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Pr•fac:e to the first Edition 

1'h(i rapid and substantial progress mnde in Pharmacy 
within the last decade has created a necessity for a work 
tl'cating of the imf>l'oved nppnrntus, the revised prnc:e:;ses, 
and the recently introduced 1>1·eparations of the age. 

The vast. ndvanc<~S m11de in theoretical and applied chem• 
istry aud physics have much t.o do with the develoJ)meut of 
1>harmaceutical science, and these have been reflected in all 
the revised editions of the Pharmacopoeias which have been 
recently published. When the autbor was elected in 1874 to 
the chair of Theory and Practice of Pharmacy in the P hila­
delphia College of Pharmacy, the outlines of study which 
had been so c/ll·cfully 1>rep11red for the classes by his eminent 
predcr.essora, Professor William Procter, Jr, and Professor 
gdward Porrish, were found to be uoi strictly in accord, 
either ht their 11rrongement. of the subjects or in thefr mclbod 
of trentment. Deiiiring to preserve t,he dist,inct.ivc char/lC:­
teristics of each, an effort was at. once made t.o frame a 
system which should embody their valuable foat:ures, cm­
brnc<i new subjects, and still retnin that harmony of plan and 
proper sequence which nrc absolutely t:ssent.inl U) t.he suc­
cess of 11ny system. 

The st.ricUy 11lph11betic11l clt1ssificntion of subjects which is 
now universally adopted by phartnocopoeias and dispensa-
1.ories, although admirable in works of refel'ence, presents 011 

effectual stumbling block to the acquisition of pharmaceuti­
cal knowledge through systemntic study; the vru,t accumula­
tion of facts collected under each head being arranged lexi­
cally, they necessarily have no connection with one another, 
and thus the saving c>f Jnhor r.ffected by considel'ing similar 
groups toge.the1·, and tJie value of the associntion of kindred 
subjects, are lost to I.he student ln the method of grnuping 
the subjects which is herein adopted, the constant aim has 
been to arrange t he latt.er in such a manner that the render 
shall be gradually led from the considel'lltion of elementary 
subjects to 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 s ix parts. Port I is devoted to 
detailed descriptions of apparatus and definitions and com­
ments on general pharmaceutical processes. 

The Official Prepnrot.ions alone arc considernd in Part IL 
Due weight and prominence are thus given to tlrn Pharmaco­
poeia, t.he National authority, which is now so thoroughly 
recognized. 

In order t.o suit the e<mvenience of pharmacists who prefer 
to weigh solids and measure liquids, the official formulas are 
expressed, in addition to purts by weight, in avoirdupois 
weight and opothecal'ies' measure. These equivalents are 

pl'int.ed in bold type near the margin, and arr11ngecl so as to 
fit them for quick and accurate reference. 

Part [II treats of Inorganic Chemical Substances. Prece­
dence is of course given to official preparation in these. 1'he 
descriptiom;, solubilities, and tests for identity and impuri­
ties of each substance arc 3ystmnatically tabulated under it:s 
proper title. It is confidently believed that by this method 
of arrangement the valuable descriptive features of the 
Pharmacopoeia will be more proinineuily developed, ready 
reference facilitated, nnd close study of the details rendered 
easy. Each chemical operation is nccompnnied by equa­
tions, whilst the reaction is, in addition, cx1>lained in words. 

'l'he Carbon Compounds, or Organic Chemical Sub­
stances, are considered in Port JV. Thes(i are naturally 
grouped according to the physical and medical propert:ies of 
their principal cou5(.ituents, beginning wiLh simple bodies 
like cellulin, gum, etc, and progrnssing t:o the mos!. highly 
organized alkaloids, etc. 

Part V is de,•oted to Extemporaneous Pharmacy. Core 
has been talcen to treat. of the 1m1ctice which would be best 
adapted for t he needs of the many phat'mocists who conduct 
operations upon a moderate scale, rather than for those of 
the few who manage very large establishments. Jn this, as 
well as in other parts of the work, operations are i\lustrnted 
which nre conducted by mam1factul'i11g pharmncis~. 

Part VI contnins a formulary of Pharmaceutical Prepnra­
tions which hove 11ot bee11 recognized by the Pharmacopoeia. 
The recipes selected ore chiefly those which have been here­
tofore rather difficult of access to most pharmacists, yot such 
as are likely to he in request. Many private formulas are 
embraced in the collection; and such of the preparations of 
the old Pharmacopoeias ns have not been included in the 
new edition, but are still in use, have been inserted. 

In conclusion, the author ventures to exprnss the hope 
that the work will prove an efficient help to the pharmaceu­
tical student as well as to t.he pharmacist and ihe physician. 
Although the labor has been mainly performed amidst the 
harassing cares of active professional duties, and perfection 
is known to be unatiainnblc, no pains have been spal'cd to 
discover and correct errors and omissions in the text. The 
nuthor'a warmest acknowledgments, are tendered to Mr AB 
'I'aylor, Mr ,Joseph McCrecry, and Mr George M Smith for 
their valuable asi;istance in rnyising the proof sheets, and to 
the latter ei;pecially for his work 011 the index. 'l'he outline 
illustrations, by Mr Jolm Collins, we1·c drawn either from t he 
actual o bjects or from photogra1>hs taken by the author. 

Philadelphia, Oct"ber, 1885 
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Preface to the Eighteenth Edition 

In anticipation of setting forth thi8 Prcfo.ce and prior to 
gathering thoughts on paper (or more accurately, lhe word 
processor!), t h is Edi1,c>1· paused t.o reread the preface to t-he 
first edition of Remington, published in 1885. Since it ap­
p0nrs on the pi-eceding page of this book it is recommended 
highly. The first pa1·agraph would he just as suitable today 
as penned by Pl'ofessor Remington 105 years ago. 

Each decade transcends the previous one and the pharma­
ceutical and health sciences are not laggards. Every revi• 
aion of Remington has encompassed new viewpoints, ideas, 
doctrines or prillciples which, perhaps, were inconceivable 
for the previous edition. It ie 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 organfaation of this edit ion 
is similar to its immediate predecessors, being divided into 9 
Parts, each subdivided into several.chapters. Every chapter 
has berm culled, revised and rewritten to update the mRteriBI 
presented. 

Two new chapters are evident; Biotechnology and Drugs 
(Chapter 74) and Dmg J,;ducalion (Chapter 99). 'Phree 
chapters of the previous edition, which embraced Inter/ acial 
arid Particle Phenomena and Colloidal and Coarse Dispcr­
-~ion.~ have been winnowed and combined int.o 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
tents of Part 6, Pharmaceutical and Medicinal Agents ond 
Part 9, Pharmaceutical Practice. 

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

Photographs which depicted the typical "blacli box" have 
been eliminated almost completely and replaced by line 
drawings or schematic diagram1, which ore instructive rather 
than picturesque. 

Most of the drug monographs have been revamped not 
only as a means of updating, but to gain a degree of uniformi­
ty, All structural fol'mulas are now in thci standard USAN 
form. Duplication of chemical names haa been minimized 
and the inclusion of trade names increased, No attempt has 
been made to ferret. 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), iJtJ·uctural formula, CAS (Chemical. Ab· 
stracts System) registry numher (in brackets), molecular 
formula and formula weight (in parenthesis). This is fol­
lowed by the method of preparation (or a reference if the 
method is lengthy), physical description, solubility, uses, 
dose and dosage form8. 

T he number of authors remains at 97, however, 3H new 
authors have joined as contributors to Remington. Aa the 
credentials of the new authors touch upon many areas of 
pharmacy, eve1·y section of the book has been invigorated by 
the incol'poration of updated and fresh concepts. 

As one pl'imnrily rcsponsihle fo1· the production of a com­
prehensive text devoted to the 1,1cience and p l'actice of phar• 
macy, the wisdom of Dr H:ric Mnl'tin, editor of the lSLh 
Edition, in crcaUng an Ediiol'ial Board to share the enor­
mous burden, has been evident constnntly. Ii~ach of the 
:iection editors labored diligently to comply with the logistics 
of maintaining a smoC1th flow of manuscripts and proofs. 
Alao, e11ch section editor doubled as an author 01· coauthor of 
one or more chapters. IL would be 1·emiss not to ex.tend 
special mention to this group of dedicated people. 

Four members of the Edit.oriel Board are sel'ving for the 
first time after having been authors foi• several editions. Dr 
Ara DerMarderosian of PCP&S, Editor for Part l; Dr Daniel 
Hussar, also of PCP&S, Part 9; Dr Edwal'd Rippie of t.11e 
University of Minnesota, Part 2; and Dr Joseph Schwartz of 
PCP&S, Part 8. Each of t he new membel's literally "jumped 
into the fray," gave much of their precious time and have 
become "blooded" members of the st11ff. 

The stalwarts of the Editorial Board surviving the tribula­
tions of one or more previous editions of this work demand 
singular attention. Dr Grafton Chase of PCP&S for P11rt, 5, 
Ra.dioisotopes in Pharmacy & Medi.ciiie; Dr Thomas Med• 
wiclt of Rutgors University for Pm-t 3, Phannac:enti<:al 
Chemistry nnd Port 4, Testing and Analysis; and Dr Gilbert 
Zink <>f PCP&S for Part 7, Biological Produ.cls. 

Two dauntless, prolific contributors <:!aim :::peciol recogni­
i.ion. D1•5 Stewart Harvey and Ewart. Swinyard, both of the 
University of Utah, have served mi the Editorial Boru·d for 
twenty and twenty .. five years respectively. They bear the 
burden of Part 6, Pharmaceiitical & Medicinal Age11t.~, 
which comprises over one-third of the book. Their diligence 
and meticulous attention to detail has ensed the task of this 
Editor. Our relationship over the past several decades hns 
been one of exceptional pleasure. 

The Mack Publishing Company, through Messers Puul 
MRck and David Palmer, continues its unrelent ing support, 
which has endured through many, many editions of this 
publication. Special commendation must he extended to 
Ms Nancy Smolock, of the Made organization, as she was thll 
person who intel'faced with the Editor.in! BORl'd. She was 
competent, cooperative and much t:oo tolerant of the many 
rnqucsb mude of her. 

As with any publicatioll a few ofthe editorial staff bear the 
hrun1; of t he unglamorous, but absolutely clSscntial, chores 
associated with the production of this voluminous tome. It 
mandates a close working rclationsllip and, at times, re­
straint a11d coucession to sustain the harmony necessary to 
function efficiently. One often e11counte1·s the aphorism 
usually attributed to administrators, "When three managers 
meet to discuss a problem there arise four points-of-view." 
Fortunately, th is dilemma did not SUl'foce in the association 
of this Edito1• with Mr John Hoover ,md Ms Bonnie Packer. 

After shepherding this publication through four editions, 
the Twelfth to Fifteenth, following a short hiatus for the 
Sixtee11th, Mr Hoover i·etmned iu a lesser capacity with the 
Seventeenth J'<lvision. With the current edition he reas­
sumes the ro](I of Managing Editor and his experience in 
pharmacy, journalism and the publishing businass, hove 
provided the capabilitic:i needed to Lnmslate n disamrnged 
manuscript int:o a format acceJ)table hy thr. publisher and 
pleasing to the reader. 

Ms Packer accepted the assignment of scrutini1.ing every 
word of text in the proof stoge~. Combining her skills in the 
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henlih ancl social sciences, she assumed the charge oheading 
primarily for comprehension and clarity of p1·esentation, 
while concurrently uncovering typographical, s1>elling and 
grammatical errors which, although unpardonable, are ever• 
present,. As a consequence of her deliberntions, passages 
were often rephrased and refined to portray n concept from 
the viewpoint of the student, for whom this work primarily ls 
direct.eel. 

'l'he Index wus developed by Mr Hoover, wit.h the assis-

tunce of Ms Packer. Much use w11s made of the computel' in 
cmsuring that a complete, practical and useful index was 
cr~atcd. lt is the opinion of this Editor that a major weok­
ne:is en(;ountcred in most reference books is a perfunctory, 
casual index which amounts to little more than nn expanded 
tab lei of contents. Users of the index <>ft-his book will find it 
"friendly." 

Philadelphia, February, 1990 
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CHAPTER 16 

Solutions and Phase Equilibria 

The,odore, D Sokoloskt, Phi> 
Profel-SO? of flho,mocy, College of Pha,mucy 
Ohio Srote Univ.,11try 
Colvmbu,. Oil 4.'.1210 

Solutions and Solubility 
A solution is a chemically and physically homogeneous 

mixtm-e of two or more substances. T he term. s<>lution gen• 
erally denotes a homogeneous mixtm·e that is liquid evcm 
though it, is possible U> hav<i hmn<>gC!ll)OIIS mixtures which 
are solid or gnseous. 'l'hus, it is possible l.o hnw ~olut.ions of 
solids in liquids, liquids in liquids, gases in liquids, gases in 
gases and solids in solids. 1'he first three of these arc most 
imporl.unt in pharmacy and ensuing discussim1s will be con• 
cerned primat·ily with them. 

In pharmacy different kindi; of liquid dosage forms arci 
used and all collsist of the di!;persion of some substance or 
substances in o liquid phase. Depending on Lhe size of the 
dispersed porlicle they am clussified as true solution,~, i:ol• 
loicla/ solut.ion .. ~ or suspensions. If sugar is dissolved in 
water, it is supposed that the ultimate sugar particle is of 
moleculal' tlimensious and that a true solutio11 is formed . 
On Uw other hand, if very fine sand is mixed wi t.h woter, o 
suspension of comparatively large part icles, each consist.ing 
of many molecules, is obtnined. Bet.ween tbese two ex .. 
iremes lie colloidal solutions, the dispe1-i,1,'() particles of 
which are larger than those of tl'Ue solutions bu 1. smaller than 
the part.ides present in s11spcmsim1s. In this clrnpl.er only 
true solutions will hi: discussed. 

It is possible to classify bl'oadly all isolutions 11s one ol' two 
types. 

In the first. type, oltho111:h 1.h«rc mny be n IP.~SP.1· or urimler inumwtion 
between Lho dispors~d s11hst.11nc<• (the solu1.e) and t.hc di8pcr.iinr. medium 
(l.1>1, solvonL), U1c Bolulion phase coll(.nin~ t.he sume chemicnl 0111.ity a~ 
found in t.he solid 1>hase and, 11111s, up<>n rc,nwvnl ,>f the sulv~1n, !he 
6oiutc is rccovcl't'<l llnchnnr,<'d. One examt)le would ho sugnl' clis~olvcd 
in wntcr where. in the presenctrnf' su~nr in excess of its solubility, 1.h1:re is 
an equilibrium between sugnr molecules i11 t.hc solid pl111se with suf,nr 
molecule$ in 1.hc "olution phnse. A second «xamplo would be dissol,·ing 
silver chloride in wnlel'. Admitledlv, the solubility of'this snit ,11 w,1ter is 
low, lrnt il is finite. Ju this cnse U1c s<>lvent conlni11$ silver •ml chlo1·idc 
ions and \,he sulid phase contains the snmc 1nnteriol. Th~ rnmov,1l or Uic 
~olvenl yields ini!fol solule. 

In the second t.ype \.he solvent. cllntains n com11ou11d which is dirfcrcul. 
from thuL in the solid phase. The ditforenca h<•lwem, t he wmpound i11 
the solid 11l111sc nnd Ml11tio11 is due goncrolly 1.0 some d1emicnl rv.nct.im1 
that has oc<,urrcd in {.he ~olvont. Au e)nmplc would br. dissolving ns11i• 
rin in nn nqucous solvent contninin,: $Omc husic mnterinl copabtc of 
rc11cting with 1.he Mid aspirin. Now the specie,,; in solution would 1101. 
only be 1111dissociat.cd (lspirin, hut. 11spiril1 l!l$o ,,~ its 1mion, whcrc,is thll 
specfos in thn solid 11hose is Mph-in in only it,- uncli~sociuted ucid form. 
I 11 t.his sit.\lnt ion, if (.he solv<>nt. were rcnwvcd, ()llrt. of the subst nnce 
obtained (the Nall. of agpi,-in) would be di fform1t. from whnl. WM prn~ent. 
ini\.inUy in Urn solid. 

SOiutions of SOiids In Liquids 

Reversible Solubility without Chemical React.ion 
- .. From a pbannaceutical standpoint. solutions of solids in 
liquids, with or without accom1>anying chemical reaction in 

The nut.lior a~know[(ld~t•~ th<> kind a~~i6htllt:c of' Dr Gordon L l<lyun, 
Universil,)• or Mii,higon. in the revision of purts of this d111p1.cr. 

the solvent, are of the greattt.st impnrtance, and many qunn .. 
titative data on the behaviol' and propert.ics of :;u<:h solutions 
are available. This discus1>ioJ1 will he c:once1·ned with dcfini• 
Lions of solubility, the rate nt which subslonces go into solu· 
I.ion and wit.h f.empernturc and other fnctol's which control 
solubility, 

Solubility- When an ex.cess of a solid is \Jrought. into 
contact wi(:h II liquid, molecules of the fol'mer are removed 
froin its surface until equi librium is established hetween the 
molecules leaving the solid and those returning to it. 'l'he 
result.ing solution is said to be saiumted ut. ihe temparatu1·e 
of the experiment, oud the extent to which the soh1te dis­
solves is referred(.(> os its .~olubili.ty. The extent of solubility 
of different substances varies from almo~t impercc1)tible 
amounts to relotively lorge quantities, but for any i:iven 
soluie the solubility hus u constant value at constant tem· 
pe1·at,ure. 

Under certain conditions it is possible t.o ptepate a solu­
tion cont.aining a larger amount of solute tlum is ne<:essary to 
form a saturated solution. This may occur when a solution 
is soturntecl ut one tcmpel'oture, the excess of solid solute 
removed and the solulfon cooled. The solute prnsenL in 
solution, even though ii. may be le~s-soluble at the lower 
tempernture, does not always separate from the soh1tion and 
there is produc,ed a supen;aturated solution. Such solu· 
tions, formed by sodium thiosulfuie or potassium acct.ate, 
for exampl<l, may be made t·.(1 deposit I.heir cxcesg of scilute by 
vigorous shaking, scratching 1.he side of thci vessel in contact 
with the solution or introducing inl.o the solution a small 
crystal of the solute. 

Methods of Exprn~sing Sol u bilitY•· -When q uan ii tati ve 
data are available, solubilities may be expres1,ed in many 
ways. Por exumple, the solubility of sodium chlori<ll! in 
water at 25° may be stated as 

I. l f{ of' sodi,1111 chloridu dis.snl,,c,; in ?..'181> 1111,of water. (An 111>1>rox• 
irnnti,lll ofihi$ ni~d,od is used by Uw U::lP.) 

2. 35.89 ~ of Roclium r.hlorid~ dissolvv.s in l.00 mL 11fwnlc1'. 
.'I. 100 ml. of JI snl.llrntcd solution of sodi11111 r.hlrn-ic!e in wnlm COIi· 

taius ;H.71. ,r of solulo. 
4. 100 g ofo sut.urnt.cd sofu~i<lll of sodium thloride in water conli1ins 

26.47 r, l)f $Olu(I!. 
5. I L of n saturntccl «>hllion of ~odi11m chloride in w11tu conlnins 

f>.42f, m,lles of solt11,,. This also m11y be s1a1cd as a s11turnted solulion ,,r 
sodium chloride in wa(<ll' is :,.,f2;, molur wit.h 1·t-s1wci to (.he solul.tl. 

In order to calculate .'i from 1 or 2 it is ll(icessary to know 
the density of thr. solution, in this case 1.Hl8 g/mL, To 
cakulnt.c 5, l:he 1nnnber of grams of solut<, in 1000 mL of 
solution (obtiiined by multiplying 1,ho d11t11 in (8) by ten} is 
divided by t.he molecul11r weight oi' sodium chloride, na>Mly, 
58.45 

Severn! othtir conceutrution expressions are \tsed. Molal­
ity is the number of moles of solute in 1000 J{ of solvent ancl 
could be cakulat.cd from t.h1! dnta in 1 by ,;ubt.1·ilcting f{l'nms 

207 

FRESENIUS EXHIBIT 1013 
Page 16 of 408 



200 CHAPTEH 16 

Table 1---0escriptive Tcm,s for Solubility 

Do:\criptive 
'forms 

P{lrl!'i of Solvcn1 
1or 1 Port of Solute 

\1 cry so!u blc . . . . . . . . . . . . . . . . . . . . Less t.hnn I 
Pr1:cly 50l11bl!1 . . . . . . . . . . . . l•'rnm I 1.0 lO 
Sohthle . . . . . . . . . . . . . . . . . . . . . . . . ~'rnm JO to :)0 
Spnl'in1;ly sol11ble. . . . . . • . . . . . . . . . ~'rnm :lo t.o "I 00 
Slir,ht.ly sol11blt? . . . . . . . . . . . . . . . . . l~r(}lll JOO t.o HlOU 
Very slightly soluhk, . . . . . . . . . l~rom 1000 to I Cl,000 
Practicnlly insoluble, or iirnolubll~ . . , . -· ------~~-~-!'.~-~c(!E!.'.. __ _ 

of solute from grams of solution lo ob lain grams of' solvent, 
1·clatinr, this to I ()O() g of .~olvent. iiud diviclin1~ by mole1:ol1lr 
w<iic:ht to obtain moles. 

Mol11 fraction is thCI fr1tction of Urn total number of moles 
1>resent which are moles of one component. Mole 'Y• may be 
obtained by multi1>lyin1; mole fractio11 by 100. N1mn<1lity 
i•efors to the number of gram equivalent weight.<s of solute 
d i~solved i111000 mL of i;olution. 

In ph111·macy, use also is made of 1J1ree otlrnr concen!.ration 
oxpr<!ssions. Perc:(mt by wci1{ht (% w/w) is the number of 
((rams of solute per JOO g of solution and is exemplil'icd by 4 
above. Per<:ent w<iight in volume (% w/o} iii the number of 
grams or solute pHr 1.00 mL of solution and is e:irnmplified by 
3 abova. P<ircent. hy vohune (% o/u) is l-hc numht'.r of millil i­
ters of solute in 100 mL of solution, rcfotTing \.o solul.ions of 
liquids in liquids. 'l'IHl USP indicol<is thnt Lhe term "per­
cent," when unquali fi ed , means percent weight in volume for 
solutions of solids in liquids and p<ircenl. by vohun<i for 
solution,; of liquids in liquids. 

When, in phamiacopeial texts, ii has not. btlen possible, or 
iu some? instances not des irable, t.o indicate exact. solubility, 
a descriptive term has ho~n rn,cid. Tahle I indicatc1s the 
meaning of such terms. 

Rat<! of Bolut.ion-•--lt. is possiblt1 I.<) define qum1tit.11t.ively 
th<l rate at which a solute goes into solution. The i;impl<>s t 
t1·c1otmem is bused on a model depicted in l~ig 16-1. A solid 
partic:lc dispcr8ed in a solvent is sm-rou1Hl<~cl by a U1i11 lnyer 
of solv<mt. hnving n finif.<l t hiclrncss, I in c:m. 'l'hc lnycr is nn 
integral p11rt of l he solid ,md, thus, is rMerrnd to ch/ll'a1:Leris­
tic111ly as the "sl.l1guant layel'." This means f.hat n!g:mllt!ss 
of how fast the hulk solut.ion is stirred ~he st.111pHmt. luyer 
remai11s a part. of t he surface oft-he solid, moving whm·ever· 
the pmt ide moves. The lhkkneBs (}f this layer may get. 
smaller as t.hc s\,irring of t he bulk solution increases, bul it is 
important to rewgni1.e that this layer will a lways have a 
finite th ickness howHvcr small il muy get:. 

Using Vicl1's First. Law of Diffusion the rate <>fsolut.ion of 
the solid c:an be explained, int.he simple:;t case, as the rate at. 
which n dissolved solute part,ide diffuses !.hrough the stag­
nant layer to the boll< solot.ion. The driving for<'.l! behind 
the movement ()f f.he solute molecule thrnugh \.he slugnon t. 
layer is (,he clifforcnce in conccnf.u1tim1 t hat. cxigfs bet.ween 
the concen~rati(m of \.he soluhi, C., in the st.ngnant layer al 
the ~mfilce of the sol id and il~, concenirnticm, C2, on the 
furthest si,k, of the ~ti1g11nnt layer (see Diffu~icm in I~i.qu.i.ds, 
page 221). The grcnt:er this difference in co11centrnt.ion (C1 
- C2), lhe fast.er the rate()[ solution. 

--
J . 

I c.;.,. 
I T 

L ·-<~ :· ..... 

llULK 
SOLUTION 

Fig 1 G-1. Physical moclel representing the ciissolutlon process. 

According to Ficl1 's Law, Llw rate of solution also is di rect­
ly pl'Opo1·tional to t.h<i urea of !.11e solid, A in cm 2, exposed t.o 
solvent and inversely proportional tot.he length of (.he path 
through which the clil;solvccl solute molecule must diffuse. 
Mathematically , then, the rate of solution of the solid is 
i~iven by 

Hat.e of solution= Pt (C1 - C,.} (1) 

whcrn D is a proportionality constant. called thci diffusion 
coefficient in ,:m2/~ec. Tn rncasm-ing the rate of soluf:ion 
ex1>criment.nlly, Lhe co11c<mlratio11 C~ is muinh1ined at II low 
value companHI 1.11 C 1 and hence considered lo hnva a negligi ­
ble <lffoci on the rntc. Pt!rlhen nore, C1 1110111. often is lhc 
suturaiion s<>lubility of 1.he solute. Hence lt.:q J is simplified 
to 

' I . JJ/1 ( . 1 t ·1· } Rate of ~o ution "' -r·· saturatwn S() 11 )I 1t.y (2) 

Eqnut.ion 2 qunntit.utivuly uxplains many of the phenomena 
commonly observed that affect the rate at; which mntel'ials 
disgoJve. 

I. Smnll 1>ar1.it:lcs ~o into sulut.ion lil,l<,r t.l11m ling<' pllrlid(:s. Fu?· n 
given moss of solute,, ns l.lw pnrt.ide sizt• hecom<\s ~mallc-r, the ~urfoc~ 
nrr11 per unit mass of solid increases; l~q 2 sll()ws that ,1s ur~.s in(:reascs, 
the, rnlc must incn:nsc, ,>ro111>rlfonn!cly. Hcnte, ifa pharmncist wishe$ lo 
incr~asu th~ r;ilr. of sofut.ion of a drnr,, i!s pnrlicll• si,!, should ht• df· 
crnascd. 

2. St irrini: a S(Olution im!f(!(ISCS tlw rnle ul which a solid dis.wlvc,s. 
This is bcicnmm lrm f hidmc~s of tlw staitnanL luyc.r depcmtls m1 how fast 
th~ hn llc solution is sl.irrctl; ns stirl'int: rntu incrrn1sc~. 1hr, 11,ngt.h of 1.111, 
<liffusionnl 1m1.h dt>crN1scs. Since, t.hc rate c,f wlution is propm·ti1>nal 
i11ve1·~cly <o llu, l<>n1:1.h of t.h~ dirt\ ision11I path, !he faster the solution is 
stirr~d. th<, f n,11,r \.he solute wilt 1:0 inw sol11tion. 

:1. 1'he milre wluble Uu; ,;olu\«, U,e foster is il.s rnle of ~nk,tion. 
Ag,1ill, gq 2 prcdic!M th11t the lctgN llw s11turntion solubility, th(• fn~( or 
the ratt. 

4. Wit.h n "iscous !iquici 1J1c, rote of solulfon is decrc11Mcl. This i~ 
bec11use lhe diff'u~ion i:o~rfidem. is proportional invcrs«?iy tot h<, ,•iSC<lSH-~• 
of the mmliun1; th!, more vist:out the solvent•, thll sl11wcr 1.hr. rlll-O of 
snlut.ion. 

