place cither through a mem-
brane permeable only tu solvent inolecules or, if such canlact
between solvent and selution is not available, by distillation
of golvent from pure solvent to selution, if access through a
vapor phase is provided.

IF an experiment is performed with two sets of vessels
containing solution and solvent, as ilhustrated in Fiy 16-11,
differing only in thal the long tube of one set has a semiper-
mezble membrane ajtpchied to its lower end, while i1 the

. Liguid Rises ._ |
16 Same Levol

Mgmbrane
Fermecble fo
Onby Water Uapor\

initiol
“‘xﬁ-_.__‘___ Lavol of 1
~-Solution

L B Semiparmeobile
Membrane
T Solvost e———]
A Fid

Fig 18-11. Transfer ot solvent to cqual volumes: of solution.  A:
Osmuoticaily, through a semiperimeable membrane separating solu-
tion and solvent, &: DBy distiflation, through a membrane separating
solution and solvent vapor,
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other a hypothetical membrane separates the vapor phases,
in time Cthe smine hydyostatic pressure should develop in hoth
cases. For a definite volume, eg, a mole, of solvent trans-
ferred to the solution Ly distillation the change of free ener-
£y, dG, in the Process is
‘l.)
AG = RT In 2 (39)
Py
where Py is the vapor pressure of the solution and 744 ° is the
vapor pressure of the solvent,
TPor the transfer of the same volume of solvent by osmosis
the free-energy change is

AQ = -Vyr

where Vy, is the partial molal volume of solvent {the volume
of 1 mole of salvent in the solution) and = is the osmotic
pressurc of the solution, Since the free-eneryy change is the
same in both processes

(40)

P
~Vym = RPIn-4 {41)
Py
rearranging the equation yields
o e
T (49)
Vi P

With this equation the esmotic pressure of o solulion may
he calculated i its vapor pressure and the partial molsl
volume of the solvent are known, not only when the solution
is sufficienlly dilute that Racult’s law is oheyed but also
when the concentration is 5o high as to introduce sithatantial
deviation from the law,

Trom Bq 42, which has some resemblance to van’t Hofl's
empirical equation =V = nRT for dilute solutions, the latter
oguation may be devived as follows. 1f a selution is suffi-
ciently dilute to correspond to Raoult’s law, then

Py X, Py = (1 = Xp)Py? (43}
anel Lhen Jig 42 may be written
g B« (44)

A
When Xp is small (as in a ditute solution), the term —In (1 —
X1 can be shown to be approximately equal o X, sa that
Ly, (45)
Va
In dilule solutions the approximations Xg = nafna (where
np and n are the moles of solute and solvent, respectively)
and Va = V/n, (where V is the volume of solution) may be
introcuced, yielding

zV = nyRT (46}

which is van't Hol s equation.

ideal Behavior and Deviations

Inselting out Lo derive mathematical expressions for colii-
gative properties, such phrases as “Jor ideal solutions™ or
“oar dilute solutions” were used Lo indicate the limilations of
the expressions.  Samuel Glasstone defines an idea) soiution
0s “one which obeys Raoult's law over the whole range of
concentration and at all temperatures” and gives as speeific
characteristics of such solutions their formation only from
constituents which mix in the liquid state without heat
change and without volume change. These characleristics
reflect the fact that addition of a solute to a seivent produces
n¢ change in the forces between molecules of Lhe solvent.
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CHAPTER 16

Thus, the molecules have the same escaping-tendency in the
solution as in the pure solvent and the vapor pressure above
he solution is proportional 1o the ratio of the number ol
solvent molecules in the surface of the solution to the num-
ber of the molecules in the surface of the solvent-—-which is
the basis for Raoult's law.

Any change in intermolecular forces produced by mixing
the components of a solution may resull iy devialion from
ideality; sueh a deviation may be expected particularly in
solutions containing both a polar and a nonpolar substance.
Solutions of electrolytes, except at high dilution, are espe-
cially prome Lo depart from idesl behavior, even though al-
lowance is made for the additional particles that resull from
ionization. When solute and solvent combine to form sol-
vales, the escaping-tendency of the solvent may be reduced
in conseguence ol the reduction in the number of {ree mole-
cules of solvent; thus, a negative deviation fromn Raoult’s law
is introduced. On the other hand, the escaping-tendency of
the solvent, in a solution of nonvolatile solute, may be in-
creased becnuse the cohesive forces belween molecules of
solvent are reduced by the solute; this results in a positive
devigtion from Raocult’s law. Chapter 17 comsiders devi-
ations {ron ideality in more detail.

While few solutions exhibit ideal behavior over a wide
range of concentration, most solutions behave ideally atl
least in high dilution, where deviations from Raoult’s law are
negligible.

Comparison of Colligative Propexties—In view of the
established interrelationships of the colligative properties of
ideal solutions or very dilute real solutions, it is pessible o
predict, by calculation, the magnitude of all these properties
of such selutions il the concentration of the nonelectrolyte
solute is given. Atso, il the magnitude of one of the proper-
Lies, eg, the freezing paint, is known for a solution of unspeci-
iied concenlration, it is possible 1o calculate Lthe vapor pres-
sure, boiling point and osmotic pressure, provided the solu-
tion is ideal or sufficiently dilute ia show negligihle deviation
from ideality, T'v whal upper Hinit of concenfralion a non-
jdeal solution remains “sufficiently dilute” to show Ideal
behavior is difficult o specify. The answer depends at least
in part on the degree of agreement expected between experi-
mental and theoretical values, Certainly, n f-molal concen-
{ration is much too concentrated for a nonideal solution to
show conformance with ideal bebavior and even in 0,1-molal
concentration, deviations are significant and for some pur-
poses may be excessive.

In dealing with colligative properties of solutions which do
not behave ideally, caution should be exercised in attempt-
ing to predict the magnitude of other colligative properties
from one thal has been delermined experimentally. Barlier,
an equalion was derived (or calculoting the vapor pressure of
asalution from its osmolic pressure, or vice versa, this equa-
tion being valid even with solutions showing substantial
departures from ideal behavior. The equation is limited,
however, to a comparison of these colligative properties at
the same temperature, The degree of deviation from ideal
bebavior for one colligative property will be exactly the same
{or another only when the temperature is the same for both.
1t does not follow that the degree of deviation of the colliga-
Live properties of a given nenideal solution will be the same
for all the properties since at least iwo of these {{reczing
point and hoiling point) must be determined at quite differ-
ent temperatures. While in dilute solutions the intermolec-
ular (and/or interionic) forees and interactions meay change
litile over the temperature interval between freezing and
hoiling, in concentrated solutions tbe change may be
marked. In the absence of adequate knowledge about the
forees and interactions involved, only by experiment can one
establish the magnitude of the colligative properties of othesr
than very dilute nonideal solutions.  Itis impuriant 1o keep

this in mind in estimating the osmotic pressure ol a nonideal
solution at body temperature from a freezing point deter-
mined some 37° lower, While in many cases--possibly the
majority of them—such an estimate is warranted by virwe
of essential constancy of the various forces and interaclions
over a wide range of temperature, this is nol always the case
and the estimate may be significantly inaceurate.

Colligative Properties of Electrolyte Solutions {See
Chapter 17]—Iarlier in this chapter attention was directed
to the increased osmotic pressure observed in solutions of
clectrolytes, the enhanced effect being attributed to the
presence of jons, each of which acts, in general, in the saing
way #s a molecule in developing vsmotic pressure,  Similar
magnification of vapor-pressure lowering, boiling-point ele-
vation and freezing-point depression occurs in solutions of
electrolyles. Thus, al a given constant temperaiure the
abnormal effect of an electrolyte on osmotic pressure is par-
alleled by abnrormal lowering of vapor pressure; the other
colligative properties are, subject to variation of effect with
temperature, comparably intensified. Ingencralthe magni-
tude of each colligative property is propottional Lo the total
number of particles (molecules and/or ions) in solution.

While in very dilute solutions the osmotic pressure, vapor-
pressure lowering, boiling-point increase and freesing-point.
depression of selutions of electrolyles would approach val-
ues 2, 3, 4, elc times greater for NaCl, NayS0, and Na 0Oy,
than in solutions of the same molality of a nonelectrolyfe,
two other effects are observed as the concentration of elec-
trolyteisincreased. The first effect resultsin less than 2-, 3-
or 4-fold intensification of a colligative properly. This re-
duction is ascribed to interionic attraction between the posi-
tively and negatively charged ions, in consequence of which
the lons are not completely dissociated from each other and
do not exert their full effect in lowering vapor pressure, ete.
This deviation generally increases with incrensing concen-
tration of electrolyte. The second effect intensifies the col-
ligative properties and is attributed to the attraction of ions
for solvenf molecules, which holds the solvent in solution
and reduces ils escaping-tendency, with consequent en-
hancement of the vapor-pressure lowering,  Solvation alse
may reduce interionic attraction and thereby further lower
the vapor pressure., These factors (and possibly others)
combine to effect a progressive reduction in the molal values
of colligative propertics as the concentration of electralyteis
inereased 1o 0.5 to 1 molal, beyond which the molal quanti-
ties either incrense, sometimes quite ahruptly, or remain
almost constant.

Activity and Activity Coefficient

Vaxious mathematical expressions are employed to relate
properties of chemical systems (equilibrium constants, coili-
gative properties, pH, elc) to the stoichiometric concentra-
tion of one or more moleculay, atomic or ionic species. In
deriving such expressions it either is stated or implied that
they are valid only so long as intermalecular, interatomic
and/or interivnic forces may be ignared or remain constant,
under whbich restviction the system may be expected to be-
have ideally, But intermolecular, interatomic and/or inter-
ionic forces do exist, and not only do they change as a result
of chemical reaction but also with variation in the concentira-
tion or pressure of the molecules, atoms ot ions under obser-
vation. In consequence, mathematical expressions involy-
ing stoichiometric concentrations or pressures generally
have limited applicability. The conventional concentration
terms, while providing a count of molecules, atoms or ions
per unit volume, afford no indication of the physical ov
chemical activity of the species measured, and i, is this
activity which determines the physical and chemical proper-
ties of the system.
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In recopnition of this, GN Lewis introduced both the
quantitative concept and methods for evaluation of aclivity
ns n true measure of the physical or chemical nctivity of
maolecular, alomic or ionic species, whelher in the state of
gas, liquid or solid, or whether present as a single species or
in a mixture, Activily may be considered loosely as a cor-
recled concentration or pressure which takes into account
not only the stoichiometric concentration or pressure but
also any intermolecular atiractions, repulsions or interac-
tions hetween solute and solvent in solution, association and
ionization. Thus, aclivity measures the net effectiveness of
a chemical species, Because only relative values of activity
may be determined, a stonderd state must be chosen for
guantitative comparisons to be made, Indeed, because ac-
tivity measurements are needed for many different types of
sysiems, several standard states must be selected. Since
this discussion is concerned mainly with solutions, the stan-
dard state for the solvent is pure solvent, while for the solute
it is a hypothetical solution with free energy corresponding
to unit melality under conditions of ideal behavior of the
solution, The relationship of activity tu concentration is
measured in terms of an activily coefficient which 15 dis-
cussed in Chapter 17,

Practical Applications of Colligative Properties

One of Lthe most important pharmaceutical applications of
colligative properties is in the preparation of isotonic intra-
venous and isotonic lacrimal solutions, the details of which
are discussed in Chapter 79.

Other applications of the collizative properties are found
in experimental physiology. One such application is in the
immersion of tissues in salt solutions, which are isotonic with
the fluids of the tissue, in order to prevent changes or inju-
ries that may arise from osmosis.

The colligative properties of solutions also may be used in
determining the molecutar weight of solutes or, in the case of
electrolytes, the extent of ionization. The method of deter-
mining molecular weight depends on the fact that cach of the
colligative properties is allered by a constant value when a
definite number of molecules of soluie is added to a solvent
[Bee Chapter 17]. For example, in dilute solutions the freez-
ing point of water is lowered at the rate of 1.855° for each
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gram-molecular weight of a nonelectrolyls dissolved in 1000
g of water®

The constant 1.856¢ is egmmonly called the melal frees-
ing-point depressivn of water, To find the molecular
weight of a nonelectrolyte, iherefore, all that is necessary is
to determine the freezing point of g dilute agueous solution
of known concentration of the nonglectrolyle and, by pro-
portion, to caleulate the quantity thay, would produce, thea-
retically, a depression of 1.855° when 1000 ¢ of water is used
as the solvent. I the substance is insoluhle in water, it may
he digsolved in another solvent, in which epge, however, the
freezing-point depression of a solulion corresponding 1o o
gram-molecular weight of the selute in 1000 g of solvent will
be some value other than 1.855%. In the case of benzene, for
cxample, this value is 5.12°; carbon tetrachloride, 2.98¢;
phenot, 7.27° and camphaor, about 40° {see Freezing-Foint
Depression, in Lhis chapter).

The boiling-point elevation may he used similarly for de-
termining molecular weighls. The boiling point of water is
raised at the rate of 0.52° for each pram-molecular weight of
solute dissalved in 1000 g of water,* the corresponding val-
ues for henzene, carbon tetrachlorvide and phenol heing
2.57°, 4.88° and 3.60°, respectively, 'The observalion of
vapor-pressure lowering and osmotic pressure likewise may
he used to caleulate molecular weights.

Tea determine the extent Lo which an electrolyte is ionized,
il is necessary Lo know its molecular weight, as determined
by some olther method, and then Lo measure one ol the four
colligative properiies. The deviation of the resulis from
aimilar values for nonelectrelytes then is used in calculating
the extent of innization.
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ditete than | molal; a substantial deviation would be observed il 6 1-
molal solution were {0 be used.
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lonic Solutions and Electrolytic Equilibria
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Electrolytes

In the preceding chapter, attention was directed to the
colligative properties of nonelectrolytes, or suhstances
whose agueousg solutions do not conduct electricity. Sub-
stances whose aqueous solutions conduct electricity are
known as electrolytes, and are typified by inorganic acids,
bases and salts. In addition to the property of electrical
conduelivity, solutions of electrolytes exhibit anomalous
colligalive properties.

Colligalive Properiies

In general, for nonelectrolytes, a given colligative property
of two equimolal solutiens will be identical. This general-
ization, however, cannot be made for solutions of electro-
lytes.

Vau't Hoff pointed out thai the osmotic pressure of a
solution of an electrolyte is considerably greater than the
osmotie pressure of a solution of o noneleetrolyte of the same
molal concentration. This anomaly remained unexplained
until 1887 when Arrhenius proposed a hypothesis which
forms Lhe basis for our modern theories of electrolyte solu-
lions.

This theory postulated that when electrolyles are dis-
solved in water they split up into charged particles known as
ions. Dach of these ions carries one or more electrical
charges, wilth the total charge on the positive ions (cations)
heing equal to the total charge on the negative ions (anions).
Thus, although a solution may contain charged particles, it
remains neutral. The increased osmotic pressure of such
golutions is due to the increased number of particles formed
in the process of ionization. Tor example, sodivm chloride is
assumed to disscciate as

NatCl" 29 Na® + I

It is evident that each malecule of sodium chloride which is
dissociated produces two ions and, if dissociation is com-
plete, there will he twice as mnany particles as would be the
case il it were not dissociated at all. Furthermore, if each
jion has the same effect on osmotic pressure as a molecule, it
might be expected that the osmotie pressure of the zolution
would be twice that of a solution containing the same molal
coneentration of a nonionizing solute.

Osmotic-pressure data indicate that, in very dilute solu-
tions of salts which yield two ions, Lhe pressure is very nearly
double that of solutions of equimelal concentrations of non-
electrolytes. Similar magnification of vapor-pressure low-
ering, hoiling-point elevation and freezing-point depression
occurs in dilute solutions of electrolytes.

Van't Hofl defined a fnetor § as the ratio of the colligative
elfect produced hy a concentration m of electrolyte, divided
hy the effect observed for the same concentration of nonelec-
trolyte, or

n AP _ ATy _ AT o

(mo (6P);  (AT,), (AT,

in which », AP, AT, and AT refer to the osmotic pressure,
vapor-pressure lowering, hoiling-point elevation and [reez-
ing-point depression, reapectively, of the eleclrolyte. The
terms (), ete refer to the nonelectrolyle of the same con-
centration. In general, with strong clectrolyles (those as-
sumed 10 be 100% ionized), the van’t Holf [actor is equal to
the numher of ions produced when the electrolyte goes into
solution (2 for NaCl and MgS0,, 3 for CaCly and Nay80,, 4
for Fe(ll; and NazPQy, ete).

In very dilute solutions the osmotic pressure, vapor-pres-
sure lowering, hoiling-paint elevation and [reezing-point de-
pression of solutions of electrolytes approach values 2, 3, 4 or
more Limes greater {depending on Lhe type of strong electro-
lyte) than in solubions of the same molality of nonelectrolyte,
thus confirming the hypothesis that an ien has the same
primary effect as a molecule on colligalive properties. It
bears repeating, however, that lwo other effects are ohserved
as the concentralion of electralvie is increased.

The first effect results in less than 2-, 3- or 4-fold intensifi-
cation of a colligative property. This reduction is ascribed
to interionic attraction between the positively and negative-
Iy charged ious, in consequence of which the ions are not
dissocialed completely from each other and do not exert
their full effect on vapor pressure and other colligative prop-
erties, This deviation generally increases with increasing
conceniration of electrolyte.

The second effect intensifics the colligative properties and
is attributed to the attraction of ions for solvent molecules
(called solvation, or, if water is the solvent, hydration),
which holds the solvent in solution and reduces its escaping
tendency, with a conseguent enhancement of the vapor-
pressure lowering. Solvation also veduces interionic attrac-
tion and, thereby, further lowers the vapor pressure.

-

Conductivity

The ahility of metals to conduet an electric current results
from the mobility of electrons in the metals, This type of
conductivity is called metallic conductance. On the other
hand, various chemical compounds—notahly acids, bases
and salts—conduct electricity by virlue of jons present or
formed, rather than by electrons, This is called electrolyiic
conductance, and the conducting compounds are electro-
ytes, While the fact that certain electrolytes conduct elec-
Lricity in the mollen state is important, their behavior when
dissolved in a solvent, particularly in water, is of greater
copeern in pharmaceutical science.

The clectrical conductivity (or conductance} of a solution
of an electrolyte is merely the reciprocal of the resistance of
the salution. Hence, to measure conductivily is actually to
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Fig 17-1.  Alternating current Wheatstone bridge for measuring ¢on-
ductivity.

measure electrical resistance, commonly with a Wheatstone-
bridge apparatus, and then to caleulate the conductivity,
Fig 17-1 is a representation of the component parts of the
apparatus,

The solution Lo be measured is placed in a glass or quartz
cell having two inerl electrodes, commonly made of plati-
num or gold and coated with spongy platinum to absorb
gases, across which passes an alternating current genexated
lyy an oscillalor at a frequency of about. 1000 Hz,  The reason
for using alternaling current is to reverse tha electrolysis
that aceurs during flow of current and which would cause
polarization of the slectrodes and lead 1o abnormal results.
The size of the electrodes and their distance apart may be
varied to reduce very high resistance and increase very low
resistance in order to increase the accuracy and precision of
measurement. Thus, solutions of high conductance (Jow
resistance) arve measured in cells having small electrodes
relatively far apari, while solutions of low conductance (high
resistance) are measured in cells with large electrodes placed
close to each other.

Electrolvtic resistance, like metallic resistance, varies di-
rectly with the length of the conducting medium and in-
versely with its cross-sectional area. The known resistance
required for the circuit is provided by a resistance box con-
taining ealibrated coils, Balancing of the bridge may be
achieved by sliding n comlact over a wirve of uniform resjs-
tance until no (or minimum) eurrent flows through the cir-
cuit, as detected either visually with a cathode-ray oscillo-
seope or audibly with earphones.

The resistance, in ching, ia caleulated by the simple proce-
dure used in the Wheatstone-hridge method. The recipro-
cal of the resistance is the conductivity, the units of which
are re¢iprocal ohms {also called mhos). As the numerical
value of the conductivity will vary with the dimensions of the

v
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conductance cell, the value must be caleulaied in terms of
specific conductance, L, which is the conductance in 2 cell
having electrodes of 1-sq an eross-sectional area and 1 cm
apart. If the dimensions of the cell used in the experiment
were known, it would be possible Lo caleulate the specific
conductance, but this information actually is not required,
because il is pessible—and much more convenient—to cali-
brate a cell by measuring in it the conductivity of a standard
sojution of known specific conductance and then caleulating
a “cell conslani.” Since this constant is a function only of
the dimensions of the cell, it can be used to converl all
measurements in that cell Lo specific conductivity. Solu-
Lions of known concenlration of pure potassium chloride are
used as standard solutions for Lhis purpose.

Equivalent Conductance—Ln studying the variation of
conductance of electrolytes with dilution it is essential to
make allowanee for the degree of dilution in order Lthat the
comparieon of conductances may be made for identical
amounts of solute. This may be achieved by expressing
conductance measurements in lerms of equivalent condue-
tanee, A, which is obtained by mulliplying the specific con-
ductance, £, by the volume in milliliters, Ve, of solution
conlaining 1 g-eq of solute. Thus

_ 1000L
S {2}

where C is the concentration of electrolyte in the solution in
g-Ba/L, ie, the normality of the solution. For example, the
equivalent conductance of 0.01 N potassium chloride solu-
tion, which has a specific conductance of 0.001413 mho/cm
may be calculated in either of the following ways

A = 0001413 X 100,000 = 141.3 mho cm%/eq

A= LV,

or

j o 100X 0001413 _ ) o

Strong and Weak Electrolytes—It is customary to clas-
sify electrolytes broadly as strong electrolytes and weak
electrolytes. The former category includes solutions of
strong acids, strong bases and most salts; the latter ineludes
wenk acids and bases, primarily organic acids, amines and a
few salts. ‘The usual eriterion for distinguishing belween
strong and weak etectrolytes is the oxtent of jonization. An
eleclrolyie existing entirely or very largely as ions is consid-
ered a strong electrolyte, while one that is a mixture of a
substantial proportion of molecular species along with ions
derived therefrom is a weak electrolyte.  For the purposes of
this discussion, classification of electrolytes as strong or
weak will be on the basis of certain conductance characteris-
tics exhibited in aqueous solution.

The equivalent conductances of a number of elecirolytes,
at different concenirations, are given in Table I and for
certain of these electrolyles again in Fig 17-2, where Lhe

Table I—Equivalent Conduclances at 25°

gEqil HEH Hag NaCl

K Mal Kl NaAc

Inf dil 426.1 390,67 126.5
0.0005 422.7 67.7 124.5
0.001 4214 48.2 123.7

0.005 416.8 22.9 120.8
0.01 412.0 16,3 1185
Q.02 407.2 11.6 116.8
0.05 399.1 7.4 111
0.1 391.3 5.2 106.7

148.8 1269 150.3 91.0
147.8 1254 o, 89.2
146.9 124.3 - B8.5
143.6 1213 144.4 85.7
141.3 119.2 142.2 B3.8
138.3 118.7 138.5 Bl.2
1334 128 135.0 6.8
123.0 1088 131.1 728

« T'he syuivalent conductance al infinite dilulion for acetic acid, a weak clectrolyte, is abtnined
by adding the equivident conductances of hydroehloric acid nud sodium asetate and subtracting

thol of sodivm ehloride (see Loxt For explanation).
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Fig 17-2. Variation of equivalent conductance with square root of

concantration.

equivaleni conductance is plotted against the square rool of
conceniration. By plotling the data in this mamner a linear
relationship is observed for strong elecirolyles, while a
steeply rising curve is noted for weak electralytes; this diffesr-
ence is a characteristic which distinguishes strong and weak
electrolytes. The interpretation of the steep rise in the
equivalent conductance of weak eleetrolyles is that the de-
gree of ionjzation increases with dilution, becoming com-
plete at infinite dilution. Interionic intexference effects
generally have s minor role in the conductivity of weak
electrolytes. Wilh strong elactrolytes, which usually are
completely ionized, the increase in equivalent conductance
results not from increased ionization but rather from dimin-
ished ionic interference as the solution is diluted, in conse-
quenice of which ions have grealer freedom of mobility, ie,
increased conductance.

The value of the equivalent conductance extrapolated to
infinite dilution {zero concentration), designated by the
symbol Ao, has a special significance.
equivalent conductance of the completely ionized electro-
Iyte when the ions arc so far apart that: there is no interfer-
ence with their migration due o interionic interactions. It
has been shown, by Kohlrausch, that the equivalent eondue-
tance af an electrolyte af infinite dilution is the sum of the
squivalent conductances of its component ions at infinite
dilution, expressed symbolieally as

It represents the.

Table ll—Equivalent Jonic Conductivities at Infinite Dilution,

ai 25°
Cations fy Anigns ]
H 349.8 0M- 198.0
Lit 387 oF 6.3
Na* 50.1 B~ 784
K 5 I 6.8
NH* G1.9 L% au8
Y Ca?? 5.5 1304 79.8
Yoy ? 53.0

(3}

The significance of Kohlrausch’s law is thal each ion, al
infinite dilution, has a characteristic value of conductance
that is independent. of the conductance of the oppositely
charged ion with which it is associated. Thus, if the equiva-
lent conductances of various ions are known, the conduc-
tance of any electrolyle may be caleulated simply by adding
the apprapriate ionic conductances, Since the fraction of
current. carried by cations {transference number of the cal-
ions) and by anions (transference number of anions) in an
clectrolyte may be determined readily by experiment, lonie
conduclances are known. Table Il gives the equivalent lonie
conduclinees al infinite dilulion of some calions and anions.
I is not necessary to have this information in order Lo caleu-
late the equivalent conductance of an electrolyte, for Kohl-
rausch’s law permits the latter to be caleulated by adding
and subtracting values of Ay for appropriate electrolytes.
For example, the value of Ag for acetic acid may be caleulat-
ed as

AG{CHCOO0H) = A, {HCH + A¢(CH,COONa) ~ Ag(NaCl)

Ay = lyleation) + ly{anion)

which is equivalent to
L{HY) + L(CHL007) = L,HY 4 L(C17) + §,(Nat) +
[,(CH,CO07) — {y(Nat) — £,{C17}

This method is especially useful fer calculating Ay for
weak electrolytes such as aceticaclid. Asis evident frem Tig
17-2, the Ay value for acetic acid cannot he determined accu-
rately by extrapolation because of the steep rise of conduc-
tance in dilute sclutions. IPor strong electrolytes, on the
other hand, the extrapelation can be mede very accurately.
Thus, in the example above, the values of Ay for HCI,
CH3C00Na and NaCl are determined easily by extrapola-
tion since the substances are atrong electrolytes. Substitu-
tion of these extrapolated values, as given in Table I, viclds
a value of 390.6 for the value of Aq for CH3;COOH,

Tonization of Weak Electrolytes—When Arrhenius in-
troduced his theory of ionization he proposed that the de-
gree of ionization, «, of an electrolyte is measured hy Lhe
ratio

o= J'JAD (4)

where A is the equivalent conductance of the electrolyte al,
any specilfied coneentration of solution and Ag is the equiva-
lent conductance at infinite dilution. As strong electrolytes
were not then recognized as being 100% ionized, and inter-
jonic interference effects had not been evaluated, he be-
lieved the equation to be applicable to both strong and weak
clectrolyies, Since it now is known thal the apparent varia-
tion of ionization of strong electrolytes arises from a change
in the mobility of ions at different concentrations, rather
than from varying ionization, the equation is not applicable
to strong olectrolytes. I does provide, however, a generally
acceptable approximation of the degree of ionization of weak
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electrolyles, for which deviations resulling from neglect of
activity coefficients and of some change of ionic mohilities
with concentration are, for most purposes, negligible. The
following example illusirates the use of the equation lo cal-
culate the degree of ionization of a typical weak electrolyte.
Exampie-—Calculale the degree of ionization of 1 % 1073 N acetic ncid,
the equivalent conductance of which is 48,15 mho em?/Eg.  "The equiva-
lent conductuence at infinite dilution is 390.6 mho cin?/Eqg,
_ 485
390.6

% ionization = 100a = 12%

=012

The degree of dissociation also can he caleulated using the
van't Hoff factor, {, and the following equation
i—1
(5)
v—1
where v is the number of jons into which the electrolyte
dissociates.

Exampie-& 1.0 % 10°% N solution of acetic acid hos a van't Hoff
foctor equat 1o 112, Caleulate the degree of dissaciation of the acid at
this coneentration.

&=

O et QRSP 11 e PP

vk Lk
;“his resubt agrees with that obleined using equivalent condoctance and
oy 4.

Modern Theories

The Arrhenius theory explains why solutions of electro-
iytes conduct electricity, why they exhibit enhanced colliga-
Live properties and essentially is satisfactory for solutions of
weal clectrolytes. Sewveral deficiencies, however, do exist
when it is applied to solutions of strong electrolytes. It does
not explain: the failure of strong elecirolytes to follow Lhe law
of mass aclion as applied to ionization; discrepancies exist
between the degree of ionization calculated from the van't
Hoff factor and the conductivity ratio for strong electrolyte
solutions having concentrations greater than about 0.5 M.

These deficiencies can be explained hy the following ob-
servations

1. Inthe molen stale, strong electrolyies are excellent conductors of
alectricity. This suggests that these materiais are alrendy ionized in the
crystalline state, Further support for this is given by X-ray studies of
¢rystals, which indicate that the units comprizing the hogsic Jattice struc.
tare of strang electrolyles are ions,

2. Arrhenius noglocted the fact that jons in solution, being oppositely
charged, tend 1o associate through electrostatic attraction, In solutions
of weak electralyiles, the number of ions is not Jarge and it is not surpris-
ing that electrostatic attractions do not cause appreciable deviafions
fram theory.  In dilute solutions, in which strong elecleolytes ave as-
sumed 1o be 100% isnizad, the number of ions is large, and interionic
attractione become major factors in determining the chemical properties
of these solutions. These elfecls should, and do, become more pro-
nounced as Lhe concentration of cleetrolyie or (he valence of the ions is
increased.

It is not surprising, therefore, that the Arrhenius theory of
partial ionization involving the law of mass action and ne-
glecling ionic charge does not hold for solutions of strong
electrolytes. Neutral molecules of strong electrolyles, if
they do exist in solution, musi arise from interionic attrac-
tion rather than from incomplete ionization.

Activity and Activity Coefficients—Due to increased
electrostiatic atiractions as a solution becomes more coneen-
trated, the concentration of an ion becomes less elficientasa
measure of ils net effectiveness. A more efficient measure
of the physical or chemical effectiveness of an ion is known
ae its activity, which ia a measure of an ion’s concentration
related Lo its concentration al a universally adopted refer-
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ence-standard state. The relationship between the activity
and the concentration of an ion ean be expressed ns

= my {8)

where m is the molal coneentration, y is the activity coeffi-
cienl and @ is the activity, The activity also can be ex-
pressed in terins of molar concentration, ¢, a8

a=fc {7

where f is the activity coeflicient on a mnolar scale. In dilute
aolutions (below 0.01 M) the two activity ceefficients are
identical, for all practical purposes.

The activity coefficient may be determined in various
ways, such as measuring colligative properiies, electromo-
tive force, solubility, distribution coefficients, elc. For a
strong electrolvte, the mean ionic activity coefficient, vy, or
fi. provides a measure of Lhe deviation of the electrolyte
from ideal behavior. The mean ionic activity coefficients on
a molal basis for several strong electrolytes are given in
Tahle II. I is characteristic of the electrolyles that ithe
coefficients at firsl decrease with Increasing concentration,
pass through a minimum and finally increase wilth increasing
concenlration of electralyte,

Tonic Strengih—Ionic strength is a measure of the inten-
sity of the electrical field in a solution and may be expressed
ag

e hXes? (8)

where z; ia the valence of ion I. The mean jonic activity
coefficient is a function of ionic strenglh as are such diverse
phenomena ns solubilities of sparingly soluble subslances,
rates of ionic reactions, effects of salts on pH of buffexs,
electrophoresis ol proteins, ete.

The greater effectiveness of ions of higher charge type on a
specific property, compared with the effectiveness of the
game number of singly charged ions, generally coincides with
the ionicatrength calculated by Eq 8. The variation of ionic
strength with the volence {charge) of the jons comprising a
strong electrolyte should he noted.

For univalent cations and univalent anions {called uniuni-
valent or 1-1) electrolytes, the ionic strength is identieal
with molarity. For bivalenl cation and univalent anion
(biunivalent or 2.1) elactrolytes, or univalent cation and
bivalent anion (unibivalent or 1.2} electrolytes, the ionic
strength is three times the molarity. For bivalent cation
and bivalent anion (bibivalent or 2-2) electrolytes, the ionic
strength is four times the molarity. These relationships are
evident from the following example.

Example—Calculate the ionic strongth of (.1 M soltions of NaCl,
N80y, M(s nnd MgRO,, respectively, For

NaCl =% 01%x1%+01x1% =01
Nap80, u="%{02x1+01%2%9=03
MgCl, r=%01x2+02%x179=03
MgS0, k=%01x22+01x2% =04

The ionic strength of a solution containing more than one
electrolyte is the sumn of the ionic strengths of the individual
salts comprising the solution. For example, the ionic
strength of a solution containing NaCl, NaySO,, MgCly and
Mg80;, each at a concentration of 0.1 M, is 1.1,
Debye-Hiickel Theory--The Dehye-Hiickel equations
which are applicable only to very dilute solutions {about 0.02
), may be extended to somewhat more concentrated solu-
tions (about 0.1 u) in the simplified form
051 2t
log f; = -—}—)7'01 i \’I” (9
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Table lli—Values of Some Saiiing«Out'Conslanls for
Varlous Barbiturates at 25°

Barbiturate L] KBr MGl Nafy
Amobarbital 0.168 0,095 0212 0143
Aprobarbital 0.136 L.062 O.184 0.120
Barbital 0.00% {.042 .16 0085
Phenobarbital 0.002 {LiKl4 (3.152 0078
Vinharbital 0,125 0046 0.143 0.006

The mean ionie activity coefficient for agueous solutions of
electrolytes at 25° can be expressed as

—(L5L 24_2_\&,:
log [, = —————0—
1+

iy which 2, ig the valonce of the eation and z.. is the valence

of the anion, When the lonie strength of the solutien be-

comes high fapproximately 0.3 o 0.5), these equations be-

corae inadequale and a linear term in p is added. This is
illugtrated for the mean jonic activity coeflicient.

(10)

—051 2,2
log f,, = 1—¥J,
+u

in which [{, is a “salting-oul” constant chosen empirically
for each salt, This equation is valid for solutions with ionic
strength up to approximately 1

Salting-Out Effeet--The aqueous solubility of a slightly
soluble organic substance generally is alfected markedly by
the addition of an electrobyte. This effeel particularly is
noticeable when the electrolyte concentration reaches 0.5 M
or higher. If the aqueous solution of the srganic substance
has a dielectric constant lower than that of pure water, its
selubility is decreased ond the substance is “salted-out.”
The uge af high concenlrations of electrolyles, such as am-
moniwm sulfate or sodivm suifate, for the separation of pro-
teins by dilfereniial precipitation is perhaps the most sirik-
ing example of this effect. The aqueous solulions of a few
substances such as bhydroevanic acid, glveine and cystine
have a higher diglectric constant than thal of pure waler,
and these substances are “szalted-in.” Thess phenomena
can be expressed empirically as

log 8 = log 8, £ K m

1+ K (1n

(12)

in which 8y represents the solubility of the organic substance
in pure water and § is the solubility in the electrolyte solu-
tion. The slope of the straight lne obtained by plotting log
& versus m s positive for “salting-in™ and negative {or salt-
ing-out. In terms of ionic strength this equation becomes

log S = log Sp £ K.k {15}

where €. = K, lor univalent salts, ),/ = K./3 for unibivalent
salts and K7 = K4 for bivalent salts. ‘The safting-out
constant depends on the temperature as well as the nature of
both the organic substance and the electrolyta. The effect
of the electrolvte and the organic substonce can be seen in
Table 1. In all instences, if che nnion is constant, the
sodium eation has o greater salting-out effect than the patas-
sium cation, probably due to the higher charge density of the
former. Although the reasoning is less clear, it appears thal
for a constant cation, chloride anlon has a greater effect Lhan
bromide anion upen ihe salting-oul phenomenon.

Acids and Bases

Arrhenius defined an acid as a substance that yields hy-
drogen ions in ngueous solution and a base as a substance

that yields hydroxy) ions in aqueous solution, ISxcept for
the fact that hydrogen ions neutralize hydroxyl ions to form
water, no complementary relationship between acids and
bases (such as that hetween oxidants and reductants, for
example} is evident in Arrheniug’ definitions for these sul-
stances; rather, their uppositeness of character is empha-
sized. Moreaver, no account is taken of ihe behavier of
acids and hases in nonagueous solvents.  Also, while acidiiy
is associated with so elementary a particle as the proton
{hydrogen ion), basicity is attzibuted 1o so relatively com-
plex an asseciation of atoms as the hydroxyl ion. It would
seem that a simpler concept of a hase could be devised,

Proton Coneept--In pondezing the objections {o Arrhen-
i definitions, Brgnsied and Bierrum in Denmark and
Lowry in England developed, and in 1923 announced, a more
salisfaciory, and more general, theory of acids and bases,
According to this theory an acid is a substance capable of
yielding a proton (hydregen ion), while a base is 2 substlance
capable of secepiing o proton. This complementary rela-
tionship may be expressed by the general equation

AH'+B

avid hase

The pair of substances thus related through mutual ability
to gain or lose a proton s called a conjugote acid-base patr,
Specific examples of such pairs are

Acid Base
HCl=2HY + C1I”

CH,COOH == H* + CH,C00"
NI, Fee 1Y + NI,
HCO,” = H* + (0,*
HPO, == HY 4+ HPO
H,0 + HY + OH™
H,0" == H + H,0

It iz apparent that not enly melecules but also cations and
anions may function as acids or bases,

The complementary nature of the ncid-base pairs listed is
reminiscent of the complementary relationship of pairs of
oxidants and reductants where, however, the ability to gain
or lose one or more eleclrons—rather thas protons—is the
distinguishing characieristic.

Oxidant Reductant
Fe™t 4 o7 v Te?"
Na' +e” = Na

However, these examples of acid-base pairs and oxidant-
reductant pairs represent reactions that are possible in prin-
ciple only. Ordinarily neids will not release [ree protens any
more than reductants will release free electrons. That is,
protons and eleclrons, respectively, can be fransferred only
from one subsiance (an ion, atom or molecule) to another.
Thus, it is a fundamental fact of chemistry that oxidation of
one substance will oceur only if reduction of another sub-
stanee oceurs simultanecuely.  Stated in another way, elec-
trons will be released from the reductant {oxidation) only if
an oxidant capable of accepting electrons (veduction) is
present.  For this resson oxidation-reduction reactions
must involve two conjugate oxidant-reductant pairs of sub-
stances
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oxidant, + reductaniy = reductant; + oxidant,

where Subscript 1 represents one conjugate oxidant-reduc-
tant pair and Subscript 2 represents the other.