Heat. of Solu tion and Tcmpernt.ure Dependency 
- -'l'uming from the kinetic aspects of dissolution, ihis dis­
cussion will be concerned with the sitt1nt.io11 whcil'c there is 
the rmodynamic equilibrium between solu te in its i;olid 
phase and the solute in solution. (It is assumed thnl there is 
nu amotml. of solid mntc;ri11I in excess ofUie umount. f.hut can 
go int.o solution: hence, a solid phase is always presoni.) As 
defined earlier, the concenlrntim1 of solu te in solution at 
equilibriom is I.he suturntion solubility of the subst.ancc. 

When a solid (Solute A) dissolves in some solvent. t.wo 
s te1)s may be considered as occurring: t:h1, solid absorbs 
energy io become a liquid nnd then the liquid di!,solves. 

For the overall dissolution t he equilibrium existing between 
S11lutci m<)lecules in the solid ond sohtt.e molecules in :;olution 
mny be treated as ~tny oquilibrium. 'l'hus, for Solute A in 
equilibrium with its solution 

Using \.he Law of Mass Act.ion an equilibrium const.ant for 
this sysLmn can be clcfinecl, j ust a9 any equilibrium constant 
mny be written as 

]( __ ~(s11!u1im1) 

••r 
a(solidi 

whcro a denotes the activity <>f the sohtte in each phnsc. 
Since the nctivity of 11 ~olid is definod as unity 
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Because ihe activit.y of a compound in dilute solution is 
upprnximated by its concent.ration nnd, because ~his cmmm­
uation is the satu1·otion solubilit.y, Hs. t,he van't. H<>ff Equa­
tion {for a more complete t reul',m(mt, see Ref l, pnge 113) 
may h<l us<ld, which define9 t.he rela tionship between on 
equilibrium constant (here, solubility) und nhsolute t.em­
p1~rature. 

d log/(.~ Ml 
;::.: ··---·----

d'l' 2.3R1'2 
(3) 

whel'e d Jog l(s/d1' is the change of log [(,,,with a unit change 
of absolute temperature, T; Mt ii; a constant which in this 
sit.uution i/.1 t.he heat of solution for the overall r>rocess (solid 
,:.:l liquid 1"2 solution); and R is the gas constant, 1.99 col/ 
mole/deg. Equation 3, a differential, may be solved to !!ive 

ilH . 
log /(u"" - ·---+ J . , 2.31n· 

( 1) 

where J is a constant.. A more uaeful form of this equation is 

Ks:r, AIJ('I\ - 1'1) 
log - - = .. 

1(1;:r, 2.8/lT/1'2 

(5) 

where 1'.s.1•1 is tho satumtion solubility at absolute tempcro-
1.ure 'J'i and i(s:G is the .~olubility at temperature 'I'2-
Through the use of Eq G, if 1).J-f. and the solubility at one 
tcmper11t.ure are known, the solubility at any other tempera• 
tul'e can be calculated. 

Effect of Temperature--As is evident from Eq 4, (.he 
solubility of a solid in n liq\1id depends on the temperature. 
If, in ihe process of solution, heat is absorbed (as evidenced 
by n reduction in temr>m·nt.urc), ilH is by convcmtion positive 
ond the solubility of the solute will incre»se with increusing 
tempernf.me, Such is the case for most sall.s, /ls is shown in 
Fig 16-2, in which the solubility of the solute is plotted as the 
ordinate and the temperaturn as t.he abscissa, and the line 
joining the experimental points represent.s t;he solubility 
curve for that solute. 

If a solute gives off heat during the pl'ocess of solution (ns 
evidenced by an increase in temperature), 6/i is, by conven­
tion, negnt.ive and 90Juhilit.y dr.crenses with on increase in 
temperature. This is ibe case with calcium hydroxide nnd, 
at higher t emt)eratures, with cnlcium sulfate. (Because of the 
slight solubil ity of these substances their soluhili!.y curwi; 
arc not included,) When hen(. is neither absorbed nor given 
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l'lg 16-2. Effect of hoat on solubility. 
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+-> 
Flg 16-3. Typified relationship betwoon tha logarithm of the sntura• 
lion solullllity and Iha reciprocal of tho absolute temperoturo . 

off, the solubility is not nffectecl by variation of tempe1·11t.u1'0 
u:, is nearly the case with sodium chloride, 

Solubility cui·ves usually are continuous as long as the 
chemical composition of the solid pha,;e in c<>ntoct with the 
solution l'emains unchanged, but if there is n transition of 
the solid phase from one form to another, ll break will be 
found in the curve. Such is t.he case with Na2SO4 • lOHiO, 
which dissolves with absorption of heat. up to a temperature 
o/'82.4°, at which point there is a tl'ansition of the solid phase 
to anhydrous sodium sulfate, Na,,S0.1, which dissolves wiU1 
evolution of h ent. This change is evidenced by increased 
soluhility of the hydrated suit up to 32.4°, but above this 
t.empemture the solubility dccrnnses. 

These tempemture effects are what would be predicted 
from Eq 4. When the heut of solutiou i:; negative, signifying 
thot energy is released during dissolution, the relation be­
tween log Ks 1md 1/1' ir. typified in Fig 16-3 (Curve A), where 
as 1/7' incrCJ8.ses, log f(s increnses. It can be seen thnt wi th 
increasing temperature (1' itself actually increases proceed­
ing left in Fig 16-3, A) there is a dec1'ease in solubility. On 
the other hand, when the heat of solut.ion is positive- that is, 
when heat is absorbed in the solution process- the relation 
between log K8 and 1/7' is typified in J?ig 16-3, B. Here, m1 
temperature inc1'enses (1/'1' decreases), the solubility in­
cl'eoses. 

Effect of Salts-The solubility of II nonelectrolyte, in 
wnte1:, either is decrensed or increased genernlly by the addi­
tion of on elecll'(1)yte; it. is only rarely (:hat the solubility is 
no t ali.ered. When the solubility of t.he nonclectrolyte is 
decreased, the effect is refel'red to as salting-out; if it is 
increased, it is described as salting-in. Inorganic electl'O· 
lyt.m, commonly decrease soluhilit.y, I.hough there ure some 
eJ1.ceptions to the generalization, 

Salting-out occurs because t,he ions of the ndded electro­
lyte interact with water molecules and, thus, in n sense re­
duce the amount of water available for solution of the non­
elcetrolyte, (Refer to the section 011 Thermcdynamics of 
the Solution Process, page 215, for another view.) The 
greater the degree of hydrntion of the ions, the more t he 
solubility of the 110nelectrolyte is de<:J'eased. If, for exam­
ple, one compares the effect of eqi1iv11lent amounts oflit.hi­
um chloride, sodium chloride, J)otossium chloride, rubidium 
chloride and cesium chloride {nil of which belong to the 
family of alkali metals nnd are of U1e same valence type) , it is 
observed that: li thium chloride decreases the solubili ty of a 
nonelectrolyte to the greatest extent nnd that the saltint{·Ollt 
effect decreases in the order given. This is also the order of 
t.lrn dcigrec of hydrat ion of the cutions; lithium ion, being t he 
smolleHt: ion and, therefore, having the greatest density of 
pMitive charge per unit of surface area (see also Chapter ta 
under E/cctronegativity Va/.uesl, is the mm1t extensively 
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hydrated of the cntions while cesium ion is hydrated I.he 
least. Salting-out is cncounternd freque.nUy in pharma<:eu ­
ticnl ope1·ut.ions. 

Snlt.ing-in, commonly occurs when either the salt.s of vuri­
ous organic acids or organic-subsLil.111:ed nmmonium salts arc 
added to aqueous solutions of nonelectrolytcs. l11 t.h(i first. 
case the Holubilhi:fng effe<:t. i$ associated with the anion and 
in the second, with t.he cation. In both cases the solubility 
increnses as the concentration of udded snit is increased. 
The soh1bility increase mny be relatively great., i.ometimes 
amounting to several Limes t;he solubility of the nonelectro­
lytc in water. 

Solubility of Solutes Containing Two or More Species 
-In coses whei·e the solute phase c.onsists of two or more 
species (as in an ionizable inorgunic sn!L}, when t,he solul.e 
goes into solution, the solution phase often ,x,nt.oins ench of 
these species 11s discrete entities. l~or some such substance, 
AB, tJ1e following relationship for the solution process may 
be written. 

S ince ihel'c is un equilibr ium between the i;olute nnd snturnl• 
cd solution phases, t.he Law of Mass Actfon defilws 1in equi­
librium constant, /(,,,1 

f( = '.l Msolu!Jo11) • 11 /l(sohui,'!,>J 
'-' (I 

a All(solid) 

(6) 

where !lA(•o!utionl, am,ot111i«ni ond a,lll(,.,H<ll lll'C the activities of A 
and B in solution and of AB in t.he solid phase. Recall from 
the earlier discussion ihnt the activity of a solid is defined as 
unity, o.nd Uu1t in a very dilute solution (eg, for a slightly 
soluble salt), concentrations mny ho subst.ituwd for activi ­
tim; nnd Rq 6 then becomes 

K,.ll = CAC/l 

where C11 and Cll Me the concentrations <>f A and B in 
solution. hi this situation 1(.,1 has a special nome, the solu­
bility product., T<..~1•• Thus 

('l) 

'!'his equal.ion will hold trne tbeoreticnl!y only for slightly 
soluble salts. 

As an example of this type of sollltion, consider the ~olu• 
bility of silver chlol'ide 

K:;p = [Ag◄·11c1-] 

where the brncJ.ets { ) d<isig11nte concentrations. 
At. 2G 0 the solubflit:y product hns a value of J.56 x 10-rn, 

the <:oncent.ration of silver and chlol'ide ion1, being e:,:pressed 
in moles/liter. 'l'he same numerical vl'llue applies alfll1 to 
s()lutions of t ilver ehloride containing an excess of eil.her 
s ilver or chloride ions. lf the ~ilver-i<m concentration is 
incl'eased by the addition of o soluble silver salt, t.he chlo• 
ride-ion concentration must decrease until the product of 
the two concentrations again is equal numerically to the 
solubility product. in order to effecL the decrease in chlo­
ride-ion concentrot.ion, silver chloride is prncipitat.ed and, 
hence, it:s solubili ly is decrnnsed. fo a similar rnnnner an 
incrense in chloride-ion concentration by the addition of n 
soluble chloride effects n clecrense ill the silver-ion concen­
tration until the munericnl value of the solubility product is 
attained. Again, this decrewie in silver-ion concentration is 
b1·m1ght about by the precipitation of silver chloride. 

The solubility of silver chlol'ide in a saturat«d aqueo,1s 
solut.ion of the snit. may be calculated by assuminr, that. the 
concentrniion of silver ion is the snme us the eon~'.e11truiion 
of chloridli ion, bot.Ii exprnssed in moles/liter. imd ~hnt Lhc 
concent1·utfon of dissolved silver chloride is numerically I.be 

same since 1111d1 ~ilver chlnl'icle molecule r;i v11s rise to one 
silver ion 1md one d1loride ion. Since 

[dissolved AgCl} "' jAg+J "" ICI .. ] 

the solubility of AgCl is equal to Jl.56 X 10- 10, which is 1.25 
X J.O··~ mole/liter. Multiplying this by the molecular weight 
of silver chloride (143) we obtain a solubility of approxi­
mately l .8 mr,/li ter. 

For a snit of the type PhCl2 l,he solubility prncluct expres­
sion takes I.he form 

f Pl>2 11[c1-f ""I<.s,, 

while for As,.S~ iL would be 

[A$a •y[s2··J3 "' I<,~,• 

l.Jcc11use from the Law of Muss Actio11 

and 

For further details of methods of UAing solubility-product 
culculntious, the reader is referred to books on qualitative or 
quantitative analysis or physical chemistry. 

Recall Urn.i t.I1e solubility-prnduct principle is valid for 
i1qucoi1s solutions of slighlly soluble salL'<, pru.,,ided the co11-
cm1tratiou of added salt: is not too great. Where Lhe co11ce11-
t:mtions ai-e high, deviations from the theory occur and these 
huve been e:,:plaiued by assuming that in such solutions the 
nat.ure of tlie solvent has been changed. Frequently, devi­
niions nlso muy occm· as the result of the formation of com-
11leiwi; between 1J1e two so.li>1. An example of increased solu· 
hility, by virtue of complex-ion formniion, is seen in the 
effect of solutions of ~olul.Jle iodides on mercuric iodide. 
Acc(>rding t.o the solubility-product principle it might. be 
expected thnt soluble iodides would decrease the solubility 
of m0rcuric iodide, but because of the formotiou of the more 
soluble complex salt I( 2Hgl.1 which dissoci,it.es as follows 

K2Hgl,1 ,_._,, 2K' + (Hgl 4) 2-

t.ho iodide ion m> longer functions as a common ion. 
1'1·actical applications of the solu bility-product principle 

arn found in qunlitutivc and quantitative analy$is whenever 
an excess of a precipit ant. is udded in order to diminish, by 
common-ion offoct, lhc solul.Jility of the pr(!cipitat.e. 

It is possible Lo formulut.e some gcnernl rules regarding the 
effect of the odditio11 of soluble suits to slightly soluhle suits 
where ihe added 11alt docs noi have on ion common Lo the 
slightly soluble salt. If the ions of the added soluble salt. arc 
not highly hydrated (se.c Effect of Salt.~ on the Solubility of 
Nonclectrolytes, 1>agc 209), the solubility product of the 
slightly soluhle slllt will increase because the ions of the 
added salt tend todecrcnsu the interionic oltrnction betweCln 
t.hc ions of the sli~lnly soli1blc sal t. On the other hand, if the 
ions of the odded soluble salt ore hydmted, wuter molecules 
become less available and the int;erionic atirn<ition between 
thll ions of the slightly soluble suit increases with u resultont 
decrease in solubility product. Another way of considering 
this effect is discussed later (Thermodynamics of the Solu• 
tion. Process, page 215). 

'l'he effect of tempernturc is , in geuernl, what. would be 
expe<:ted; increasing the t cmpcrat11l'e C>f Lhll solutfon restilts 
in an increase of the sol11hility product. 

Solubility I•'ollowing II Chcmicnl Itcaction- Thus for 
in t.his chapter the discussion has been concerned with solu­
bility that comes about because ofinterpl11y of tmtirely phys. 
ical forcf!,;. 'l'he dissolution <>fsomc substance resulted from 
overcomi1114 the physical inten1ctin11R btitwoon solute mole-
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cules aud solvent molecules by the energy produced when a 
solute molecule interacted physically wi th a solvent mole­
cule. 'l'he solution process, however, can be facilitated also 
by a chemical reaction. Almost always the chemical en­
hancement of solubility in aqueous systems is di1e to tha 
formation of a salt following an acid-base l'Coction. 

An alkaloidal bc1se, or any other nitrogenous base of 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, 
as the pH continue.'! to be reduced. The reason for this 
increase in solubility is that the base is converted t.o a salt, 
which is relatively soluble in water. Conversaly, the solubil­
ity of a snit of an alkaloid or other n itrogenous base is re• 
duced as pH is increased by addition of alkali. 

The solubility.of slightly soluble ncid substances is, 011 the 
other hand, increa$ed as the pH is increased by addition of 
alkali, the reason again being that o snit, relatively soluble in 
water, is formed. Examples of acid substances whose solu­
bility is thus increosed are aspirin, theophylli11e and the 
penicillins, cephalospo1·ins and barbiturates. Conversely, 
the solubility of salts of the some substtmcCl6 is decJ"eused as 
the pH decreases. 

Among some inorganic compounds a somewhat similar 
behavior is observed . Tribasic calcium phosphate, 
Co.:i(PO1h, for exam1>le, is almost insoluble in water, but if 
an ncid is added its Mlubility increases rapidly with n de­
crease in pH. 'l'bis is because hydrogen ions have such a 
strong affinity for phosphate ions forming 1\onionized phos­
phoric acid, that the calcium phosphate is dissolved in 01·der 
to release pho5phate ions. Or, stated in anot.hel' way, the 
solubiliwtion is an example of a reaction in which o stl'ong 
acid (the source of the hydl'ogen ions) displaces a weak ocid. 

In all of these examples soluhilization occurs as Lbe result 
of 11n interaction of the solute with an acid or a base and that 
the species in solution is not the same as the undissolved 
solute. Compounds which do not l'cnct with eithol' acids or 
bases are slightly, or not at oil, influenced in their aqueous 
solubility by variations of pH. Such effects as may ha ob­
served are generally due to ionic salt effects. 

It is possible to onalyzc quantitatively the solubility fol­
lowing an acid-base reacUon by considering it as o 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 

followed by 

The equilibr ium constant fo r the first step is the solubility of 
Ji A (Ks = IHA lsalu1i,,11), just as wns developed earlier when no 
chemical reaction took pince, and Uie equilibrium constnnt 
fo1· the iiecond step is the dissociation constant of the acid is 

Since the total amount of compound in solution. is the sum of 
no11ioni1..ed and ionized forms of the acid, the total solubility 
may be designated as S,<H11i, l!l' 

s,(H/\1 = fHAJ + IA"J "" fHAJ + TC (HA] 
" IH"l 

Since K~ = IHA]. Eq 8 becomes 

s,(111\} = ffs J -1- - -' ( · K. ) 
. IH+I 

(8) 

(9) 

Equation 9 i!I vel'y useful since it e<1uatcs the total solubility 
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of an ncid drug with the hydrogen-ion concentrntion of the 
solvent. If the water solubility, Ks, ond the dissociation 
constant, J(., are known, the total 8olubility of the acid can 
be calculated at various hydrogen -ion concentrations. 
Equation 9 demonstrates quantitatively how the totol solu• 
hility of the acid increases as the hydrogen-ion conccntra­
ti<m decreases (that is, ns the pH incl'eases). 

It is possible to develop im equation similar to gq 9 for the 
solubility of a basic drug, B, such as n rela tively insolubla 
nitrogenous base (nn alkaloid, for example), at various hy­
drogen-ion concentrations. ' rhe solubility of the base in 
w11ter moy be represented in two steps, os 

B(ooli,l) ""B(aolu1io11) 

B(•olutiou) ;:= BH\."'"'"'"' + oH-,solntion) 

Agnin, if I<s is the solubility of the free hose in water and Kh 
is its dissociation constant 

K = [BHt)[OHJ 
h [BJ 

the total solubility of the hose in water S,(Bl is given by 

K~[B) 
S,1m = [B] + IBH4] = [Bl + ·-- = 

iOI·r] 

1( s (1 + _!!._I!.,_) (10) . ro1-1--i 
It is convenient to rewl'ite Eq 10 in terms of hydrogen-ion 
concentration by making use of thtl dissociation constant for 
water 

Equation 10 tben becomes 

s = I( (1 + Kb ) = l(. (1 + -~b[W)) 
IIBJ s l(w/lH+I .~ I<.w 

(11) 

Equation 11 qunntitatively shows how the total solubility of 
the base increases as the hydrogen-ion concentrntion of the 
solvent increases. If /(sand K,, a re known, it is possible to 
calculate the total solubility of a basic drug nt various hydro­
gen-ion concentrations using ibis equation. 

Equations 9 and 11 have assumed that. the salt formed 
following a chemical reaction is infinitely soluble. 'l'his, of 
course, is not an acceptable assumption as suggast.ed and 
demonstrated by l( ramer and Flynn.2 Rather, for nn acidic 
or basic 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 salt forms of the drug 
at that pH. Using a basic drug, B, as the example, U1is 
would mean that a solution of B, at pH values greater t han 
the pH of maximum solubility, would be saturated with free­
base form but not with the salt form and the use of Rq 11 
would be valid for the prediction of solubility. On the other 
hand, at pH values less than the pH of maximum solubility, 
the solution would be $1\l.urated with snlt form nnd Eq 11 is 
no longer really vnlid. Since in this situation t.he total solu­
bility of the base, S,<1n, is 

S,on = IB] + IBH+J., 

where the subscript, s, designates a solution satul'l!ted with 
snit, the correc~ equation to use at pH vnlues less than the 
pH maximum would be 

I 
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A rnlationship similnr l-o Rq 12 likewise can be developed for 
an acidic: drug at. pHs gl'enter thnn its 1>H of maximum 
solubility. 

Effecting Solution of Solid!l ill the Prescri11tion Lab­
oratory---Tlw method usually employed by Lhe J>hnrmacist 
whe'ln soluble r.ompounds are to be dissolved in water in 
compounding a prescl'iption requires t:he use of the mortar 
and pest:lc. 'l'he ordinary practice is to crnsh Uie substance 
into fragmenL~ in th<, mortar with the p est.le and pour the 
solvent on it, meanwhile stirring with the pestle until solu­
tion is effected. If defini t.e qu1rntities ore used, nnd the 
whole oft.he solvent is required to dissolve the given weight 
of the salt, only a portion of the solvent should be added firs t 
aud, when this is saturated, tbe ~olution is pomed off and a 
fre~h portion of solvenL added. T his operation is repeated 
uni.ii t he solid is dissolved ent irely and all the portions com­
bined. Other methods of effecWng solution 1\rc to shake t.he 
solirl with t.he liquid in ll. bottle or flask or io af>ply hent. to the 
substances in n suitable vessel. Substances vnry i:rently in 
the rate at which t hey dissolve; some are capable of produc­
ing a saturnted solution quickly, oihers require several houn; 
to attain saturation. All too often, in their hnstc io 1>repm·e 
n saturated solut ion, pharmacists fail to obtain the i·equired 
degree of solution of soluto. 

With hygroocopfo substances lil<o pepsin, silver protein 
compounds one! some others, the best method of effecting 
solution in water is to pl11ce U1e substance dire<,tly upon the 
surfncc of the wnter and then stir vigorously with a glnss rod. 
If the ordinary f>rocedure, such us usitig II morL,u and pestle, 
is employed with these subst.11ncea, ~ummy lumps are 
formed which are exceedingly diffir.ult I~> dissolve. 

T he .~olul>ility of r.hemic:als and the miscibility of liquids 
are important physical fncLors for the 1>hurmacist to !mow, ns 
lhey oft:en hnve II hearing on intelligently and properly filling 
prescriptions. Mainly for the infornrnLion of t he pharma­
cist, t he USP provides tnhulor datn indicating t he degree of 
solubility or miscibility of many officinl substances. 

Determination of So]u bilit.y-•Por t.he 1>hnrmaci$t and 
phill'lnaceutical chemist the question of solubility is of para­
mount importance. Not only is it. necessary to know solu­
bili!.ics when preparing and dispensing medicines, but such 
informatinn is necessary io effect separation of subsiunccs in 
qualitative and quantitative 111111lysis. J•'m·thcmnore, the uc­
curute determination of the solubility of a substance is one of 
the best. methods fo1· determining its purity. 

The details of the det.erminat.ion of the solubility are af­
fected m11l'kedly by the 1>hysicul nnd chemical chan1cteri11-
tiCl! of the solute nnd solvent ond also by ihe temperatme at 
which the .~olubility is to be <letennined. Accordingly, i t is 
not possible to describe n universally ap1>licahle method bui, 
in general, the following rnle,; must be observed in solubility 
determinations. 

1. 'J'hc purity of l>ot.h (.he <liffsolvc<l subslouce 011d the sulvcllt is 
t'!!scnt.inl, since impurilioA in cithi,r affoi:t. the solubility. 

2. A cm1s111ncy of lcmp~r11n11·~ 11u1,1. be malntnin(\d acc~1rowly d11ri1>1( 
the course of the deLcrminntion. 

:l. Complutc sal,11rntim1 nrnst he ~U:o i11<,d . 
4. A<:<•umt~ onnlysis oftJic snturatc:d 6olution mul r.orrnct cx11rcssio>1 

of the re•11lts nte impurative. 

Consideration should be given also tot.he varying rntcs of 
solution of different compounds and to l:hc marked cffoct of 
the degree of fineness of the particles on t-he time required 
fort.he soturation oft.lie solution. 

Mauy of the solubility do WI of USP hove been determined 
with regard to the exacting requirements menti<>ned above. 

Phase-Solubility Anolysis---·This procedure is one of the 
most wseful and uccm·u!.e methods for l.iw determination of 
the purity of n substonce. It involves thr. 11pplicat.ion of 
precise solubilit.y m ethods (.o t he pl'inciplr. th11t confil,nncy of 
solubility, in the same manner ai. constancy of melting point., 

indicates that u mal:crial is pure or free from foreign admix• 
ture. lt is import an t to recognize that. the technique can be 
used to ohtoin the exact solubility of the pure substance 
wi thout the necessity of t he exper imental material itself 
being pure. 

The method is based on t he thr.rmodynarnic princit)lcs of 
heterogeneous equilibria which arc nmoug ihe soundest of 
theoretical concepts of chemistry. Thus, it does not depend 
ou t\UY assumptions regarding kinetics or structure of mut­
ter, but. is applicable to all s1>ccics of molecules, and is suffi. 
cicntlv senait.ive to distinguish between optical isomer,; . 
The requirements for mi nnnlysis are 1Jimple, since t.he equip­
ment needed is basic to most l11borotories and the quant ities 
of substtmcea required are i11nall. 

The staudnrd solubility method consists of five steps: 

1. Mixinr,, in •c))arnte sy~tems, i>1croasing amount;; of II subs111ncu 
with mr.nsurod nmoun<s or n solvenL 

2. l~h,blislnnc.int of equilibrium ror c,uch syslcm at. idcnt.icnl ~on­
~lnnl temperature and pressure. 

:l . Scpnrntion of the solid phnsc from the sol\tt.ion•. 
4. Dot(,rmit1t1tio11 of the conel!lllrnffon of the matcrinl !lisRolved in 

the va,fous solutions. 
5. Plotl.ing the concentration of Uw dissolved mntcrinl per unit of 

s1Jlvcnt (y-oxis, or solution con,~cut rnti<>n) agninsl tho mnss of mat~riol 
per unit of solvent (x-cxis or 6ysl(,1n concentrntion), 

The solubility method hai; been established on the sound 
theoretical principles of the Gibbs phnsc rule: F = C - P + 
2, which relates C, the number of components, P, the degrees 
of freedom {prossute, temperature (Incl concentrotion) and 
P, the number of phnses for a heterogeneous equili brium. 
Since solubili ty nn ulyses are carried out nt. coust.ant tem-
1>erature and pressure, a pure solid in solution would show 
only one degree of frnedom , because only one phase is 
present nt conccntrntions below i;aturation. 1'bis is repi·e­
sented by section AB in Ji'ig 16-4. For a pure solid in a 
sott.irated solution a t equilibrium (Fig 16-,1, BC), two phases 
Me present, solid and solution; there is nu variation in con­
cent.ration ond Urns, at constant temperature nnd pressure, 
no degrees of freedom. 

The curve ABC of Fig 16-4 represent.'! the type of solubili­
ty cliagrnm ohtnined fo1·: (1) n pure mat.erial, (2) equal 
amounts of two or more materials having identical solubili­
ties or (3) a mixture of two or more materials present in the 
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Fig 16-5. Type of solubility curve obtulnocl whon a substonco con­
tains one impurity. 

unique ratio of their solubilities. T hese lnLter two cuses arci 
rare and often may be detected by a change in solvent sys­
tem. 

Line Mgmeni BC of Fig 16-4, since it has no slop<l, usu:;illy 
indicates purity. lf, however, this section does exhibit a 
slope, its numerical value indicates the fraction of impurity 
present. Line s<lgment.BC, extrapolated to they axis ntD, is 
the actual solubility of the purn substance. 

A representative type of solubility curve, which is ob­
tnined when a substance cont:ains one impurity, is illustrated 
in Fig 16-5. Here, at. B, the solution hecomes saturated wi th 
one component. From B to C there are t.wo pha$es present: 
a solution saturated with Component: I (usually the major 
component) containing also some Component II (\tsually the 
minor component}, and a st1lid phase of Compommt J. The 
one degree of freedom rnvealed by the slope of the line 
segment !3C is the concentrat.ion of Component II, which is 
the impurity (usually the rniiwr component). A mixture of 
d and l isomers could have such a curve, as would any simple 
milltures iu which the solubilities arc independent of aach 
other. 