Similarly, an acid will not release a proton uniess a base
capable of accepting it is preseni simultaneously. This
meons thal any actual manifestation of acid-base behavior
must involve interaction between two sets of conjugate acid-
bage pairs, represented os

A+ By o= By 4+ Ay
actd, base; basey acidy

In such a reaction, which is called protolysis or a protolytic
reaction, A; and B, constitute one conjugate acid-hase pair
and A, and B; the other; the proton given up by A, (which
thereby hecomes Bi) is transferred to By {(which becomes
Ag).

When an ncid, such as hydrochloric, is dissolved in water, a
protolytic reaction oceurs.

HCl + H;0 = CI= + HO*

neid; kases base; neidy

The ionic species HaQ", called hydronium or axonium ion,
always is formed when an acid is dissolved in water. Often,
for purposes of convenience, this is writtensimply as H* and
is called hydrogen-ion, although the “bare” ion practicaily is
nonexistent in solution,

When a base, eg, ammonia, is dissolved i water the reac-
tion of protolysis is

NH3 + H:0 ==NH,* + OH-

base; acid; acid, bases

The proton theory of acid-base function makes the con-
cept of hydrolysis superfluous. When, for example, sodium
acetate is dissolved in water, this acid-base interaclion oe-
curs

CHsCOO0~ + Hy0 == CH3CO0H + OH-

bnge; acidy acid; hnsp,

In an aqueous solution of ammonium chloride the reaction is
NH."' + H;!O R NH:; + H:10+

acid, base; bage; ackd,

Transfer of protans (protolysis) is not limited to dissimilar
conjugate acid=base pairs. In the preceding examples HyO
sometimes behaves as an acid and at other times os a base,
Such an amphoteric substance is called, in Brgnsted's ter-
minology, an amphiprotic substance.

Electron-Pair Concept—While the proton concept of
acids and bases provides a mnore general definition for these
substances, it does not indicate the basic reason for proton
transfer, nor dees it explain how such substances os sulfur
trioxide, horon trichloride, stannic chloride or carbon diox-
ide—none of which is capahle of donating a proton—can
behave as acids. Both deficiencies of the proton theory are
avoided in the more inclusive definilion of acids and bases
proposed by Lewis in 1923, In 1916 he proposed that shar-
ing of a pair of eleclrons by (wo atoms established a bond
{covalent) between the atuns; therafore, an acid is a sub-
stonce capable of shaving a pair of electrons made available
by another substance called a bage, thereby Forming a coor-
dinate covalent bond. The base is the substance that do-
nates a share in its electron pair to the acid.  The following
equation iflustrates how Lewis’ definitions explain the
transfer of a proton (hydrogen ion) to ammonia to form
ammonium ion.
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H o
H% 4 :N:H - | HiN:H
H H

The reaction of boron trichloride, which according o the
Lewis theory is an acid, with ammonia is similar, for the
Loron lacks an elactron pair if il is to atlsin a atable octel
configuration, while ammonia hag a pair of electrans which
may be shared, thus

Cl H Cl1H
Cl:B 4 :N:H - CLl:B:N:H
cl H CIH

Leveling Effect of a Solvent—When the strong acids
such as HCIO,, HyS0,, HCE or HNOj3 are dissolved in water
the solutions—if they are of identical normality and are not.
too concentrated--all kave about ithe some hydrogen-ion
concentration, indicating the acids to be of aboul the same
strength. The reason for this is that each one of the acids
undergoes practically complete protolysis in water.

HCL + HyQO ~Clm + HzO*

acid, bascs base;  acids

This phenomenon, called the leveling effect of water, occurs
whenever the added acid is stronger than the hydronium ion.
Such a reaction manifesis the tendency of proton-transfer
reactions to proceed spontaneously in the direction of form-
ing & weaker acid or weaker base.

Since the sirongest acid that can exist in an amphiprotic
solvent. is the conjugate acid form of the solvent, any stron-
ger acid will undergo protolysis to the weaker solvent acid,
Since HCIOy, 11,504, HCl or HNOQ; are all stronger acids
than the hydronium ion, they are converled in water to the
bydronium ion.

When the strong bases sodium hydride, sodivm amide or
sodium ethoxide are dissolved in walet, each reacts with
water to form sodium hydroxide. These reaclions illustrate
the leveling effect of water on bases. Since the hydroxide
jon is the strongest. base which can exist in water, any base
stronger than the hydroxide ion undergoes protolysis to hy-
droxide,

Intrinsic differences in the acidity of acids become evident
if' they are dissolved in a relatively poor proton acceptor such
as anhydrous acetic acid. Perchloric acid (HCI(y), a strong
acidl, undergoes practically complete reaction with acetic
acit

HCI0; + CH;CQOH ~+Cl0y~ + CHzCOOH,*
acid, bases bascy acidy
{strong) {strong) {weak) {weak)

but sulfuric acid and bydrochloric ncid behave ns weak acids,
It is because perchloric acid is a very strong acid when dis-
solved in glacial acetic acid that it has found many important
applications in analytical chemistry as a titrant for a variety
of substances which behave as bases in neetie acid.  Becanse
of ita ahility to differentiate the acidity of various acids, it is
called a differentiating solvent for acids; this property re-
sults from its relatively weak proton-acceptor tendency. A
solvent that dilferentiales basicity of different hases must
bave o weak proton-donor tendency; it is called a differenti-
ating solven! for bases. ‘Typical of solvents in this category
is Jiquid ammonia. Solvents that have both weak proton-
donor and proton-acceptor iendencies are ealled aprotic sol-
pents and may serve as differentiating solvenis for both
ocids and bases; they have little if any action on solutes and
gerve mainly as inert dispersion medis for the solutes. Use-
ful aprotic solvents are benzene, toluene or hexane.

Tonization of Acids and Bases—Acids and bases com-
monly are classified ay strong or weak acids and strong or
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weak bases depending on whether they are jonized exten-
sively or slightly in aqueous solutions, I, for example, I N
aqueous solutions of hydrochloric acid and acetic acid are
compared, il is found thal the former is a better conductor of
electricily, reacts much more readily with metals, catalyzes
cerlain reactions more efficiently and possesses & more acid
taste than the latter. Both solulions, however, will neutral-
ize identical amounts of alkali. A similar comparison of 1 N
solutions of sodiwm bydroxide and ammonia reveals the
former to be more “active’” than the latter, although both
solutions will neutralize idestical quantities of acid.

The differences in the properties of the two acids is attrib-
uted to differences in the concentration of hydrogen (more
accurately hydronium} ion, the hydrochloric acid being ion-
ized to a greater extent and, therefore, containing a higher
concentralion of hydrogen jon than acetic acid. Similarly,
most of the differences helween the sodium hydroxide and
ammonia solitions are allributed to the higher liydroxyl-ion
concentration in the former,

The ionization of incompletely ionized acids may be con-
sidered a reversible reaction of the type

HA < H* 4 A"

whoere HA is the molecwlar acid and A~ is ils anion.  An
equitibrium expression based on the law of mass aclion may
e applied 1o the reaction

= [HIIA
Ryt 1

where I{, is the fonization or dissociation constant, and the
brackets signify concentration. For any given geid in any
specified solvent and al any constant temperature, K, ro-
mains relatively constanl as the concentralion of acid is
varied, provided the acid is weakly ionized. With increas-
ingly stronger acids, however, progressively larger deviations
{eenar.

Although the strength of an acid commonly is measured in
terms of the ionization or dissociation constant defined in
Iig 14, the process of jonization probably is never as simple
as shown above, & proton simply will not detach itselfl from
one molecule unless it is accepted simultaneousiy by another
molecule. When an acid is dissolved in water, the latier acty
as 8 base, accepling a proton (Brensted’s definition of &
base) by donating a share in a pair of cloctrons (Lewis'
definition of a base). This reaction ey be written

HA 4 H:0 ==A"  + Hx0O*

bases  acidy

(14)

aekd; base;
Application of the law of raass action to this reaction gives

[H,0"){A "]

K = = 5
[HATH,0) s
since [HzQ] is o constant this equation may be written
[H,0"1[A7]
Komoio 2 ]
TN (e

This equation is identical with Eq 14 because [Hy0t] is
numerically equal to fH*].

Acids which are capable of donating more than one proton
are termed polyprotic, The ionization of a pelyprotic acid
peeurs in stages and can be illustrated by considering the
equilibria involved in the ionization of phosphoric acid

1,P0, + H0 == H,P0,” + H,0'
HPO,” + H,0 = HPOQ,™ + H,0"

Application of the law of mass action 1o this series of reac-
tions gives

K = an
IJ-, R R “ 8
i [H,P0,"] J
PO Rl H. +
B .[,,-_LMLI;-;_QJ 19
(HPO,]

If the three expressions for the ionization constants are mul-
tinlied together, an overall ionization, K, can be oblained

) ) PO, 11,0
K=KHKKy=" [Hr0,]

Each of the successive lonizations is suppressed by the hy-
dronium ion formed {rom preceding stages according to Le
Chatelier's principle. Thesuccessive dissocialion constants
always decrease in walue, since successive profons musl be
removed from species thal are always more negatively
charged, This can be seen from the data in Table IV, in
which K; for phosphoric acicl is approximately 100,000 times
greater than K., which is in turn approximately 100,000
times greater than Ky Although successive dissocinlion
constants arc always smaller, the difference is not always as
great as it is for phosphoric acid.  Tartaric acid, for example,
has K| =912 X 10~ and K, = 4,27 X 109,

Tonization of a base can be illustrated by using the specific
substance NHy for an example.  According Lo Brensted and
Lewis, when the base NH; is dissolved in water, the latier
acls as an aeid, donating a proton to NHs, which accepis it by
offering a share in a pair of electrons on the nitrogen atom.
This reaction iz written

NHz + HoO =NH* + OH~

base acid

(200

The equilibrium expression for this reaction is

[NH ' {OHT]

kb 82 it (21
[NH,[[H,0]
with [Hz0) constant this expression may be wrilten
INH,)[OH”
i, - 0] -

INHJ

Tonization of Waler—Although it is a poor conductor of
electricity, pure water does ionize through a process limown
as autoprotolysis, in the following manner

21,0 == H,0* + OH"
Application of the law of mass action to this reaction gives
(H,0%][0H"]

P e M P o

{(23)

where K is the equilibrium constant for the reaction.  Since
the concentration of Hs0 (molecular waler) is very much
greater than either the hydronium-ion or hydroxyl-jion con-
eenirations, it ean be considered to be constunt and can be
combined with X to give a new constant, Ky, known as the
ion preduct of wateyr, and Eq 23 becomes

Kw = II_I"EO{][OH—I (24}

The numerical value of K, varies with temperature; al 25° it
is approximately equal to 1 X 107",

Since the autoprotolysis of pure water yields one hyelroni-
um ion for each hydroxyl ion produced, ;0% must be
equal to [OH™]. At 25° each has a value of 1 > 1077 moles/
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liter (1 X 1077 X 1 X 1077 = K, =1 X 1074). A solution in
which [H30+] is equal to [OH"] is termed a neutral solution.

Substance X If an acid is added to water, the hydronium-ion concentra-
Weak Acids tion will be increased and the equilibrium between hydroni-
Acetic 1.75 % 10~ um and hydroxyl ions will be disturbed momentarily. To
Acetylsalicylic 3.27 %104 restore equilibrium, some of the hydroxyl ions, originally
Barbital 1.23 x 10-® present in the water, will combine with a part of the added
Barbituric 1.05 % 10~ hydronium ions to form nonionized water molecules, until
Benzoic 6.30 X 10:: the product of the concentrations of the two ions has been
g{';‘,“l penicillin i ;;‘ : :g_w reduced to 10-". When equilibrium again is restored, the
Car;: 1 17 iy concentrations of the two ions no longer will be equal. If, for
Carb(::?c K 431 X 10-7 example, the hydronium-ion concentration is 1 X 102 N
K 47 %10-1 when equilibrium is established, the concentration of hy-
Citric (1H;0) K, 70 X104 droxyl ion will be 1 x 10~!! (the product of the two concen-
K 1.8 % 10-% trations being equal to 107'4). Since [H30*] is much greater
K; 40 x 1077 than [OH "], the solution is said to be acid or acidic.
Dichloroacetic 5 X107 In a similer manner, the addition of an alkali to pure water
Ethylenediaminetetra- K, 1 X 10:: momentarily disturbs the equilibrium between hydronium
acetic acid (EDTA) K2 214 x 107 and hydroxyl ions. To restore equilibrium, some of the
:{‘3 gg? )’: ig‘“ hydronium ions originally present in the water will combine
Pormic ‘ 177 X 10-* with part of the added hydroxzyl ions to form nonionized
Glycerophosphoric K, 34 %10 water molecules. The process continues until the product of
K2 64 x 10~ the hydronium and hydroxyl ion concentrations again is
Glycine K, 45 %1073 equal to 107, Assuming that the final hydroxyl-ion con-
K2 1.7 x10-"® centration is 1 X 1074 N, the concentration of hydronium ion
Lactic 1.39 x 107 in the solution will be 1 X 10712, Since [OH"] is much
Mandelic ) 4.29 x 10~ greater than [H;0+), the solution is said to be basic or alka-
Monochloroacetic 14 x 10‘: line.
Onalic (2¥¢0) = g Relationship of K, and K,—A particularly interesting
Phenobarbital s 39 X 10 and useful relationship between the strength of an acid and
Phenol 1 x10-10 its conjugate base, or a base and its conjugate acid, exists.
Phosphoric K, 75 x10- For illustration, consider the strength of the base NH; and
K 62 x10-® its conjugate acid NH,*, in water. The behavior of NH;asa
Ks 21 x10-1 base is expressed by
Picric 42 x 10!
Propionic 1.34 % 10': NH, + H,0 = NH,* + OH"~
s i Rl o for which the equilibrium, as formulated earlier is
Succinic K 6.4 X10-° =
K; 23 X106 K, = [_N_'Llﬂlﬂl_"_], (25)
Sulfadiazine 33 x 10 ’ [NH,]
Sulf; i 87 X 10~ ;
g:'uf:;:m? 36 X10-° The behavior of NH,* as an acid is represented by
Sulfathiazol 76 X107
Tortaric K 96 X 10 NH*+ Hy0 = NHy + H,0"
-5
Trichloroacetic Kz :; : :g. the equilibrium constant for which is
Weak Bases K, = [NHJIH:"O*] 2
Acetanilide 41 X107 (40°) a (NH,*) (26)
Ammonia 1.74 % 1075 4
Apomorphine 1.0 x10-° Multiplying Eqgs 25 and 26
Atropine 45 % 10°% _
Benzocaine 60 1071 (NH;][H,0*][NH,*][OH"]
Caffeine 41 X 10-M (40°) KK, = . @7
Cocaine 26 x10°¢ [NH,*)NH,]
gpu:l:]dm 9 x m—: It is obvious that the product
rine 23 x10°
]h’lorphine T4 X107 K,=K.K, (28)
apaverine 8 x10- . . ;
B s saiter i ; — where K, is the ion product of water as defined in Eq 24.
ilenine AR 5 The utility of this relationship, which is a general one for
Pilocarpine K 7 x10°® any conjugate acid-base pair, is evident from the following
2 2 x10°1 deductions: (1) the strength of an acid may be expressed in
Procaine 7 x10-¢ terms either of the K, or the K} of its conjugate base, or vice
Pyridine 14 x 10:: versa; (2) the K, of an acid may be calculated if the K of its
Quinine K, LO X 10_“] conjugate base is known, or vice versa and (3) the stronger an
~S— K: 13 xa07 acid is, the weaker its conjugate base, or vice versa.
Strycl?;ri':e K ‘1‘ : :g_‘ Bases which are capable of interacting with more than one
K 2 x10-12 proton are termed polyacidic, and can be illustrated by
Theobromine ) 4.8 X 10°1 (40°) 3- 2- -
Thiourea LL X 10-15 PO/ +H,0~HFO,”™ + OH
—Vre L5 x10-u HPO," + H,0 = H,PO,” + OH"
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Applying the law of mass action to this series of veactions,
and using the concepis outlined in Eqs 25 to 28, it becomes
obvious that the relationship hetween the various K, and K,
values for phosphoric acid are

}{w = Kul x K.’lR = KHQ X ‘Kbit i ult x Jr(n‘rl (29)

where K1, Ko and Ky refer to the equilibria given by Eqs
17, 18 and 19, respectivaly; K, K and Ky refer to the
reaction of PO, HPO and HaPQ,™, respectively, with
wiler.

Flectronegativity and Disseciation Constants-—Table
IV gives the dissociation constants of several weak acids and
weak bases, in water, al 25°.  As poinied out previously,
strong acids and strong bases do not obey the law of mass
action, so thatl dissociation constants cannot be formulated
for these strong electrolyles,

From an inspection of this table it is evident Lhat great
varigtions oceur in the strength of weak acids and weak
hases. 'The effect of various substituents en the strength of
acids and bases depends on the electronegativity of the sub-
stituent atom or radical.  For example, the sibstitution of
one chlorine atom into the molecule of acetic acid increases
the degree of ionization of the acid. Substitution of two
chlorine nloms further increases the degree of ionization,
and introduction of three chlorine atoms produces a still
stronger acid.  Acetic acid ionizes primarily hecause the
oxygen atom adjacent to the hydrogen alom of the carhoxyl
proup has a stronger affinity for electrons than has the hy-
drogen atom. Thus, when acetic acid is dissolved in water
the polar molecules of the latter have a stronger affinity for
the hydrogen of acetic acid than the latter, The acetic acid
jonizes as a consequence of this difference in affinities.
When an atom of chlorine is introduced into the acetic acid
molecule, forming CICH,COOH, the slectrons in the mole-
cule are attracted very strongly Lo the chiorine because of its
refatively high electronegativity, the bond helween the hy.
drogen and the oxygen in the earboxyl group thereby weak-
ened and the degree of lonization increased. Introduction of
two, or three chlorine atoms weakens the bhond further and
inereases the strength of the acid.  On the other hand, sub-
stitution of e¢hlorine inlo the molecule of ammonia reduces
the strength of the base beeause of its decreased affinity for
the hydrogen ion,

Tonie Strength and Dissociation Constants—Most s0-
Jutions of pharmacoeutical interesl ave in a concentration
range such that the jonie sirength of the solution may have a
marked effect on ionje equilibria and observed dissociation
comelants. One method of correcting dissoeiation congtants
for solutions with an jonic strength up to about 0.3 i 1o
caleulate an apparent dissociation constant, pi(, as

pi) = pK, 4 == {30}
in which pX, is the tabulated thermodynamic dissociation
constant, £ is the charge o the acid and ¢ is the ionic
strength,

Fxample-—Caleulate pK' for suecinie acid at nn jonie strength of 0.1,
Assime that piCs s 3688, The eharge on the acid species is ~1,

Py = 53 4 29L2 = 1§01
1 0.3

= 5,64~ 0.97 = 5,26

Determination of Dissocialion Comstants--Although
the dissoclation conslant of a weak acid or base can le
oblained in a wide variety of ways including conductivity
mensurements, or ullyavialel or visible absorplion spectrom-

ctry, the most widely used method is potentiometric pH
measurement (see Potentiometry, page 244). The simplest
method involving potentiometric pH measurement, is hased
on the measurement of the hydronium-ion concenlration of
& solution containing equimolar concen(rations of the acid
and a strong-hase salt of the acid. The principle of this
method is evident from an inspection of Fq 16; when equi-
molar concentrations of HA (the acid) and A~ (the salt} are
present, the disseciation constani, K, numerically is equal
to the hydronium-ion concentration (also, the pK, of the
acid is equal to the pH of the solution). Although this
method is simple and rapid, the dissociation constant. ob-
tained is nol sufficiently accurate for many purposes,

In order to oblain the dissociation constant of & weak acid
with g high degree of accuracy and precision, a dilute solu-
tion of the acid (about 107% to 1074 M) is titraled with a
strong base, and the pl{ of the solution taken after each
addition of hase. The resulting data can be handled in a
wide variety of ways, perhaps the hest of which is the method
proposed by Benet and Goyan,! The praton balance equa-
tion for a wenk acid, HA, being titrated with a strong base
such as KOH, would be

(K] + [H,0%] = [OH7] + [A7] (31)

in which |I{*] is the concentration of Lhe base added. Equa-
tion 31 ean be rearranged to give

Z=|A"]=[K'] + {H,0'] = [OH"] (32)

When o weal monoprotic acid is added to water, il can exist
in the unionized forn, HA, and in the ionized form, A",
Afier equilibrivm is estahlished, the sum of lhe concentra-
tions of both species musl be equal te C,, the stuichiometrie
{ndded) concentration of acid or

€, = [HA] + [A7] = [HA] + % (38)
The term, [HA], can be replaced using 15q 16 to give
[H,0*]%

2y = e ) 34

, K + % (34}
which can be rearranged to

Z|H1,0"
Z=C,~ [ t‘——l (15)

]

According to Eg 35, if Z, which is obtained from the experi-
mental data using Eq 32, is plotted versus the lerms
A[H4O", a straight line results with a slope equal to I/,
and an intercept equal to C,. In addition Lo obtaining an
accurate estimate for the dissociation constant, the stoichio-
metrie cancentration of the substance being titrated is ob-
tained also. This is of importence when the substance being
titrated cannol he purified, or has an unknown degree of
solvetion. Similar equations can be deveioped for ohtaining
the dissociation constant for a weak base.'