The section CD indic11tes that the solvent is saturnted 
with bt1th components of the two-component mixtuJ'e. 
Herc, three phases a 1·e present: n solution saturated with 
both components and the two solid phases. No variation of 
conceniration is possible, hence, no degree of freedom is 
possible (indicated by the lack of slope of section CD). 'l'he 
distance AE on the ordinate represents (.he solubility of tho 
mo.jor component, and the distance EF, the solubili ty of the 
minor component. 

The foct that the equilibration process is time-consuming, 
requiring as long as 3 weeks in ce1'tah1 cases, is offset by the 
fact that: nil of the Mmple can be recovered after a determi­
nation. T his adds to the genernl usofolness of the method, 
particularly in cases where the suh:;tmwe is expensive or 
difficult t-0 ohtaiu. A use for the method t1ther thnn the 
det,ermilllltiou of purity or of solubility is toobtuin esp!.lcinlly 
pure samples by recovering the solid residues 11t system 
concentration corresponding to points on section RC in Fig 
16-5. 'l'hus, the method is llHefo l not only us n qunnUtoiive 
nnalyticnl tool , hut nlso for 1>urificat.ion. 
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Solutions of Liquids in Liquids 

Binu1·y SystCJn8·-•Undm· this title the following type~ of 
li(tuid-pairs may be recogniied . 

. I. Those which uru soluble complu tcly in ciu:h ot.itcr i n 1111 propor­
h<>n•. r~xnmplr.s: nlcohol ond w11kr: l(ly<:or in nnd wr.tcr; td(:ohol und 
1:ly<:crin. 

2. Those which nre solLtlJJe in ouch ot.hcr in dofinit<1 proporlion$. 
Ex,1mple•: phen<>l 1md wo1.m; ot.hc1· ond wolor; nicotino and wntor. 

3 .. 'l'ho~.,, which ore imper~eJ>liblv !ioluhlc: in cad1 otht•r iu auy pro• 
poruon. J,,xamples: cuslor 011 aud wnlor; liquid pr.~rolo1.tm1 1111<1 w111cr. 

T he nm~ual solubility of liquid pairs of T ype 2 has been 
st udied extensively and found to i,how interesting re1,ul11ri­
tics. If n series of tubes containing varying, but known, 
percent.ages of phenol and water m·e heated (or cooled, if 
necessary) just to the point of formation of n homo1~cneous 
solution, nnd the temperatures at: such points noted, there 
will be obt.uined, upon plotting U1e res\il ts, a r.urvc ~imilar to 
that. in Fig J.6-6.J On this grnpb ihe area insid!.l 1.lw curve 
represcml'l the region where mixtures of phenol and wnter 
will sepam t.e into two layers, while in the region outsid'-l of 
the curve homogeneous solution:; will be obtained. 'rhe 
m11xhmnn tt~mp<irut.urn on this curve is called tbe critical 
solution temperature , that is, t.he temperature above which 
1:1 h<>tn()goneous solution occurs regnrcllc~s of the composition 
of the mixture. }?or phc11ol and wnl.<ll' the critical AoluLion 
t.empcrnturc occurs at a composition of 34.5% phenol ir1 
w,1ter. 

'l'empernture versus composition curves, as clc1>ict.ed in 
Fig 16-6, provide much useful information in the proparn­
tion of h(lmogeneow1 mixtures of substances showinr, mut.u­
ul-solubility behavior. At. l'Oom tempern.Lm'C (her<J ussumcd 
to be 25°), by drt1wing a line parallel to t.hc abscissa ut 2/i", 
we fiud U1ut we actually can prepal'e two sets of homoge­
neous solutions, one r.t1niaining from 0 t.<1 about 7 .5% phenol 
and tho other containing phenol from 72 to about. 1)5% (it,-, 
limit: of solubility). At compositions between 7.5 nnd 72% 
phenol at 25" two liquid layers or phases will separo t.e. In 
sample tubes conl:aining a co11cent.rntion of phenol in th is 
two-layer region ni 2!.ig one layer alwa.vs will be J)irnnol-rich 
and always contain 72% phenol while the other layer will he 
wal.er-l'ich and ulwuys co1.1t.ai11 7.5% phenol. These vnlucs 
m'll obtained by interpolation of the two points of int..ersec 
tiou of t.he line dmwn at 25° wi th the experiment.al curve. 
As it may be deduced, nt othCJ· tempcrnt.u res, t he com1>0Si• 
tion of the two layers in the two-layer r<,gion is determined 
by the point~ of intersection of the curve with a line (called 
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the "tie line") d rawn parallel to Lhe abscissa at, that tempera• 
t.urc. The relnt.iYe amoun t.~ of the t.wo layers 0 1· phnses, 
phenol-rich and wnter-rich in this example, will depend on 
the concentration of phenol nddcid. As expected, the pro• 
portion of phenol-rich layer rnl111.i11c~ Lo the waLe1·-rich layer 
increases as the concentrnt.ion of phenol added increases. 
Por example, aL 20% phenol in water al: 25° the1·e would l>e 
moro of t:he water-rich layer Uwn of the phcmol-rich layer, 
while at 50% phenol in wnter there would he more of Urn 
phenol-rich layer. 'l'he rela tive proportion of each layer 
may be calculated frnm such l'.ie lines ot any tem1,ernture and 
composition as well as the amount of phenol present in each 
of the two phases. To determine how these calculations are 
made nnd for furthe1· discussio1l of this topic the student 
should consult. Ref 1, page 79. 

A simple and practical adv1111t.age in the use of phnse 
diagrams is pointed out: in Ref 1. Based on diagrams such as 
Pig lG-6, they point out that the most concentrated stock 
solution of phenol that perhaps should he used by pharmn• 
cists is one containing 76% 111/111 phenol in watm· (equivalent 
to 80% w/v). At room temperatm·e this mixtme is a h omoge­
necrns solution and will renrnin homogeneous to al'ound a.r,0

, 

at which tcmpernture freezinr,- occurs. It should i,e not!ld 
that. Liqucfiod P henol USP cont ains 90% w/w phenol and 
free,.cs at 17°G. This means that, if the storage m·ea in the 
pharmacy fnlls to about 6a0 I•', the preparation will freeze, 
resulting in a stock solution no longer convcnicmt to use. 

ln the case;! of 1>hcnol and water the mutual solubility 
increases with incrClase in tempernture and the critical solu­
t.ion temperature occul's at a relatively high point. In a 
cert~in numhur of coses, however, the muLual solul>ility in­
creases with decrease in t:emperature 11nd t.h(\ critical solu­
t.ion tcmperotmc occurs at a rnlotively low value. Most of 
the substancCls which :.how lower crit.ical solution tempera­
t.ures are amines as, for example, triethylnmine with water. 

In addi tion t:o pairs of liquids whi.ch show either upper or 
lower crit.icol solution temperatures, there are other pairs 
which sbow b()th upper a nd lower critical s<>lution temperu­
t.ures and t.lw mutual Rolul>ilit.y curve is of \.h() closed type. 
l\n example of this type of liquid puir is found in the case <>f' 
nicotine and wn~1:r (Fig 16-7). Mixtmes of nicot.ine and 
wat.er represcntod by J)e>inl.s within the ,,urYe will separate 
into two layeri;, but mixt.ures represented by point.s out:side 
of the cu I've 1ue perfectly miscible with each other. 

Tn a discussion of solutions of liquids in liquids it i,; evi­
dent. t hat. the distinction between t:he terms solute ond sol-
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Fig 16-7. Nlcotino-wator 
solubility. 

vent loses its significance. For example, in a solution of 
water and {4lycerin, whi(:h shall be consicforcd t.o be the solute 
and which the svlvcni? Aguin, when two liquids are solul>le 
only partially in each ot her Lhc distinction between solut.e 
and solvent might i,e reversed easily. In such cases the term 
solvent usually is given to the constituent present in larger 
quantity. 

Tcrnnry Sy11tem~--The adclit.ion of a I.bird liquid to a 
binary liquid systllm lo produce a ternary or three-compo­
nent system <>.an rnsult in i;everal 1>ossible combinations. 

If the third liquid is soluble in only one of the two original 
liquids or if its 13olubility int.he t.wo original liquids is mark­
edly different, the mutual solubility of the original J)ail' will 
be decreased. An npper crit.it:111 solution tempero.turll wiH 
l>e elevared and a lower critical solution tempel'atu re low­
ered. On t.lic other hand, the nddi lion of a liquid having 
roughly the sume solubility in both eomponcmt.s of' the origi­
nol pnir will result in un increase in their mut.ual soh1l,ility. 
An uppei· critical solution t.emperat.ure t:hen will be lowered 
and u lower critical solution temperature elevated. 

An equilat.crnl .. triangle graph may be used lo reprc~ent 
t.he situation in which n third liquid is addcid t.<i u partially 
miscible liquid pair, t.lte thil'd liquid being miscible with each 
member of the C>!'iginal pail·. In this type of g1·aph, each side 
of the triangle represents 0% of one of t:he <:omponents and 
tho upex opposite that. side represents 100% of lhut compo­
nent. The reader is referred Lo textbooks on experimental 
physical chemistry for <lei.nils of tlrn construction ond use of 
graphs of this t.ype. 

Two other possibilities exis t in ternary liquid systems: 
that. in which Lwo cvmponents om completely miscil>le nnd 
lhe third is partially miscible with ench, nnd tha L in which ull 
combinations of two·of the Owee components are only par­
tially miscible. 

Solutions of Gases in Liquids 

Nearly all gases are mote or lliss soluble in liquids. One 
hns but to recall the solubility of car bon dioxide, hydrogen 
sulfide or air in water as common examples. 

The amount of gas dissolved in 11 liquid in general follows 
Henry's law, which stat!!s thaL the weight of nas dissolved by 
a given amount of n liquid at a giuen tenipe.rMw·e. is propor­
licmal to its pressure. 'l'h tl8, if the pressure is doubled, 
twice as much gas will di8solve as at, the initial J>ressure. 
'l'he extenl: to which a gas is dissolved inn liquid, a t a given 
Lemperature, may be exprnsscd in terms of the solubility 
coefficient, which is the volume of gas measured under the 
conditions of the experiment, that i~, ttbsorlwd by one vol­
ume of the liquid. The degree <l solubility also is expressed 
sometimes in terms of the a.bsorption coefficient, which is 
Lhe volume of gas, r educed to st11ndard conditions, dissolved 
by one volume of liquid under o pre~sure of one at.mosplrnrn. 

Although Henry's law expresses foirly accm1:1tely the solu• 
l>ility ofi;lightly solubki gases, it,devintes considernbly iu the 
case of very soluble g11ses suc:h as hydrogen chloride und 
ammonio. Such devintions mosL frequently are due t.o 
chemical in l.emction of solut.e and solvent .. 

The solubility of gases in liquids decrease.s with a rise in 
temperature and, in genernl, also when salts are added to t he 
solvent, U1e lat.ter effect beiui,: refoncd to as (:he salting-out 
of the gas. 

Solutions of gases pot:cntially arc dangerous when exposed 
t.o warm temperat ures because of the liberation and expan­
sion of the di:ssolved gas which mRy cause the container t.o 
burst . Bottlt!s containing such solutions (eg, :.;trong ammo­
nia solution) should be cooled before opening, if pracLical, 
and Ule sLopper should be covered wi Lh a cloth before at• 
1.ampting it.s removnl. 
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Thermodynamics of the Solution Process 

In Uie discussions under t his heading the solut.e is as­
sumed to he in the liquid sLatc, hence, t;he heat of ~olution 
(ti.Ji') is a term difforent from Lhat in Eq :3 (AJ-1). The heat 
or solution for a solid soluil.! going into solution 11s defined in 
Eq 3 is the net heat effect for the overnll dissolution 

Consider ing only Uie proce11s 

and assuming that the solute is II liquid {or a supercooled 
liquid in t he casa of a solid) a t a tem1>eratm·e close to room 
t:cmperu turo, where the energy needed for melt.ing (heat of 
fui;ion) is not being considered. 

For a physical or chemi<:nl reaction t.o oc<.!ur spontaneoui,ly 
at a constant temperature and pressul'e, the net free-energy 
change, ti.G, for the reaction should be negative (see Ther­
m.odyrwmics, Ch11pter 15). Furthermore, it is known that. 
the free-energy change depends on heat,-relnted ent.l1alp~, 
{ti.fl') and order-rnl11t1,d ent,rop_y (t.S) factors ns l>llCJ1 in 

t.O "" Ml' - TbS (13) 

where 'I' is the temperature. Recall, also, that t he relation 
between free energy and the equilibrium 1.,•onsta nt., K, for 11 

· rnaction is given by 

t.G = -RT In I< (J,1) 

Equations 13 and 14 certainly apply t o the soh1tion of a drug. 
Since the solubility is, in reulity, 1111 equilibrium constunt, Eq 
14 indicates that the greater t:he neguLive value of .ll.G, U1e 
greater Lhe solubility. 

The inter play of t.hese two factors, t./-1' and .ll.S in Eq rn, 
determines the free-energy change nm\, hence, whether or 
not dissc,lution of a drug will occur spontimeously. 'rhus, if 
in the solution pr ocess AH' is negative and t.S positive, 
dissolu tion is favored since t:.D will be negative. 

As the heat of solution is quite significimt in the dissolu­
tion procefis one musi look nt. it.~ (lrigin. (For an excellent 
and more complete discussion of the interactions and driv­
ing forces underlying the dissolut.ion proC!!ss, see Higuchi:') 
The mechnnism of soluhilit.y involv!ls i;evering oft.he bonds 
t.hnt hold together the ions or molecules of a solute, the 
separation of molecules o( solvent t.o crente II space in the 
i;olvent into which ihe solute can be fitted and the ultimate 
response of solute nnd solvent to whatev(lr forces of in terac­
tion may exist between them. In order t.o sever the bonds 
between molecules or ions of solute in t.he liquid s t.ate, ener­
gy must be supplied , as is the case also when molecules of 
solvent ore to be separated. If heat is the source of energy ii 
is apparent that both processes require the absmption of 
heat. 

Soluie-Solvent interaction, 011 the ot.lwr hand, generally is 
occompnnied by the evolution t•f heot sine._, the process oc­
curs spontaneously. In effocting solution there is, accord­
ingly, a hent-absol'bing effect- und u het1L-releasing effed t.o 
be considered beyond those req~\ired to melt a solid. If 
there is no, or very little, in1-ernction between solute and 
solvent , the only effect will be that of ab~orption of h eat to 
1>roducc the necessary se1>arations of solute and solvm1t mol­
ecules or ions. If there is a s ignificant interaction between 
solute and solvent, the amount of heat in excess of thnt 
required to overcome t he solute-solute and t he sol­
vcnt;...solvent forces is liberated. If the opposing heat. effect;s 
are equal, there will he no change of t.emperature. 

When .ll.H' is ie1·u, nnd t.lrnrc i$ no volume change, an icfoa/. 
:iOluliuri is s11id to exist since the solute--solute, solvent-sol­
vent and solute-1,0l\lent interactions are the same. For r;uch 
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an ideal solution, the solubilit.y of n solid can be predicted 
from its heut of fusion (the tmcrgy needed t.o melt. the solid) 
nt temperatures below its melt.ing point. 'J'he student is 
referred to Ref l, 1>nge 281 to see how this calculation it1 
made. 

When the heat of solution has a po~itive (energy absorbed) 
or negative (energy libemuid) va lue, the solution is said to be 
a ,umideal .~olution. A negaOve heat. of solution favors 
solubility while a positive heat. works against dissolution. 

The magnitude of lhe Vnl'ious utt,1·11cti\le forcas in\lolvecl 
between solut e, solvent. nnd solute~~olvcnt molecules mny 
vary greatly and Urns could lead to vm·ying degi·ees of posi­
t ive m· negative enthalpy change!\ in the solution process. 
T he renson for this is thnt t:he molecular struct ure of t he 
various solutes and solvents determining \.he interactions 
can themselves vary greatly. Wor n discussion of thew 
effects, see Ref 1, page 41.) 

T he solute- s<>lu te interact.ion t,haL must be overcome can 
vary from the strong ion- ion interaction (as in II salt), to the 
weaker dipole-dipole int.eraction (a:; in nearly all organic: 
medicinuls that are not salts) , to the weakest induced dipole• 
induced dipole interaction (as with naphthalene). 

T he otirnctive forces in (:he solvent (:hat must be overcome 
arn, mc>sl: frequen tly, the di1>ole•-d ipole iotcrnction (as found 
in water or ace t-One) and the induced dipole-- inclucud dipole 
in teraction (as in liquid petrolatum). 

T he energy-relCf1sing solute-solvent interactions that. 
must he tnhen int.o account may be. one of fom type~. In 
decreasing energy of interaction these arn ion-dipole int.,!r• 
actions (eg, a sodium ion in t:er-acting with water), dipole- di­
pole interactions (eg, an orgnnic acid dissolved in water), 
dipole--induced dipole int eraction, t.o be cliscus8cd Inter (cg, 
an orgnnic acid dissolved in carbon tetrachloride) and in­
duced dipole-induced dipole interactions (eg, na1>ht.halene 
dissolved in bcniene). 

S ince the cmergy-relensing solute•·•Solvent. int.eraction 
should npprnximate the energy needed to overcome the sol­
ute-solute and solvent- solvent interactions, it should be ap­
parent. why it is noL possible to dissolve a salt. like sodium 
chloridc in benzene. The int.eruct-ion between t.hc ions and 
benzene does not supply enough energy t.o overcome the 
interact.ion between the ions in ihe solute and lherefore gives 
rise to a positive heat of solution. On Lhe other hand, the 
intcJ·nction of sodimn and chloride ions wit,h waU!r molecules 
does provide an amount of cne1·icy approximating tho energy 
needed to separat:e i.hc ions in Lhe solute and the molecules 
in the solvent. 

Considerntion must next be given to entropy effects in 
dissolution processes. E ntropy is an indicator of the disor­
der or randomness of a system. 'l'he more positive the en­
tropy change ({).S) is, the greater the degree of rundomness 
or d isorder of the reaction system a nd the morn favorubly 
dis1>osed is the reaction. Unlike ~ll'. the entropy change 
(an entropy of mixing) in on ideol soluLion, is not iero, but. 
has some positive value sioce there is an increase in the 
disorderliness or entropy of the system upon dissolu~ion. 
Thus, in an ideal solution wit,h t.H' zero and t:.S posiUve, t.G 
would hove u negnt.ive vnhie a nd the process, therefore, 
would be spontaneous. 

In a non ideal solution, on Lhe other hand, where !J.l-I' is not. 
zero, 6.S call be equal to, greater thnn or less than the entro­
py of mixing found for the idenl solut:ion. A nonideal solu­
tion with an entro1>Y of mixing equal to that: of the ideal 
solution ia called a "l'egultir solution." These :iolutions usu• 
ally occur wit.Ii nonpolar or weakly polar solut:cs and sol• 
vents. Such solut.ions arn accompanied by n positive cmthal­
py change, implying that the solute--solvent moleculnr inter­
action is lei;s t han the solut.e--i;olut.c and solvent-solvent 
moleci1lu1· interactions. Hegulnr solutions arc nmennble to 
rigorous physical chemical analysis which will not be covered 

l 
.. 
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210 CHAPTER 16 

in this cha1>ter but which can be found in outline form in Ref 
1, page 282. 

'l'hc possibiliLy exists in a nonideal solution that the entro­
py change is gl'eater than for an ideal solution. Such n 
solution occurs when there is an ossociotion among solute or 
solvm1t. molecule&. In essence, then, the dissolution process 
occurs when <me begins at a relotivcly 01·dered (low entropy) 
sta(;e and progresses to a disorderly (high entropy) state. 
Tbe ove1·all ellt.ropy change is positive, greater thou that of 
the ideal case, and favornble to dissolution. As may be 
expected, the enthalpy change in such a solution is positive 
since !issociaLion in a solute or solvent. must he overcome. 
The facilitated solubility of citric acid (on unsymmetrical 
molecule), as compnl'ed to inositol (a symmetrical molecule), 
may be explained on the basis of such a favorable entropy 
change.4 

The solubility of citric acid is greater than that of inositol, 
yet, on the basis of their heats of solution, inositol should be 
more soluble. One may regard this phenomenon in another 
way. 'l'he reason for the higher solubility of citric acid is 
that although there is llO hindrance int.he tmnsfer of a citric 
acid molecule as it goes from the solute to the solution phase, 
when the structurally unsymmetrical citric acid attempts to 
r eturn to the solute plrnse from solution, it must assume an 
orientation t,hat will allow ready inLeroction with 1>ol£1r 
groups already oriented. If it does not have the required 
orientation, ii will not return readily to the solute, hut it will 
remain in solution, thus bringing about II solubilit.y larger 
than e,cpecied on the basis of heat of solution. 

On the other hand, t he st.ructurally symmet,ricol inositol, 
as it leaves the solution phase, can interact wiLh the snlute 
phase without requiring a definite orientation; all orienta­
tions are equivalent. Hence, inositol cm1 enter the solute 
phase without hindrance and, therefore, no facilitation of its 
solubility is observed. 

In general , u nsymmetric£1l molecules tend to be more solu­
ble than symmetrical molecules. 

Another type ofnonideal solution nccurs where there is an 
entropy change less than that. expected of an ideal solution. 
Such nonideal behavior can occur with polar solutes and 
solvents. In a nonidea.l solution of this type there is signifi­
cant inter£1ction between solute and solvent. As may be 
expected, the enthalpy change (AH') in such 11. solution is 
negative and favors dissolution, but this effect is tempered 
by the unfavorable entropy change occurring at the same 
time. The reason for the lower-than-ideal entropy change 
can be visualized where the equilibrium system is more or­
de1·ly cmd has o lower entropy than that expected for nu ideal 
solution. The overall entropy change of solution, tlrns, 
would be less and not favorable to dissolution. One may 
rotionolize the lower-than-expected solubility oflithium flu­
oride on the basis of this phenomenon. Compared with 
other alkali halides, it has a solubility lower than would be 
expected based solely on enthalpy changes. Because of the 
small size of ions in this salt there may be considerable 
ordering of water molecules in the solution. T his effect 
must:, of cou!'se, lead to ii lowered entropy a11d an unfavor­
able effect on solubility. The effect of soluble salts on the 
solubility of noneledrolytes (p!ige 209) or slightly soluble 
salts (page 210} may be com,idered a result of on unfavorable 
entropy effect. 

Pharmaceutical Solvents 

'l'he discussion will focus now on solvents available Lo 
pharmacists and, in particular, on their interactions and 
properties of these solvents. It is most important that the 
pharma.cist obtain an understanding of the possible differ­
ences in solubility of a given solute in various solvents since 

he most often is called on Lo select a solvent wh ich will 
dissolve the solute. A knowledge of the properties of sol­
vents will allow the intelligent selcctioll of suitable solvent.s. 

Molecular Interactions 
Tho solvent-solvent interaction is, in pharmciceuticn! sol­

vents, always made up of a dipole- dipole interact.ion (Kee­
som Force) and on induced dipole- induced dipole interac:­
tion (London J?orce). It is important to keep in mind thnt 
both forces are always preRent; t he contribution that each of 
these forces makes toward the overall ultractive force de­
pends on the structure of ihe solvent molecule. Some sol­
vents have interactions which predominantly involve the 
Keesom Force (eg, woter), while others are predominantly 
composed of the London Force (eg, chlorofo!'m); usually, 
botb forces wiJl be found. 

Dipole- Dipole Forces- The unequal sharing of tht> elec­
tron pair between two atoms due to a diffe1·ence in their 
elect.ronegativity brings about a separation of the positive 
and negative centers of electricity in the molecule, cousing it 
to become polari7.ed; that is, to assume a partial ionic cha1·ac­
ter. The molecule then is said to be a permanent dipole and 
the substance described os being a polar compound. 

The greater the difference in the efoctronegativities of the 
constituent atoms, the greater the inequality of sharing of 
the electron p11ir, 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
lor compounds and those occuning in i1mic ~alis, ii i:; i.o be 
expected that the properties of polar compounds should be 
iniermediaie between those of the two other classes. Such, 
in fact, generally is the case. 

Coordinate covalent com1>ot111ds all are very strongly polar 
because both of the electrons constituting the bonding pair 
have been contributed by a donor atom which, in effect, loses 
an electron 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, that 
all molecules containing two or more different atoms will be 
polar, many such molecules actually are nonpolar. Thus, 
while the electronegotivity of chlol'ine is appreciably differ­
ent from the.t of corbon, the molecule of carbon tetrnchlo­
ride, CCJ4, is uonpolor becnuse the symmetrical anangement 
of chlorine at.oms 11hout tl1e carbon atom is such as to cancel 
t he effects nf the difference in the electronegativity of the 
constituent atoms. The same is trne in the case of methane, 
CH4, and for hydrocarbons generally. But the molecules 
CHsCI, CH2Cl2 and CHCl3 definitely ore polor 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, µ, of the molecules. Thie quantity is defined as the 
product of one of the charges on the molec~1le i:md the dis­
tance between the t.wo average centef!; of positive nnd nega­
tive electricity. Meosurements of the dipole moment of a 
substance !Ire madl.l, when possible, on the vapor of the 
substance but, when not possible, a dilute solution of the 
substance in a nonpolor solvent is employed. 'I'able II lists 
the values ot'the dipole moment for o number of substances. 

As stated previoualy, the molecules of noupolar sub­
stances are chnrocterized by weak attrac: tioni; for one anoth­
er, while molecule!I of polar ::;ubstnnces exhibi t n relatively 
i=;trong att;raction, which is all t.he more powerful the greater 
the dipole moment. The reason for this is readily apparent; 
the dipoles tend to align themselves so that the opposit.e 
charges of two different molecules are adjacent. They nffect 
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Table U-Olpole Moments 

SUbS1MCO 

Wotcr 
Acetone 
Methyl alcohol 
Ethyl olcohul 
Phenol 
J<;t.hyl eih'-'.r 
Aniline 
NitrollCllY.enc 
(J-Dinitrolxmzene 
m-Dinit.rolxmzono 
p-DiniLrolx!I\ZCll(! 
8en1.enc 
Met.hone 
ChloromeLhnne 
Dicbloromcthano 
Chkirofonn 
Carbon tetrnchloride 
Cnrbon monoxide 
Cnrb1>11 dioxide 
Oxygon 
Hydr<J!lOll 
Hydrogen chloride 
HydroJl('Jl bromide 
Hyclroi:on iodide 
Hydrq(ell b"\Uficl<• 
Hydro1,'Cl1 <:ynnicle 
Ammonia 

E!Gcltostotlc Units 
(µ X 101') 

I .Bf> 
2.8 
1..68 
1.70 
1.70 
J.14 
l.f>l 
4.19 
6.0 
3.8 
0.3 
0 
0 
1.86 
1.58 
l.05 
0 
0.11 
0 
0 
0 
1.03 
0.78 
0~38 
O-ll5 
2.na 
1.49 

each other in somewhat. the same manner ns do two bar 
magnets, t.he opposite poles of which are adjacent. While 
thermal agitation tends io break up the alignment or associ­
ation of the dipoles, there is, never!choless,a resultant signifi 
cant intermolecular force present .. 

Induced Dipole-Induced Dipole Forces--lt isor inter­
est to inquire at this point what force does exist between the 
molecules of compounds which ore nonpolur, eg, those which 
have zero dipole moment. If some attractive force did not 
exist, the molecules could not be expected t.o cling together, 
ns in the solid nnd liquid st.ates. Although the attriwt.ion is 
relatively slight., t.here is n force that arises from momentary 
polariznt.ion of the molecules because of electronic oscilla­
tions which are tuking place continuously within the mole­
cules. The temporary di1x1/es t.hus produced induce oppo 
site polarizations in adjacent molecules and the net.effect is 
that there is a small rut definite attractive force between the 
molecules to keep them together in the liquid and solid 
states. This attraction resulting from mutual polari?.ation 
commonly is referred to as the London Force and as an 
induced dipole-induced dipole force. 

The Hydrogen Bond-'I'heattrad;ion between opposite 
ly charged ends of two dipoles is accentuated when the posi­
tive end of one dipole contains a hyd1·oge11 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-appe.ars to be nble to 
bind together tJie 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 tlie proton is the smallest positively charged atomic 
particle, i L can draw together two negatively charged atoms 

Fig 16-8. Hydrogoo IJondlog. 
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or ions more ck>sely than can any ot.her--and necei;sarily 
larger-positively chari,recl 1>11rticlt>, Not more than two 
negative at.oms ruu capable of being attrncled nt any given 
instant, as is evident from Jt'{: 16-5, where a third negative 
atom is shown t;o be restricted physically from direct contact. 
with the prot.on. Wat.er is an eJ<cellent oxrunple of a sub­
stoncc, tJie molecules of which are associated through the 
fonnation of such a bond . called the hydrogen bond. An 
illu.<;tration of such bonding in the cnse of water may be 
represented as 

~-H--?-· H···r-H 
H H H 

Each dott.ed line represents the bond or "bridge" established 
by t.he hydrogen atom of one wnter molecule with the oxygen 
atom of another. It is to be noted t.hat. tl1e water molecule is 
pictured as an angular, rather thnn o.s a linear, molecule 
(H-0- H). 'rhis is in accord with the bond unglei; imposed 
by I.he directional charncter of t he bonding orbitals making 
up the molecule (see Chapter 22). By virtue ci its kernel 
containing six unneutrolized protons, not: only the valence 
electrons of the oxygen atom, but also those of the hydrogen 
atoms a1-e attracted so strongly to the oxygen a~om as io 
make the lat.tcr charged negatively, while the rct;I of the 
molecule is chargc,,d positively. 

The hydrogen bond is not a st rong bond, but it. plays an 
important role in determining the properties of substilllces 
in which it occurs. l"or example, itt primarily is responsible 
for the unusual properties of wate:r. Ir t.he substance H20 
followed the (:ourse of ti¥! related substances H/l'e, Hz.Se 
and H2S, in so fnr ll6 t.he physical propei'ties of these luLter 
substances arc concerned, tbc freezing point of water would 
be about 100° and it.s boiling point about -80°. 'l'he 
unexpectedly high values actually observed ore attributed to 
hydrogen bonding between molecules of water. To break 
such bonds, as for example in vaporizing wat.er i11 the fcrm of 
single H20 molecules during the )>rocess or boiling, more 
energy is required than would be necessary if the water 
molecules were not linked by hydmgen bonds. 

The molecules of at least t.he low-molecular-weight nlco­
hols simillll'ly are joined by hydrogen bonds to form a lattice­
like structure. 

Another example of the maimer in which the hydrogen 
bond functions is seen in ti¥! case of carboxvlic acids. Such 
odds usually exist in dimeric form, the two.molecules being 
joined hy hydrogen bonding, which may be depicted as 

OH--- --0 
/ ~ 

RC CR 
~ / 

0-----HO 

This tendency is so pronounced in t he case of acetic acid that 
even in t he vapor state the substance exists in dimeric aggre­
gation. 

Clas.~ificatio11 

On the basis of the forC<-'S of interaction occurring in sol­
vents one may broadly classify solvents as one of three types: 

L /'olor so!oe11ts-•Lbose mnde up of strong 1lipolnr molceulcs having 
bydroi:on bonding (wote or h.vdrog1,n peroKide). 

2. Semi11olar so/oe11u-- those 11130 made up of strm'I( dipolar mole­
cules but which do not. fonn hyd~m bond s (acetone or pt~llyl alcohol). 

3. No11polar.-olve11ts-Ul<>SC mud~upofmolec\dea having II siwnll or 
no clipolnr chnrnct.or CbenY.t'nO, vcgctnblo oi or mineral !lil). 

NaLurally, there ore many s<>lvent.s that may fit.into more 
than one of these broad classes; for example, chloroform ie u 
weak dipolar compound but generally is considered nonpo-
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Jar i11 character, and glycerin could be considered a pol111' or 
semipolar solvent even though it is capable of forming hy­
drogen bonds. 

Types 

Watea·- Watcr is a unique solvent. Bei;idcs being a high­
ly associated liquid, giving rise to its high boiling point, it has 
another very important 1noperty, u high dielectric constant.. 
The dielectric constant (<) in<licat:tis the effect that a sub­
stance has, when it acts as a medium, on tho case wit.h which 
two oppositely charged ions may be separated. The higher 
the dielect,·ic constant of o medium, the easier it is l.o sepa­
rate two oppositely charged species in that medium. Th(! 
dielectric constontl> of a number of liquidH are given in Table 
III. The values listed are relative to a vacuum which, by 
definition, has n dielectric constant <>f t1nity. According to 
Coulomb's Law the force of attraction (F) betwC?en two op­
positely charged ions is 

z1z2 I•' = ---
fr2 

(15) 

where Z1 and Z2 are the charges on the ions, r is the distance 
separating the oppositely charged ions and f is tJie dielectric 
const:ant of the medium. Equation 15 indicates t hat the 
force of interaction between the oppositely charged ions is 
proportional inversely t~> the dielectric constant of the medi­
um. 'l'hus, the interactive force between a sodium and chlo­
ride ion in wate.r at a distance r would be 1h11, that of the same 
ions in II vacuum separated t.he same distance. Looking 11t 
this example in imothel' wny, Coulomb's Low sugge.,;ts that it 
is much easier to l<cep sodium and chloride ions apart in 
water than in a vacuum. Consider another example: the 
re.lative case with which the ions of sodium chloride may ba 
kept apinL the same d islnnce in water, as compared to olive 
oil, would occur in the rat.io of 80/3.J.; that. is, it, is 80/:3.1 t:imeo 
easier to keep t.hese ions apart in watcr than it is in olive oil. 
•rhe ease of soluhil izing salts in solvents like water and glyc­
erin ca,, be explained on tl1e basis of their high dielectric 
constant. In general, also, t.he more polar the solvent, the 
greater its dielectric constant. 

T here is a very close relationship between d ielectric con­
stant and the two t.ypes of interactions found in all solvents; 
that is, the dipole-dipole interaction (Keesom) and the in• 
duced dipole- induced dipole interaction (London). The di­
electric constant is related to t.hese two forces through a 
quantity called total molar polorizatfon., P, which is a mea­
sme of the relative ease with which a charge se1>aration may 
be made within a molecllle. The total molar polarization is 
given by 

Table 111- Dlelectrlc Constants (at 20°) 

Hydrogen cyanide . . . . . . . . . . . . . . . . . . 116 
Wat~r. . ....... . .. . ... ... .. . . . . 80 
Glycerin .. . .. . ..... . ........ .. .. ... 16 
Ethylone. glycol . . .. .. . .. . .. . . . .. 4l 
Methyl olcobol . . .. , .. , . . . . . . . . . . . . . a:i 
Ethyl alcohol. . . . . . . . . . . . . . . 25 
n-Prnpyl alcohol..... . . . . . . . . . . . . . . . 22 
Aceto11e . . . . . . . . . . . . . . . . . . 21 
Aniline ... . . . . . . . . . . . . . . . . 7.0 
Chloroform . .. . . .. . . .. ... . .. ...... , 5.0 
Castor oil . . . . . . . . . . . . . . . . . . 4.6 
Ethyl et.her . . . . . . . . . . . . . . . . 4.3 
0ctyl alcohol . . . . . . . 3.4 
Olive oil.... .... . . . ... ... . . 3.1 
Beui~ne .. , . . . . . . . . . . . . . . . . . . . . . . . . 2.2 
Turpentine oil . . . . . . . . . 2.2 
Carboll tetrachloride . . . . . . . . . . . . . . . . 2.2 
Octnne . . . . . . . . . . . . . . . . . . . . . . . . . . . . Ul 

(16) 

where ~ is the dielectric constunt of the substance, M is the 
moleculai· weight ond Dis the density. (For further details, 
i;ee Ref 1, 1>11ge 114.) Total molar polariiation is in turn 
comprn;ed of two terms 

p"' p + P = .1. 1rNo: + .1. 1rN (..!!..:.-) (17) 
" 

1
' 3 3 8//T 

where P, "" 4/3 1'N<Y is t.h<l contribution clue U> induced 
poloriwtion (the London contribution), and where 

P,, = t ~NC%~,) 
is the contribution due to the permanent dipole (l.he Keasom 
contribution), N is Avogadro's Number, o: is a constant 
called the polnriiability (related to the induced dipole),µ is 
the dipole moment, k is the Boltzmann constant (1.38 X 
10-rn erg/mole/deg) and T i:, t.he absolute temperature. 
Grouping all constant terms,itis possible to rewrite Eq 17 as 

P= A +BIT 

and substituting li':q 16, yields 

c- - l .M=A-1-§_ 
t +2 D 1' 

(18) 

'l'he first term on the right-hand side is the contribution to 
the diclecLric constant of \.he London dispersiom1; it is not 
tempel'ature-dependent. 'l'he second te1·m on the l'ight­
hancl side is the conti:ihution to the dielectric constant of the 
Keesom clispersi<>ns. T his latter contribution is tempera• 
ture-dependent because the contribut.ion from the perma­
nent dipole depends on the dipoles aligning themselvei;, 
which tendency is opposed by thermal agita\.ion. Thus, i~ is 
11pparent from Eq J 8 (nnd from common sense) Lhat as 
tempernture incrMses, the dielecLric constant of dipolar sol­
vent$ will t end t,o decrease. 

Equation 18 also indicat.es that solvents which hove large 
dipole moments tend to have largC! dielectric constant.s be­
cause of the ooutribuLion of the F'µ term (Eq 17). Water, 
which has a very large dielectric constant, is estimated io 
have % of its molecular interaction due to a dipole- dipole 
int.eracLion and% due to the induced dipole-induced dipole 
interact ion. On the other hand, compounds such as ben­
zene, with a dipole moment of zero, will hove small dielectric 
constants since the contribution by the P,, term will drop out 
ofEq 18. 

There is an important concept that should be considered 
which has been introduced to pharmaceutical systemB.0 It 
must be recognized that pbarmacists frequently are con­
cemed with dissolving relatively nonpolar drugs in aqueous 
or mixed pola1· aqueous solvents. To understand whaL may 
be happening in such cases, fact.ors concerned with the en­
tropic effect.s arising from interactions originating with Lhe 
nonpolar solutes must be considered. Previously it had 
been noted that the fovoroble entropic effect on dissolution 
was due Lo the disruption nf associations occurring among 
solute or solven(, molecules. Now, consider the effects on 
solubility due to solute interactions in the solution phase. 
Since the solutes under discussion ore relatively nonpolar, 
the interactions a 1-e of the London Force type 01· a hydropho­
bic association. This hydrophobic association in aqueous 
solutions may cause significant structuring or water with a 
resullant Ol'dered or low-entropy system, unfovornble to so• 
lution. As is known, the solution of nn esscnti11lly nonpolor 
molecule in water is not a favorable proces8. lt should be 
stressed that this is due to not only an tmfavorable en1:halpy 
change but also on unfavorable ontropy change generated by 
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wo.ter-atructul'ing. Such an tmfavornble entropy chunl(<? is 
qu_ite signifk11nt in t.he solution p1·ocess. As an example of 
tlu~ effect, I.he aqueous solul?il.ity of a series of alkyl p­
ammobenioates shows a Len m1lhon-fold dt,cre111;e in solubil­
ity in going from the I-carbon analog to t;he l.2··C:lll'bo11 mta­
lolt• 'l'hese findings demonst.rnte clearly t.he considerablt, 
effect. that. hydroplwbic associations can have. 

Alcohols- Ethanol, as a solvent, is next in import.once t.o 
water. An advantage is i.hat growth of micJ'()<>rgonisms doei:. 
not occur in solutions cout o.ining alcohol in a reasonable 
concentration. 

Resins, volo.tile oils, alkaloids, glycosides, etc are dissolved 
by olcohol, while many thernpeutically inert. principles, such 
as gums, albumin and starch, arc insoluble, which makes it 
more useful as a "selective" solvent. Mixtures of wat.er and 
alcohol, in proportions varying to suit. 6pedfic cases, are used 
extensively. They are often referred to as h_ydroalcolwlic 
solvents. 

Glycerin is an excellent solvent, alt.hough its range is not. 
as extensive as that of watet or alcoh()l. In higher concentrn­
tiorn;; it has preservative action. It. dissolvr.s the fixed alka­
lies, a large number of salts, vegetable acids, pepsin, tannin, 
some active principles of plants, etc, but it also dh,solves 
gums, soluble carbohydrates, starch, etc. Ii is also of special 
value as a simple solvent, as in phenol glyc:erite, or where the 
major portion of the glycerin sim1)ly is added 11s a preserva­
Uve and st.abilizer of solutions that, have been prepared with 
other solvents (see Glycetines, Chap~t: 84). 

Ptop_ylene glycol, which bas been used widely as a substi­
tute for glyce1·in, is miscible with wuler, ncet.onu or chlol'O•· 
fol'm in all proportions. It is soluble in ether and will dis­
solve many essential oils but is immiscible with fixed oils. It 
is clnimed· to hll a~ effective 11s ethyl alcohol in its powei· of 
inhibiting mold growth and fermenl:ation. 

J.~oprop_yl alcohol possesses solvtlnt properties similar to 
those of et.hyl alcohol and is used instead of tJie latter in 11 

number of pharmaceutical manufact.\1ring operat.ions. lt 
has the 11dvuntage in that t.he commonly 11vuilable product 
wntains no\. over l % of water, while ethyl alcohol contains 
about 5% water, often a disadvant.11ge. lsoprnpyl alcohol is 
employed in some liniment nnd lot.ion formulations. Tt can­
not he ialien internally. 

General Prnperlies--Low-molemlar-weight and polyhy­
droxy alcohols fom1 associated strnctures ihrnugh hydrngen 
bonds just.as in water. When the carbon-atom content of an 
alcohol rises above five, generally cmly monomers then are 
present in the pure solvent. Although alcohols have high 
dielectric constants, compared to <>ther types of i;olvenl~, 
they are small compared to water. As has been di~cus.~ed, 
the soluhility of salts in a solvent should be porolleled by iis 
dielectric constant. 'fhat. is, as the dielec:tl'ic constant. of 11 

series of solvents increases, t he prnbability of dissolving a 
salt in the solvent increases. 'l'hi~ behavio1· is observed for 
the 11lcohols. Table IV, tnkell from Higuchi;1 shows how the 
solubility of snits follows t.lie dielectric const.ant of Urn alco­
hols. 

As ment.ioned earlier, absolute alcohol rarely is. used phar­
maceutically. However, hydrnakoholic mixt-ures such as 
elixirs and spirits frequently are encountered. A very useful 
generalization is that the dielectric properties of Cl mixed 
solvenL, such as water and alcohol, can be approximated ns 
the weighted average of the propel't.ies of t.he pure compo­
nents. Thus, a mixture of 60% alcohol (by weight) in woter 
should have a dielecl:ric constaut a1>proximated by 

f(mixlun,J = 0.(;(25) + 0.4(80) = ,J.7 

'l'he dielectric com;Lant of HO% alcohol in wt\t.er i:s found 
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Table IV-Solubllllles of Potassium Iodide and Sodium 
Chloride In S&VOl'al Alcohol& and Acetone• 

g Kl/ 9 NRCI/ 
Solvont 100 g Solvenl 100 o S<>lvent 

Wator 118 35.!) 
Gly,;erin 8.;l (20°) 
Propylene G!y.,ol 50 7.1 (:l0°) 
M.-,thanol I'l l.4 
Accl.onc 2.9 
15thnnol 1.88 0.066 
l-Prop1mol OA,t 0.0121 
2-Pi·opanol O.lll 0.00:l 
1-But.nnol 0.20 0.00[> 
1 -Pcnl.nnol O.OHH 0.(l(lJ8 

"All mc11s\1reme:nl~ ,,re 11( ?.fi0(; t1ule'.$~1>l,ht1rwisr, incl ic;ot.cd. 

expe1·imantnlly to he 4:l, which is in clmie agreement with 
that just calculared. The dielectric constant of glycarin is 
46, dose (.o the 60% 1ilcohol mixture. One would, t.herefore, 
expect a suit like sodium chloride to have 11bot1t the s11me 
solubility in 1~lyceri11 as in 60% alcohol. 'l'he solubility of 
S()dium chloride in glyc,::,l'in is 8.3 g/100 g of solvent and in 
60% vlcohol about 6.3 g/100 g of solvent. '}'his agreement 
would be Gven clos~i•· if comparisons were made on a volume 
rather than weight basil\. At least qtmlitat.ively it can he 
said that t he solubilit,y of a salt. in a solvent. or a mixed 
solvent very closely follows the dielect.ric constant. of the 
medium or, conversely, that. t.he polarity of mixed solvents is 
paralleled by their d ielr.r.t.ric constant, bused on salt solubili­
ty. 

Although ihe dielec tric constant. i~ useful in i11t.e1·pretinr,( 
the effect of mixed solvant.s on snit solubility, it cannot. be 
applied properly to the effeet of mixed solvents on the solu­
bility of nonelectrolyt.es. It was seen earlier that unfovm·­
able entropic effect.., c1111 occur upou dissolution of relatively 
nonpolar nonelectrolytes in waLcr. Such im effect. due to 
hydrophobic association considMably affects solubili\.y. 
Yalkowsky5 5tudied the ability of cosolvent. syslems to in­
crease the ~olubility of nonelectrolytes in polar solvents 
where the cosolvenl system es~enl.ially brings about. a reduc­
tion in struduring (lf solvent. Thus, by increasing, in u 
posiiive sense, t he entropy of solution by osing cosolvents, it. 
wns possible to increase the solubility oft.he nonpolar mole­
cule. Using as an example the solubility of alkyl p-amino­
benioates in pt·opylene glycol-wnter syaLems, Yalkowsky'' 
reported that it is possible to increase the solubi litv of the 
nonclectrolyte by severul ()rders of magnitude hy incrensing 
the fraction of propylene glycol in the aqueous system. 
Sometimes, it is found t hat, as a l(Ood first. approximation, 
the logarithm of the soluhility is related linearly t.n the frl'\C• 

tion of propylene glycol 11dded by · 

log S1 = log s,~o + f/ 

where 81 is the S<>luhility in the mixed oquoous sysu,m con• 
taining the volume fraction/ of nouuqueous cosolvent, Si=o 
is the solubility in water and f is 11 constant (noi dielectric 
constant) characteristic of the system under study. Spec:ifi• 
cally, when ti 50% solution of propylene glycol in water is 
used, there is n 1000,fold increase iu solubility of dodecyl p­
aminohen?,oatc, in comparison to pm·e wal.e1·. 

In o series of st udies, Martin et a/6 have made attempt!\ to 
predict solubility in mixed solvent systems through an ex• 
tension of the " regular solution" theory. The equations are 
logurithmic in nature and can reduce in fol'm to the equa­
tions of Yalkowsky. 5 

Acetone und ltclated Semitiolar Matcl'inls-Even 
though acetone hos 11 very high dipoltl moment (2.8 X 10··16 
esu), as a pure solvent it does nol fom1 associated 81,1'\lctllrei-. 
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Fig 16·9. The charge sepomtion in acetone. 

This is evide11ced by its low b,)iling point, (57°) in compnl'i• 
son with Uie l>0iliug point of the lower -molecular -weight 
water (100°) and ethanol (W0

) . 'J'h<i reason why it docs not 
usi;ociate is hecause ~he po~itivo charge in its d ipole does not 
reside in a hydrogen a tmn Wit/ 16-9}. precluding the possi• 
hility of it<; forminf{ ll hydrogen bond . However, if i;orne 
substance which is cflpable of forming hydrogen bonds, imch 
as water m: alcohol, i8 added to acetone, a very strong inter• 
action through hydro1ten bonding will occur (see !vfochanism 
of Sol.vent Acl:ion below). Some substances which are semi­
polar 1111d similar to acetone are aldehycles, low-molecular­
weight. esoors, ot.her kct~mes and nitro•contfl ining com• 
pounds. 

Non))0ln1· SolvcntS-·•This class of solvents includci; fixed 
oils Ruch us vugot.uble oil, pelrnleum ethel' (ligroin), c:arbon 
('.('trnchlol'ide, henr.cne and chloroform. On u relative basis 
there is a wide range of polarity among t;hese solvent.'!; for 
example, br.m:ene has no dipole momeut while thnt of chlo­
roform is 1.05 X 10-•tt esu. But, even the polarity of t.he:;e 
compounds nol'mally clnssified as nonpolnr is still in li n<l 
with the dielectr ic constnnt of the solven1:. The relation 
between these quantitim; is seen best. throu11h a quanti ty 
cull<•d molar refrac/.ion. T he molar refraction (or refractit•i­
ty), R, of n compound is given by 

Jl "' ni - ~. M. 
11?. + 2 }) 

( 19) 

where II is the refractive index of the liquid, M is it·,s molecu­
lar weight and D is its density. T he similarity bet.ween Eq 
19 and Eq 16 is to be noted and, indeed, in refractive index 
measurements using vel·y long wo.velengths of light, 112 = (. 
'l'hus, molar refrnction under these conditions approKimates 
total molar polari1.otion. Since, in Uie more non1>olar sol• 
vents there is genernlly no dipole moment, µ, t.olal molar 
polarization reflects pnlarizution due only to the induced 
dipole-'> possible. 'rhos 

n2 - l M f - 1 M 4 P = ·--·-- · - - = --- · - = -· -irNa (20) 
" n2 + 2 D c + 2 D 8 

It is evident from this that. the refractive index of a non polar 
c,.•ompound rei1ects its relative polarity. For example, the 
more•polar benzene (t = 2.2) has n higher 1·afract ive index, 
l.501, than t he lesi;-polar hexun<l (<· = 1.9), whose refrucLive 
index is l.375. 

Ii should be emphasized again that when a solvent. (such 
as chloroform) has highly electronegat.ive hulogeu at.oms Iii· 
tached Lo a carbon at.om also containing nt least OI\Cl hydro­
gen 11tom, such a solvent. will be capable of forming strong 
hydrogen bon ds with solutes which nrn polnr in choracter, 
'l'hus, through the formation of hydrogmi bonds such sol­
vent.~ will dissolve polar sol\ltcs. For example, it, is i>ossible 
io dissolve alkaloids in chloroform. 

Mechanism of Sofoen t Action 

A solvent muy funct.ion in one, or mnre, of several ways. 
When an ionic salt is dissolved, eg, hy water, t.J1e process of 
solution involves 6C<t>arat ion of the cations and anions of tJ1e 
salt wit,h attendant orientation of molecules of t.hc solvent 
about the ions, Such orientation of solvent mole<:11les about 
the ions of the solute-··-n prncoss called .w/vati.on (hyd,·ation, 
if the solvent is wawr)-is possible only whim the s<1lvent is 
highly polar, whereby, the dipoles of the aolwmt. are at trnct­
ed to and held by tlrn ions of the solute. '!'he solvent also 

must possess the ahiliLy to lw1ip the solvated, charged ions 
apart, with minimal r.mergy. T he role of tJie d ielect,l'ic con• 
11l1:111t in k~ieping t:his <'11Cl'RY to a minimum has bceu dis• 
cussed earlier. 

A polar liquid imch as wnt.cr may exhihit snlvent action 
also by virtue of ii.~ abiJi(;y to b rcnl< n c:ovalonL bond in the 
solute and hdn1{ nhout ioniznLion of the latter. Por example, 
hydl'ogen chlorido diBsolves in water and functions as nn acid 
as a result of 

HCI + H20 ··• H30+ + er· 
'l'he ions fol'med by this 1>reliminary reaction of brea king the 
covale11t bond subsequently are maintnined in solution by 
the same mechanism as ionic salts. 

Still another mechanism by which a polar liquid may ocL 
ns a solvent, is that involved when the solvent and solute are 
capable of being coupled through hydrogen•bond forn11ll.ion. 
'J'he sol\1bility of the low-molecular-weigMalcohols iu water, 
for example, is atl.ributed to the ability of the alcohol mole.­
coles to become part of n water•nlcohol association <:omi>lex. 

H R H R 
I I I I 

H---·0······H--· ··-O······I-I-·-O--·--·H·-·-O 

As t he molecular weight of the alcohol increases, it: becomes 
progressively less polar and less able to compet e with wote1· 
molecules for a pince in the lattice-like arrangement formed 
t.hrough hydrogen bonding; high-molecular-weight alcohols 
ani, therefore, poorly soluble or insoluble in water. When 
the numbel' of carbon atoms in e. nonnal alcohol reaches five, 
it.c; i;olubility in water is reduced materially. 

When the numbar of hydroll.yl groups in 1;he alcohol is 
increased, its solubility in water generally is in<:reosed great• 
ly; iL is principnlly, if not entirely, for this reason thnt such 
high-moh~cular-weighi com1>ounds as tmgars, gums, many 
glyoosides nnd synUwiic compounds, such as the pulyetbyl­
ene glycols, are very soluble in water. 

The solubility of ethers, aldehydes, ketone:;, ncids and 
anh.vdrides in wut.iir, and in other polar solvents, also is 
ottl'ibutable largely to the formation of au association com­
plex between solute and solvent by means of the hydrogen 
bond. The molecules of ethers, nldehydes and ket-0nes, till· 
like those of alcohols, nrc not assodatcd t.hemselves, because 
of the absence of a hydrogen atom which is capable of form ­
ing the charncteristk hydrogen bond. Notwithst.nnding, 
these substances are more or less polar becnuse of the pres• 
ence of a stJ'Ongly electronegative oxygen atom, which i6 
capable of association wit.h water through hydi-ogen-bon d 
formation. Acetone, for example, dissolves in water, in all 
likelihood, principally because oft.he following type of asso­
ciation: 

H 
I 

(CHa)iCO + HiO -+ (CHi).CO --H --0 

The maximum number of carbon atoms which may be 
prese!lt per mol<icule p ossessi11g o hyclrogen-bondnble 
group, while still retaining water solubility, is approximately 
the same as for the alcohols, 

Although nitrogen is less electronegative U111u oxygen and, 
thus, t.ends 1<1 form wenkel' hydrogen bonds, it is observed 
Uiat amines are at least as soluble as alcohols containing an 
equivalent chain length. T he reason for this is that alcohols 
form two hydrogen bonds with a net in teraction of 12 kcal/ 
mole. Primary amines can form three hydrogen bonds; two 
omine protons arc shared with the oxygens of t.wo water 
molecules, and thtl nit.ror,en accepts one water proton. 'rhe 
net interaction for the pdmm·y amine is between 12 and rn 
kcal/mole nnd, hence, it shows an equal or greater s<>luhility 
compared wit.h corrcspondinii olcohols. 
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The solvent act.ion of nonpolm· liquidi; involves a 1mme­
what different mechanism. Because tbey are uMble to form 
dipoles with which to overcome the att ractions between ions 
of an ionic salt, 01· t,o break a covnlent bond to produce an 
ionic compound or form uasocintion complexos with a solut<.>., 
nonpolar liquids arn inc111>ahla of dissolving polar com­
pounds. 'I'hey only con dissolve, in general, oLher nonpolM 
subsLonce11 in which the bonds between molecules are weak. 
'I'he forces involved usually ore of t.he induced di·· 
pole- induced d ipole type. Such is tJ1e cose when one hydro­
carbon is dissolved in another, or un oil or a fot is dissolved in 
pet:roleum ether. Sometimes it is ohserved thnt: a pol11r 
substance, such as Alcohol, will diRsolve inn nonpolar liquid, 
such os beniene. 'l'his apparent exception to the preceding 
generali-1.ation nrny be exp lained by the assumption t;hat the 
alcohol moler.ule induces n tempo1·a1·y dipole in tbe ben1.cnc 
molecule which forms 1111 ossocintion complex with thll 8ol• 
vent molecules. A binding force of this kind is referred Looi; 
a perm.anent dipole-indu.<'.ed dipole force. 