The dissociation constants for diprotic acids can be oh-
tained by defining P as the average number of protons disso-
ciated per mole of acid or

P =Z/C, (36)

and
HOPP o | KilHO - P)
(z-py T 2-P

A plotof Iig 37 should vield a straight line with a siope equal
to K\ and an intercept of K« dividing the intercept by the
slope yields K.

Micro Dissociation Constants—The dissociation con-
stants for polyprotic acids, as determined hy potentiometric
titration, are generally known as macro, or titration con-

(37}
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stants. Since it is known that carboxyl groups are stronger
acids than protonated amino groups, there is no difficulty in
assighing K, and K, as determined by Eq 87 to the carboxyl
end amino groups, respectively, of a substance such as gly-
cine hydrochloride. In other chemicals or drugs such as
phenylpropanolamine, in which the two acidic groups are
the phenolic and the protonated amino group, the assign-
ment of dissociation constants is more difficult. This is
because, in general, both groups have dissociation constants
of equal magnitude. Thus, there will be two ways of losing
the first proton and two waye of losing the second, resulting
in four possible species in solution. This can be illustrated
using the convention of assigning a + to a positively charged
group, a 0 to an uncharged group and a — to a negatively
charged group. Thus, +0 would represent the fully proton-
ated phenylpropanolamine, +— the dipolar ion, 00 the un-
charged moleeule and 0, the anion. The total jionization
acheme, therefore, can be written
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R \,; g
+0 0-
&0 1o
2 0o Tey
The micro constants are related Lo the macro constants as
K=k +hy (38)
KKy =l iy = Ryl (38)

It can be seen from Eqg 38 that unless k; or kg is very much
gmaller than the other, the observed macro constant is a
composite of the two and cannot he assigned to one or the
other acidic group in a nonambiguous way.

Methods for determining £ are given by Riegelman® and
Niebergall ef al.? Once ky, K and K3 have been determined,
all of the other micro constants can be ohtained {rom Egs 38
and 39.

pH

The numerical values of hydronium-ion concentraticn
may vary enormousty; for a normal solution of a strong acid
the value is nearly 1, while for a normal selution of a strong
base it is opproximately I X 107'% ie, a variation of
140,000,000,000,000 hetween these two limits. Becouse of
the inconvenience of dealing with such large numbhers, S¢r-
enson, in 1908, proposed that hydronium-ion concentration
e expressed in terms of the logarithm (log) of its reciprocal.
To this value he assigned the symbol pH. Mathematically it
is written

1
pH = log - {40)
[Hy07]
and since the logarithm of 1 is zero, the equation also may be
written

pH = — log[H,0%} (41)

from which it is evident that pH also may be defined as the
negative logarithin of the hydronium-ion concentration, In
general, this type of notation is used to indicate the negative
logarithm of the term that is preceded by the “p,” which
gives rise to the following

pOH = —log [OH7] (42)
pK =-logK (48)
Thus, taking logarithms of Eqs 26 and 28 gives
pK, + pK, = pK, {44)
pH + pOH = pK,, {45)

The relationship of pH to hydronium-ion and hydroxyl-ion
concentrations may be seen in Table V.,

The following examples illustrate the conversion from ex-
ponential to “p" notation

1. Caleubnte the pH corresponding to a hydrosium-ion concentration
of 12 1079 g-ion/L.

Solution:

1
H = Jog —-
¥ e 1% 1078

= log 10,000 or log (1 % 1074
log (1 % 10M) = +4
pH =

Table V—Hydronlum-lon and Hydroxyl-ton Concentrations

Normadity in Narmality in
Terms of Tarms of
pH Hydranium fon Hydroxyl lon
1] 1 )
1 10 103
Increasing 2 1072 101
acidily 3 109 2l
4 104 Lo
5 10 i
G 104 108
Neutral point 7 107 10-7
8 1072 196
9 109 10
Encreasing 10 1o -t
alkalinity 11 10~ 108
12 1042 1074
13 1o 1 (g
14 1~ 1

2. Caleulate the pH correspending to o hydrenive lon-concentration
of 0.000036 N {or g-ion/L)  {Nate—This more lvequently is wrillen as a
nuinber muitiplied by o power of 10, thus, 3.6 X 1077 for 0.000036.)

Saletion
SR N
3.6%x107°

= Jog 28,000 or log (2.8 X 10™)
log (2.8 % 16+4) = log 2.8 + jog 10™

pH = log

log 2.8 = +0.44

log 1071 = 44,00

pH = 444

This problem may alse be solved as follows
pl = ~Jog {4.6 X 1079

log 36 = +0.56

log 107% = —56,00
= =444 = log (3.6 X 1077)
pH = (=4,44) = +4.44 = 444
The following examples illustrate the conversion of “p" no-
tation 1o exponential notation:

1. Cakeulate the hydronium-ion concentration correspanding toa pH
of 4,44
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Seafretren
1
vH = log —memme
: H07)
.
;0"
- antilog of 4.44 = 28000 (rounded off)
1,0
. 1 5
0% = " = 0000086 or 3.6 % 1)
1,07] 28 000 o

This caleulation alse may be made as

+4.44 = ~log 1,07
o =444 = +log [0

In finding the antiloy of —4.44 it should be kepl in mind that the
mgndizse (e number Lo the vight of (he decimal point) of a by (o the
base 10 {the common o Beiggsion logarithm buse) is alwoys positive b
that the cherecieristie (Uhe number to the lelt of the desimal point) may
he posttive o pegative. As the ootive log —4.44 is negative, itis ebvious

that one cannot Jook up the antilog of —0.44. However, (he number
—d4.44 also may be written (500 1 0.58) or, as maore oflen written, 506,

where the Lt scross Uhe chartacleristic indicales that it alone is negalive,
while the rest of Lthe namber is positive.  Looking up the antilog of (.56 il
is fonnd to be 3.6 and, as the antilog of <5.00 is 160, it foltows that the
hedronium -ion coneentration must be 3.6 X 107 moles/l.,

2. Calewdnte the hydronium-ion coneentretion enrresponding Lo a pH
of 10,117,

Salution
10,07 = —~fog H,07
~10LET = log [11,0%)
«10.17 = (— 1100 +0.83) = TLB3

The antileg of (.43 = 6.8
Thae antileg of =~ 1100 = 10-1
The hycdroninm-ion concentradon is therefore 6.6 X 1077 moles/i.

In the section on Jonization of Weier it was shown that
the hydroninum-ion concentration of pure water, at, 25°, is 1
® 1077 N, corresponding to a pH of 7.5 This figure, there-
fore, is designated as the neutral poiat and all values below a
pH of 7 represent acidity; Lhe smatler the number, the great-
er the acidity. Values above 7 represeni alkalinily; the larg-
er the number, the greater the alkalinity. I'he pH scale
usually runs from ) to 14, bui mathematically there is no
reason why pegative numbers or numbers above 14 should
not be used. In practice, however, such values are never
enceuntered hecause solutions which might he expected to
have such values are too concenirated to he ionized exten-
sively or the interionic atlraction is so great as to materially
reduce ionic activily,

Tt should he emphasized strongly that the generalizations
stated concerning neulrality, acidity and alkalinity hold ex-
actly only when (1) ¢he selvent is water, (2) the temperature
is 25% and (3) there are no other factors Lo cause doviation
from the simply formulated equilibria underlying the defini-
tion of pll given in the preceding discussion.

Species Concentration

When a weak acid, H,A, is added to water, n 4 1 species,
including the unionized acid, can exist.  After equilibrium is

5 The pH of the purest waler ohiaisable, so-catfed “conduciivity”
water, is 7.0 when the megsurement is carefubly made under conditions
1o exelude carbon dioxide and prevent errors inherent. in the measuring
technigue (sach as acidity ar atialinite of the indieator].  Upon agitating
Uuis water in the presence of carbon dioxide in the atmosphere (equilibni-
umt waler) the value drops rapidly 10 5.7, which is the pH of nearly il
distilled walers thad have been exposed Lo the almosphere for even a
shiirt time,

established, the sum of the concentrations of all species must
be equal to Cy, the stoichiometric (added] concentration of
acid. Thus, for a iriprotic acid HyA

C, = [HzA] + [HAT] + [HAY] + |AY] (16)

In addition, the concentrations of all acidic and basic species
in solulion vary with pld, and can be represented solely in
terms of equilibrium constants and the hydronivm-ion con-
centration, These relationships may be expressed as

[H,A]= [H Q" C/D {47)
4, A7 = [HOM K, KD (48)

in which m represents the total number of dissociable hydro-
gens in Lhe parent acid, j is the number of protens dissociat-
ed, C, is the sloichiometric coneentration of acid and K
represents Lhe acid dissociation constants. The term Pisa
power series in [I140%] and K, starting with [HzO%)] raised to
the sith power. ‘The last term is the product of all the
dissociation constants. The intermediate terms can he gen-
erated [rom the lnst term by substituting [Ha04] for K, lo
obtain the next-io-last term, then substituting [13;07] for
K..1 to oblain the next term, ete, until the first term is
reached. The following examples show the denominator, D,
1o be used for various types of acids

Hyt: D= [H,0"F + K, [H0"]? +
KK [H,0%) + KKK, (49)

H A" D= [Ha0")* + K [H0') + KK, {50)
HA*™: I}= [H 0]+ K, {51)

g

The numerator, in all instances, is C, multiplied by the term
from the denominator that has [HzO*] raised to the n ~ j
power, Thus, for diprotie acids such as carbonie, suceinic,
tartaric, elc

|H,A] = (0" F°C, (52)

O 4 K (01 + KK, '

[HA} = il Sl 53)
[H,0" + K, [H,0%] + K K,

|A*] = ULt (54)

{H, 0" + K| [H,0%] + K K,

Example--Caleulate he concentrations of all suceinic acid speeies in
a 10X 1079 M solution of suecinie acid al pH 6.0, Asswmne Lhal Ky = 6.4
R0  and Ka = 2.3 % 1070,

Kgs 52-54 have Lhe same denominator, D, which can be
caleulated as

D= [H,0")* + K [H.OY) + K K,
= 10X 107 + 6.4 X 107 X 10X 10704 6.4 X
1078 x 2.3 x 1078
= 103107 4 6.4 % 1071 4 14,7 x 107"
=212x 107"

Therefore

{H,A] =

1]

10X 07X Lox 10
2.2 ¥ 10~

=47 %1075 M
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_ L Ky H0ME,
[HAT) 5 =
8431070 X 1.0x107*

e = 30X 107 M
2 X

147 x 107 x 1.0 107%

VT = 89X 107 M

Proton Balance Equation

In the Brgnsted-Lowry system the total number of pro-
tons released by acidic species must equal the total number
of protons consumed by basic species. This resulls in a very
ugeful relationship known as the proton balance equation
{(PBE), in which the sum of the conceniration terms for
species that form by proton consumption is equated to the
sun of the concentration terms for species thet ave formed
by the release of protons. The PBE forms the basis of a
unified approach to pH calceulations, since it is an exact
accounting of all proton transfers oceurring in solution.

When HC] is added to water, for example, it dissociates
vielding one CI~ for each proton released. Thus, C1™ is a
species formed by the release of a proton, In the same
solution, and actually in all aqueous solutions

9H,0 = H,0* + OH™

where H307% is formed by proton consumption and OH™ is
formed by proton release. Thus, the PBE is

[H,0%} = |OH7] + [CI7] (55)

{n general, the PBE can be forined in the following man-
ner

1 Start with the species added Lo water.

2. Place all species that can form when prolans are released on the
right side of the eguation.

4. Place all species (that can forim when prolons are consamed on Lhe
left side of the cguation,

4, Add IH;07) to the left side of the equation and [OH =} to the right
side of the equation. These result from the interaction of two molecilas
nf water ag siiown above.

Exampie~—~When HgPOy is added to water, the species HyPO,~ forms
with the release of one proton, HPO,? forms with the release of two
protans and PO forms with the release of three protons to give the
following PRI

(4,01 = [0H"] + [H,PO,"] + 2[HPO,2] + 3{PO,"]  (56)

Example—When NazHP(, is added to water, it dissociates into two
Na* and one HPO,%~, The sodium ion is neglected in the PBE since itis
not formed from the release or consumplion of protons. The species
HPO,2, however, may react with water to give HpPOy™ with the con-
gumption of one proton, HyP Qs with the consumption of two protons,
and PO 4 with the relense of one proton to give the following PBE

[H,0%] + [H,PO, ] + 2[HPO,] = [OHT] + PO &57)

Calculations

The pH of solutions of acids, bases and salts may be
calculated using the concepls presented in the preceding
seclions,

Strong Acids or Bases

When a strong acid such as HCI is added to water, the
following reactions occur

IONIC SOLUTIONE AND ELECTROLYTIC EQUILIBRIA 239

HCL+ H,0 - H,0* + C}~
9H,0 = H,0" + OH"
The proton balance equation for this system would be
{H,0"] = [OH7] + [CI7] (58)

In most instances (C, > 4.5 X 10~7 M) the {OH~] would be
negligible compared to the [C]~] and the equation simplifies
to

[HBO+] = [Cl_] e Cu (59)

Thus, the hydronium-ion concentralion of a solution of a
strong acid would be equal to the stoichiometric concentra-
tion of the acid. This would be anticipated, since strong
acids generally are assumed to be 100% jonized.

The pH of a 0.005 M solution of HC| therefore is calculat-
edas

pH = —leg 0.006 = 2,30

In a similar mamner the hydroxyl-ion concentration for a
solution of a strong base such as NaOH would be

(OH"} = [Na*] =C, (60)
and the pH of a 0.005 M solution of NaOH would be
pOH = ~log 0.005 = 2.30
pH = pK, — pOH = 1400 — 2.30 = 11.70

Weak Acids or Bases

If a weak acid, HA, is added to water, it will equilibrate
with its conjugate base, A™, as

HA+ H,Q=H,0"+ A"
Accounting for the lonization of water gives the following
proton balance equation for this system
[H,0*] =[OH7] + [A7] (81)

T'he concentration of A~ as a function of hydronium-ion
conceniration can be obtained as shown previously to give

K.C
H,0%} = [OH7] + =t (62)
1,0 = [0H) + miiteer
Algebraic simplification yields
C, - [H,07 + [OH™
w00 =x, G BOILOHD gy

([H;0*] - [OH])
In most instances for solulions of weak acids, {HsO'] »
[OH~] and the equation simplifies Lo give
[H,02 + K,[H, 0% —K,C,=0 {64)
This is a quadratic equation® which yields

[H,0%] = (85)

2

gince [I1401] can never be negative. Furthermaore, if [H;0%]
is less than 5% of C,, Eq 64 is simplified further to give

* The general solution Lo a yuadratic equation of the form

aX* 4+ bX +c=0
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[H0'] = JK.C, (66)

I generally is preferable to use the simplest equation to
caleulate |H;0']. However, when [Ha0'1 is caleulated, it
must be compared Lo C, in order Lo delermine whether the
assumption (Y, > [H;0*] is valid. If the assumption is not
valid, the quadratic equation should he used.

ExampleCaleulato the pl ol a 5.00 % 10 M solution of i weal acid
having o Ky = L0 x 1070

(M = i€ L,
= 1,90 % 107F X 5.00 X 107
=308 x 107" M
Since €, HAOD X W* M| is not. mugh greater than [HaO*], the quadrat-

tration and simplifying, in the same manner as shown for a
weak acid, gives

. (€, [OH7] + {H,0M))

i equation {12q 65) should be wsed

~ 190 % 1070 4 (180 X 10757

1,07} =

=926 X 107" M
M s ~=dogg (2,26 X 107%) = 4.65

Nate Uit tha nssumption |[HeO!] 3 |OH Tis valid. The hydraninm-ion
concentration ealcuinted from 15y 66 bas & relative error of 36% when
compared Lo the eovreet value olilained from 18y (5.

When a sall obtained from a strong acid and a weak
hase-~e.¢., ammonium chioride, morphine sulfale, pilocar-
pine hydrochloride, ete-is dissolved in water, it dissociales
as

B R s Bt 4 X

in which BH* is the protonated Form of the base I3, nnd X is
{he anion of a strong acid, Since X is the anion of a strong
acid, Il is too weak a base to undergo any further reaction
with water. ‘The proionated base, however, cin act as a
weak acid (o give

Thus, Eqs 66 and 66 are valid, with . being egual to the
concentration of the sall in solution.  If K, for the protonat-
ed base is not available, it can be ohtained by dividing I, for
the base B, into K.

LExample—Caleulate the pH of o 0.026 M solion of ammonium

4

chiovide. Assume that J, lor annmonda is 1.74 X J07" and K., is 1.00 X
1671,

= i
be L JOOX 07T o s 10e

TR, 1raxiot

=BT5 X 107K 2o 10
=387 X107 M
pH = ~log (3.87 X 107% = 5.4]
Since O, is mueh greater than jH O and (440" is much greater than

[0H-], the assumplions are valid and the vatue caleulated for pld s
sufTiciently acourale,

Weak Bases

When aweak hase, 13, is dissolved in water It jonizes to give
the conjugate acid as

B+ H,0 = BHY + OH~
"The proton halance equation for this system is
[BH'] + [H,C%] = {OH7] 67

Substituting {BH"'] as a funetion of hydrenium-ion concen-

[OM"} =K, : (G8)
PoH ) - [H0')
If [OH~] » [Hs0*], as is true generally
[OR“]* + K JOH ]~ K,C, =0 {69)
which is & quadratic with the following solution
iy 4 K+ 4L
[OH™] = ._._E.__k/__z"__s"’w..i_ (70}
If Cp 3 |0H ], the quadratic equation simplifies to
40190 X 1077 % 500 % 107)
2
[OW"] = JE;T,; o)

Once [OH -] is ealeutated, it can he converted to pOLL, which
can be subtracted from i, to give pH.