801ne Useful Gc11ornlizatio11s-'l'lw prcced inr. discussion indicnu,s 
that enough is !mown uhout tlw mcc.lwuism of sohthility lo ho a ble to 
formulnte some r,c11ornli1.otions t'Onccrning this important physkal 
propcrt.y of imbstuncos. Bcc.lluso of the ,;renter imporlancn oJ' or, tmic 
substances int.he field of medidnnl chemistry, ct11tnin of the more ui,cfol 
genct'llli1.0tio11R with rr.spoct. to orgnnic chemicnls arc prcscnlc<I hr.re in 
s,immnry form. It. should be remcinbr.rcd, howev<'r, LhaL tho phenomc• 
non of soluhility u6ually illvnlvos scvorul v11ti1thlcs, and then, may he 
exceptions to r.cnernl ntlc~. 

One genornl maxim which holds true in mos!. il\Kt1lnces is: 1./w gr«at.cr 
the structural similatil.y be1.wec11 svlule a11d solv,mt, the griwt~r //,,: 
solul>ilit.y. A8 often stntccl to \.he st.udcnt, "like d issolve,; like ." 1'hu~, 
phenol i~ ulmo•t in$ohihle in pct.rolcum et.lwr hut is very ~olu hll, h1 
gly<~crin. 

Orr.onic compoundfi contnini11r. polnr groups cnp~ble of forming hy­
drogen bond& with water arc soluhlo in wnlor, proviriinr, thnt.1.hc moli,<:ll· 
lnr wciHht of the compound is not too i:rcnt. IL i• dcmonst.rnted cm;ily 
that th~ pvlor groups OH, CHO, COH, CHOH, CH?.OH, COOH, N0-1., 
CO, NH2 nn<l SO,H tOl)d to incrnosc I.ho soluhilit.:,, of m1 organic com• 
pou11d in w11tcr. O n the other hnnd, non1>ol111· or vory weak polar groups, 
such Rfi the ~oriou.s hydrncnrhon mdi<:nl~, reduce s<>lubilit.y; ihc ~renter 
I.ht number of carbon at.oms in the rnrlicnl, the i::rentcr the clccr~n.~c in 
solub ility. l11t.roductio11 of hologcll atom3 into a molcculc in i;encrnl 
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Table V-Demonstretion of Solubility Rules 

Ohcmlcol c_o_o1;_p_ou_,1_a ________ sO_1_u1.>ililY'' 

Aniline, ('!i;H~N H ,. 
Bcmmne, (;,;Ii,; 
Bcnv.oic acid, C11Hr,COOH 
Bcm,yl nlcohol, Cr,J-hCH20 H 
1-ButuMI, c.,H90l:l 
t-But.yl alcohol, (CH3hCOH 
Curhon tetrnchloride, CCl4 
Chlorofol'm, CHCl:t 
fun111rir. acid, lru11s-bll l,encdioic acid 
HydroquillOtlo, c,,H.,(OHh 
Maleic ac:id, cis-b11tcnedioic acid 
Phenol, ~H,,OH 
Pyrocnt.echol, CGH,(OH)~ 
l'yrogullol, C<,H~(OHJ, 
Rcsorcinol, Ci;H~(OH)2 

28.(i 
J430 
:rm 
25 
12 

Misdhlc 
2000 
200 
1/iO 

14 
5 

15 
2.3 
1.7 
0.9 

tends to decrt.MC solubility because of mi i11r.rc:1sr.d molecular wci"h\. 
wit.bout a proporf.ion~lt! im:ren~c in pol11rit.y. 

The grealcr Lhe 11,unber of polnr r,r<m1>s contained per 111olcc11lc, lhe 
~rMl.cr Uw solubility or u compound, provided tlrnt t.hc siY.~ of the rcs1. of 
tho molecule is not nltcrnd ; thus, pyror,allol i~ much morn soluhli, in 
w111er Uian phenol. The n!ltilill~ posi1.io11.< of the groups in the molecule 
nlsc, innu~ncl\ soluhili~y; thus, in wnlcr, ro,;orcinol (m-dih~droxyhc.11• 
1.<me) jij more soluble thmi <:nU><:hol (o-dihyd1·11xyh1,n1.cne), on<! the l11twr 
is more soluble Lhnn hydroqui11on<' (p-dibydroxyb1mzc11c). 

P11/ym1•rx und compountlRof high molcculnr wt,il(ht.goncrnlly ~i·e insol• 
uhle c)r only very ~lii;htly soluhlo. 

Bi1:h melting points frequently arc i11dir.at.i,•~. of low solubilit.y for 
organic 1,<mwmmds. One r1ms011 for hi1:h melthm 1>oint$ is f.hc a.••oci<i• 
lion of mol(i(:11lcs and this cuhcsive force t.cnd, to prov~nt dis1mrsinn of 
the solul.c in \.he solvent. 

The cis rorm of n11 isomer is more soluble thnn I.he f.ro11s form. See 
•rahlu V. 

Solt,01io11, which is evidence of Uw existence of n strong nHn1ct.h·c 
force heLweon soluw nnd aolvcn!., enhances Uic solnbilit.y of Uie solute,, 
11rnvided them is not n mnrked ordorinr, or t-hc solvent. molecule~ in Uie 
solution phuse. 

Acids, CS)>ccially strcmg odds, ,1,u~lly proclui:c wnlcr-~oluhlc snits 
when rcu<:tcd wi!11 11it.rogc11-cont"h1in~ organic buses. 

Colligatlve Properties of Solutions 
Up to th ill point concern has been with dissolving a solut.e 

in a solvent. Hoving brought obout the dissolution, \.he 
soluLion, q ui te nuturally, hos a number of 1>roperties which 
are different from that of the pure solvent. Of very grent 
import.a.nee are the coiligatiue pmperties which a solution 
possesses. 

'l'he colligntive properties of a solul.ion ure t:hose thai 
depend on the number of solute pa rLicfoa in solution, il're­
spective of whether these are molecules or ions, large or 
small. Ideally, tbe effect of a solute particle of one species is 
considered to be the same ns that of an entirely differe11t 
kind of particle, a t least in dilute solution. Practically, there 
may be differences wbich may become substan tial us the 
concentration of the solution ii; incroascd. 

The colligative propcrf.ies whicb will be considel'ed are: 

1. Osmotic lll'CSR\ll'0, 
2. Vnpor-pres.~ure lowering. 
3. Boiling-point elevation. 
4. J>reezi11g-1>oi11t depl'cssion. 

Of these four, all of which are relat.ed, osmotk presslire 
bas t.he greatest dit'cct importance in the pharmaceutical 
sciences. IL is the property that largely determines the 
physiological accept.ubi lity of a variety of solution~ used for 
therapeutic purposes. 

Osmotlc~Pressure Elevation 

Diffunion in Liquids---Although the property of diffu. 
sion is rapid in gaseous systems, it is not. limited to such 
syf:ltcms. T bot moleculCls or ions in liquid syst.ems possess 
this same freedom of movement may he demonst:rnted by 
placing r.ornfolly a layer of watllr on a concentratlld aqueous 
soll1t:Jon of any salt. In time iL will be ohsel'ved that. t:he 
boundary between solvent. and solutfon widens gradually 
since salt moves into the water layer and wawr migrates 
from its layer into t.he s11lt solution below. Eventually, tbe 
composition of the new solution will her.ome uniform 
throughout. '!'his experiment indicatefi Lhflt. su.bslwt.ce$ 
tend to move or diffuse from. regions of higher concentral:icm 
to regi-011s of fower co11centrations so that diffei·ences in 
concentration eventually disappear. 

O,nnosis- Iu ca1-rying out the e>xperiment just dtlscribed, 
it is impossible to distinguish betwetln the difflll,ion of the 
solute nnd that of the solvent. However, by s<.>.pttrnting the 
solution and t he solvent by means of a membmne t.hot is 
pem1eable to the solvent, but not t.o t.he solute (such a mem• 
brnn<.l is r eferr ed to ns o semipermeable membrane), it is 
possible to demonstrate visibly Lhe diffus ion of solvent: into 
the concent ra ted solution, since volume durngcs will 0t\cur. 
In a similar mannei·, if two solution~ of different. concentra• 

....... 
I 
! 
! 

! 
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Li on are separated by a memlmrne, the solvent. will move 
from the s<>lut:ion of lower solute conccmtrat.ion to the soltt· 
tion of highe1· solute concent.ration. Thi$ diffusion of sol• 
vent through a membrane is called oMnosi:,. 

There is a difforenc:e between the activity or t'!,ca1>ing 
tendency of the water molecules found in t he solvent and 
salt solution se.paratcd by the semipe1·meublc membrane. 
Since acti1Jity, which is relnLe<l to wat.er concent.ration, is 
higher on the pure s<>lvcnt side, water movC!!I from solvent. to 
solution in order to equnliie escaping-tcndcmcy differences. 
The difference in escnping-t,mdency gives l'ise to whnt is 
referred to as the <Mmotic pressure of the solution, which 
might be visualized as follows. A semipennenble membrane 
is placed over the end of II tube uud a small amount of salt. 
solution placed over thf:! membrane in the tube. The tube 
\,hen is immersed in a trough of J)lll'e wat.P.J' so that t,lie upper 
level of the salt sohitiou init.iully is at. the same lc,vel as the 
wa\.er inf.he I.rough. Wit.h time, solvent. mnlcculcs will move 
from solvcni. into the tube. The height. of t.hc solution will 
rise until 1:Jrn hydroslalic pressure exerted by the column of 
solution i~ cqnol 1.n the osmotic presi;ure. 

Osmotic Pressure of Nonclcctrolytes-Prom qunntita­
tive studies with solutions of varying concentration of a 
solute that docs not ionize, i\. hos been demonstrated that 
osmotic pressure is proportional /.o the concentration of the 
.~olute; ie, twice the c:oncentra tion of II givan nonelectrnlvte 
will produce twice the osmotic pressure in a given solvc11t .. 
(This is not strictly true in solut.ions of fnirly high $Olute 
concentration, bui does hold quite well for dilute solutions.) 

l~urthcnnore, the osmotic prcssur<ls of solutions of differ· 
ent. nonelec:Lrolytcs are proport.iona.l to the number of mole­
cules in each solution. St,ated in onoihcr manner, the os­
motic pressures of two nonelectrolyic solutions of Urn sumo 
molal concentmtion are identical. Thus, a solution contain­
ing 34.2 1; of sucrose (mol wt 342) in l 000 g of wntcr hns the 
same osmotic pressm·e as a solution containing 18.0 g of 
anhydrou~ dextrnse (mo) wt 180) i ll 1000 g of water. These 
solutfons are suid to be isoosmotic wit.h each other because 
they hove identical osmot.ic pressures. 

A study of the rcfiults of c)l;motic-presi;ure mP.ttsurements 
on different: substances Jed the Dutch chemist ,Jacobus Hen• 
!'icus van't Hoff, in 1885, to suggest. that the solute in u 
solution may be considered as being analogous to I.he mole• 
cule/; of a gas and the osmotic pressure as being produced by 
the bomhordment of tJie semipermeable membrane, by the 
molecules of solute. According to van't Hoff's theory the 
osmotic 1>ressure of a solution is <,qunl to Lhe pressure which 
the dissolved substonce would exert in the gllseous state if it 
occupied a volume equal to the volume of the solution. 
From this it follows that,, just m; in the case of. a gos, there is a 
pt·oportionnlity bet.ween pressurn and conc:cntration of dis­
solved substance. This proportionnlity is illustrated well by 
the values of the osmotic pressure of solutions of sucro.'le at 
0° as determined by the Earl of Berkeley and EG,J H arUey 
and shown in Table VI. 

In column PV of'l'able VI a quantitative cot1finnat.ion, at 
Joust for fairly dilute solutioru;, ofv1m't Hoff's oversimplified 

Table VJ-Osmotic Pressu,e of Sucrose Solutions 

Vol In L 
In Which 1 O Prcssu,o 

Molo Is in Atmos 
Cone. (g/L}, C Dissolved, v·• p PIC PV 

10.00 :i~.2 0.6f, 0.065 22.2 
20.(1() 17.1 1.27 0.064 21.7 
4(>.00 'l.60 2.91 0.065 22.1 
9375 3.65 6.23 0.067 22.7 

"'l'hcso fi i~urrs wcr<.~obt,1i11cd by cukttlat.iug the volunui ofsolul.i<.lJ, in whic.·h 
3:1?. (mol wt,) r. •>f ,mc:rc».~ would ho cH~im)\ICd. 

though usel\ll generalization is shown by the constancy of 
t.he volucs of the product P V. Hecall t.hal Lhe product of tJie 
pressul'c and tht> volume of 11 gus, at consU111L temporature, is 
likewiiie constant. (Boyle's law). 

Van't.Hoffalsodeduccd Uiat the osmotic pressure must.he 
proport.ional t.o t:he n hsolute 1.cmperature, just as in Charles' 
law fo r r,uses, which deduct.ion w.is confirmed by the experi­
ments of several workers. From this i(. follows that the 
equation PV "' nR.'I' is valid fo1· dilute solutions of nonelec­
trolytcs just as a similar equation is valid for gases. Howev­
er, even as Boyle's law does not. apply to gases under high 
pressures ond nt low temperat.urcs, so van't. Hoff's equation 
for osmotic pressure docs not, a1>ply in concenLra.ted solu• 
lions. 

Osmotic Pressure of Elcctrolytcs ... -Ill discussing Uic 
genernlii.ntions concerning the osmotic pressure of solutions 
of nonclcctrolytes it. was stoled thal t.hc osmot.ic pressures of 
t.wo solutiom; of t he same molal concenl,ratio11 a re idr.ntical. 
This genei·ali7.ation, however, cannot: be made for solutions 
c►f elecli-olytes, ie, acids, alkalies and salts (see Chapter 17). 

For example, sodium chloride is assunrnd t.o io1)ize as 

NaCl .... Na 1 + CJ·· 

II: ii; evidcmL that each molecule of sodium chloride thot, 
ionizes produces two inns and, if sodium chle>ride is com• 
pllltely ionized, thern will be t,wice ai; many particles as 
would be tl\e case if it were not ionized at all. Furthermore, 
if 11ach ion has the same effect on osmotic preiisure as 11 

molcc11le, it might be expected that lho osmotic pressure of 
t.he solution would be twice that: of a solution containing the 
6ame molal ccmce11t,r0Lion of nonioni11ing substance. 

for solutions which yield mm·e Chun t.wo ions as, for exam-
ple . 

l{2S04 .... 2l{i + SOl" 

it is to be expected t ha t the complete dissociation of ihc 
moleculei; would give rise to osmotic pressurC?s t:hal are three 
and four times, 1·espectively, thE! 1>rei;sure of solutions con­
taining on equivalent quantity of a noniouized solute. Ac­
cordingly, the equal.ion PV = 11RT, which may be employed 
to cokulote the osmoLie pressme of a dilute 9,olution of a 
nonelectrnlyt.e, also may be applied to dilute solutions of 
electrolytes if it is cbo.nr,cd to PV = inR'l', whore the value of 
i npprooches the number of io11s prnduced by the ionization 
of the !;l:roug electrolytes cit.ed in t.he 1>rcceding examples. 
!?01· weak electrolytes i represents the total number of parti­
clca, ions and molc:culei; together, in t:he solution, divided by 
l,he number of molecules thaL would be present if the solute 
did not. ionize. Tbe experimental evidence indicates Lhut in 
dilute solutions, a t least, the osmotic pressures approach the 
predicted values. lt should be emphasized, however, that. in 
more concentrnted solutions of electrolytes t:he deviations 
from this simple theory are considerable, due t.o intcrionic 
at:trnction, salvation nnd other factors. 

Biologicnl Aspects of Osmotic Pros1;u1·e-Osmotic­
prcssurc experiments were made as early as 1884 by t.l1e 
Dutch hotnnist Hugo ·de Vries in his stody of plasmolysis, 
which term is applied to the contract.ion of the contents of 
plant cells placed in solutions of compnrntively high osmotic 
pressure. The phenomenon is caused by the osmosis of 
water out of the cell t.hrough t:he pract.ically semi1>crmcable 
membrane sunounding the protoplasm. If suitable cells 
(Clg, the epidC\rmnl cells of the leaf of 'I'radescxmta discolor) 
are placed in a solution of higher osmoiic pressure than that 
of U1e cell c\mtent.s, water flows out of the cell, cllusing the 
conl:ents to draw awuy from the cell wall. On Lhe other 
hand, if the cells are i>laced in solutions of lower osmotic 
pressure, water en\.el'I; the cell, producing an expansion 
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which i8 limited by the rigid cell wall. By immerning cell;; in 
a s<!ries of solutions of varying solute <:oncentration, a solu­
t ion may be found in which plasmolysis is barely detectable 
or Absent. The osmot.ic pressure of such a solution is thell 
t,h(J sninc, or very nMrly the same, as that of t.he cell contcnti;, 
and it. is then said that the solution is i,~otonic wit.h the cell 
1:onte.nt8. Solutions of grcotcr C<)tH:enti·otion than this m·c 
said t.o bo hypertonic and solut ion~ of lower concentration, 
hypolo11ic. 

Red blood ccll8, or eryt.hrocyt.es, hove been studied sirni­
lnrly by iinmeraion into solut.ions of varying concent1·ation of 
diffot·entsolutei;. Wh,m intl'oduced int o wnter m· into sodi­
um chloride solutions containing le::;.~ than 0.90 g of solute 
per 100 mL, human erylhrocytm; i;well, and often buri;(,, 
because of the diffusion of water in to the cell an<l the fa<:t 
thAt the cell wall is not sufficiently strong io resi~t the pres­
sure. This phenomenon iR referred to os h em.olysis. If t.he 
cells are placed in solu t;ions contuining more than 0.90 g of 
sodium chloride per 100 mL, t.hey lose wot.er and shrink. By 
immersing the cells in n solution co111~1ining exactly 0.90 g of 
sodium chloride in 100 mL, no ch1rnge in the si:.r,e of the cells 
is observed; since in this solut.ion \.lie cells maintain their 
"tone," the solution is sa id I.(> be isulonfr with human erylh• 
rocyt.es. Fo1· the reasons indicated ii is desirahle that solu­
tions to be injected into the blvod should be made isotonic 
with erythrocytes. T he manner in which this may he dcme is 
described in Chapter 79. 

Distinction bet.ween lsoosmotic and I sotonic---The 
terms isoosmoiic nnd isotonic ore not to be corn,idered as 
equivalent, although a solution often may be described as 
being both isoosmotic and isotonic. If n plant or animal cell 
is in contnct with a solution t;hnt has the same osmotic 
presliure us the cell contents, thcl'o will be no net gain or lo,<;s 
of water by either solution provid<td the cell membrane ii; 
impermeable to all the 8nlute11 prescnL Since the volume of 
the cell contents remaius unchanged, the "tone", or normal 
st.ale, of the cell is maintained, nnd the solution in cout11cL 
with t he cell may bt! dt!scribcd not only as being ii;oosmolic 
with the solution in t he cell, but also as being isot:<>11ic with it. 
If, however, one or more of the solutes in contact with the 
membraue can poss t,hrough t he lotter, it is evident that, the 
volume of the cell contentll will chonge, thus altering the 
"tone" of the cell; in this case the two solutions may he 
isoosmotic, yet not br. isotonic. ' 

lt is possible t.ha t some substnnc('.s used in on injection 
dosage form can cause hemolysis of red blood cells, even 
when their concent.ra tions aro such iis LO produce solutions 
t heoretico.lly isoosmotic with ihe cells, because the ~olutes 
diffuse through the membrane of the ce lls. For example, a 
1.8% solution of urea hos the i;nme osmotic pressme o.s a 0.9% 
soluUon of sodium ch101·ide, but. the former solut.ion pro­
duces hcmolysis of red blood cells; obviously the urea solu­
tion is not. isotonic with the cell:;. To determine if a solution 
is isotonic wiih erythrocytes, it is 11ecll8s11ry to determine !,he 
concentrntion of solute nt which the cells retain tlwir norms! 
size an<l shape. A simple method for doing this was devised 
by Setnikar and Temelcou,'I who determined the concentra­
tion of a solution at which rCld blood cells maintained a 
volume equal to that. oc:cupied in an isotonic solution of 
sodium chloride. 'I'he red cell volumes were detel'mined by 
cent.rifuging suspensions of them in different solutions, u~­
ing o hcmatocrit tube. 

Vapor-Pressure Lowering 

When n nonvolatile solute is dissolved in a liq\1id solvent. 
the vapor pressure of t he solvent is lowered. T his easily cnn 
be described qualitatively by visualiiiug s<>lvent moleculei; 
on tbe surface of the solvent, which ncmnally could <'6t:apc 
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int~> t.he vapor, h11ing roplaccd by solute mnleculm, which 
have little if niiy vapor prns.~ure of t:hci r own. For ideal 
solution$ of nonelect:rolytes the vapor fH'essure of tha solu­
tion follows Rnoult's law 

(21) 

whe1•e f'A is the v(lpor pressurn of the solution, JJA O is the 
vapor pressure of the pure solvent and XA is the mole frac­
tion of solvent. This 1·elationship st11 tHs that the vapor pres­
surn <>f the solution is proportional t.o the number of mole­
cules of solvent in t.he solution. Rearranging Eq 21 gives 

po-p -~-Ji':'_ .. 0. = (1 - X ,\) = XO (22) 

where X Bis t he mole fra<:tio11 of the solutl~. This ec1uation 
states that the lowering of vapor pressul'e in the solution 
relAtive to Lhe vapor pressure of the purr. !!olvcnt, .. -·<:nllcd 
simply the relative uapor-pre.~sure loweri,ig--is equal ~o the 
mole fract:ion of the solute. The al,solu.1.e lowering of vapor 
pressure <>f t he solut ion is defined by 

(23) 

~ x11mplo- Calc11la~c t.!w Jowurin11 ol' Vlll)<>I' Jll't,SSllr<.' und lli~ v 11por 
prnissur« at. 20•, of a solution 1:<mu1ini11i: /iO g of nnhydr·1J1is dutrn511 (mol 
w~ 1110.16) in 1000g ofwaler{rnol wt Hl.02). The vupor prcssurn of w~l«r 
at 20°, in absence of uir, is I 7 .r,:i:; mm. 

l<'irst, cnlc11lnlc the lowcrini; c)f v11por pressure, using R11 2:i, in whkh 
Xu i~ the mole fraction of dexlrnse, defined by 

llu 
XII - -----------

n11 + 11 ,1 

where"" is the m11nhcr of mole~ of solvcntaml 1111 is t h~ mm1h1,1· of mol<'l< 
of50Ju lc. $11b,til.01fo~ mmicrknl salu<ls 

50 
llo = ·---- " 0.278 

180.2 

1111 = .. t9.9.~ ~ 55.fi 
18.02 

X 
11 

; __ ,_(!:~t_, "' 0.00498 
f>f>.(i + 0.2'/8 

1.lrn lowcrinr, of vnpor p ressure is 

P,., • - I',.,= 0.004!18 X l7.535 

~o.o87amm 

Th~ \'Opor 11rcssure of the solu tioll i$ 

I'/,. C 17,f,3/i - Q,()87a 

~ 17.148mm 

Boiling~Polnt Elevation 

ln conseqllence of t he fact. that the vapor pressure of uny 
solution of a nonvolatile solute is less than that oft.he sol­
vent , the boiling J>oint of the solution- the t emperature ill 
which the vapor pressure is equal to the applied pressure 
(commonly 760 mm)--... mu11!. he higher than t.hnt of Ute sol­
vent. 'l'his is clearly evident: in Fig 16-10. 

'fhe rclat.ionship between the elevation of boiling point 
ond the concen~ra tion of nonvolatile, nonelectrolyt.e solute 
may be derived fl'(Hll t.hc Clm1sius- Clapeyron equ.at.ion (sec 
Chapt.er 15), which is 

dP - p. MIVhV 
·d1' - wr2-- (2-1) 

Repludng the differnntial expression dP/dT by 6.P/6.'1'1,, 
where 6.P is the lowering of vapor pressure and 6.'l'1i is t.he 
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Fig 16-10. Vapor-pressure-temperature diagram for water and an 
aquoous solution, Illustrating olevotlon of boiling point and loworing of 
freezing point of the latler. 

clcvution of boiling point, and intrnducing PAO
, the vapor 

prc:;sure of the solvent at: it<i boiling point '1'0, r,isuhs in 

_ti.P = P<_:_t.H,." 
ll'li, WI'/ 

Since the lowering of vapor pressurn in an idaal solution is 

(26) 

suhstitution of this equat.ion into gq 25, with rearrangement 
to provide n solution for ti.'I',., gives 

,, R'I'/ 
ti.1 1, = ---- X 11 (27) 

tlHVllll 

This equntion may be used to calculate the elev111,ion of t.he 
boiling point if the conc<mtration of solute is expressed as 
the mole fraction. A more common expl'ession, however, is 
in terms of the molality m (the number of gram-moles of 
solute pClr 1000 g oholvent), which rclutionship is derived 11s 

11H m m Xu= --·- ---""--- -.; ·------·-·-·· (28) n,. + nil 1000/MA + m. 1000/MA 

In these equ11tinns M,. is the molecular weight, of the solvcmt .. 
Wlmn ihc s<>lutions arn dilute, so tJ1at m is small, it mny be 
neglected in the denominnt.or (but not i.n the mwHmitor!) to 
give the apprnximate equivalent in lsq 28. Substitutinl{ this 
equivalent, into Eq 27 gives 

RT 2M m 
D.1'1 = _ O _ _jl_ (29) 

' 10006T:l,.,,,, 

Grouping the constants int<, a single term results in 

where 

g., = RT02M,. (31) 
lO00M/ VIII) 

and is called t he molal boiling•point. elev11tion constant. 
'!'he value of this constnni for Wlltt,r, which boils at 373.1 ° 

K, has A heot of vaporiimtiou of 539.7 cal/g and a molecular 
weight of 18.02, is 

I( "" 1.987 X 873,l?. ~)'-~:Q~ = O 5130 (:iZ) 
h 1000 X 18.02 X 539,7 • 

Notwithstllnding that Kb is coiled 11 molal boiling-point, 
elevatfon coust.oni, it should not be interpreted as the 111:tual 
l'ise of boiling point for II l -mol11l solution. Such solutions 
arc generally too concentrated to exhibit the ideal behnvior 

assU1ned in deriving ihc equnUon for ealculuiing the theoret­
ical value of the constant. In dilute solutions, howev<:>r, t he 
uctmd boiling-point elevaiion, cakulaled to a I -molal l>a.~i.s, 
approaches lhc 1.heoret ical value, the closer Lhe more dilute 
!'.he solution. 

'l'he elevation of boiling point of a dilulc solution of a 
nonelcctrolyt:e solutc may be used to calculat.e the mo! wt of 
the lat.I.er. In a solution cont.iining IIJB g of solute of MB in 
w,, g of solvent the mol11lity m is 

1000 Wu 
m - -· ----- (:!3) 

w,.M11 

substituting this into J~q :10 and renrranging gives 

Ki,l.000 W[l 
M = -'----=- (34) 

n wAt.Ti, 

Freezing-Point Depression 

The freezing point of n solvent is defined as the tcmpera­
tme at which t he solid and liquid forms of the solvent coexist 
in equilibl'iurn at a fixed external pressure, cominonly l a\:m 
(760 mm of mercury). At I.his t.empernture t.he solid and 
liquid forms of t.he solvent must have the some vapor pres­
sure, for ifthfa were notso, the form having the higher vapor 
pressure would change int:o ihui having ihe lowel' vapor 
))l'C.~S\ll'C. 