Exampfo-—Culeulate the pH of a .50 % 107 M solution of a weak base
having £, = 200 X 107 Assume that . = 100 X 141

[OH™] = K0,
= 2,00 % 1077 X 450 X 107
= JO.00% 1070 = .00 x 107" A
Both assumptions are valic.

pOH = ~log 4.00 X 107" = 2.52
pH = 14.00 — 252 = 11.48

When salts olitained from strong bases and weak acids (e,
sodium acetate, sodium sulfathiazole, sodium benzoate, ete)
are dissolved in water, they dissociate as

NatA M5 Nat 4 A"

inwhich A™ is the conjugate base of the weak acid, HA. The
Nat undergoes no further reaction with water. The A-,
however, acls as a weal hase to give

A”+ H,0 = HA + OH"

Thus, Bys 70 and 71 are valid, with ¢, being equal to the
concentration of the salt in solution. The value [or Ky, can
be obtained by dividing K, {or the conjugate acid, HA, into
[

Bxample-Caleulate the pH of a 0,05 A zolution of sodivm acetate.
Assume Lhal £, for aeetic neid = 175 x 1075 and K., = 1.00 X 1071

K -t
R iBa 01

K, 1a5% 1070
575 3 1010

OH™ = JR,0, = ¥5.71 X 1077 X 5.0 X 167
=500 X 1070 M
BRoth assumptions are vadid
pOH = ~log (5.34 X 107 = 5,27

PIT = 14,00 ~ 5.97 = 8,7:

FRESENIUS EXHIBIT 1013
Page 49 of 408



Ampholyles
Substances such as NaHCOy and NaH,POy are lermed
ampholytes, and are capable of functioning both as acids
and bases. When an ampholyte of the type NallA is dis-
solved in waler, the following series of reactions can oceur
Na*HA™ 25 Na® + HA-
HA™ 4 H,0 = A* + H,0"
HA™ + Hy 0+ HoA + OH™
94,0 = H,0" + OH"
The total proton balance equation (PBE) for the system is
[Hy0*] + [H,A] = [OH7] + [A*] (72)

Substituting both [HyA] and [AZ-] ag a function of [H;01)
(sec Egs 52 and 54), vields

M,0")* C,

H,0%] + =
(H,07] [H,0*? + K, [H,0"] + KK,
Kur 4+ ‘K:IKZCS
[H;0"]  (H,0')* + K,[H,0"] + K K,

This gives a fourth-order equation in [H30%], which can be
simplified using certain judicious assumptions to

C IGO0
Hom oy fonl2E -
[H:;O l \/K] T C:,- (73)

In most instances, C, > i and the equation {further simpli-
fies to

[H,0%] = K, (74)

and [Hy0*%] becomes independent of the concentration of
the salt. A special property of ampholytes is that the con-
centration of the species HA™ is maximum at the pH corre-
sponding to Eiq 74.

When the simplest amino acid salt, glycine hydrochloride,
is dissolved in water, it acts as a diprotic acid and lonizes as

*NH,CH,CO0H + Hy0 = "NH,CH,C00™ + H0*
NH,CH,C00™ + Hy0 = NH,CH,CO0™ + H,0*

The form, "NHZCHoC0O0™, is an ampholyle since it also can
act as 8 weak base

*NH,CH,C00™ + H,0 = "NH,CH,CO0H + OH"

This type of substance, which carries hoth a charged acidic
and a charged basic moiety on the same molecule is termed a
2tnitterion and, since the two chavges balance each other, the
malecule asts essentially as a neutral molecule. The pH at
which the zwitierion concentration is maximmum is known as
the isoelectrie point, which can be calculated from Eq 74,

On the acid side of the isoelectric point, amino acids and
Proteins are cationic and incompatible with anionie materi-
als such as the naturally oceurring gums used as suspending
and/or emulsifying agents. On the alkaline side of the iso-
91ecl.ric point, amino acids and proteins are anionic and
incompatible with cationie materials such as benzalkonium
chloride.

Salts of Weak Acids and Weak Bases
. Whea a salt such as ammonium acetate (which is derived
from a weak acid and a weak base) is dissolved in water, it
undergoes the following reactions

BH A~ " BH + A”

IOMIC SOLUTIONS AND ELECTROLYTIC EQUILIBRIA 241
BH* + H,0 = B + H,0*
A™ + H,0= HA + OH"
The total PBI for this system is
[H, 0" + [HA] = [OH"] + [B] (75)
Replacing [HA) and [B] as a function of [HzO"], gives
H,010 K, C
[Hao-ll] + [ K] ] LI iOH_] + ae (?6)

[H,0% + K, {H,0% + K,
in which C, is the concentration of salt, K, is the ionization
constant of the conjugate acid formed from the reaction
between A~ and waier and K’ is the ionization conslant for
the protonated base, BH*. 1n general, [HO*], [OH}, X,
and K, usually are smaller than C; and the equation simpli-
fies to

(H;0*] = JK.K,/ )

Fxample—Caleulate the pH of a 0.01 M selution of nonnonium ace-
tale. The ammonium ion has 8 K equal 1o 535 X 107, which repre-

sents K, in B3g 77, Acetic acid has o K, of 1.75 % 107%, which represents
i, in g 77

JH,O0%) = 195 X 107" x 5,75 x 10~
= 106X 07
pH = —log (105 X 1077) = .98

All of the assumptions ave valid.

Buffers

The terms buffer, buffer solution and buffered solution,
when used with reference to hydrogen-ion concentration or
pH, refer to the abilily of a system, particularty an agueous
solulion, to resist a change of pH on adding acid or alkali, or
on dilulion with a solvent.

If an acid or base is added to water, ihe pH of the latter is
changed markedly, for water has no ability to resist change
of pH; it is completely devoid of buffer action. Even a very
weak acid such as carbon dioxide changes the pH of water,
decreasing it from 7 to 5.7 when the small concentration off
carbon dioxide present in air is equilibrated with pure water.
This extreme susceptibility of distilled water 1o a change of
pH on adding very sinall amounts of acid or base is often of
great concern in pharmaceutical operations. Solutions of
neutral salts, such as sodium chloride, similarly lacl ability
to resist change of pH on adding acid or base; such solutions
are called unbuffered.

Characteristic of buffered solutions, which undergo small
changes of pH on addition of acid or base, is the presence
either of o weak acid end o salt of the weak acid, or & weak
base and a salt of the weak base. An example of the former
system is acetic acid and sodimn acetate; of the latter, am-
nonium hydroxide and ammonium chloride. From the pro-
ton concept of acids and bases discussed earlier, it is appar-
cnt that such buffer action invelves a conjugale acid-bage
pair in the solution, 1t will be recalled that acetate ion ia the
conjugate base of acetic acid, and that ammoniwuin jon is the
conjugate acid of ammonia (the principal constituent of
what. commontly is calied ammonium hydroxide).

The mechanism of action of the acetic acid-sodium ace-
tate buffer pairis that the acid, which exists largely in molec-
ular fnonionized) form, combines with hydroxyl ion that
may be added to form acetate ion and water, thus

CH,COOH + OH™ — CH;CO0™ + 11,0

while the acelate ion, which is a base, combines with hydro-
gen (more exacily hydroniuin} ion that may be added to
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form easentially nonionized acetie acid and waler, represent-
ed as

CH,C00™ + Hy0' > CH,CO0H + H,0

As will be iliustrated later by an example, the change of pH is
slight as long as the amount of hydronium or hydroxyl ion
added does not exceed the capacily of the buffer system to
neatralive it.

The ammonia-ammoninn chloride pair [unctions as a
buffer because the ammonia combines with hydronium ion
that may be added to form ammoniwn jon and water, thus

NH; + H 0" -= NH,* + H,0

Amanonium jon, which is an acid, combines with added hy-
droxyl ion to form ammeonia and water, as

NI," - OH™ » NH, + H,0

Again, the change of pH is slight il the amount. of added
hydronium or hydroxyl ion is not in excess of the capacity of
the system to neutralize it.

Besides these Lwo gencral {ypes of buflers, a Lthird appears
toexist. This is the buffer system composed of two salts, as
manohasic potassium phosphate, KHPQ,, and dibasic po-
tagsinm phosphate, KyHPO,. This is not, however, a new
type of buffer; il is actually a weak-acid-conjugate-base
buffer in which an ion, HyPO, ™, serves as the weak acid, and
HPO&~ is its conjugate base. When hydroxyl ion is added
to this buffer the following reaction takes place

H,P0,” + 0H -» HPO + H,0
and when hydronium ion is added
HPO, + H,0" - H,PO,” + H,0

1t is apparent that the mechanism of action of this type of
buffer is casentially the same as that of the weak-acid-conju-
gate-base buifer composed of acelic acid and sodium ace-
tate.

Caleulations—A buffer system composed of a conjugate
acid-base pair, NaA — HA (such as sodium acetste and
acelic acid), would have a PBE of

[H,0"] + [HA] = [OH"] + [A”] (78)

Replacing [HA] and [A7] as a funetion of hydronium-ion
coneentration gives

{H‘JO"}Ch s Ku(-‘la Il
[H,0"] + K, [H,0Y] + K,

where C, is the coneentration of the salt, NaA, and C, is the
concenttalion of the weak acid, HA, This equation can be
rearranged Lo give

(¢, — 11,0 +[o87)
¢ (€, + {H,0* ~ [OH™])
In general, both (), and € are much greater than [H,0%],

which is in Lurn much greater than [OH"|, and the equation
simplifies to

|HO' =K (40)

K,C
[Hi0") = —2= i81)
gl
or, expressed in terms of pH, as
Oy
pH = pK, 4 log =~ (82)

Ctl

This equation is generally called the Henderson-Hassel-
balch equation. It applies {o all buffer systems formed from
a single conjugate acid-base pair, regardless of the nature of
the salts. FPor example, it applies equally well 1o the follow-

ing buffer systems: ammonia—ammonium chloride, mono-
sodium phosphate-disodium phosphate, phenobarbital-so-
dium phenobarbital, ete. In the ammonia-ammonium chlo-
ride system, ammonia is obviously the base and the
ammonium ion is the acid (C, equal to the coneentration of
the salt). In the phosphate system, monosodium phosphate
is the acid and disodium phosphate is the base. For the
phenobarbilal buffer system, phenobarbital is the acid and
the phenobarbital anion is the base (' equal Lo the concen-
tration of sodium phenobarbital).

As on example of the application of this equation, the pH
of a buffer solution containing acetic acid and sodium ace-
tate, each in 0.1 M concentration, may be caleulated. The
K, of acetic acid, as defined abave, is 1.6 % 1075, at 25°.

Salution
First, the pft, of acetic acid is caleulated

pl, == log K, = = log LB X 107
= log 1.8 ~ Ing i
=026 - (—5) = +4.74
Substituting this value into Iiq 82
pH = log % 447 = A

The Henderson—-Hasselbalch equation predicts that any
solutions contrining the same molar concentralion of neetic
acid as of sodium ncetate will have the same pH. Thus, a
golution of 0.01 M concentration of each will have the same
pH, 4.74, as one of 0.1 M concentration of each component.
Actually, there will be some difference in the pH of the
solutions, for the aciivity coefficient of the components var-
les with concentration. [for most practical purposes, howey-
er, the approximate values of plI calculated by the equation
are salisfactory. Ttshould be pointed out, however, thal the
buffer of higher concentration of each component will have a
much grealer capacily for neatralizing added acid or base
and this point will be discussed further under Buffer Capac-
iy

The Henderson-Hasselbalch eguation is useful alsc for
caleulating the ratio of molar concentrations of a buffer
system required to produce a solution of specific pH.  As an
example, suppose that an acetic acid-sodimm acelate buffer
of pH 4.5 i to be prepared.  What ratio of the buffer compo-
nents should be used?

Solution

Rearranging g 82, which is used to caiculate the pH of weak acid-
salt type bulfers, gives

hase
1 I = pH = pi
facid] ~ P T e

b o 76 = —0.24 = (076 ~ 10)

fbase] _ . iilag of (9.76 — 10) = 0.575

[ncid}
The interpretation of this result is that the proporifon of
sodiun acelale lo acetic acid should be 0.575 mola of the
former to 1 mole of the latter to produce a pH of 4.5, A
solution containing 0.0575 mole of sedium acetale and (.1
mwle of acetic acid per liter would meet this requirement,, as
would also one containing 0.00575 mole of sodium acetate
and 0.01 mole of acetic acid per liter. The actual concentra-
tion selected would depend chiefly on the desired buffer
capacity.

Buffer Capacity-—The ability of a buffer solution to re-
sist. changes in pH upon addition of acid or atkali may be
measured in terms of buffer capactiy. In the preceding
discussion of buffers, it has been seen that, in a general way,
the concentration of acid in a weak-aeid-conjugate-base
buffer determines the capacity Lo “nevtralize’ added base,
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while the concentration of sall of the wealk acid determines
the capacily Lo neutralive ndded acid.  Similarky, in a weak-
base-conjugate-acid bufler the concentration of the wealk
base establishes the buffer capacily toward added acid,
while the concentration of the conjugate acid of the weal
hase determines the capacity towsrd added base. When the
huffer is equimnolar in the concentrations of weak acid and
conjugate base, or of weak base and conjugate acid, it has
equal bulfer capacity toward added strong acid or strong
base.

Van Slvke, the biochemist, intreduced a quantitative ex-
pression for evaluating bufler capacity, This may be de-
fined as the amount, in gram-equivalents {(g-Iqg) per liter, of
strong acid or strong base, required to be added Lo a solution
to change its pH by 1 unit; a solution has a buller capacity of
1 when 1 L reguires 1 g-Bq of strong base or acid to change
the pH 1 unit {in practice, considerably smaller increments
are measured, expressed as the ratio of acid or hase added to
the change of pH produced). From this delinition it ia
apparent that the smaller the pIl change in a solution eaused
by the addition of a specified quantity of acid or alkali, 1he
greater the buffer capacity of the solution,

Fhe following numerical examples lustrate certain basic
principles and caleulations concerning buffer aclion and
huffer capacity.

Exumple [--What is the ehange of pH on adeing (.03 mole of NaOl
to 1L ol (10 M eeetic ackd?

(a3 Caleuiste the pH oof a 0,10 molar solution of acetic neid

[H0} = (K,C, =175 X 0¥ X 10X 107
pH = —log 1,83 X 1077 = 2.88

i) Om adding 0.01 mole of NaO1l Lo aliter of Lhis solulion, 0.6} mole
of acetic acid is eonverted Lo G.01 mole of sodium ncelate, Unereby de-
ereaging O Lo 009 M, wwd O = 1.0 2 107% M. Using ihP Hesderson-
Hasselbach equation gives

PpH = 476 -+ Iuyﬁ--ﬁﬁ- =476 — 0.9 = 3.81

The pH change is, therefore, 0,98 unit. ‘T'he butfer capocily as defined

above is calewlated Lo be
mules of NaQH added

change in pH =601

Example 2--What is the change of p3l on adding 0.5 mole of NaQl lo
1 Lof bulfer solution (01 A in acetic aeid and 0.1 M b soclivm acotate?

{a) ‘I'he pH of e buffer solulion bejore adding NaOH is
pH= Jo | Lﬁl +pK,

= log Sk 426 = 476
i

() O adding 202 mele of NaOIt per liter 1o this buffer solution,
001 mole of acelic acid ic converled to 0.0F molé of soditm acetnie,
thereby deercasing the concentration of oeid to 008 A and increasing the
concentration of bise 100,33 AL The pid & ealeulaled as

- A 4.76

= (LOBG + 4.76 = 4.85

The change of pH in Uhis case is onty 0.00 unit, about Yig the change in the
preceding exnmple, The buffer expacily i ealeulated as

UU!

oles of NaQH added _ 0.0 =011

change of pH

Thus, the bufier capocity of the neeie acid-sodinm acetate buffer soh-
tion is approgimalely 10 times teat of the acetic acid solution,

Ag iz in part evident from these examples, and may be
further evidenced by calculations of pll changes in other
systems, the degree of buffer action and, therefore, the huff-
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or capacity, depend on the kind and concentration of Lhe
buffer components, the pH region involved and the kind of
acid or alkali added.

Strong Acidy and Bases as “Buffers”--In the foregoing
discussion, buffer action was attributed o systems of (1)
weak ncids and (heir conjugate bases, (2) weak bases and
their conjugate acids and (3) certain acid-base pairs which
can function in the manner cither of System 1 or 2,

The abilily to resist change in pH on adding acid or alkali
is possessed also hy relatively concentrated solutions of
strong acids and strong bases, 110 1 L of pure water having
apHof 7.04s added 1 ml, o7 0.01 M hydrochloric acid, the pH
is reduced to about 5.0, If the same volume of the acid is
added to 1 L of 0.001 M hydrochiloric acid, which has a pH of
about 8, the hydronium-ion concentration is increased only
about 1% and the pH is reduced hardly atall. The nature of
this buffer action is gquite different from that of the true
huffer solutions, The very simple explanation is that when
1 mL of 0,01 M HCL, which represents 0.00001 g-18q of hydro-
nium ions, is added to the 0.0000001 g-12q of hydronium ions
in 1 L of pure water, the hydronium-ion concentration is
increased 100-Told (equivalent to 2 pH units), but when the
same amount is added to the 0.001 g-Eq of hydronivm ions in
1 L of 0.001 M HC, the incrense is ondy 1/100 the concentra-
tion already present. Similarly, if T ml. of 0.03 M NaOH is
added to L L of pure water, the pH is increased Lo 8, while if
the same volume is added to [ 1, of 8.001 molay NaQH, the
pH is increased almost immeasurahly.

In general, solutions of strong acids of pH 3 or less, and
solutions of strong bases of pH 11 or more, exhibit this kind
of buffer action by virtue of the relatively high concentration
of hydronium or hydroxyl ions present. The USP includes
among its Standard Buffer Solutions a series of hydrochio-
rie acid buffers, covering the pH range 1.2 to 2.2, which also
contain potassivm chloride. The salt doas not participate in
the buffering mechanisin, as is the case with salts of weak
acids; instead, it serves as a nonreactive constituent required
to maintain the proper electrolyte environment of the solu-
fions. )

Determination of pH

Colerimetry

A relatively simple and inexpensive method for determin-
ing the approximate pH of a solution depends on the fact
that some conjugate acid base pairs (indicators) possess one
colar in the acid form and anaether celor in the base form,
Agsume that the acid form of a particular indicator is red,
while the base form is yellow, T'he color of a selution of this
indicator will range from red, when it is sufficiently acid, to
yellow, when it is sufficiently alkaline. In the intermediate
pH range {the transition interval) the color will be a hlend of
red and yellow depending upon the ralio of the base to Lhe
aeid (orm.  In general, although there are slight differences
between indicators, color changes apparent to the eye cannot
be discerned when the ratio of base to acid form, or acid to
base form exceeds 10:1. The use of Eq 82 indicates that the
transition range of most indicalors is equal to the pl{, of the
indicator 1 pH unit, or & useful range of approximately 2
pH units. Standard indicator solutions can e made at
known pH values within the transition range of the indica-
tor, and the pH of an unknown solution determined by
adding the indicator to it and comparing the resulting color
with the siandard solutiona, Details of this proceduyre can
be found in RIPS-14.  Another method for using these indi-
cators is Lo apply them {o Lhin strips of filter paper. A drop
of the unknown soltition is placed on a piece of the indicator
paper and the resulting color compared to a color chart
supplied with Lhe indicator paper. These papers are avail-
able in a wide variety of pH ranges.
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Patentiometry

lectrometric methods for the determination of pH are
based on the [act that the difference of electrical potential
hetween two suitable electrades dipping into a solution eon-
taining hydronium ions depends on the coneentralion (or
activity) of the latler. The development of a potential dif-
ference is nol a specific property of hydronium jons. A
solution of any ion will develop & potential proportional to
the concentration of that ion if a suitable pair of electrodes is
placed in the solution.

The relationship between the potential difference and
concanlration of an ion in equilibrivm with the electrodes
may be devived as follows. When a metal is immersed into a
solution of one of its salts, there is a tendency (or the metal to
go into solution in the form of fons. This tendency is known
as the solution pressure of the metal and is comparable Lo
the tendency of sugar melecules, for example, to dissolve in
water. The metallic ions insclution tend, on the other hand,
to become discharged by forming atoms, this effect being
proportional to the osmetic pressure of the ions. In order
for an atom of a metal Lo go into selution as a positive ion,
eleclrons, equal in number to the charge on the ion, must he
left behind on the metal electrode with the result that the
tatter becomes negatively charged. The positively charged
ions in solution, however, may become discharged as atoms
by taking up electrons from the metal electrode. Depending
o1 which effect predominates, the electrical charge on the
slectrode will be either positive or negative and may be
quantitatively expressed by the following equation proposed
by Nernst in 1889
RT. p
T
where E is the potential difference or electromotive force, It
is the gas constant (8.316 joules), 7' is the abaolute Ltemnpera-
ture, i is the valence of the ion, I is the Faraday of electricity
(96,500 coulombs), p is the osmotic pressure of the ions and
F is the solulion pressure of the metal.

Inasmuch as it is impossible to measure the potential
difference between one electrode and a solution with any
degrec of certainty, it is customary to use two electrodes and
to ineasure the potential difference between them, If two
electrodes, both of the same metal, are immersed separately
in solutions containing ions of that metal, at osmotic pres-
sare py and py, respectively, and connected by means of a
tube containing a nonreacting salt solution {a so-called *salt-
bridge”), the potential developed across the two electrodes
will be equal to the difference between the potential differ-
ences of the individual electrodes; thus

. L _RT, B RT P
= 1, e L) R e —_ || -
E=FK - o In P b In 3 (84)
Since both electrodes are of the same metal, P, = Pzand the
equation may be simplified to

= (83)

(85)

In place of osmotic pressures it is permisaible, for dilute
solutions, Lo substitute the concentrations ¢; and ¢; which
were found (see Chapter 16, page 222) to be proportional to
pyand pz. The equation then becomes

Bty oL (86)

If either ¢; or ¢y is known, it i3 obvious that the value of the
other may be found if the potential difference, K, of this cell
can be measured.

Tor the detertnination of hyvdronium-ion concentration or
pH, an electrode at which an equilibrium hetween hydrogen

IFlg 17-3.  Hydrogen-ion concentration chain.

gas and hydronium jon can be established must be used in
place of metallic electrodes. Such an electrode may he made
by electrolytically coating a strip of platinum, or other noble
metal, with platinum black and salurating the latter with
pure hydrogen gas. This device functions as a hydrogen
electrode. Two such electrodes may be assembled as shown
in Fig 17-3.

in this diagram one electrode dips into Solution A, con-
Laining a known hydronium-ion concentration, and the oth-
er electrode dips into Solution B, containing an unknown
hydronium-ion concentration. The two elecirodes and =zo-
lutions, sometimes cailed halt-cells, then are connected by a
bridge of neutrai salt solutien, which has no significant effeel
on the solutions it connects. The potential difference across
the two electrodes is measured by means of a potentiometer,
P. 1[lhe concentration, ¢;, of hydronium jon in Solution A is
1 N, Eq 86 simplifies to

RT, 1
E=--In— 7
il (87)
or in terms of Briggsian logaritlung
RT 1
E = 2303~ | e B8
nl l Cy L2

It for login 1/cy there is substiluted its equivalent pH, the
equation becomes
E=23035L pi (89)
nl
and finally by substituting numerical values fot £, n, T and
F, and assuming the temperature to be 20°, the following
simple relationship is derived

7 5 = ———E———-
E = 00581 pHor pll 0.0581
The hydrogen electrode dipping into a solution of known
hydronium-ion concentration, called the reference efec-
trode, may be replaced by a calome! electrode, one type of
which is shown in Rig 17-4. The elements of a calomel
electrode are meroury and eaiomel in an agueous solution of
potassium ehloride. The potential of this electrode s con-
stant, regardiess ol the hydronium-ion concentration of the
solntion into which it dips. The potential depends an the
equilibrium which is set up between mercury and mercurous
iong from the calomel, but the concentration of the latter is
governed, according Lo the solubility-product, principle, by
the caneentration of chloride ions, which are derived mainly
from the potassium chloride in the solution. Therefore, the
potential of this electrode varies with the concentration of
potassinm chloride in the electrolyte.
Because the calomel electrode always indicates voitages
which are higher, by a constant value, than those obtained

0

FRESENIUS EXHIBIT 1013
Page 53 of 408



N L

—edle i6C 1 soLUTION
- CALOMEL \J@

= PURL b RCUAEY

PLATIRMA WRE

e OROIHARY MERCURY
Fig 17-4. Calomal electrode.

when the normal hydrogen electrode chain shown in Fig 17-3
is used, it is necessary to subtract the potential due o the
calomel e¢lectrode itself from the observed voltage. As the
magnitude of this vollage depends on the concentration of
potassium chloride in the calomel-electrode electrolyte, it is
necessary to ltnow the concentration of the former. For
most purposes a saturated potassiun chloride solution is
used which produces potential difference of 0.2488 v. Aec-
cordingly, before using Eq 85 for the cateulation of pH frem
the voltage of a cell made up of a calomel and a hydregen
electrode dipping into the solution fo be tested, 0.2488 v
must be subtracled from the observed potential difference.
Iixpressed mathematically, Bg 91 is used for caleulating pkl
from the potential difference of such & cell,

{2
3 0.0581 1)

In measuring the potential difference between the elec-
trodes, it is imperative that verylittle current be drawn from
the cell, for with cuzrent flowing the voltage changes, owing
to polarization effects at the electrode. Because of this it is
not possible to make accurete measurements with a voltme-
ter which requires appreciable current lo operate it. Inits
place a potentiometer is used which does notl draw a curvent
from the cell being measured.

There are many limitations to the use of the hydrogen
electrode:

li-cannol be used ip soiulions conteining strong oxidants such as ferrie
iron, dichromates, nitric acid, peroxide or chlorine or reductants, such as
sulfurous acid and hydrogen sulfide.

11 is affected by the presence of erganic compounds which are fairly
casily reduced,

It cannot be wsed suceesstully in solutions containing eations that fadl
balew hydrogen in the electrochemical series.

Erralic resulls are obiained in the measurement of unbuwiTered solu-
tions unbess special precaviions are tnken.

L is troullesome to prepare and maintain

Since other elecirodes more convenient 1o use now are avail-
able, the hydrogen electrode today is used rarely. Neverthe-
less, it is the ultimate standard for pH measurements.

To aveid some of the difficulties with the hydrogen elec-
trode, the yuinhydrone electrode was introduced and was
ropular for o long time, particularly for measurements of
ficld solutions, The unusual fealure of this elecirode is thai
1L congists of a place of gold or platinum wire ar foil dipping
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into the solution o be tested, in which has been dissolved a
small quaniity of gquinhydrone, A calomei electrode may be
used lor reference, just as in determinations with the hydro-
gen olectrode,

Quinhydrone consists of un eguimolecular mixture of gui-
none and hydroquinene; the relationship between these sub-
stances and hydrogen-ion concentration is

Quinone + 2 hydrogen jons + 2 electrons == hydroguinone

i a solution containing hydrogen ions the potential of the
guinhydrone electrade is related logarithmically to hydroni-
um-ton conceniration if the ratio of the hydroguinone con-
centration to that of quinone is constant and practically
equal to one. This ratio is maintained in an acid solution
containing an excess of guinhydrone, and measurements
may be made gquickly and accurately; however, quinhydrone
cannot be used in solutions more alkaline than pH 8.

An electrode which, because of its simplicily of eperation
and Ireedom from contamination or change of the solution
being tested, has replaced oth the hydrogen and quinhy-
drone electrodes is the glass electrode. 14 functions by vir-
fue of the fact that when a thin membrane of a special
compusition of glass separates Lwo solutions of different pH
there is developed across the membrane a potential differ-
anee which depends on the pH of both solutions. I the pH
of one of the solutions is known, the other may be caleulated
from the potential difference. In practice, the glass elec-
trode usually consists of a bulb of the special glass fused to
the end of n tube of ordinavy glass. Inside the bulbis placed
a solution of known pH, in contact with an internal silver-
silver chloride or other elecirode. This glass electrode and
another reference electrode are immersed in the solulion Lo
e tested and the petential difference is measured. A poten-
tiometer providing electronic amplification of the small eur-
rent produced is employed. ‘The modern instruments avail-
able permit reading the pHd directly and provide also for
compensation of variations due to temperature in the range
of 0-50° and to the small but variable asymmetry potential
inhorent in the glass electrode.

Pharmaceutical Significance

In the broad realm of knowledge concerning ihe prepara-

tion and action of drugs few, if any, variables are so impor- -

tant as pH. For the purpose of this presentation, four prin-
cipal types of pli-dependence of drug systems will be dis-
enssed:  sofubility, stability, activity and ahsorption.

Drug Solubility

If asalf, Nad, is acdded Lo water Lo give a coneentration C,,
the {ollowing renctions oceyr

Na‘A~ DOy Nat + A”

A”HH0 < HA + OH™

1f the pH of the solution is lowered, more of the A~ would be
eonverted (o the unionized acid, HA, in accordance with Le
Chatelier’s principle.  Fveniually, o pH will be obtained,
below which the amount of HA {ormed exceeds its agqueous
solubility, Su, and the acid will precipitate from solution, this
pH can be desipnated as pld,. At Lhis point, at which the
amount of FA formed just equais 5y, a mass balance on the
total amount of drug in solution yields

€= [HA] 4 [A7] =8, + |A"] (92)

Replacing |A™} as a function of hydronium-ien concentra-
tion pives
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K,C,

Cy= 8yt {93)

where I, is the fonization constant for the conjugate acid,
HA, and [H,0*],, refers to the hydroniwm-ion concentration
above which precipitation will vceur, This equation can be
rearranged Lo give

- B
iH.‘tO" ]p = Ku C; e -5'0 (94)
Taking logarithims gives
C.e I Sll
pH, = pi{, +log —— (95)

Thus, the pH below which precipitation oceurs is a function
of the amount of sall. added initially, the pi{, and the solubil-
ity of the free acid formed from the sall.

The analogous equabion [ox salte of weak hases and strong
actds (such as pilocarpine hydrochloride, cocaine hydrochlo-
ride or codeine phosphate) would be

S,
]

= (96)
€, = 8y
in which pk, vefers to the protonated form of the weak base.

Irample—Ileiow whal plT will free phencbarbital Degin to precipitale
from & solution initinlly containing 1.3 g of sodiom phenoharbital /100
mloat 25%7 he molar solubilily of phenabarkica)l s 00060 and its pi(,
5741, The molecular weight of sodium phenobarhital is 254,

The molar coneentration of salt initially added s

13

254

pH, = pK, + log

ol

mol wi

= (.061 M

&

pH,, = T41 + Iy Ra—ryved

=741 + 086 = 8.37

Example--Ahove what pH will free cocaine begin Lo precipitate from
asolution initially contpining 0.0204 mole of coenine hydrochloride/L?
“The plf, of cocaine is 5.59, and its molar solubility is 5.60 X 1079,

pK, = pK, — pRy= 1400 — 559 = 6.4]

0.0030
A1+ Yo — e emmrm—— o
PH, = 841 o g b 0056

= g4l + (—0.63) = .78

Drug Stability

One of the most diversified and fruitful areas of study is
the investigalion of the effeet of hydrogen-ion concentration
on the etability or, in more general terms, the reactivity of
pharmaceutical systems, The evidence for enhanced stabil-
ity of systems when these are maintained within a narrow
range of pH, as weil as of progressively decreasing stability
as the pH departs from the oplimum range, is abundant.
Stability {or instability) of a system may result from gain or
loss of a proton (hydrogen ion) by a substirate molecule—of -
ten accompanied by an electronie renrrangement--whiclh
recluces (or increases) the reactivily of the molecule. Insta-
bility vesulls when the substance desired to remain un-
changed is converted to one or more other, unwanted, sub-
stances. In agueous solution, instability may arise Lhrough
the catalytic effect of acids or bases, the former by transfer-
ring a proton Lo the substrate molecule, the latrer by accept-
ing a proton.

Specific illustrations of the effect of hydrogen-ion cancen-
tration on the stability of medicinals are myriad; only a few
will be given here, these being chosen o show the impor-
tance of pH adjustment of solutions thal require steriliza-
tion.

Morphine solations are not decomposed during a 60-min
exposire al a temporature of 1007 if the pH is less than 5.%
neutral and allialine solutions, however, are highly unstable.
Minimum hydrolytic decompesition of solutions of cocaine
oceurs in the range of pH of 2 Lo 5; in one study a solution of
cocaine hydrochloride, initiatly at a pH of 5.7, remained
stable during 2 months (although the pH dropped 10 4.2 in
this time), while another solution buffered to aboutl pH 6
underwent. approximately 30% hydrolysis in the same {ime.
Similarly, solutions of procaine hydrochloride conlaining
some hydrochloric acid showed no appreciable decomposi-
tion; when dissolved in water alone, 5% of the procaine hy-
drochloride hydrolyzed, while when buffered to pH 8.5, from
19 1o 35% underwent decomposition by hydrolysis, Solu-
tions of thiamine bydrochtoride may be sterilized hy aulo-
claving without. appreciable decomposition if the pH is be-
low 5; above thig, thismine hydrochloride is unstable.

The stahility of many disperse svatems, and especially of
certain emulsions, is oflen pH-dependent, Information
coneerning specific smulsion systems, and the effect of pH
upon them, may be found in Chapler 19,

Druyg Aclivity

Drugs thal are weak acids or weak bases, and hence may
exist in ionized or nonionized form (or a mixture of hoth),
may be active in one form but not in the other; oflen such
drugs have an optimum pH range for maximum activity.
Thus, mandelic acid, benzoic acid or salicylic acid have pro-
nounced antibacterial activity in nenionized form but have
practically no such activity in jonized form. Accordingly,
these substances require an scid environment to function
effectively as antibacterial agents. For example, sodium
benzote is effective as & preservative in 4% concentration al
pH 7.0, in 0.06 to 0.1% concentration at pH 3.5 to 4.0 and in
0.02 Lo 0.03% concentration at pH 2.3 10 2.4,  Other antibac-
terial agents, on the other hand, are active principally, if nol
entirely, in cationic form. Included in this catepory are the
acridines and quaternary ammonium compounds.

Drug Absorption

The degree of ienization and lipoeid solubility of a drug are
two important factors that determine the rate of absorption
of drugs from the gastrointestinal tract and, indecd, their
passage through cellular membranes generally. Drugs
which are weak organic acids or bases, and which in nonion-
ized form are soluble in lipids, apparently are absorbed
through cellular membranes by virtue of the lipeidal nature
of the membranes. Completely ionized drugs, on the othexr
hand, are absorbed poorly, il atall. Rates of absorption of a
variely of drugs are related Lo their ionization constants and
in many cases may be predicted quantitatively on the basis
of this relationship, Thus, not only the degree of the acidic
or besic character of a drug but consequently also the pH of
the physiological medium (gastric or intestinal {luid, plas-
ma, cerebrospinal fuid, ete) in which a drug is dissolved or
dispersed—since this pH deterimines the extent to which the
drug will be converted to ionic or nenionic form-—become
imporlani parameters of drug absorption. Further infor-
mation on drug abserption iz given in Chapter 35.
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Interfacial Phenomena

Very often it is desirable or necessary in the development
of pharmaceutical dosage forms to produce multiphasic dis-
persions by mixing together two or more ingredients which
are not mutually miscible and capable of forming homoge-
neous solutions. Examples of such dispersions include sus-
pensions (solid in liquid), emulsions (liquid in liquid) and
foams (vapor in liquids). Because these systems are not
homogeneous and thermodynamically stable, over time they
will show some tendency to separate on standing to produce
the minimum possible surface area of contact between
phases. Thus, suspended particles agglomerate and sedi-
ment, emulsified droplets cream and coalesce and the bub-
bles dispersed in foams collapse, to produce unstable and
nonuniform dosage forms. In this chapter the fundamental
physical chemical properties of dispersed systems will be
discussed, along with the principles of interfacial and colloi-
dal physics and chemistry which underly these properties.

Interfacial Forces and Energetics

In the bulk portion of each phase, molecules are attracted
to each other equally in all directions, such that no resultant
forces are acting on any one molecule. The strength of these
forces determines whether a substance exists as a vapor,
liquid or solid at a particular temperature and pressure.

At the boundary between phases, however, molecules are
acted upon unequally since they are in contact with other
molecules exhibiting different forces of attraction. For ex-
ample, the primary intermolecular forces in water are due to
hydrogen bonds, whereas those responsible for intermolecu-
lar bonding in hydrocarbon liquids, such as mineral oil, are
due to London dispersion forces.

.oecause of this, molecules situated at the interface con-
tain Potential forces of interaction which are not satisfied
::imve to the situation in each bulk phase. In liquid sys-

s such unbalanced forces can be satisfied by spontaneous
Mavement of molecules from the interface into the bulk
En‘:? This leaves fewer molecules per unit area at the
ﬂCtua_lace (greater intermolecular distance) and reduces the

e contact area between dissimilar molecules.
of m: attempt to reverse r.h‘is process by increasing the area
the tact between phases, ie, bringing more molecules into

Interface, causes the interface to resist expansion and to

I3} ,
Sch;“z"&’dft authored the section on Interfacial Phenomena. Dr
- authored the section on Colloidal Dispersions. Dr Swarbrick
the section on Particle Phenomena and Coarse Dispersions.

behave as though it is under a tension everywhere in a tan-
gential direction. The force of this tension per unit length
of interface generally is called the interfacial tension, except
when dealing with the air-liquid interface, where the terms
surface and surface tension are used.

To illustrate the presence of a tension in the interface,
consider an experiment where a circular metal frame, with a
looped piece of thread loosely tied to it, is dipped into a
liquid. When removed and exposed to the air, a film of
liquid will be stretched entirely across the circular frame, as
when one uses such a frame to blow soap bubbles. Under
these conditions (Fig 19-14), the thread will remain col-
lapsed. If now a heated needle is used to puncture and
remove the liquid film from within the loop (Fig 19-1B), the
loop will stretch spontaneously into a circular shape.

The result of this experiment demonstrates the spontane-
ous reduction of interfacial contact between air and the
liquid remaining and, indeed, that a tension causing the loop
to remain extended exists parallel to the interface. The
circular shape of the loop indicates that the tension in the
plane of the interface exists at right angles or normal to every
part of the looped thread. The total force on the entire loop
divided by the circumference of the circle, therefore, repre-
sents the tension per unit distance of surface, or the surface
tension.

Just as work is required to extend a spring under tension,
work should be required to reverse the process seen in Figs
19-1A and B, thus bringing more molecules to the interface.
This may be seen quantitatively by considering an experi-
ment where tension and work may be measured directly.
Assume that we have a rectangular wire with one movable
side (Fig 19-2). Assume further that by dipping this wire
into a liquid, a film of liquid will form within the frame when
it is removed and exposed to the air. As seen earlier in Fig
19-1, since it comes in contact with air, the liquid surface will
tend to contract with a force, F, as molecules leave the
surface for the bulk. To keep the movable side in equilibri-
um, an equal force must be applied to oppose this tension in
the surface. We then may define the surface tension, v, of
the liquid as F/2{, where 2l is the distance of surface over
which F is operating (2! since there are two surfaces, top and
bottom). If the surface is expanded by a very small dis-
tance, Ax, one can then estimate that the work done is

W = FAx (1)
and therefore
W = y2lAx 2)

257
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A B
Fig 19-1. A circular wire frame with a loop of thread loosely tied to

it: (A) a liquid film on the wire frame with a loap in it; (B) the film
inside the loop is broken.!