The frce:dng point. of II solution is the t.emperat.ure ul. 
which the solid form of the pure i;olvcnt coeidsts in eq\tilibri­
um with the solution at a f'ix.ed ext.emu! 1>ressure, again 
commonly 1 ntm. Since the vapor pressure of a solution is 
lowcir than t:hot of its solvent, it is obvious that solid solvent 
and solution cannot coexist ot Lhe same temperature os solid 
i;olvent and liquid solvent; only at some lower temperature, 
where solid solvent and solution do have the same va1>or 
pre.~sure, is equilihl'ium established. A schematic pres­
surc .. ,temperaturc diagram for woter and an aqueou~ solu­
tion, not drnwn t o scale and exuggemtad for Lhe purpo:;c of 
more effective illustrAtion. shows tlrn equilibrium conditions 
involved in both freezing-point. depression nnd boiling-point 
elevation (Ji'ig 16-10). 

The freei,ing-point. lowering of II i;olution mny be quant.it a­
tively predicted for ideal solutions, or dilute solut.ions which 
obey Raoult'~ law, by mathematical operations simila t· to 
(though somewhat more complex than) those used in deriv­
ing the boiling-point elevuUon constant. The equation for 
the !'reining point lowel'ing, ti. 7'r, is 

RT/lvf,.m 
!:J.'l', = _ _:___cc_. = l(1m (35) 

' 10001:i.Hru, 

where 

R1' 2M 
Kr= o A 

1000.M:lr.,. 
(36) 

T he value of Kr for water, which freezes at 273. 1 °1( nnd has a 
heol. of fu$ion of 79.7 cal/g, is 

}( ,= 1.987 X 273.1?. X 18.02 = l.B6 a 
1 1000 X 18.02 X 79.7 

(37) 

The mol11l freczing-1,oint depreHBion constant is not in­
tended to represent the freezing-point depression for o 1-
molul solution, which is l~>o concentrated for the premise of 
ideal behavior Lo be npplicnble. In dilute solutions Ww 
frec:-.ing-point depression, calculated ton 1-molnl basis, ap­
proaches the theoretical value, t.h1111gree1mm1. between ex­
periment and theory being I.he hotter t.he more dilute the 
soll1tion. 
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The freezing 1>oilll, of II cli l11t.e solution of a nonel<wl.rnlyt.e 
solute may he used , 11s was the boiling poin t , 1.0 cakulal.e I.he 
molecular weight of I.he solute. The appiic:ahle equation is 

I< rlOOO w11 M il"'··-·-·-·-- (38) w.~a:r,. 
The molecular weight of organic substances soluble in 

molten camphor moy be determined by observing t:he frec:t• 
ing point of a mixture of the substance ,v'ith (:amphor. This 
,p rocedure, called the Rast. method, uses camphor lwr.011!\(l it 
has a very la1:1~e molal free:,;ing-point-depres.sit)11 COl)(;tant., 
oboui 40°. Since the ''coust.nnt" mav vnrv with different. 
lots of camphor 1111d with varinLions <il:echiiique, the meth­
od should be standarcli1.ed using II solut:e of known molecular 
weight. 

Freezing-point detcnninntions of molecular weights have 
t.he 11dv1111roge over boiling-point detcl'miitntions of IP'Micr 
nr.curncy and precision by v irtue of the large r nmgnitudc of 
the frnezing-1,oint dcprc;ssion (:ompmccl t o boi ling-point. ele· 
vation. Thus, in t:lw case of wnter the molnl fnwzing-poini 
depression is approximat.ely 3.5 times r,ront,cr than the molnl 
boiling-point elevation. 

Relallonshlp between Osmotic Pressure and 
Vapor~Pressure Depression 

The lowcrinJl of vnpor pressut'e nnd 1.l1e development of 
osmotlc pl'essure in a solution ai·e both manifcstot.ions of the 
basic condition that. the free energy o f solvent molecules in 
the pure solvent. is great:er than the free energy of solvent 
moleculE>s in t he solution. Consequently, ~olveni molc,cnles 
will transfer sponta11eo11sly, if given nn opp0t'tunity, from 
solvent to solution unti l equilibrium con<litiolls are estab­
lished. The trani;fcr can t.f1ke plate cit.hcl' l11rough a mem· 
bnuw permeable only to solvent. molr.culcs or, if such contact 
between sol,..cnt nnd solution is noL avuilable, by distillat.ion 
of solvent from pure solvent. to 8olut.ion, if access through a 
vapor phase is provided. 

If an expc,riment. is performed with two sets of \tassels 
containing solutio11 and solven1,, as illust:1·<1tcd in l~ig 16-11, 
differing only in that the long t.ube of one set has a scmipr.r• 
menble membrnne at.tnclrnd to its lower end, while i n the 

,_ .. Liquid R i$OS 

to Somo Levol ----... 

MQmbron~ 
Pcrmooblo to 

Only Wot er Vopor 

,..- -+-+- Somipormeoblo 
Mombrono 

..,.. __ LI. _ _ Solv Of\t-- .--l-eJ----

A 8 
Fig 16· 1 'I. Transfer ol solvent to equal volumes· of sol\1tion. A: 
Osrnotleally, through a semipermeable membrane separallng solu• 
tion and solvent. 13: By disUllatio11, through a mctmbrane separating 
solution and solvent vapor. 

--~-··-----
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other a hypoU1etic11I membrane separates the vapol' pha~es, 
in Lime thi: ~ame hydl'olltatic pressure should develop in hoth 
c11sei.. J?or a dllfin it.e volume, eg, 11 mole, of solvent I.rans• 
fol'red to the aolution by distillat:ion tlw chonge of free ener· 
gy, t,.G, in the proc:e811 is 

p 
Ml "' R'l' In P) (;~9) 

where P" is the vapor !l)·essure of t he 90JuLion and J\ 0 is U1e 
vapor pressure of the solvent. 

l?or the transfer of t he same volume of solvent by osrnosi~ 
t.he free-enel'!(Y change is 

ll.G"" -V,,,r (40) 

where ·v A is t he partial molal volume of solvent (I.he volume 
of 1 mole of Milveni in t he solution) and r. ig the osmotic 
1>ressu1·c of the solution, Since t.he free•energy chonge is the 
sam<i in both 1>roccsijes 

I > PA 
- VA,r "' R1 In --··­p 0 

A 

r11arru11ging the! equation yields 

(41) 

R'/' p"o 
1r=-- ln - (~2) 

VA PA 
With this equation the osmotk pressure of o solution may 

be r.alculated if its vapor pressure and the pai-tial mol11l 
v(llume of the solvent. 11rc known, not only when the solution 
is snffir.icnUy dilute thnt Haoult's law i$ obeyed hnt also 
when the concentration is so high as to introduce subst.,ni-.ial 
deviation from the law. 

Frnm Rei <1 2, which has some resemblance to wm't Hofrs 
empirical Clquotion "V = nRTfor dilute solutions, thr latter 
Clquntion may be derived as follows. lf a solution is suffi­
ciently dilute to corl'espond to H.11oult.'s law, then 

P.~"' X"P"'0 = (l - Xn>P,,,0 (,tJ) 

and Lhen Eq 42 mny be written 

,,. = - BT In (1 •- X 11) (44) 
VA 

When Xn i:; small (us in o dilu~c solution), the term -In (l -
Xn) can be shown Lo he ap1H·oximat.ely et)tinl l,o Xu, so that 

RT ,,. = ::::- X0 (4/i) 
vi\ 

In di lute solutions t.hc upproximation1, Xu "' nnln11 (where 
nil nncl n/\ nre the moles of solute 0ncl solvent, r c,i;pectively) 
nnd V.~ = Vin.A (where Vis t.he volume of solut.ion) mny be 
int.roducnd, yielding 

,r V = n11RT 

which is vnn 't Huff's equation. 

Ideal Behavior and Deviations 

(46} 

In setting out t.o del'ive mathemat.ical expressions forcolli­
gative properties, such phrnses as "for ideal solutions" or 
"for dilute i:olutions" were Uijed to indicnt.e the limitations of 
Uie expressions. Samunl Glasst.one defines 1111 idcnl solution 
ns "one which obeys Raoult'~ law O\ler the whole range of 
conr.ent ration nnd nt all tempert1tures" and gives as specific 
charoctcristics of sur.h !>Olutions their formation only from 
const,itucnt.:; which mix in the liquid state without heat 
change nnd without volume, changll. T he.se chnra<:terisLic/\ 
reflect the fad t.httt, addition of n solute to a solvent. 111·odm!e:-. 
no change in the fo!'ces bet.ween molecules of the solvent. 
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Thus, I.he molecules have the same escaping-te11dc11l(:y in the 
i.olution as in Urn. pUl'e solvent and the vapor m·essure ubove 
tbe solul:ion is proportiona l to the ratio of t.he numbe1· of 
solvent moleculci; in the surface of the solution t:o the num­
ber of the mol~cules in the surface of the solvent,-- which is 
the basis for Hnoult's law, 

Any cbango in intermolecular for(:cs produced by mixing 
ilm componentH of a imlut,ion may re:;ult in deviation from 
idealit.y; such a deviation may be expected pa1·ticulnrly in 
solutions containing both u polar and a nonp<>lar suhst:an,:e. 
Solutions of olectrolyt.es, except at. high dilttt ion, are e!;J)(t· 
dally prone to depart from ideul behavior, even though nl­
lowimce is mnde for I.he additional particles that result fr<>m 
ionization, When solute and solvent combine t,o form 601· 

vates, tbe escaping-tendency of the solvent may he !'educed 
in consequence of the reduction in the number of free mole­
cules of solvent.; t.hus, a negative deviat.ion from Raoult's law 
is introduced. 011 the other hand, the escaping-tendr.n<:y of 
the solvent, in 11 11olution of nonvola tile solut e, may be in­
creased because the cohesive forces betwcien molecules of 
solvent are reduced by the solute; this results in a positive 
deviation from Hnoult 's law. Chapter 17 considers d1,vi­
ations from idcality in more detail. 

While few solutions exh ibit ideal behavior over a wiclll 
range of concentration, most solutions behave ideally at 
least in high di lution, where deviations from Haoult's law are 
n egligible. 

Comparison of Colligative Properties-- -Jn view of the 
established intcrrc;lat ionships of the colligative properties of 
ideal solution$ or wiry cliluUi real solutions, ii is possihle t.o 
predict, by calculation, the magnitude of all these properties 
of such solutions if the concentration of the nonelectrolyt.c 
solute is given. Also, ii' the magnit.ude of one of the pro,;er­
ties, eg, the freer.ing point., is known for o solution of unsped ­
fied concentration, it is possible to cnlculaie the vapor pres­
sure, boiling point aml osmotic pre~sure, provided the soh1-
tion is ideal or sufficiently dilute to show negligihle d1wfotion 
from ideality, 'l'o what upper limit of concen1,1·nl.ion n non­
ideal solution remains "sufficiently dilu t.e" t.o show ideal 
behavior is difficult to specify. The answer depends at. lenst. 
in part on the degree of ai,:reemcnt ex pectcd between ex 1>eri­
men tal and ihec,retical va lues, Certainly, u l-molal concen­
tration is much too co111.:entrnted for a nouideal solution to 
sbow conformance with ideal behavior and even in 0.1-molal 
concentration, deviations 01·e significant au<l for some pur­
poses may be excessive, 

In dealing with colligot.ivo properties of solutions which do 
not behave ideally, cnution should be exercised in att.em1>t• 
ing t o predict the lnllgnitucla e►f other colligative properties 
from one that has been determined experimentally, Earlier , 
an equation was derived for ealc:ulating t be vapor pressure of 
a solution from its osmotic pressure, or vice ue1·sa , this equa­
tion being valid even with solutions showing substantial 
depat'tures from ideal behavior. The equaiiou is limited, 
however, to a comparison of Lhese colligative prope1ties at 
t:hc same temperature. T he degree of deviation from ideal 
behavior for one colligative p roper ty will be exactly the same 
for another only when the temperature i8 the sume for both. 
It. does not follow that: the degl'ee of deviation of the colliga­
t ive properties of a t{iven nonideal solution will be Uie same 
for 1:111 the prnpert ies since a l least two of these (freer.in1:: 
point and boiling point.) must be determined nt q uite differ­
ent temperatures, While in dilute solutions the intermolec­
ular (and/or interiouic) forces 1111d interactions may change 
lit,tle ovet' the tcmp1,rature iHt.erval between freezing and 
boiling, in concentrated solut.ions I.be change ma_y be 
mur kcd, In the absence of adequate knowledge nbout the 
forces and interactions involved, only by exp(;rhneut. can one 
establish the magnitude of the colligative pr.operties of other 
than very dilute noni<k,al ,;olutions. It is impor!~mt. t.o kt1cp 

t his in mind in estimating the osmolfo pressure of a nonideal 
solution at body temperature from a freezing point deter• 
mined some a1° lower. While in many cases-possibly the 
majority of them- such an estimate is warranted by virtue 
of essential constancy of the various force11 nncl in teractions 
over a wide rnngc of t.cmperM,ore, t bis is not always the case 
and the estimate may be significan tly inaccurate. 

Colligativc Pro1wl'tfos of Electrolyte Solutions !See 
Chapter 17]--ga,Jier in this chapter attention was directed 
to the increased oi11notk pressure observed in solutions of 
electrolytes, the enhnnced effect being 111:t.rihut.cd to the 
presence of ions, eacb of which acts, in general, in the some 
way 11s a molecul<1 in d<weloping osmot.ic pre:;sure. Similar 
magnification of vapor-1>ressure lowering, boiling-point ele­
vation and free1.ing-J)oint depression occurs in solution~ of 
electrolytes, 1'hus, at ll given constant temperature the 
abnormal effect of an electrolyte 0 11 osmot k pi-essure is par­
alleled by abnormal lowering of vapor pressure; the other 
col\igative propmtie:i are, subject to val'iat.ion of effect wi th 
temperature, comp1:1rably int.ensified. In general the magni­
tude of each colligative 1>roperty is proportional to the total 
number of particles (molecu les and/or ions) in solution. 

Wbile in ocry dilute solutions the osmotic pressur<~, vapor­
pressure lowering, boiling-point. increase and freei,ing-point 
depression of solut.ions of elect-rolyies would approach val­
ues 2, 3, 4, etc times greater for NaCl, NaiSO.i and Na~PO4 

than in solutions of the same molality of II nonelect rnlyte, 
t wo other effects arn observed as the concentrntion ,,f elec­
t1·olyte is increnserl. The first effect, resul ts in less than 2·, :~­
or 4 -fold intensificatie►n of a colligative properi.v. T his re­
duction is ascribed to interiouic ottl'action between U1e posi­
t ively an<l nega tively charged ions, in consequence of which 
the ions ar" not completely dissociated from each other and 
do not. exel't their fu ll effe1:t in lowering vopor pressure, etc, 
This deviation generally increoses with in<:reosing conccrn­
tration of electrolyte. The second effect intensifies tha col­
ligative properties and is attributed to t he 11ttroction of ions 
for solvent molecules, which holds t,he solvent in solution 
nnd reduces it;.,; esC1:1ping-tendency, with consequent en­
hancement of the vapor-pressure lowering, Solvation also 
may reduce interionic at.tract.ion aud thereby fort.her lower 
the vapor pressure. These factors (and possibly others) 
combine to effect o progressive reduction in the molal values 
of colligat ive properties as the concentration of electrolyte is 
inrrcnsed to 0.5 to 1 mol1:1l, beyond which the molal Qllant.i­
ties either increase, sometimes quite ahruptly, or remain 
almost constant 

Activity and Activity Coefficient 

Various mathematical expres.~ ions are employed !.o relat:e 
properties of chemicul systems (equilib1·ium constants, colli­
gative properties, pH, etc} to the stoichiometric concentra­
tion of one 01· more moleculol', atomic or ionic 1:1p<1des. In 
deriving sucb expressions it either is stated or implied that 
they are valid only so lonff as intermolecular, intcratomic 
and/or interiunic forces may be ignored or remain constnnt., 
under wbich restl'iction the syst.em may be expected to be­
have ideally, But int ermolecular, interatomic nnd/or inte r­
ionic forces do exisi, and not only do they chrrnga ns a result 
of ch1Jmicul reaction but also with variation in the concentra­
tion or pressure of the molecules, atoms or ions under obsm·­
vetion. In consequence, mathematical expressinns involv• 
ing stoichiomcLric concentrations or pressures gcllerally 
have limi ted opplicability. The convcntionQl coucentrat iou 
terms, wbile providing a count of molecules, atoms m· ions 
per unit volume, afford no indication of tho physical or 
chemical activity of the 6pecicR measured, and it is t.his 
activity which det ermines the physical and chemic.al proper­
t ies of the system. 

FRESENIUS EXHIBIT 1013 
Page 35 of 408 



In recognition of this, GN Lewis introduced both the 
quantitative concept and methods for evaluation of activity 
os o true measure of i,he physical or chemical nctiviiy of 
molecular, nt,omic or ionic species, whether in the state of 
gas, liquid or solid, or whether present. as a single ~pecie6 or 
in a mixture. Activity may be considered loosely us a cor• 
rected concentration or pressure which takes into account 
noi only the stoichiometric concentration or pressure but 
also any intermolecular attractions, repulsions or interac­
tions hetween solut:e and solvent in solution, association and 
ionii,ation. Thus, activity meosul'es the net effectiveness of 
a chemical species. Because only re lative values of activity 
mny be determined, o st.an.dard state must be chosen for 
quantitative comparisons to be made. Indeed, because ac­
tivity measuremenu are needed for many different types of 
systems, several standard states must he selected. Since 
this discussion is concemed mninly with solutions, the stan­
dard state for the solvent is pure solvent, while for t he solute 
it is a hypot.hetical solution with free energy corresponding 
to unit molality under conditions of ideal behavior of the 
solut.ion. The relat.ionship of activity to concentration is 
measured in terms of nn activity coefficient which is dis­
cussed in Chapter 17. 

Practical Applications of Colllgative Properties 

One of the 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 colligative pro1,erties arc found 
in experimental physiology. One such application is in the 
immersion of tissues in sah solutions, which ore isotonic with 
the fluids of the tissue, in order to prevent changes or inju­
ries thai may arise from osmosis. 

The colligative properties of solutions also mo.y be uscid in 
determining the molecular weigh t of sol11tes or, in the case of 
electrolytes, the extent of ionization. The method of deter­
mining molecular weight depends on the fact t.hat each of the 
colligotive propeft.ies is altered by a constant value when a 
definite number of molecules of solute is 11clded to a solvellt 
[See Chapter 17). J.t'or example, in dilute solutions the free~­
ing point of water is lowered at the rate of 1.855° for each 
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gmm-molcculor weight of a nonelect.roiytc dissolved in 1000 
g of water.* 

The constant 1.855" fa commonly called the molal freez­
inJ!-point dcpressicm of wnter. 'l'o find the molecular 
weight of ll nonelcctrolytc, therefore, all thut i~ necessary is 
to determine the freezing point of 11 dilute aqueous Mlutio11 
of known concentration of the nonclectrolytc nud, by pro­
portion, to calculate the quantity that would produce, theo­
retically, a depre.ssion of 1.855° when 1000 g ofwaier is used 
os ihe solvent. If the substance is insoluble in water, it may 
he dissolved in another solvent, in which case however, the 
freezing•point dep~ession of II solution corre~ponding to a 
gram-molecular weight of the solute m 1000 g of solvent will 
be some value o ther than 1.855°. In the case o( benzene, for 
example, t his vnlue is 5.l2°; carbon telrachloride, 2.98"; 
phenol, 7.27° and camphor, about 40° (see Free.zing-Point 
Depl'ession, in this chapter). 

The boiling-point elevation may he used similarly for de­
termining molecular weights. The boiling point of wawr fa 
raised at the rate of0.52° for each gram•moleculnr w<iight of 
solute dissolved in I 000 g of water,~ the corresponding val­
ues for benzene, carbon tetrachloride and phenol hcing 
2.57°, 4.88° and 3.60°, respectively. The observation of 
vapor-pressure lowering and osmotic pressure likewise may 
be used to calculate molecular weights. 

To determine the extent to which an electrolyte is ionh:ed, 
it is necessary to know iis molecular weight , as determined 
by some other method, and then to merumrc one of the four 
colliga.iive properties. 'fhe deviation of t.hc results from 
similar values for nouelectrolytes then is used in calculat-ing 
the exumt of ionization. 
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CHAPTER 17 

Ionic Solutions and Electrolytic Equilibria 

Poul J Nlebergoll, PhD 

Profe~sor of Pho1muc-<-1.1Ucol Sciences ond Dlt$Cto1 
PhcumoteofiC(')I Oevelopm&nt Center 
Medical Unlvcrshy ol South Corollna 
Cho1l&sro1>. K 29425 

Electrolytes 
In the preceding chapter, attention was directed to the 

colligative properties of nonelectl'olyt.es, 01· suhstan,:es 
whose nquaous solutions do not. conduct electricity. Sub­
stances whose aqueous soluti(lllS c<mduct electricity are 
known m; clect.rolytcs, and are typified by inorgonic acids, 
bases and salts. Jn addit.ion to the property of electrical 
conductivity, solutions of clClctrolytes exhibit anomalous 
colligative properties. 

Colligative Properties 

In general, for nonelectrolytes, a given colligative propeity 
of two equimolal solutions will he identical. This genernl­
ization, however, cannot be made for solutions of electro­
lytes. 

Vnn't Hoff pointed out that the osmotic pressure of a 
solution of nn electrolyte is cousidernbly grenter t.liau the 
osmotic pressme of a solution of n noncloctrolyte of the same 
molal concentration. This anomaly remained unexplained 
unti l 1887 when Arrhenius propos<id a hypothesis which 
forms U1e basis for our modern t.heories of electrolyte solu .. 
tions. 

T his theory postulated that when electrolytes are dis­
solved in water they split up into charged particles known as 
ions. Each of these ions carries one or more electrical 
charges, with the total charge on t.he positive ions (cations) 
being equal to the total charge on the negative ions (anions). 
Thus, although a solution may contain charged particles, it 
remains neutral. The increased osmot.ic pressure of such 
!lolutions is due to the increased number of particles formed 
in the process of ionization. For example, sodium chloride is 
assumed to dissociate as 

Nn+cr Hi\ Na++ c1-

lt is evident that each molecule of aodium chloride which is 
dissociated produces two ions and, if dissociation is com­
plet.e, there will he twice as mony particles as would be the 
case if it were not dissociated nt a.IL Furthermore, if each 
ion hos the same effect on osmotic pressure as a molecule, it 
might be expected that the osmotic pres>1ure of the sol~ition 
would be t.wice that of a solution containing the same molal 
concent rotion of a nonionizing solute. 

Osmotir.-pres$\1te dnta indicat e that, in very dilute solu• 
tions of salts which yield two ions, t..he 1>res8ure is very nearly 
double that of solution~ of tiquimolol concentrations of non­
clectrolytes. Similoi· magnification of vapor-pressure low­
ering, hoiling-point elevation nnd freezing-point depression 
occurs in dilute solutions of electrolytes. 

Van't Hoff defined a factor i as the ratio of the colligative 
effect produced hy a conr.entration m of electrolyte, divided 
hy the effect observed for the same concentmtion of noneleo­
trolyte, or 

i - _y_ - t:iP - - A'/\ - t:ir, (1) 
('1l')o (t,P)o (t,Tb)O (t:iTr>o 

in which ir, 6.P, c.Tb and ti.Ti refer to the osmotic pressure, 
vapor-pressure lowering, boiling-point elevation and freez­
ing-point depression, respectively, of the eledrolyte. The 
terms (ir)0, etc refer to the nonelectrolyl.e of the same con­
centration. In general, wi th stroug electrolytes (those as­
sumed to be 100% ionized), the van't Hoff factor is equal to 
the numher of ions produced when the electrolyte goes into 
solution (2 for NaCl and MgSOq, 3 for CnCJ2 and Na2S04, 4 
for l~eCla and Na~P04, ate). 

In uery dilute solutions the osmotic 1,ressurc, vnpor-pres­
sur-e lowering, boiling-point elevation and freezing -point de­
pression of solutions of efoctrolytes approach values 2, 3, 4 or 
more times greater (depending OJl the type of strong electro­
lyte) than in solutions of the same molality of noneleetrolyle, 
thus e-0nfirming the hypothesis that. an iou has the same 
primary effect as a molecule on r.olligative properties. It 
bears repenting, however, that. two other effects are ohserved 
a6 the concentrnlion of electrolvte is increased. 

The first effect.results in less 'than 2-, 3- or 4-fold intensifi­
cation of a colligativc property. This reduct.ion is ascribed 
to interionic attraction between the positively and negative­
ly charged ions, in consequence of which the ions are not 
dissociated completely from ench other and do not exert 
their full effect on vapor pressure and other colligative prop­
ertiea. This deviation generally increases wit.h increasing 
concentration of' electrolyte. 

The second effect int.cnsifics t.he colligative properties and 
is attributed to the nttraclion of ions for solvent molecules 
(called solvation, or, if water is the solvent, hydra tion), 
which holds the solvent in solut.ion and reduces its escaping 
teJ1dency, with a cousequeni enhancement of the vapor­
pressure lowe1·ing. Solvation also reduces interionic attrac­
tion and, thereby, further lowers the vapor pressure. 

Conductivity 

The ahility of metals to conduct an electric current results 
from the mobility of electrons in the metals. This t.ype of 
conductivity is called metallic conductance. On t he other 
hand, varioo11 chemical compounds-nota.hly acids, b11ses 
and salts-- -conduct electricity by viltue of ions present. or 
formed, rather than by electrons. Th.is is called electrolytic 
conductance, and t,he conducting compounds are electro­
lytes. While the Co.ct t hat certain electrolytes conduct elec­
Lricit.y in the molten st.ate is important, their behavior when 
dissolved in n solvent, particularly in water, is of greater 
concern in ph£mnnceutical science. 

The electrical conductivity (or conductance) of a sol\1tion 
of 1111 electrolyte is merely the reciprocal of the resistance of 
the solution. Hence, to mensu1·e conductivity is actually to 
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Flo 17- 1. AlternaUng current Wheatstone bridge tor measuring con­
ductivity. 

measure electrical resistance, commonly with o Wheutstone­
bridge apparatus, and then to calculate the conductivity. 
Fig 17-1 is a representation of the component parts of the 
apparatus. 

The solution to be measured is placed in a glass or quartz 
cell having two inert elect.rodes, commonly made of plati­
num or gold and coated with spongy platinum to absorb 
gases, across which posses an alternating current generated 
by an o9cillator ata frequency of about.1000 Hz. The reason 
for using alternating current iR to reverse the electrolysis 
t,hot occurs during Oow of current and which would cause 
polnrizntion of the electrodes and lead to abno1·mnl 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 couductnnce (low 
resistance) 0l'e mcosured in cells having small electrodes 
relatively for apart, while solutions of low conductance (high 
resistance) are measured in cells with large elect.rodes r>laced 
dose to each other. 

Electrolytic resistance, like metallic resistance, varies di­
rectly with the length of the conducting medium and in• 
versely with it.s cross-sectional area. The known resistance 
required for the circuit is provided by a resistance box con­
tain ing calibrated coils. Balancing of the bridge m11y be 
nchieved by sliding a contact over o wfre of uniform resis• 
tance until no (or minimum} current !lows through the cir• 
cuit, os detected either visually with a cathode-ray oscillo­
scope or audibly with earphones. 