M
r N

Fig 19-2. A movable wire frame containing a film of liquid being
expanded with a force, F.

Since
AA = 2lAx (3)

where AA is the change in area due to the expansion of the
surface, we may conclude that

W=+ya4 (4)

Thus, the work required to create a unit area of surface,
known as the surface free energy/unit area, is equivalent to
the surface tension of a liquid system, and the greater the
area of interfacial contact between phases, the greater the
free-energy increase for the total system. Since a prime
requisite for equilibrium is that the free energy of a system
be at a minimum, it is not surprising to observe that phases
in contact tend to reduce area of contact spontaneously.

Liquids, being mobile, may assume spherical shapes
(smallest interfacial area for a given volume), as when eject-
ed from an orifice into air or when dispersed into another
immiscible liquid. If a large number of drops are formed,
further reduction in area can occur by having the drops
coalesce, as when a foam collapses or when the liquid phases
making up an emulsion separate.

Surface tension is expressed in units of dynes/cm, while
surface free energy is expressed in ergs/em?. Since an erg is
a dyne-cm, both sets of units are equivalent.

Values for the surface tension of a variety of liquids are
given in Table I, while interfacial tension values for various
liquids against water are given in Table II. Other combina-
tions of immiscible phases could be given but most heteroge-
neous systems encountered in pharmacy usually contain wa-
ter. Values for these tensions are expressed for a particular
temperature. Since an increased temperature increases the
thermal energy of molecules, the work required to bring
molecules to the interface should be less, and thus the sur-
face and interfacial tension will be reduced. For example,
the surface tension of water at 0° is 76.5 dynes/em and 63.5
dynes/cm at 75°.

As would be expected from the discussion so far, the rela-
tive values for surface tension should reflect the nature of
intermolecular forces present; hence, the relatively large val-
ues for mercury (metallic bonds) and water (hydrogen
bonds), and the lower values for benzene, chloroform, carbon
tetrachloride and the n-alkanes. Benzene with = electrons

Table |—Surface Tension of Various Liquids at 20°

—

Surface tension,
Substance dynes/cm

Mercury 476

Water 72.8
Glycerin 63.4
Oleic acid 32,5
Benzene 28.9
Chloroform 27.1
Carbon tetrachloride 26.8
1-Octanol 26.5
Hexadecane 27.4
Dodecane 254
Decane 23.9
Octane 21.8
Heptane 19.7
Hexane 18,0
Perfluoroheptane 11.0
Nitrogen (at 75°K) 9.4

Table ll—interfacial Tension of Varlous Liquids against

Water at 20°
Interfacial tension,
Substance dynes/cm

Decane 52.3
Octane 51.7
Hexane 50.8
Carbon tetrachloride 45.0
Chleroform 32.8
Benzene 35.0
Mercury 428
Oleic acid 156
1-Octanol 8.51

exhibits a higher surface tension than the alkanes of compa-
rable molecular weight, but increasing the molecular weight
of the alkanes (and hence intermolecular attraction) in-
creases their surface tension closer to that of benzene. The
lower values for the more nonpolar substances, perfluoro-
heptane and liquid nitrogen, demonstrate this point even
more strongly.

Values of interfacial tension should reflect the differences
in chemical structure of the two phases involved; the greater
the tendency to interact, the less the interfacial tension.
The 20-dynes/cm difference between air-water tension and
that at the octane-water interface reflects the small but
significant interaction between octane molecules and water
molecules at the interface. This is seen also in Table II, by
comparing values for octane and octanol, oleic acid and the
alkanes, or chloroform and carbon tetrachloride.

In each case the presence of chemical groups capable of
hydrogen bonding with water markedly reduces the interfa-
cial tension, presumably by satisfying the unbalanced forces
at the interface. These observations strongly suggest that
molecules at an interface arrange themselves or orient so as
to minimize differences between bulk phases.

That this occurs even at the air-liquid interface is seen
when one notes the relatively low surface-tension values of
very different chemical structures such as the n-alkanes,
octanol, oleic acid, benzene and chloroform. Presumably, in
each case, the similar nonpolar groups are oriented toward
the air with any polar groups oriented away toward the bulk
phase. This tendency for molecules to orient at an interface
is a basic factor in interfacial phenomena and will be dis-
cussed more fully in succeeding sections.

Solid substances such as metals, metal oxides, silicates
and salts, all containing polar groups exposed at their sur-
face, may be classified as high-energy solids, whereas nonpo-
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Fig 19-3. Adipic acid crystal showing various faces.?

Table lll—Values of v,, for Solids of Varying Polarity

Solid s {dynes/cm)
Teflon 19.0
Paraffin 25.5
Polyethylene 376
Polymethyl methacrylate 454
Nylon 50.8
[ndomethacin 61.8
Griseofulvin 62.2
Hydracortisone 68.7
Sodium Chloride 155
Copper 1300

lar solids such as carbon, sulfur, glyceryl tristearate, polyeth-
ylene and polytetrafluoroethylene (Teflon) may be classi-
fied as low-energy solids. It is of interest to measure the
surface free energy of solids; however, the lack of mobility of
molecules at the surface of solids prevents the observation
and direct measurement of a surface tension. It is possible
to measure the work required to create new solid surface by
cleaving a crystal and measuring the work involved. How-
ever, this work not only represents free energy due to ex-
posed groups but also takes into account the mechanical
energy associated with the crystal (ie, plastic and elastic
deformation and strain energies due to crystal structure and
imperfections in that structure).

Also contributing to the complexity of a solid surface is the
heterogeneous behavior due to the exposure of different
crystal faces, each having a different surface free energy/unit
area. For example, adipic acid, HOOC(CH,),COOH, erys-
tallizes from water as thin hexagonal plates with three dif-
ferent faces, as shown in Fig 19-3. Each unit cell of such a
crystal contains adipic acid molecules oriented such that the
hexagonal planes (faces) contain exposed carboxyl groups,
while the sides and edges (A and B faces) represent the side
view of the carboxyl and alkyl groups, and thus are quite
nonpolar. Indeed, interactions involving these different
faces reflect the differing surface free energies.?

Other complexities associated with solid surfaces include
surface roughness, porosity and the defects and contamina-
tion produced during a recrystallization or comminution of
the solid. In view of all these complications, surface free
energy values for solids, when reported, should be regarded
as average values, often dependent on the method used and
not necessarily the same for other samples of the same sub-
stance.

In Table I11 are listed some approximate average values of
¥ss for a variety of solids, ranging in polarity from Teflon to
copper, obtained by various indirect techniques.

Adhesional and Cohesional Forces

Of prime importance to those dealing with heterogeneous
Systems is the question of how two phases will behave when
brought in contact with each other. It is well known, for
Instance, that some liquids, when placed in contact with
other liquid or solid surfaces, will remain retracted in the
form of a drop (known as a lens), while other liquids may
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exhibit a tendency to spread and cover the surface of this
liquid or solid.

Based upon concepts developed to this point, it is appar-
ent that the individual phases will exhibit a tendency to
minimize the area of contact with other phases, thus leading
to phase separation. On the other hand, the tendency for
interaction between molecules at the new interface will off-
set this to some extent and give rise to the spontaneous
spreading of one substance over the other.

In essence, therefore, phase affinity is increased as the
forces of attraction between different phases (adhesional
forces) become greater than the forces of attraction hetween
molecules of the same phase (cohesional forces). If these
adhesional forces hecome great enough, miscibility will oc-
cur and the interface will disappear. The present discussion
is concerned only with systems of limited phase affinity,
where an interface still exists.

A convenient approach used to express these forces quan-
titatively involves the use of the terms work of adhesion and
work of cohesion.

The work of adhesion, W, is defined as the energy per ¢cm?
required to separate two phases at their boundary and is
equal but opposite in sign to the free energy/cm? released
when the interface is formed. In an analogous manner the
work of cohesion for a pure substance, W,, is the work/cm?
required to produce two new surfaces, as when separating
different phases, but now both surfaces contain the same
molecules. This is equal and opposite in sign to the free
energy/cm? released when the same two pure liquid surfaces
are brought together and eliminated.

By convention, when the work of adhesion between two
substances, A and B, exceeds the work of cohesion for one
substance, eg, B, spontaneous spreading of B over the sur-
face of A should occur with a net loss of free energy equal to
the difference between W, and W.. If W, exceeds W, no
spontaneous spreading of B over A can occur. The differ-
ence between W, and W, is known as the spreading coeffi-
cient, S; only when S is positive will spreading occur.

The values for W, and W, (and hence S) may be expressed
in terms of surface and interfacial tensions, when one con-
siders that upon separation of two phases, A and B, v 45 ergs
of interfacial free energy/cm? (interfacial tension) are lost,
but that v, and yp ergs/cm? of energy (surface tensions of A
and B) are gained; upon separation of bulk phase molecules
in an analogous manner, 2y 4 or 2yp ergs/em? will be gained.
Thus

Woe=va+ 78~ van (8)
and
W,=2v, or2vyg (6)
For B spreading on the surface of A, therefore
Sp=vat 78~ Yan— 2vp (M
or
Spg=v4~(vg+ v48) (8)

Utilizing Eq 8 and values of surface and interfacial tension
given in Tables I and II, S can be calculated for three repre-
sentative substances—decane, benzene, and oleic acid—on
water at 20°,

Decane: S =728~-(239 + 52.3) =-34
Benzene: S =72.8— (289 + 35.0) 8.9
Oleic acid: S =72.8— (325 + 15.6) 24.7

As expected, relatively nonpolar substances such as decane
exhibit negative values of S, whereas the more polar materi-
als yield positive values; the greater the polarity of the mole-
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cule, the more positive the value of S. The importance of
the cohesive energy of the spreading liquid may be noted
also by comparing the spreading coefficients for hexane on
water and water on hexane:

Spw=T72.8 — (18.0 + 50.8) =
Sy = 18.0 — (72.8 + 50.8) = —105.6

4.0

Here, despite the fact that both liquids are the same, the
high cohesion and air-liquid tension of water prevents
spreading on the low-energy hexane surface, while the very
low value for hexane allows spreading on the water surface.
This also is seen when comparing the positive spreading
coefficient of hexane to the negative value for decane on
water.

To see whether spreading does or does not oceur, a powder
auch as talc or charcoal can be sprinkled over the surface of
water such that it floats; then, a drop of each liquid is placed
on this surface. As predicted, decane will remain as an
intact drop, while hexane, benzene and oleic acid will spread
out, as shown by the rapid movement of solid particles away
from the point where the liquid drop was placed originally.

An apparent contradiction to these observations may be
noted for hexane, benzene and oleic acid when more of each
substance is added, in that lenses now appear to form even
though initial spreading occurred. Thus, in effect a sub-
stance does not appear to spread over itself.

It is now established that the spreading substance forms a
monomolecular film which creates a new surface having a
lower surface free energy than pure water. This arises be-
cause of the apparent orientation of the molecules in such a
film so that their most hydrophobic portion is oriented to-
wards the spreading phase. [tis the lack of affinity between
this exposed portion of the spread molecules and the polar
portion of the remaining molecules which prevents further
spreading.

This may be seen by calculating a final spreading coeffi-
cient where the new surface tension of water plus monomo-
lecular film is used. For example, the presence of benzene
reduces the surface tension of water to 62.2 dynes/cm so that
the final spreading coefficient, Sf, is

Sp=622- (289 + 35.0) = -1.7

The lack of spreading exhibited by oleic acid should be
reflected in an even more negative final spreading coeffi-
cient, since the very polar carboxyl groups should have very
little affinity for the exposed alkyl chain of the oleic acid
film. Spreading so as to form a second layer with polar
groups exposed to the air would also seem very unlikely, thus
leading to the formation of a lens.

Wetling Phenomena

In the experiment described above it was shown that talc
or charcoal sprinkled onto the surface of water float despite
the fact that their densities are much greater than that of
water. In order for immersion of the solid to occur, the
liquid must displace air and spread over the surface of the
solid; when liquids cannot spread over a solid surface spon-
taneously, and, therefore, S, the spreading coefficient, is
negative, we say that the solid is not wetted.

An important parameter which reflects the degree of wet-
ting is the angle which the liquid makes with the solid sur-
face at the point of contact (Fig 19-4). By convention, when
wetting is complete, the contact angle is zero; in nonwetting
situations it theoretically can increase to a value of 180°,
where a spherical droplet makes contact with solid at only
one point.

VAPOR

LIQUID 6

st l

Fig 19-4. Forces acting on a nonwetting liquid drop exhibiting a
contact angle of §.3

In order to express contact angle in terms of solid-liquid-
air equilibria, one can balance forces parallel to the solid
surface at the point of contact between all three phases (Fig
19-4), as expressed in

Yy = Ysr YLy cos b (9)

where ysv, vsi, and yrv represent the surface free ener-
gy/unit area of the solid-air, solid-liquid, and liquid-air
interfaces, respectively. Although difficult to use quantita-
tively because of uncertainties with ysy and ys, measure-
ments, conceptually the equation, known as the Young
equation, is useful because it shows that the loss of free
energy due to elimination of the air-solid interface by wet-
ting is offset by the increased solid-liquid and liquid-air
area of contact as the drop spreads out.

The vy cos f term arises as the horizontal vectorial com-
ponent of the force acting along the surface of the drop, as
represented by y.1. Factors tending to reduce y. v and vsi,
therefore, will favor wetting, while the greater the value of
vsv the greater the chance for wetting to occur. This is seen
in Table IV for the wetting of a low-energy surface, paraffin
{hydrocarbon), and a higher energy surface, nylon, {(polyhex-
amethylene adipamide). Here, the lower the surface ten-
sion of a liquid, the smaller the contact angle on a given solid,
and the more polar the solid, the smaller the contact angle
with the same liquid.

With Eq 9 in mind and looking at Fig 19-5, it is now
possible to understand how the forces acting at the solid-

Table IV—Contact Angle on Paratfin and Nylon for Various
Liquids of Ditfering Surface Tension

Surface tension, Contact angle
Substance dynes/cm Paraffin Nylon

Water 12.8 105° 70°
Glycerin 63.4 96° 60°
Formamide 58.2 91° 50°
Methylene iodide 50.8 66° 41°
a-Bromonaphthalene 44.6 47° 16°
tert-Butylnaphthalene 33.7 ag° spreads
Benzene 28.9 24° *
Dodecane 25.4 17° U
Decane 23.9 T o
Nonane 22.9 spreads “

Ysv VAPOR

YLv
—
I
St qu

Fig 19-5. Forces acting on a nonwettable solid at the air+liquid+s0-
lid interface: contact angle f greater than 90°.
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Table V—Critical Surface Tenslons of Various Polymeric

Solids
Yo
Polymeric Solid Dynes/cmat 20°
Polymethacrylic ester of ¢"-octanol 10.6
Polyhexafluoropropylene 16.2
Polytetrafluoroethylene 18.5
Polytrifluoroethylene 22
Poly(vinylidene fluoride) 25
Poly(vinyl fluoride) 28
Polyethylene 3
Polytriflucrochloroethylene 3
Polystyrene 33
Poly(vinyl alcohol} a7
Poly(methyl methacrylate) 39
Poly(vinyl chloride) 39
Poly(vinylidene chloride) 40
Poly(ethylene terephthalate) 43
Poly(hexamethylene adipamide) 46

liquid-air interface can cause a dense nonwetted solid to
float if ysr and vyr v are large enough relative to ysy.

The significance of reducing y. v was first developed em-
pirically by Zisman when he plotted cos 8 vs the surface
tension of a series of liquids and found that a linear relation-
ship, dependent on the solid, was obtained. When such
plots are extrapolated to cos # equal to one or a zero contact
angle, a value of surface tension required to just cause com-
plete wetting is obtained. Doing this for a number of solids,
it was shown that this surface tension (known as the critical
surface tension, v.) parallels expected solid surface energy
vsy; the lower +, the more nonpalar the surface.

Table V indicates some of these vy, values for different
surface groups, indicating such a trend. Thus, water with a
surface tension of about 72 dynes/cm will not wet polyethyl-
ene (v, = 31 dynes/cm), but heptane with a surface tension
of about 20 dynes/cm will. Likewise, Teflon (polytetrafluo-
roethylene) (y. = 19) is not wetted by heptane but is wetted
by perfluorcheptane with a surface tension of 11 dynes/cm.

One complication associated with the wetting of high-
energy surfaces is the lack of wetting after the initial forma-
tion of a monomolecular film by the spreading substance.
As in the case of oleic acid spreading on the surface of water,
the remaining liquid retracts because of the low-energy sur-
face produced by the oriented film. This phenomenon, of-
ten called autophobic behavior, is an important factor in
many systems of pharmaceutical interest since many solids,
expected to be wetted easily by water, may be rendered
hydrophobic if other molecules dissolved in the water can
form these monomolecular films at the solid surface.

Capillarity

Because water shows a strong tendency to spread out over
a polar surface such as clean glass (contact angle 0°), one
would expect to observe the meniscus which forms when
water is contained in a glass vessel such as a pipet or buret.
This behavior is accentuated dramatically if a fine-bore cap-
illary tube is placed into the liquid (Fig 19-6); not only will
the wetting of the glass produce a more highly curved menis-
¢us, but the level of the liquid in the tube will be appreciably
higher than the level of the water in the beaker.

The spontaneous movement of a liquid into a capillary or
narrow tube due to surface forces is defined as capillarity
ind is responsible for a number of important processes in-
volving the penetration of liquids into porous solids. In
Contragt to water in contact with glass, if the same capillary
is placed into mercury (contact angle on glass: 130°). not
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Fig 19-7. Capillary fall for a liquid exhibiting a contact angle, f,
which is greater than 90°.1

only will the meniscus be inverted (see Fig 19-7), but the
level of the mercury in the capillary will be lower than in the
beaker. In this case one does not expect mercury or other
nonwetting liquids to easily penetrate pores unless external
forces are applied.

To quantitate the factors giving rise to the phenomenon of
capillarity, let us consider the case of a liquid which rises toa
height, h, above the bulk liquid in a capillary having a radius,
r. If (as shown in Fig 19-6) the contact angle of water on
glass is zero, a force, F, will act upward and vertically along
the circle of liquid—glass contact. Based upon the definition
of surface tension this force will be equal to the surface
tension, v, multiplied by the circumference of the circle, 2rr.
Thus

F = 42zr (10)

This force upward must support the column of water, and
since the mass, m, of the column is equal to the density, d,
multiplied by the volume of the column, xr?h, the force W
opposing the movement upward will be

W = mg = nridgh (11)

where g is the gravity constant.
Equating the two forces at equilibrium gives

wridgh = y2xr (12)
so that
w2t
h rdg (13)

Thus, the greater the surface tension and the finer the capil-
lary radius, the greater the rise of liquid in the capillary.

If the contact angle of liquid is not zero (as shown in Fig
19-8), the same relationship may be developed, except the

Fig 19-8. Capillary rise for a liquid exhibiting a contact angle, 8,
which is greater than zero but less than 90°.7
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vertical component of F which opposes the weight of the
column is F cos # and, therefore

h=27cosﬂ

rdg an

This indicates the very important fact that if 6 is less than
90°, but greater than 0°, the value of h will decrease with
increasing contact angle until at 90° (cos # = 0), h = 0.
Above 90°, values of h will be negative, as indicated in Fig
19-7 for mercury. Thus, based on these equations we may
conclude that capillarity will occur spontaneously in a cylin-
drical pore even if the contact angle is greater than zero, but
it will not occur at all if the contact angle becomes 90° or
more. In solids with irregularly shaped pores the relation-
ships between parameters in Eq 14 will be the same, but they
will be more difficult to quantitate because of nonuniform
changes in pore radius throughout the porous structure.