The resistance, in ohms, is calculated by the simple proce­
dui·e used in the Wheatstone-bridge method. The recipro­
cal of the resistance is the conductivity, the units of which 
are reciprocot ohms (also called mhos). As the numerical 
value of the conductivity will vary with the dimeMions of the 

IONIC SOLUTIONS AND ELECTROLYTIC EQUILIBRIA 229 

conductance cell, the value must be cfllculated in term11 of 
specific: conductance, L, which is the conductance in a cell 
having electrodes of I -sq cm cross-sectional area and l cm 
opart. If lhe dimensi(lllS of ihe cell used in the experiment 
were known, it would be pos~ible t.o calculate ihe specific 
conductance, but this information actually is not required, 
bec11use it is possible-and much more conv(mient-to cali­
brale a cell by measuring in it the conductivity of a 11tando1-d 
solution oflmowu specific conductance alld then calculating 
a "cell constant." Since lhis constant is a function only of 
the dimensions <>f the cell, it can be Ufied to convert oil 
measurements in that cell lo specific conductivity. Solu­
tions of known concentration of pure potassium chloride are 
used as standard solutions for this purpo,;e, 

Equivalent Conduetonee- ln studying the variation of 
conductance of electrolytes with dilution it is essential to 
make allowance for the degree o( dilution in order that U1e 
comparison of conductances may be made for identical 
amount.,; of solute. T his may be achieved by expressing 
conductance measurements in terms of'equiualcn.t co11du.c­
ta11ce, /\., which is obtained by multiplying the specific con­
ductance, L, by the volume in millilit.ers, V., of soh1tion 
containing 1 g-cq of solute. Thus 

A ... LV '"' 1000L 
• C 

(2) 

where C is lhe concentration of electrolyte ill the solution in 
g-Eq/L, ie, the normality of the solution. For example, the 
equivolc11t conductance of 0.01 N potussium chloride solu­
tion, which has a specific conductance of 0.001413 mho/cm 
may be calculutcd in either of the foll owing ways 

or 

A= 0.001413 X 100,000 = 141.3 inho cm2/eq 

A = 1000 X 0.001413 = 141.S 
0.01 ' 

S trong and Weak Electrolytes-It is customary to clas­
sify electrolytes broadly as strong electrolytes and weah 
electrolytes. The former category includes solutions of 
st.rong acids, strong hases and most salts; the latter includes 
weak acids nnd bnses, primnrily organic acid,;, amines and a 
few salt.<;. The usual criterion for distinguishing between 
strong nnd wenk electrolytes is the extent. of ioni:taiiou. An 
electrolyte P.xisting entirely or very lnl'gcly ns ions is consid­
ered a stl'Ong electrolyte, while one that is n mixture of 11 
:;ubstnntial proportion of molecular species along with ions 
der ived therefrom is a weak electrolyte. For the pul'poscs of 
this discussion, classification of electrolytes as strong or 
weak will be on the basifi of certain conductance char11cteris­
tics exhibited in aqueous solution. 

'rhe equivalent conductances of n number of electrolytes, 
at differeut concentrations, are given in Table I and for 
certain of these clectrolyt.es ngnin in l~ig 17-2, where I.he 

Table I-Equivalent Conductances at 25° 

9-Eq/L HCI tlAc NaCl KCI Nat Kl ~Ac 

Inf dil 426,1 390.G• 126.5 H9.9 J:26.9 150.3 9l.Q 
0.0005 422.7 67.7 124.5 147.8 j25.-1 89.2 
0.001 421.4 49.2 123.7 146.l) 124.3 88.6 
0.005 415.8 22.9 120.6 H 3.5 121.a H4.1 85.7 
0.01 412.0 16.3 118.5 141.3 l 19.2 M2.2 83.8 
0.02 407.2 11.6 H5.8 138.3 116.7 139.5 81.2 
0.05 399.l 7.4 lll.1 133.4 112.8 185.0 76.9 
0.1 391.3 5.2 106,7 129.0 108.8 131.l 72.8 

• 'l'be c1111ivolent<:<mduclancc ol infinite dil\l!lon for ac~tic odd, n wcnk eleNrolyt•, i$ obtnine\l 
uy ndding the equivnlenl ronduct•ncCfi of hydrochl<1ric acid nnd ~odium nco\111~ nnd s11btrncti11~ 
! h•t of sodium ehlo1·ldo (gc,e toxt for •x1>l0Mlion). 
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Fig 17-2. Variation of equivalent conductance with square root of 
concentration. 

equivfllent conductance ii; plotted against. U1e square rooi of 
concent ration. By plotting the data in th is manner a linear 
relationship is observed for strong electrolytes, while 11 
steeply rising curve is noted for wenk elecLrolyt.es; tbis diffel'· 
euce is a cherectcristic which distinguishes strong and weak 
electrolytes. The interpretation of the steep rise in the 
equivalent c<>nductancc of wenk electrolyLes is tbat the de .. 
gree of ionization increases with dilution, becoming com­
plete at infinit.e dilution . Intc1'ionic intel'ference effects 
generally hnvc n minor rnle in the condt1ct,ivity of wea k 
electrolytes. With strong electrolytes, which u5ually are 
completely ionized, the increase in equivalent couductance 
r esults not from increased ionizotion but rnther from dimin­
ished ionic interference as the solution is diluted, in e,-onse­
qucnce of which ions have greater freedom of mobility, ie, 
increnscd conduct.once. 

The value of the equivalent conductance extrapolated to 
infinite dilution (zero concentration), designated by the 
symbol Ao, has a specinl significance. It represents I.he . 
equivalen t conductance of the completely ionized electro­
l yte when I.he ions are so fflr apart. thllf: there is no interfer­
ence with Lheir migration due t.o in terionic interactions. It 
hos been shown, by Kohlrausch, that t he eqttivalent conduc­
lnnce of 1111 tileclrolyte at infinite d ilution is the sum of I.he 
equivalent cnnductances of it11 C.(1mp()Jrnnt i<>ns at. infinite 
dilutioll, expressed symbolically as 

Table II- Equivalent Ionic Conductivities at Infinite Dllutlon, 
at 25° 

Cations ii) Anions lo 

H+ 3·19.8 ow 198.0 
Li ' • 38.7 CJ·· 76.:1 
No<· 50.1 Br- 78.1 
I<·•· 73.5 T" 76.8 
NH1+ 61.9 Ac" 10.9 

1hCn2•· 59.5 'h,SO/- 79.8 
½Mgi•1 58.0 

A0 = 10(caiion) + /0(nniou) (3) 

T he significance of Kohlrnusch's law is ihal ench ion, 111. 
infinite dilution, has a characteristic vnlue of co11duct.11nc«.> 
that. is independent. of the concluciance of the <>ppositcly 
charged ion with which it is nssocioted. Thus, if tho equiva­
lent conductances of various ions are knowll, the conduc­
t.nnce of nny electrolyte mtty be cnlculnt.ed simply by adding 
the appropriate ionic conducta11ces. Since the fraction ol' 
curren t carried by cations (tra11sfere11ce number of the cat­
ions) and hy nnions (trnnsfe.i-encc number of onions) in nn 
clectrolyt.e mny be determined readily hy c,;pedment, ionic 
conduclancesare known. Table II gives the equivalent ionic 
conctuct.nnceirnt infinite dilution of some cutions and nniClns. 
It is n<>t necessary to have this information in order to calcu­
late the equivalent conduct.once of an electrolyte, for J{ohl­
rnusch's law permits the lat ter to be cnlculnt.ed by adding 
and subt.racting values of Ao for appropriate elect.rolytes. 
For example, t:he value of Ao for acetic acid may be colculnt.­
ed ai:1 

A0(CH3COOH) "' A0(1-1Cl) + A0(CH~COONn) - A0(NaC1) 

which is equivalent to 

10(H+) + l0(CH:,C◊O-) = 1{1(H+) + /0(Ci-) + 10(Na+) + 

lu(CH;1COO-) - lo(Na +) - 10(Cn 
This method is especially useful for calculating A(I for 

weak electrolytes such as acelic acid. As is evident from Fig 
17-2, t he Ao value for nceiic acid connot be det.cl'mined ncc:u­
rntely by extrapolation because of t.he steep rise of conduc­
tance in dilute solutions. Por strong electrolytes, on the 
other hnnd, tlrn cxtrapolnt.ion con be mode very accurately. 
Th\1s, in the example above, the values of Ao for HCI, 
CH3COONa and NaCl are determined easily by exlrnpola­
tion since the !mbstanccs are strong electrolytes. Substitu­
tion of the~e extrapolated values, as given in Table II, yields 
a value of 390.6 for the value of Ao for CH,COOH. 

lonirr.ution of Weak Eleetrolytcs- Wheu Arrhenitis in­
troduced his theory of ioni1.ntion he proposed I.hat the de­
gree of ionizotion, ,v, of an electrolyte is measured by tbe 
ratio 

(4) 

where A is the equivnlcnt concluctunce of the elect.rolyl.e at 
any specified concentration of solution and Ao is the equiva­
lent conductance at infinite dilution. As stl'ong electrolytes 
were not then recognized as being J.00% ionized, 01,d inter• 
ionic interference effect.~ hod not been evaluated, ho be­
lieved the equation to be applicable io bot.Ii strong and weok 
electrolytes. Since it now is known Uiul. Urn OPllarent vnria­
tion of ioniza tion of st rong electrolytes odscs from a change 
in the mobility of ions 11t d ifferent concent rations, rather 
than from vnryi11g ionizut.ion, ihe equation is not npplicable 
to strong electrolytes. Jt does provide, however, a generally 
acx:eptablc approximation of the degree of ionization of wenk 
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electrolytes, for which deviations resulLing from neglect of 
activity coefficients imd of some chonge of ionic mohilities 
with concentration are , for most purposes, negligible. The 
following example illustrates the use of the equ11t.ion to e1tl­
culat(l the degree of ioni:.:ation of a typica l weak electrolyte. 

Exomple-•Calculnt.e the degree of icmiialion of l X 10- 3 N accUc~dd, 
t,he equivnlcnt co11duct1111ce of which is 48.15 mho cm2/Eq. 'fhc equiva• 
lent conductun<:e al infinite d il ution is ano.G mho cm2/Eq. 

48.JS 
a= 390.6 = 0.12 

% ionir.ntion "' 100« = 12% 

'!'he degree of dissociat ion also can he calculated using the 
van't Hoff factor, i , and the following equation 

i - 1 
(Y= - - (5) 

u-1 
where u is t,he number of ions in to which the electrolyte 
dissociates. 

Jtx11111pfo,.- A l.0 X 10··~ N ROIUti0II of ncet.k nci«I hos n VA11 °L Hoff 
factor cquo! io 1.12. Cnkuluto th~ d~grce of dis~ocinlion of the ncid 1tL 

this concent.rntion. 

This result o~rccs with U1ot olJ\ilined usin~ equivnlent. condocumcc oud 
Eq 4. 

Modern Theories 

The Arrhenius theory explains why solutions of electro• 
lytes conduct electricity, why they exhibit enhanced colliga­
t.ive properties and essentially is satisfactory for solutions of 
weak electrolytes. Several deficiencies, however, do exist 
when it is applied to solutions of strong electrolytes. It does 
not explain the failure of strong electrolytes to follow the law 
of mass action as applied t.o ionization; discrepancies exist 
between the degree of ionization calculated from the van't 
Hoff foctor and the conductivity ratio for strong electrolyte 
solutions having concent.rations greater thnn nbout O.o M. 

These deficiencies can be explained hy the following ob­
servations 

J . l11 t.he molt&11 st.ot.e, strong electrolytes nrc excellent. conductors of 
rueclricity. '!'his suggcst.s thot these materials Rrc nlrcndy ionized in the 
crystalline stat.c. Further RupporL for thiR is c ivcn hy X-ro.JI studies of 
crystals, which indicAlC thot the nnits comp rising t.hc bosic lottice atruc• 
iure of strong electrolyte, nre io11s. 

2. Arrhenius ncclcctcd the fact tbol ions in solution , being oppositely 
char1;cd, lend 1-0 nssodale thrc1t1gh electrostntic aU.rnction, Jn 90Jut.ious 
of weak electrolytes, the number of ions is not lnrge and it. is not surpris­
ing I.hot clcctro~tatic nu.rnctions d o not cnusc apprccinble deviations 
from theory. ln dilute solutions, in which st,rong elect.rolytcs 1ml 116· 
sumcd to be 100% ioni1.0d, the number of ions is lnrgc, ,rnd i11terioni<: 
attract.ions become major factors in determining ihe chemical r>ror>ert.ies 
of theso 6()1utions. T hese eff,;cls should, and d o, become more pro• 
nounccd ns Ibo co11cenlrntion of electrolyte or the 1•nlenoo of the ions is 
increased. 

It is not surprising, t herefore, that t he Arrhenius t heory of 
partial ionization involving lhe low of mass action and ne­
glecting ionic charge does not hold for solutions of strong 
electrolytes. Neutral molecules of strong electrolytes, if 
they do exist in solution, must arise from interionic a.ttruc­
tion rather t han from incomplete ioni1,ation. 

Activity and Activity Coefficients- Due to increased 
electrostatic attractions os o solution becomes more conccu­
trat.ed, the concentration of an ion becomes less efficient as n 
measur(l of its net effectiveness. A more efficient measure 
of the physical or chemical effectiven!'.BS of a n ion is known 
as its activity, which is a mellsurc of an ioll's concentrntion 
related to its concentratio11 at a univer.~ally adopted refor-
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ence-stundard state. 'rhc relationship bet.ween the uctivity 
and the concentration of on ion cun he expressed as 

{6) 

where m is the molnl concentration, 'Y is the activity coeffi­
cient and a is the activity. T he activity o.lso can be ex­
pre.ssed in terms of molar concentration, c, os 

a= fc (7) 

where/ is the activity coefficient on a molar scale. In dilut.e 
solutions (below 0.01 M) the two activi ty coefficients a re 
identical, for all practical purposes. 

'fhe activity coefficient may be determined in various 
ways, such as measuring colligative properties, electromo­
live force, solubility, dist ribution coefficients, etc. For a 
strong electrolyte, the mean ionic activity coefficient, 'Y,1:, or 
f *' provides a measure of the deviation of the electrolyte 
from ideal behavinr. The mean ionic activity coefficients on 
a molal basis for several !;trong electrolytes a re given in 
Table II. It is characteristic of the electrolytes that the 
coefficicnt.s at first decrease with increasing concentration, 
pass through a minimum and fiMlly increosB wilh inc:relising 
concentration of electrolvte. 

Ionic Strength-Ionic strength is a measure of the inten­
sity of the electrical field in a solution and may bci expressed 
as 

(8) 

where z1 is the valence of ion i. The mean ionic activity 
coefficient is a function of ionic atrength os are such diverse 
phenomena as solubilities of sparingly soluhle substances, 
rates of ionic react ions, effects of salts 011 pH of buffers, 
electrophoresis of proteinR, etc. 

'I'he greater effectiveness of ions of higher charge type on a 
specific property, compared with the effectiveness of the 
same number of singly charged ions, generally coincides with 
the ionic strength calculated by Eq 8. The Yariation of ionic 
strength with the valence (charge) of the ions comprising a 
strong electrolyte should he noted. 

1''or univalent cations nnd univalent anions (!;allad uni uni­
valent or 1-1) electrolytes, the ionic strength is identlcnl 
with molarity. For bivalent cation and univalent onion 
(biunivalent or 2-1) electrolytes, or univalent cation and 
bivalent anion (unibivalent or 1-2) electrolytes, t he ionic 
strength is three times the molarity. I•'or bivalent cation 
and bivalent anion (bi bivalent or 2-2) electrolytes, the ionic 
strength is four times the molari ty. "rbese relationships are 
evident from the following example. 

Example--Calculate the ionic strongLh of 0.1 M solutions of NaCl, 
Nn~S04, MgCJi and Mg80◄, re~p<Jctivcly. l~or 

NaCl µ = 1/z (O.l X 12 + 0.1 X 11),. 0.1 

Na:i3O• µ = 1/z (0.2 X 12 + 0.1 X 22) = 0.3 

MgCl2 µ = 1/z (0.1 X 22 + 0.2 X 1~) = 0.3 

MgSO◄ µ = 1/i (0.1 X 22 + 0.1 X 2i1 = 0.4 

The ionic strength of a solution containing more than one 
electrolyte is the sum of the ionic strengths of the individual 
salts comprising the solution. For example, the iouic 
strength of a solution contnitting NnCl, Na2SO4, MgCl2 11nd 
MgSO1, each at a concentrat ion of 0.1 M, is 1.1. 

Dobyo-Hiiekel Theory- The Dchye-Hiickel equations 
which are applicable only to very dilute solutions (about 0.02 
µ) , may be extended to somewhat more concentrated solu­
tions (about 0.1 µ) in the simplified form 

- 0.51 z/ /,; 
log/; = 

1
, .... 

1 + ~µ 
(9) 
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l 'able Ill-Values of Some Salling-Out Constants for 
Various Barbiturates at 25° 

Darbiturate l{CI Kl3r NnCI NaF,lr 
··--- ·-... --.. ------

Amvbarhital O.Hl8 0.096 0.212 0.H:l 
AprnbMhilnl ().J:l6 O.o6?. 0.184 0.120 
Bnrbitul 0.092 0.042 0.1/J(i 0.088 
Phonobarbit.111 0.0!)2 0.034 0.1::12 0.0711 
Vinharbitnl O.J2f> o.o:JG 0.11a 0.096 

'l'h<i maan innic activity coefficient for aqueous soluLiou~ of 
electrolyt.cs at 25° can be exptessed as 

-0.51 z+z_,i;; 
101~/~, = c· ·-· 

l + vi' 

in which zi i_s t.hc volonce of 1.lrn cation 1111d z .• is Lhe valence 
of !.ht, anion. When Urn ionic strenglh of t.he solut.ion be­
comes high (approximnLoly 0.3 to 0.5}, these equnt.icms be­
come inadequate and a linear t.erm in µ is added. This is 
illusirn t.cd for the mean ionic activit.y <!oefficimit. 

-0.51 z .,z.- ✓,; 
log/~, "' ··---·---+ l( 11 

l + Jµ ., (11) 

in which /(_, is a "salLing-out" constan t. chosmt mnpirically 
for ench salt. This equation is valid for solmions wiU1 ionic 
strength up t,o approximately 1. 

Salting--Out Effcct-- The aqueous soluhili t,y of a Rlighl.Iy 
soluble organic substance generally is affected mal'lcedly by 
the nddition of an electrolyte. This effect pnrt.icularly is 
noticeable when the electrolyte concentration reaches 0.5 M 
or higher. ff the aqueous solution of the organic substance 
has n diclcciric constant. lower than that of 1>ure water, its 
solubility is decreased und lhe ~uhst1111<:e is "salted.out." 
The u1,e of high concent;rati()ns of electrolyt.es, such a.s am­
monium sulfat.<! or sodium sulfat.e, for the scpamt.ion of pro­
teins by difforential precipi t.ution is perht1ps the most. st.rik­
inr, example of this effect.. The aqueous solutions of a few 
substances st1ch as hydrocyanic acid, glycine and cystine 
have a higher dielect:ric constant. t.111rn that. of purn woicr, 
and t.hese substancl!s are "salted-in." These phenomena 
can be expressed empirkally as 

log S = log 80 ± J(,m (12) 

in which S11 rcpres<mt;; t.he solubili ty oft.he organic suhsionce 
in pure water and S is the solubility in the electrolyte solt1-
tion. Th<! slope of the straight. line obwined by plott.ing log 
S versus m is positive for "salting-in" and negnLivf.l for salt.­
ing-ouL. In ierrm; of ionic st:rnngt.h this equut.ion becomes 

(1.B) 

where JC'= T(, for univalent salts, /(/= /(J3 for uni bivalent 
salts and J(,' "" J(J4 for hivalimt snits. 'l'he salting-out 
constant: depends on the temperature as well as lhe nature of 
bot.h the organic substance and the electrolyt:o. The effect 
of the electrolyte and the orgi:mic substonce m n he seen in 
Table Ill. 111 all in8tam:es, if the anioh is constant , tha 
sodium cation 111111 a greotor salting-out effect than the potas­
sium cation, pt'<>bahly due to the higher charge density of I.he 
former. AILlwugh t he reasoning is less clear, i t a1>pears thaL 
for a constant catiou, chlol'idc anion has a greater effccL t.lurn 
bromide anion upon t.he salting-out phenomenon. 

Acids and Bases 

Arrhenius defined an acid ns a sub~Ulnce that yields hy­
drogen ions in nqueous solution and a base us u substance 

---------------

1.hat yields hydroxyl ions in aqoeous solution. Rxccpt. for 
the fnc1. that hydro~en ions ncutrnl ize hydroxyl ions to fo1·m 
wnter, no compltmwnt.nry rcl!l i.ionship betw<J<Hl 111:ich; and 
bases (such as that. lmtwc!en oxidanl8 and r<1duciu11ts, for 
example} is llvident. in Arrhenius' definit.ions for t.hese sub­
stances; rather, I.heir 01,posit.e1wss of clrnracior is empha­
sized. Mornover, no ac:counl. ifi Lakon of tho behavior of 
acids and hose~ in no11aq110011s solvents. i\l1:10, while acidity 
is ossociated with so elementary n particle as the proton 
(hydrogen ion), basicity is nLtribuied t.o so rela ti\'cly com­
plex An associntion of atoms ns the hydroxyl ion. I t. would 
seem t.hat. o simpler concept of a base could be devised. 

Proton Conccpt ---ln pondering Lhc object.ions to Arrhen­
ius' definitiolls, Br~nsi<ld and Bjen·um in Denmark and 
Lowry in England developed, and in 1923 annolmc.ed, a more 
saLisfoctory, and more geneml, theory of acids and bases. 
A<:corcling to thi$ thcm·y on acid is a substnncc cnpnhlc of 
yielding n 1>roto11 (hydl'Ogen ion), while u base is n subst.nnce 
capable of nccept.ing ll proton. This complemcnt:nry tcln­
tionship may be expressed IJy the general equation 

A ,,, H 1' + B 

acid ba~e 

T he puir of ijubstances Lhui; related lJll'<mgh mot.uni 11hilit.y 
to gain or lose a proton is coiled a ccmJ1111c1fr acid- bww J)Hir. 
Specific examples of such J)Airs Me 

Acid Bn~1, 
HCI ,-'"' H+ + c 1-

CH;i(~OOH '""' 1-1 ◄ + CH3Coo · 

NH., t , •. o H+ + NH:1 

HCO:i'·· ,."" H'1· + Go/-

H2P0.1 - '"'' Hi + HPO/-

H9.O "'"' ff' + Olr 

H;i()+ '"" H 1· + H20 

Al(H20}./4 ,.,_.._, H◄ + Al(H20)50J-i2+ 

It is apparent that not only molecules but also cationa and 
nnions mny function as acids or bases. 

The complementary nature of the acid- base pairs list.ed is 
reminiscent of the complementary relationshi1> of pairs of 
oxidants a nd reductant.s where, however, t.he ability to gain 
or lose one <>r more clect.rons- rat.her than proions--is the 
distinguishing charact.el'isiic. 

Oxidu11t Reduct1mt 
Fe31 + e-..,,., Fe2•1• 

Na 1' +e .. ;,= Na 

'M2 + e- ""' r 
However, these examples of acid- base pairs and oxidnnt-­
reductant pail·s represent reactions t.hatm·c possible in pl'in­
ciple Ollly. Ordinnrily adds will not rnleai,e free protons any 
more than reductants will release free elet:trnns. Thai is, 
proton~ and elcc~rons, rel>J)ectively, c1111 be tra11~ferreci only 
from one sub;t.ance (an ion, 11lom or molecule) to another. 
Thus, il- is a fundamental fact of chemistry that oxidation of 
one substan1:e will occur only if reduct:ion of nnot.her sub• 
stance occurs simull.anaously. Stated in imother wuy, elec­
trons will be relci,u;cd from t.11<! reducLaut (oxid11 t.ion) only if 
an oxidant cn1,11ble of a<:ccpting electrons (reduction) is 
present. For Lhis remmn oxidation- reduction i•eact.ions 
must involve two conjugare oxidi1111r-r11duct.ani pairs of sub­
stances 
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oxidant, + reductant.i ..-.• reduclant1 + oxidant2 

where Subscript 1 represents one conjugate oxitlant--reduc­
tant pnir and Subscript 2 reprcsenti; t.he other. 

Similarly, an acid will not release a proton unless a bnse 
capable of accept.ing it is present simultaneously. This 
means that nny actual manifestation of acid-base behavior 
must involve interaction be I.ween two sets of conjugate ncid­
base 1>nirs, represented as 

+ B2 •"" 81 + 
bnsci buso, 

In such a reaction, which is called protolysis 01· a protolytic 
reaction, A1 and B1 constitute one conjugate acid-base pair 
and A2 and B2 the other; the proton given up by A1 (which 
thereby becomes B1) is t rnrn1ferred t~> I½ {which becomes 
A2), 

When an ucicl, sucb as hydrochloric, is dissolv.ed in water ,.a 
protolytic reaction occurs. 

HCl + H20 = CJ- + H30+ 

The ionic species H30+, called hydmniwn or oxoniurn ion, 
olways is formed when 1111 acid is dissolved in water. Often, 
for purposes of convenience, thi8 is written simply as tt+ ond 
is called hydrogen ion, although the "bare" ion practically is 
nonexistent in solution. 

When o bnse, eg, ammonia, is dii;solvcd in water the reac­
tion of protolysis is 

NH:1 + H20 '"'' NH.,+ + OH-
bnsc 1 ncid: 

The proton theory of acid-base function makes the con­
cept of hydrolysis superfluous. When, for example, sodium 
acetate is dissolved in wot.er, this acid-base interaction oc­
curs 

In an aqueous solution of ammonium chloride the reaction is 

NHi 1 + H20 = NH2 + H:10+ 
11cid2 

Transfer of protons (protolysis) is not lhriited to disflitnilor 
conjugate acid'-base pairs. In the p1·eeeding examples H2O 
sometimes behaves as an ocid one\ at otJ1er times as a base. 
Such an amphol:eric substance is coiled, in Br~nsted's ter­
miuology, an amphiprotic substa11te. 

Electron-Pair Concept-While the proton concept of 
acids and bases provides a more general definition for t.l1ese 
substlmces, it does not indicate t he basic i-eason for 1>roton 
lransfer, nor does it explain how such sobstances os sulfur 
trioxide, horon trichloride, st.annic chloride or carbon diox­
ide- none of which is cnpahle of donating a proton-can 
behave us acids. Bot:h deficiencies of the prnton theory are 
avoided in the more inclusive definition of acids and bases 
proposed by Lewis in 1923. In 1916 he proposed that shar­
ing of o pair of electrons by two atoms esinblished 11. bond 
(covalent) between the atoms; therefore, an acid is a sub­
stance capable of sharing a puir of electrons mode ovoiloblll 
by another substance called o base, ther<iby forming a coor• 
dinate covalent bond. The base fa the substance that do­
nates a share in its electron puil' to the acid. The following 
equation illustrates how Lewis' definitions explain the 
tranafor of a p roton (hydrogen ion) to ammonia to form 
ammonium ion. 
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H• + iH -[ H,: HJ 
The reaction of boron trichloride, which according to the 
Lewis theory is an acid, with ammoni!I is similar, for the 
boron lacks an electron pair if it is to ottuin a stnble octet 
configuration, while ammonia has o pair of electrons which 
may be shared, thus 

Cl. H Cl H .. .. . . ... 
Cl:B + :N:H - Cl:B:N:H 

Cl H CIH 

Leveling Effect of o Solvent- When the strong acids 
such as HCIO◄, H2S01, HCI or HN03 are dissolved in wo.ter 
the solutions-if they are of identical normality o.ncl are not 
too concentrated- all have about the some hydrogen-iou 
concentration, indicating the acids to be of obuut. the same 
strength. The reuson for this is thut cuch one of the acids 
undergoes practicnlly complete protolysis in water. 