Pressure Differences across Curved Surfaces

From the preceding discussion of capillarity another im-
portant concept follows. In order for the liquid in a capil-
lary to rise spontaneously it must develop a higher pressure
than the lower level of the liquid in the beaker. However,
since the system is open to the atmosphere, both surfaces are
in equilibrium with the atmospheric pressure. In order to
be raised above the level of liquid in the beaker and produce
a hydrostatic pressure equal to hgd, the pressure just below
the liquid meniscus, in the capillary, P,, must be less than
that just below the flat liquid surface, Py, by hgd, and there-
fore

P,— P, = hgd (15)
Since, according to Eq 14
o 2y cos b
rgd
then
Py—pjm 2y CO8 0 (16)

r

For a contact angle of zero, where the radius of the capillary
is the radius of the hemisphere making up the meniscus,

2
&-ﬂ=%

(17)

The consequences of this relationship (known as the Laplace
equation) are important for any curved surface when r be-
comes very small and v is relatively significant. For exam-
ple, a spherical droplet of air formed in a bulk liquid and
having a radius, r, will have a greater pressure on the inner
concave surface than on the convex side, as expressed in Eq
17.

Another direct consequence of what Eq 17 expresses is the
fact that very small droplets of liquid, having highly curved
surfaces, will exhibit a higher vapor pressure, P, than that
ohserved over a flat surface of the same liquid at P. The
equation (Eq. 18) expressing the ratio of P/P’ to droplet
radius, r, and surface tension, v, is called the Kelvin equa-
tion where

2vM
2.303RTpr

and M is the molecular weight, R the gas constant in ergs per
mole per degree, T is temperature and p is the density in
g/cm3. Values for the ratio of vapor pressures are given in
Table VI for water droplets of varying size. Such ratios
indicate why it is possible for very fine water droplets in

log P/P' = (18)

Table VI—Ratio of Observed Vapor Pressure to Expected
Vapor Pressure of Water at 25° with Varying Droplet Size

Prp'a Droplet size, um
1.001 1

.01 0.1

L.1 0.01

2.0 0.005

3.0 0.001L

4.2 0.00065
5.2 0.00060

2 P is the observed vapor pressure and P is the expected value for “bulk"
water.

clouds to remain uncondensed despite their close proximity
to one another.

This samé behavior may be seen when measuring the
solubility of very fine solid particles since both vapor pres-
sure and solubility are measures of the escaping tendency of
molecules from a surface. Indeed, the equilibrium solubili-
ty of extremely small particles has been shown to be greater
than the usual value noted for coarser particles; the greater
thfe surface energy and smaller the particles, the greater this
effect.

Adsorption
Vapar Adsorption on Solid Surfaces

It was suggested earlier that a high surface or interfacial
free energy may exist at a solid surface if the unbalanced
forces at the surface and the area of exposed groups are quite
great.

Substances such as metals, metal oxides, silicates, and
salts—all containing exposed polar groups—may be classi-
fied as high-energy or hydrophilic solids; nonpolar solids
such as carbon, sulfur, polyethylene, or Teflon (polytetraflu-
oroethylene) may be classified as low-energy or hydrophobic
solids (Table ITI). Whereas liquids satisfy their unbalanced
surface forces by changes in shape, pure solids (which exhib-
it negligible surface mobility) must rely on reaction with
molecules either in the vapor state or in a solution which
comes in contact with the solid surface to accomplish this.

Vapor adsorption is the simplest model demonstrating
how solids reduce their surface free energy in this manner.

Depending on the chemical nature of the adsorbent (solid)
and the adsorbate (vapor), the strength of interaction be-
tween the two species may vary from strong specific chemi-
cal bonding to interactions produced by the weaker more
nonspecific London dispersion forces. Qrdinarily, these lat-
ter forces are those responsible for the condensation of rela-
tively nonpolar substances such as Ny, O3, CO3 or hydrocar-
bons.

When chemical reaction occurs, the process is called che-
misorption; when dispersion forces predominate, the term
physisorption is used. Physisorption occurs at tempera-
tures approaching the liquefaction temperature of the va-
por, whereas, for chemisorption, temperatures depend on
the particular reaction involved. Water-vapor adsorption
to various polar solids can occur at room temperature
through hydrogen-bonding, with binding energies interme-
diate to physisorption and chemisorption.

In order to study the adsorption of vapors onto solid sur-
faces one must measure the amount of gas adsorbed/unit
area or unit mass of solid, at different pressures of gas.
Since such studies usually are conducted at constant tem-
perature, plots of volume adsorbed vs pressure are referred
to as adsorption isotherms. If the physical or chemical
adsorption process is monomolecular, the adsorption iso-
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Fig 19-9  Adsorption isotherms for ammonia on charcoal.

800

therm should look like those shown in Fig 19-3. Note the
significant increase in adsorption with increasing pressure,
followed by a leveling off. This leveling off is due either to a
saturation of available specific chemical groups, as in chemi-
sorption, or to the entire available surface being covered by
physically adsorbed molecules. Note also the reduction in
adsorption with increasing temperature which occurs be-
cause the adsorption process is exothermic. Often in the
case of physical adsorption at low temperatures, after ad-
sorption levels off, a marked increase in adsorption occurs,
presumably due to multilayered adsorption. In this case
vapor molecules essentially condense upon themselves as
the liquefaction pressure of the vapor is approached. Figure
19-10 illustrates one type of isotherm generally seen with
multilayered physisorption.

In order to have some quantitative understanding of the
adsorption process and to be able to compare different sys-
tems, two factors must be evaluated; it is important to know
what the capacity of the solid is or what the maximum
amount of adsorption is under a given set of conditions and
what the affinity of a given substance is for the solid surface
or how readily does it adsorb for a given amount of pressure?
In effect, this second term is the equilibrium constant for the
process.

Vo

Adsorbed,

Volume of Vapor

0.2 0.4 06 0.8 (Ks]
Relative Pressure

Fig 19-10. Typical plot for multitayer physical adsorption of a vapar
on a solid surface.
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A significant development along these lines was intro-
duced by Langmuir when he proposed his theory of mono-
molecular adsorption. He postulated that for adsorption to
occur a solid must contain uniform adsorption sites, each
capable of holding a gas molecule. Molecules colliding with
the surface may bounce off elastically or they may remain in
contact for a period of time. It is this contact over a period
of time that Langmuir termed adsorption.

Two major assumptions were made in deriving the equa-
tion: (1) only those molecules striking an empty site can be
adsorbed, hence, only monomolecular adsorption occurs,
and (2) the forces of interaction between adsorbed molecules
are negligible and, therefore, the probability of a molecule
adsorbing onto or desorbing from any site is independent of
the surrounding sites,

The derivation of the equation is based upon the relation-
ship between the rate of adsorption and desorption, since at
equilibrium the two rates must be equal. Let p equal the
number of molecules striking each sq c¢cm of surface/sec.
From the kinetic theory of gases

N
(2rmkT)\?

where p is the gas pressure, m is the mass of the molecule, k is
the Boltzmann gas constant, and T is the absolute tempera-
ture. Thus, the greater p, the greater the number of colli-
sions. Let a equal the fraction of molecules which will be
held by the surface; then o is equal to the rate of adsorption
on the hare surface. However, if # is-the fraction of the
surface already covered, the rate of adsorption actually will
be

(19)

R, = op(l - 6) (20)

In a similar manner the rate of molecules leaving the surface
can be expressed as

R,=~8 @1

where v is the rate at which molecules can leave the surface
and 6 represents the number of molecules available to de-
sorb. The value of y strongly depends on the energy associ-
ated with adsorption; the greater the binding energy, the
lower the value of v. At equilibrium, B, = Rz and

v = au(l — 8) (22)

Isolating the variable term, p, and combining all constants
into k, the equation can be written as

k
o=- +‘Lp (23)
and, since § may be expressed as
0= Ve (24)
VJ'I'I

where V, is the volume of gas adsorbed and V., is the volume
of gas covering all of the sites, Eq. 23 may be written as
_ V.kp
9 L+kp
A test of fit to this equation can be made by expressing it in
linear form

{25)

p_1 ., P

V, V.k V.

The value of k is, in effect, the equilibrium constant and may
be used to compare affinities of different substances for the
solid surface. The value of V,, is valuable since it indicates
the maximum number of sites available for adsorption. In
the case of physisorption the mazimum number of sites is

{26)
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actually the total surface area of the solid and, therefore, the
value of V, can be used to estimate surface area if the
volume and area/molecule of vapor are known.

Since physisorption most often involves some multilay-
ered adsorption, an equation, based on the Langmuir equa-
tion, the B.E.T. equation, is normally used to determine V,,
and solid surface areas. Equation 27 is the B.E.T. equation:

V.cp
¥ (Py = D)1 + (C = 1Mp/py| 47
where ¢ is a constant and py is the vapor pressure of the
adsorbing substance. The most widely used vapor for this
purpose is nitrogen, which adsorbs nonspecifically on most
solids near its boiling point at —195° and appears to occupy
about 16 A2/molecule on a solid surface.

Adsorption from Solution

By far one of the most important aspects of interfacial
phenomena encountered in pharmaceutical systems is the
tendency for substances dissolved in a liquid to adsorb to
various interfaces. Adsorption from solution is generally
more complex than that from the vapor state because of the
influence of the solvent and any other solutes dissolved in
the solvent. Although such adsorption is generally limited
to one molecular layer, the presence of other molecules often
makes the interpretation of adsorption mechanisms much
more difficult than for chemisorption or physisorption of a
vapor. Since monomolecular adsorption from solution is so
widespread at all interfaces, we will first discuss the nature
of monomolecular films and then return to a discussion of
adsorption from solution.

Insoluble Monomolecular Films

It was suggested above that molecules exhibiting a ten-
dency to spread out at an interface might be expected to
orient so as to reduce the interfacial free energy produced by
the presence of the interface. Direct evidence for molecular
orientation has been obtained from studies dealing with the
spreading on water of insoluble polar substances containing
long hydrocarbon chains, eg, fatty acids.

In the late 19th century Pockels and Rayleigh showed that
a very small amount of olive or castor oil—when placed on
the surface of water—spreads out, as discussed above. If
the amount of material was less than could physically cover
the entire surface only a slight reduction in the surface
tension of water was noted. However, if the surface was
compressed between barriers, as shown in Fig 19-11, the
surface tension was reduced considerably.

Devaux extended the use of this technique by dissolving
small amounts of solid in volatile solvents and dropping the
solution onto a water surface. After assisting the water-
insoluble molecules to spread, the solvent evaporated, leav-
ing a surface film containing a known amount of solute.

Compression and measurement of surface tension indicat-
ed that a maximum reduction of surface was reached when
the number of molecules/unit area was reduced to a value
corresponding to complete coverage of the surface. This
suggested that a monomolecular film forms and that surface

Film covered

Fig 19-11. Insoluble monomolecular film compressed between a
tixed barrier, B, and a movabhle barrier, A.%

tension is reduced upon compression hecause contact
tween air and water is reduced by the presence of the il
molecules. Beyond the point of closest packing the il
apparently collapses very much as a layer of corks ﬂoating an
water would be disrupted when laterally compressed be.‘r'ﬂng
the point of initial physical contact.

Using a refined quantitative technique based on the
studies, Langmuir” spread films of pure fatty acids, alwholg
and esters on the surface of water. Comparing a Series Qf
saturated fatty acids, differing only in chain length, he foung
that the area/molecule at collapse was independent of chaip
length, corresponding to the cross-sectional area of a mole.
cule oriented in a vertical position (see Fig 19-11). He fur.
ther concluded that this molecular orientation involveq as.
sociation of the polar carboxyl group with the water phag,
and the nonpolar acyl chain out towards the vapor phase,

In addition to the evidence for molecular orientatioy
Langmuir’s work with surface films revealed that each gy},
stance exhibits film properties which reflect the interactiong
between molecules in the surface film. This is best seen by
plotting the difference in surface tension of the clean syr.
face, -yo, and that of the surface covered with the film, Y, Vs
the area/molecule, A, produced by film compression (tata]
area + the number of molecules). The difference in surface
tension is called the surface pressure, r, and thus

TEY T Y- (28)

Figure 19-12 depicts such a plot for a typical fatty aciq
monomolecular film. At areas greater than 50 A%/moleculs
the molecules are far apart and do not cover enough surface
to reduce the surface tension of the clean surface to any
extent and thus the lack of appreciable surface pressure.
Since the molecules in the film are quite free to move lateral-
ly in the surface, they are said to be in a two-dimensional
“gaseous’ or “vapor™ state.

As the intermolecular distance is reduced upon compres-
sion, the surface pressure rises because the air-water surface
is being covered to a greater extent. The rate of change in =
with A, however, will depend on the extent of interaction
between film molecules; the greater the rate of change, the
more “condensed” the state of the film.

In Fig 19-12, from 50 A? to 30 A%/molecule, the curve
shows a steady increase in , representative of a two-dimen-
sional “liquid” film, where the molecules hecome more re-
stricted in their freedom of movement because of interac-
tions. Below 30 A%/molecule the increase in x occurs over a
narrow range of A, characteristic of closest packing and a
two-dimensional “solid” film.

Any factor tending to increase polarity or bulkiness of the
molecule—such as increased charge, number of polar
groups, reduction in chain length, or the introduction of

sl 2
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AREA PER MOLECULE (A2)
Fig 19-12. A surface pressure—area curve for an insoluble mone
molecular film: Region A, “‘gaseous"” film; Region B, *‘liquid" fil®i
Region C, "solid" film; Region D, film collapse
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. rings, side chains, and double bonds—should re-
sfamatlc[eculaf interactions, while the longer the alkyl chain
duce moless bulky the polar group, the closer the moltlaculc_as
and t:;;roach and the stronger the extent of interaction in
can 8

Soluble Films and Adsorption from Solution

i ihits highly “gaseous” film behavior on
ﬁaf&ttg::ﬂf:i:,bwe sl';gou‘{d gxpect a relatively small
ar aqugor with A aver a considerable range of compression.
changg 1;:31_ short-chain compounds—eg, lauric acid (12 car-
Indeed, d decanoic acid—not only is the change in = small
b'?n?'}dgming A but at a point just before the expected
:;:;st packing area the surface pressure becomes constant

. \lapse.
m:?fﬂ:r?: ic(i:g is Ecmverbed to the laurate ion, or if a shorter
chain acid such as octanoic acid is used, spreac_:ling on water

d compression of the surface produces no increase in «;
:ﬁe mare polar the molecule (hence, the more “gaseous” the
film), the higher the area/molecule where a constant surface

urs.

rrei'sﬁ?:et:ﬁcaﬁor may be explained by assuming that polar
molecutes form monomolecular films when spread on water
but that, upon compression, they are causgd to enter the
agueous bulk solution rather than to remain as an intact
insoluble film. The constant surface pressure with in-
creased compression arises because a constant number of
molecules/unit area remain at the surface in equilibrium
with dissolved molecules. The extent of such behavior will
be greater for substances exhibiting weaker intermolecular
interaction and greater water solubility.

Starting from the other direction, it can be shown that
short-chain acids and alcohols (when dissolved in water)
reduce the surface tension of water, thus producing a surface
pressure, just as with insoluble films (see Eq 28). That
dissolved molecules are accumulating at the interface in the
form of a monomolecular film is suggested from the similar-
ity in behavior to systems where slightly soluble molecules
are spread on the surface. For example, compressing the
surface of a solution containing “‘surface-active” molecules
has no effect on the initial surface pressure, whereas increas-
ing bulk-solution concentration tends to increase surface
pressure, presumably by shifting the equilibrium between
surface and bulk molecules.

At this point we may ask, why should water-soluble mole-
Cllles'leave an aqueous phase and accumulate or “adsorb’ at
an air-solution interface? Since any process will occur
Spontaneously if it results in a net loss in free energy, such
must be the case for the process of adsorption.

. A number of factors will produce such a favorable change
il‘l free energy. First, the presence of the oriented monomo-
lzct:lz;r film reduces the surface free energy of the air-water
Infertace. Second, the hydrophobic group on the molecule
8 In a lower state of energy at the interface, where it no
th:K‘i)fullSkas surrounded by water molecules, than whenitisin
filen -solution p]'llase. Increased interaction hetween
Molecules also will contribute to this process.
further reduction in free energy occurs upon adsorption
Wﬂtel:sset of the gain in entropy associated with a change in
solved alrl:l;flmm" Water molecples, in the‘ presence of_dis-
than the chains are more highly organized or “ice-like”
such struy are as a pure bulk phase; hence, the entropy of
be o :omred water is lov'vet than 'that of bulk water.
Structure Ct:s? ‘?f adsorptlpn requires _that the “‘ice-like”
AN incrence | elt” as the chains go to the interface and, th_us,
of molecu] Ir&_the entrppy‘ of water occurs. The s_zdsorptlon
Y watey S:S issolved in oil can occur hut it is not influenced
Wentioned Fucture changes and, hence, only the first factors
are important here.
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It is very rare that significant adsorption can occur at the
hydrocarbon-air interface since little loss in free energy can
occur by bringing hydrocarbon chains with polar groups
attached to this interface; however, at oil-water interfaces
the polar portions of the molecule can interact with water at
the interface, leading to significant adsorption.

Thus, whereas water-soluble fatty acid salts are adsorbed
from water to air-water and oil-water interfaces, their un-
dissociated counterparts, the free fatty acids, which are wa-
ter insoluble, form insoluble films at. the air-water interface,
are not adsorbed from oil solution to an oil-air interface, but
show significant adsorption at the oil-water interface when
dissolved in oil.

From this discussion it is possible also to conclude that
adsorption from aqueous solution requires a lower solute
concentration to obtain the same level of adsorption if the
hydrophobic chain length is increased or if the polar portion
of the molecule is less hydrophilic. On the other hand,
adsorption from nonpolar solvents is favored when the sol-
ute is quite polar.

Since soluble or adsorbed films cannot be compressed,
there is no simple direct way to estimate the number of
molecules/unit area coming to the surface under a given set
of conditions. For relatively simple systemas it is possible to
estimate this value by application of the Gibbs equation,
which relates surface concentration to the surface-tension
change produced at different solute activities. The deriva-
tion of this equation is beyond the scope of this discussion,
but it arises from a classical thermodynamic treatment of
the change in free energy when molecules concentrate at the
boundary between two phases. The equation may be ex-
pressed as

e dy
RT da
where T is the moles of solute adsorbed/unit area, R is the
gas constant, T is the absolute temperature and dv is the
change in surface tension with a change in solute activity, da,
at activity a. For dilute solutions of nonelectrolytes, or for
electrolytes when the Debye-Hickel equation for activity
coefficient is applicable, the value of a may be replaced by
solute concentration, c. Since the term dc/e is equal to d In
¢, the Gibbs equation is often written as
r=--L dv
RT dInc
In this way the slope of a plot of v vs ln ¢ multiplied by 1/RT
should give I' at a particular value of c. Figure 19-13 depicts
typical plots for a series of water-soluble surface-active
agents differing only in the alkyl chain length. Note the
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Fig 19-13. The effact of increasing chain length on the surface
activity of a surfactant at the air-aqueous solution interface (each
figure depicted to differ by two methylene groups with A, the longest
chain, and D, the shortest).
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