HCl + H20 ·-• c1- + H~o+ 

This phenomenon, called the leveling effect of water, occur:. 
whenever the added acid is stronger than the hydronium ion. 
Such n react.ion manifest.-; the tendency of proton-1.ransfer 
reactions to proceed sponLancously in the dire.ctfon of form­
ing u weaker ncid or weaker base. 

Since the strongest acid that can exist. in an am1>hiprotic 
solvent is the conjugate acid form of the solvent, any stron­
ger acid will undergo proiolysis to the weoker solvent acid. 
Since HCIO~, H2SO~, HCl <>r HNO3 are all stronger acidi! 
thou the hydronium ion, they are convcrled in water to the 
bydronium ion. 

When the strong bases sodium hydride, sodium amide or 
sodium etlioxide are dissolved in water, Mch reocts with 
water to form sodium hydroxide. These reactions illustrat.e 
the leveling effect of wot.er on bases. Since the hydroxide 
ion is the i;trongest base which can exist in water, any bnse 
stronger than the hydroxide ion undergoes proiolysis to hy­
droxide. 

Intrinsic differences in the acidity of ucids become evident 
if they are d issolved in o relatively poor proton accc1>torsuch 
as onhydrous acetic acid. Perchloric acid (HCIO~), 11 strong 
acid, undergoes J>rnctically complete reaction with acetic 
acid 

HCIO◄ + CH3COOH --CIO.,- + CH3COOH2+ 
acid , ba&c2 bnsc, ncidt 

(strong) (utron!f) (weak) (weak) 

but sulfuric acid and hydrochloric ocid bohnve as wenk 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 chemisll'y Ill! a titrant for a variety 
of substanceB which behave us bases in acetic acid. Because 
of its abili ty to differen tiate the acidity of various acids, it ls 
called a diff eren.tinting solvent for acids; this property re­
sult'! from its relatively weak proton-acceptor tendency. A 
solvent thut differentiates basicity of diffel'en t hases must 
bnve o weak proton-donor tendency; it is called a differenti­
ating i;olvent for bases. Typical of solvents in thii; category 
is liquid animonin. Solvent s thnt hove both weak prnton­
donor and proton-accept.or tendencies are called aprotic sol­
vents and may serve as clifferentint ing solvents for both 
o.cids and bnses; they have little if any action on solutes and 
serve m!linly ns inert dis persion mcdin for the solutes. Use­
ful oprotic solvents are benzene, toh1ene or hexane. 

Ioni11:ation of Aoids and Bascs- -Acids and bnses com• 
monly are clnssificcl ni; s trong or w,mk acids and st.rong or 
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weak bases depending on whether they art! ionized e.xt.en­
sively or slightl;v in aqueous solutions. If, for r.xumplc, I N 
aqueous solutions of hydrochloric ocid nnd acctk t1cid are 
compared, it is found that. the former is a b1it.ter conductor of 
electrici ty, 1•e3cts much more readily wit.h metals, caLalyl.e~ 
cer1-llin 1·eactions more efficiently and possesses n morn acid 
taste thnn the latter. Both solutions, however, will neut.rnl­
izc identical amounts of 11lkali. A similar t:ompariscm of l N 
solutions of sodium hydroxide and ammonia reveals the 
former to be more "active" than Lhe latter, although bot.h 
~olutions will neutrnlize identical quantities of ncid. 

'l'he differences in the properti<',s of the two acids is attJ·ib­
uted to differences in the concent.rntion of hydrogen (more 
accurately hydronium) ion, the hydrochloric acid being i<)n­
ized to a greater ext.ent and, therefore, containing a higlu~r 
concentraUou of hydrogen ion than acetic acid. Similarly, 
most of the differences lwtwe(m t.he sodium hydroxide and 
ammonin saint.ion~ are utLrilrnted to tJle higher hydl'Oxyl-ion 
concent.ratiun int.he former. 

The ionization of incompletely ionized acid~ may be con­
sidered a reversible reuction of the type 

HA "'' H'·+A-

wherc HA is the molecular acid and A- is its anion. An 
equilibrium exprei;siun ba~ed on the law of mass action moy 
be applied to the reaction 

(14) 

where Ka is the ioni'.l.al.ion or dissodut.inn con~tant, and the 
brackets signify concentrnticm. For any given ncid in any 
specified solvent. and nt any constant tempernture, /(0 re­
mains relativ1ily ccmstant 11s the concent.1·ation of acid is 
varied, provided the acid is weakly ionized. With increas­
ingly stronger flCids, however, progressively larger deviations 
occur. 

Although the strength of an acid commonly is measured in 
terms of Uw ionization or dissociation constnni defined in 
Eq 14, the proceai; of ionization probably is np,ve1· as simple 
as shown above. A proton simply will not: detach it~elf fr<>m 
one molecule unless it is accepted simultaneously by another 
ri)(llecule. When an acid is dissolved in water, the l11Ltc:r nct::t 
as n base, accepting a proton (Br~nsted's definition of a 
base) by donating n shnrn in u pair of electrons (Lewis' 
definition of a bas(!). This reaction may be writtcm 

HA + H20 ,= A - + l·l:iO+ 
11cid1 bnsc2 base, ncidi 

Application of the law of mass net.ion to this reaction gives 

I( = ll·l~O-.l(A-J 
IHAHH20l 

since !H20] is a constant this equation mny be writt,en 

_ [H;p+J[A -1 
l(,. - IHA] 

(Vi) 

(16) 

'I'his equation is identical with Eq 14 because [li3Q -t] is 
numerically equal to jH+J. 

Acids which are capnble of donatfog more than onC! proton 
ore termed polyprotfr. 'fhe ioniz11t.io11 of a polyprntic ocid 
oc('.Ul'S in stages nnd can be illustrated by corn;idt,ring the 
equilibria involved in Lh<l ionization ofphosphol'ic acid 

H3PO4 + H?.O ,,,, H2PO4 - + J·I:s0' 

I-lv.P0.1 •. + 1-r,.o """' HPo,?.- + H:101 

HPo/- + H20 ""' Po/- + H:P1 

Application of the law of mass action to I.his scu-ies of rca<:­
tions gives 

IH~Po,,- J[Hp·1·] 
/( I "" · · ······-···-'----.;.._-

IH :1PO,:] 
(17) 

, lHPo/-llH:iO+J 
/\,, - ---·----··-··· --·-· 

.. [H1,P0,t 1] 
(18) 

(PO :i-](H .. Q+] 
J(. "' 4 .; 

., [HPO/-] 

If the till'ee expressions for the ionization constnnL~ ore mul­
tiplied together, an ovcro.11 ionization, 1(, can be obtained 

lPO/ -IIH:i01P 
I< == U 1K?.1(1 = [H PO l (20) 

~ 4 

Each of the succc~sive ionizations is suppressed by the hy­
dronium ion formed from preceding stages ac\:ording to Le 
Chateli1~r•s prindplc. The successive dissocinLion constants 
alwoys decl'eose in value, since. successive protons must. be 
removed from species that are always more negatively 
charged, This cnn be sMn from the data in 'l'uble IV, in 
which T< 1 for phosphoric acid is approximately 100,noo times 
greater thon /(2, which is in tum approximately 100,000 
times greater t.hun /(1, Al t.hough successive dissociniion 
constants are always smaller, the difference is not. olwuys as 
great as it is fol' phosphoric 11(:id. 1'11rtaric acid, for example, 
has K1 = 9.12 X 10-·1 and 1<2 = 4.27 X 10-,,. 

Ionization of a base can bo illustrated by using t.hc ~pedfic 
substance NH;1 for an example. According to Br;fosied and 
Lewis, when thrJ base N H:i is di~solved in water, Uie latter 
ucb as on acid, donating a proton to NH,i. which accepts it. by 
offering a share in a pair of electrons on the ni t.rogen at.om. 
This reaction is written 

NH:i + lhO = NH/ + OH­
bAse ncid 

The equilibrium expre.,;sion for this reaction i5 

I< = INH/]lOW] 
(NH,1HH20l 

with (H20] constant this expression may be written 

I< "" !NH/l(OWI 
I, INH:,l 

(21) 

(22) 

Joni:.>.ation of Wul.cr--Although it is a poor conductor of 
electricity, pure water does ionize t.hrough n proc~ss lrnown 
ns autopl'otolysi,~, in the following manner 

21-1 20 '·"' H:10 i + OH-

Application of the lllw of mass action to this rMct.ion gives 

I( .. IH30~)[0H-J 
IH20]2 

where R is the equilibrium constant for the 1·1~nction. Since 
the concentration of H20 (molecular water) is very much 
greater than either the hydronium-ion or hydroxyl-ion con­
centrations, it can be considered t-0 be const.ant and cnn be 
combined wiU1 /( to give a new consinnt, /{..,, known 111; t.he 
ion praduct of waler, nnd Eq 2a becomes 

The numerical value of I<,,. varies with temperuture; at. 2ii0 it: 
is approximately equal to l X 10-1<1. 

Since the 1rnt.oprotolysis of pure wate1· yields one hyd roni­
um ion for each hydroxyl ion produced, ll·l:iO '·I must be 
equal to [QH-J. At: 25° each has a value or I X 10·-·1 mole~/ 
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Table lV-Dl8eoclallon Const ..... In Water at 25° 

~ K 

Weak Acid, 
Acetic 1.75 X 10-s 
Acetylsalicylic 3.27 X 10-• 
Barbital 1.23 X 10-• 
Barbituric 1.05 X 10- • 
Benzoic 6.30 X 1O-s 
Benzyl penicillin 1.74 X 10-3 

Boric K, 5.8 X 10-1U 

Caffeine 1 X 10-14 

Carbonic Ki 4.31 X 10-7 

K2 4.7 X 10- 11 

Citric UH~) K, 7.0 X 10-◄ 
K2 1.8 X JO- j 
K3 4.0 X 10- 7 

Dichloroacetic 5 X 10- 2 

Ethylenediaminetetra• K, 1 X 10-2 

acetic acid (EDTA) K2 2.14 X 10-3 

K3 6.92 X 10-7 

K. 5.5 X 10- 11 

Formic 1.77 X 10- • 
Glyceropbosphoric K, 3.4 X 10-2 

K2 6.4 X 10- 7 

Glycine Ki 4.5 X 10-3 

K2 1.7 X 1O-io 
Lactic 1.39 X 10- • 
Mandelic 4.29 X 10- • 
Monochloroacetic 1.4 X 10-3 

Oxalic (2H~) K, 5.5 X 10-2 

K2 5.3 X 10-6 

Phenobarbital 3.9 X 10-8 

Phenol 1 X 1O-io 
Phosphoric Ki 7.5 X 10-3 

K2 6.2 X 10-8 
Ks 2.1 X 10- 13 

Picric 4.2 X 10- 1 
Propionic 1.34 X 1O-s 
S.ccharin 2.5 X 10-2 

Salicylic }.06 X lO-l 
Succinic K, 6.4 X 10-s 

K2 2.3 X 10-6 

Sulfadiazine 3.3 X 10-7 

Su1fameruine 8.7 X 10-8 

Sulfapyridine 3.6 X 10-9 

Sulfathiazole 7.6 X lO-8 
Tartaric K1 9.6 X 10-• 

K, 4.4 X 10-~ 
Trichloroacetic 1.3 X 10- 1 

Weak Bases 
Acetanilide 4.1 X 10-14 (40°) 
Ammonia 1.':'4 X 1O-s 
Apomorphine 1.0 X 10-: 
Atropine 4.5 X 10-~ 
Btnzocaine 6.0 X 10- 12 

Caffeine 4.1 X 1O- H (40°) 
Cocaine 2.6 X 10-6 

Codeine 9 X JO-• 
Ephedrine 2.3 X 1O-s 
Morphine 7.4 X 10-7 

Papaverine 8 X 10-9 
Physoetigmine K, 7.6 X 10-: 

Kz 5.7 X l O-13 
Pilocarpine K1 7 X 10- 8 

K2 2 X 10- 13 

Procaine 7 X 10-• 
Pyridine u X 1O-t 
Quinine Ki 1.0 X 10· 6 

Kz 1.3 X 10-10 
Reaerpine 4 X 10-8 
Strychnine Ki 1 X lO-6 

K2 2 X 10- 12 

Theobromine 4.8 X 1O- II (40°) 
Thiourea 1.1 X 10-•~ 
Urea 1.5 X 10- 1• 
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liter (1 X 10-7 X l X 10-7 • K.., • l X 10- 14). A solution in 
which fH,<>+J is equal to {OH-J is termed a neutral aolution. 

If an acid is added to water, the hydronium•ion concentra­
tion will be increued and the equilibrium between hydroni­
um and hydroxyl ions will be disturbed mo,runtorily. To 
restore equilibrium, some of the hydroxyl ions, originally 
present in the water, will combine with a port of the added 
hydronium ions to form nonionized water molecules, until 
the product of the concentrations of the two iona has been 
reduced to 10- 14• When equilibrium again ia restored, the 
concentrations of the two ions no longer will be equal. If. for 
example, the hydronium-ion concentration is 1 X 10-3 N 
when equilibrium is established, the concentration of hy­
droxyl ion will be 1 x 10-11 (the product of the two concen­
trationa be.ing equal to 10- 1◄) . Since fH30+) ia much greater 
than {OH-J, the solution is said to be acid or acidic. 

In a similar manner, the addition of an alkali to pure water 
momentarily disturbs the equilibrium between hydronium 
and hydroxyl ions. To restore equilibrium, some of the 
hydronium ions originally present in the water will combine 
with pert of the added hydroxyl ions to form nonionized 
water molecules. The proce111 continues until the product of 
the hydronium and hydroxyl ion concentrations a,ain is 
equal to 10-u. Aaauming that the final hydroxyl-ion con• 
centration is 1 X 10-◄ N, the concentration of hydronium ion 
in the solution will be 1 X 10-10• Since {OH-J is much 
greater than {H30+), the aolution is said to be ba3ic or alka­
line. 

Relatioaehip of K0 aad K1,-A particularly interesting 
and useful relationship between the strength of an acid and 
its conjugate base, or a base and ita conjugate acid, exists. 
For iJluatration, consider the strength of the base NH3 and 
ita conjugate acid NH,+, in water. The behavior of NH3 as a 
base is expressed by 

NH3 + H20 -NH,+ + OH-

for which the equilibrium, as formulated earlier is 

K • INH. ·1 IOH- J 
b (NH:J 

The behavior of NH,• as an acid is represented by 

NH,+ + H 20 - NH3 + H30+ 

the equilibrium constant for which is 

INHJIH30+1 K __ ......;;._.;;.__ 
0 

[NH,•] 

Multiplying Eqs 25 and 26 

K)( • [NH3](H30+)1NH4 •]10H-) 

b [NH/](NH3) 

It ia obvious that the product 

(25) 

(26) 

(27) 

K 111 • K 0 .K ,, (28) 

where K,. is the ion product of water as defmed in Eq 24. 
The utility of this relationship, which is a general one for 

any conjugate acid- base pair, is evident from the following 
deductions: (1) the strength of an acid may be expresaed in 
terms either of the K0 or the K,, of its conjugate base, or vice 
verso; (2) the K. of an acid may be calculated if the K,, of its 
conjugate base is known, or vice verso and (3) the stronger an 
acid is, the weaker its conjugate baae, or vice verso. 

Bases which are capable of interacting with more than one 
proton are termed polyacidic, and can be illustrated by 

ro.3- + H20 - HPo/- + OH-
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H 2PO/' + H1,0 "" ' HaP0.1 + OJ-r-
Applying thci l11w of mass action to this series of rnnctions, 
nnd using t he concepl:s ouilined in Eqs 25 to 28, it becomes 
ubviow, thni t.he relationship betwe@ the val'iou11 K., and I{,, 
values fol' 1>hosphodc acid are 

1(.,. =0 l(,,1 X K1,a = 1(112 X Kbz = K,,:1 X /(1, 1 (29) 

wlwre /( .,., I<o?. 1111d / ( 113 refer to tha equilibria given by Eqs 
17, 18 and 19, respectively; I<h ., K1,2 and 1(,,:1 refe1· t o the 
1·c>.action of P0.,3- , HP042•• and H2PO,,-, respcc(.ively, with 
Willer. 

mectrnnegntivity and Dissociation Constants- Table 
IV gives ihti d ifi~ocia tion mn~tanl~ of sevarnl weak acids and 
weak bases, in watP.r, ai 25°. · As pointed out previously, 
strong ucids 1111d strong bases do not obey the law of mass 
act.ion, sc> thai d issociation consi un1.s cunnot. be fo!'mulnte.cl 
for thesC! strong l\)ectrolytes. 

From an inspecf;ion of this tohle it. is evidcmt. that grent 
v11ria(.ions occur in (;ho strength of weak acids and weak 
hasM. The effect of vorioua substituent.-; on the strength of 
acidi; and basiis d!lpcmds on t.he eltictronegnt.ivit;y of the suh­
stituent. atom or radical. r~or examp le!, the substit.ution of 
one chlorine ntvm in(~, the molecule of ace tic acid i1wreases 
I.he degree of ioni1.ntio11 of the ncid. Substitution of two 
chloriue aloms further increases t he <lagree of ionization, 
nncl in troduction <>f three chlorine atoms produces a still 
stronger ncid. Acetic acid ionir.es primarily beC11usc the 
oxygen ut.om ndjncenL to the hydrogen atom of lhe c1.uhoxyl 
group has a stronger a ffinity for elec:t1·ons f.hnn has the hy­
drogen a tom. Thus, when acetic add iA dissolved in water 
the 1>olnr molecules oft.he latter have a stronger affinity for 
tha hydrogen of acet.ic acid than tJie latter. The acetic add 
ionizes a!! a consequancc of t.his difference in affinities. 
When 1111 atom of ch lorine is in troduced into the ucetic flc:id 
molecule. forming CICH 2COOH, the ulectrons in t.he mole­
cule are altrncted very s trongly to the chlorine beeau6e of i ~ 
relatively high electrnnegativity, the bond between the hy­
drogen and the oxygen in the carboxyl group thernby weak­
ened and UJC degree ofionilrniion increa8ed. Introduction of 
two, or t.h ree chlorine at.oms weakens the bond furthe1· a1~d 
increases the strength oft.he acid. On the <>thel' hand, sub­
stit.ution of chlorine into the molecule of ammonia reduces 
t.l1e strength of the b11se because of ils decreased affinity foi• 
the hydrogen ion. 

Ionic Strcnl{ th and Di~tlociation Constants--M<>st so­
lutions of pharmnceutic;1I internst. arn in a concantrntiou 
rnuge such that. lhe ionic s t.J'ength of the sollltion may have a 
marked effeci on ionic equi libria and observed di~soc:iaticm 
conslant.s. One mathod of correcting dissociation constants 
for solutions with an ionic strength up t.<, about 0.3 i~ to 
culculalc nn apparent diasociat.ion conut.ant, pl(,,' as 

p l( , .. pl( + !'.!:~l.J2Z ~ I) ✓~ 
• " 1 + ✓µ 

in which pl<. is the tnbul!lt.ed thermodynamic dissocinticm 
conslanL, Z is the charge on the acirl and µ is the ionic 
strength. 

lt..\·<Jmpfo--.Calcutol.u iJ](.,_' for sucduic ncid ,11. on ionic strength ofO.I . 
A~sume 1.hl\t p/(2 i~ r,.oa. 'l'he d1nrr.u on the ncid apodes is - 1. 

pl(/ "' 5.(l::J + 0.5!.J:.:~::-~) .. ✓-0./ 
J + ./0.J 

"" 5.6:l - 0.37 ., 5. 26 

Detorminntiou of Dissocintion Co11stn11ts--'"AUhough 
~he dissodat.ion constant of a weak acid 01· base can he 
ouLain(!d in a wide varicly of ways includ ing r.onclnctivi t.y 
mcnsurnmenls, or ultrnvi<Jle t or visible absorplion spectrom-

etl:y, the most widely used method is potentiometric pH 
measurement (see Poten.tfom.<1try, page 244). T he simplest 
method involving potentiometric pH measlll'ement. is based 
on ihe measurement of tho hydr<Jnium-ion concentration of 
o solution containing equimolnr concent.n1ticms of the acid 
1:md n atrong-hnse salt of t hCl ac.id. The principle of this 
method is evident. from an inspection of Eq 16; when C!qui­
molar concentrations of HA (tJ1c acid) and A··· (the salt) are 
present, the dissociation constant, /(11, numerically is equal 
to the hydronium-ion c:oncentrntion (Riso, the pl<. of the 
acid is equal to t.he pH of t.he soluti<m). Although this 
method is simple and rapid, the dhi:,ocinLion constant. ob­
tained is not sufficiently nccurow fol' many purposes. 

In order to obtain the dissocintion constant of a weak ncid 
with u high degree of accuracy and precision, a dilute solu­
tion of t.he acid (about 10- 3 to 10- 4 M) is titrated with 11 

strong bnse, and the pH of 01e solution t.aken after ench 
addition of base. The resulting data can be handled in a 
wide variety of ways, perhaps the hest. of which is the method 
propo!md by Benet and Goyan. 1 'l'he proton balance equa­
tion for a weolt acid, HA, being titrnt.ed wi th a skong base 
such as KOH, would be 

(31) 

in which IK'1] is the concent.ration of lhe base added. Eqn.\• 
tion 31 can be rennangecl to give 

z = IA -1 = IK+J + !H:10+] - I OW) (:l2) 

When a weak monoprotic acid is adcled to wnter, it. can exist 
in tha unionized form, HA, nnd in the ionized form , A"' , 
After equilibrium is estahlished, the sum of the concent.rn­
t.imu; of both species rm1st he equal to Ca, llm :;toichiomelric 
(added) concentrntion of ncid m· 

c. =IHA] + IA-]"' IHA]+ Z (38) 

1'hc term, IHA], con be replaced using Eq 16 to give 

IH o+Jz 
C = a + Z (3<:I) 

(I J(,. ., 

which can be rearranged to 

, _ Z[Hp-1
) 

z _ c" - K 
(I 

Accoi-ding to F,q 35, if Z, which is obtained from tlw experi­
ment.al data usinl{ l!k1 32, is plotted vers11s the terms 
ZIH:10+], a s traight line results wit.h u sloJ><l equal io 1/1(. , 
and on in terce1it equal to c.. ln addition io obtaining nn 
accurate estimate for the dissociatio11 constant, the stoichio­
metric concentration of the subst.oncc being titrated is ob­
t.ainecl nlso. 'rhis is of imporf.ftnr,e when the substance being 
titrated cannot he purified, or has an unknown degree of 
solvntion. Similar equations can be developed for ohtaining 
t.he dissociation constant for a weak base. 1 

'l'hc dissociation constants for dip1·ot.ic acids can be oh­
tnined hydefining Pas the avernge number of JH'0tona disso­
ciated per mole of acid or 

t1nd 
IH:i0+]2P /<i[Hl)'1) (l - P) 
(2 - P) = l<1Ki+ (2-P) (37} 

A plot of Eq 87 should yield a st:ra ight. line with a slope equal 
to Kt und an interce1>t of l<2; dividing the in tC!rcept by the 
slope yields K2• 

Micro Dissociation Constauts ..... ']')ic, dissociation con­
stants for polyprotic acids, as dater mined hy potentiometric 
titration, are generally known us mncro, or t itrni:ion con-
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stants. Since it is known that carboxyl groups are stronger 
acids than protonated amino grQups, there is no difficulty in 
assigning 1{1 ond K2, as determined by Eq 37 to the carboxyl 
and amino groups, respectively, of a substance such as gly­
cine hydrochloride. In Qther 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 constan~ is more difficul t. 1'his is 
because, in general, both groups have dissociation constants 
of equal magnitude. T hus, there will be two ways of losing 
the fin;t proton and two ways of losing the second, resulting 
in four possible species in solution. This can be illustra ted 
using the convention of assigning a + to a positively charged 
group, a O to an uncharged group and a - to a negatively 
charged group. T hus, + 0 would represent the fully proton­
ated phenylpropanolamine, +- the dipolar ion, 00 Lhe un­
charged molecule and 0-, the anion. T he total ionization 
scheme, therefore, cnn be written 
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:'¾:, ✓ 
111 00 ,,. 

The micro constants are !'elated to the mocro const.ants as 

/(I == h, + h2 

K1K2 -= h1h3 = h2k4 

(88) 

(39) 

It can be seen from Eq 38 that unless lt1 or k2 is very much 
smaller than the other, the ob,;erved macro constant is n 
composite of the two and cannot he assigned to one or the 
other acidic group in a nonambiguous wny. 

Methods for determining h1 are given by Riegelman2 and 
Niebergall et at.3 Once k i, !(1 and K2 have been determined, 
nil of the other micro constants can be obtained from Eqs 38 
and ;l9. 

pH 

The numerical values of hydronium-ion concentration 
may vary enormously; fol' 11 normal solution of a st,rong acid 
the vnlue is nearly 1, while for a normal solution of n strong 
base it is npproximatcly 1 X 10- 14; ie, a variation of 
100,000,000,000,000 hetween these two limits, Becouse of 
the inconvenience of dealing with such large numbers, S~r­
enson, in 1909, proposed that hydronium-ion concentration 
be expressed in terms of the logarithm (log) of its reciprocal. 
T o this value he assigned the symbol pH. Mathematically it 
is written 

pH = log -
1
-

[H30+] 
(40) 

and since the logarithm of l is zero, the equation also may be 
written 

(41) 

from which it is evident that pH also may be defined as the 
negative logarithm oftbe 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 [OW] 

pl( = - log /( 

T hus, taking logarithms of Eqs 26 and 28 gives 

pl(. + pJ(b = pK,. 

pH + pOH = pl(,. 

(42) 

(43) 

(44) 

(45) 

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

'fhe following examples illustrate the convel'sion from ex­
ponential to "p" notation 

J. Calculnt~ tl11, 1>H correspond in~ to II hydrcll\ium-ion co11ee11tr11ti<m 
ofl X 10-• g-ion/L. 

So/utio11: 

pH = log - ---
1

-
1 X 10- 4 

= log 10,000 or log (1 x 10' 4) 

log (1 X 101 4
) = +4 

pH = 4 

Table V-Hydronlum-lon and HydroKyl-lon Concentrations 

Normality in Normality in 
Terms of Terms of 

pH Hydronlum Ion Hydro, yl Ion 

0 1 10··) ◄ 

I 10- t 10-1:1 
Increasing 2 10-2 10-:t 

acidity 3 10-~ 10-:1 

4 10-• 10- 10 
5 10-~ 10-n 

6 10-, 10-s 
Neutrnl point 7 10-7 10-·; 

8 10-s 10-G 
9 10-9 10-~ 

Increasing 10 1o··H> 10-·1 

alkalinity ll 10-il 10• :l 

12 10-12 10-~ 
13 t0·· !:l 10•• ) 

14 10- 14 l 

2. Calculate the pH concspo11di11g lo u hydronium i(,n•conccntrntion 
of 0.000036 N (or g-icm/L) (N11rn--'l'his morv. frequently is written u.~ o 
number muiLiplicd hy II power of 10, tJ,os, 3.G X 10-r, fnr 0.000036.) 

So/11.tion 

J 
pH n log 3.6 X 10-s 

= log 28,000 or log (2.8 X 10+<) 
log (2,8 X 10+4) = log 2,8 + log 10·1• 

log 2.8 = +OA4 
log 10 14 = .±1j)] 
p H ,. 4.44 

'l'hi8 problem llll\Y nl~o be •olved ~s follows 

pH = -log (3.6 X I 0-·1•) 

log 3.6 = +0.56 
log 10-& = - 5.QQ 

; -4.44 = log (3.6 X 10•-r.J 

pH ,. -(-4.44) = H.44 "' 414 

The following exomples illustrnte the conversion of "p" no­
tation to exponential notation: 

I. C11lculnt.e t.hehydronium-ion conren\.rnt.ion corrcsponcHni: ton pH 
of4.44 . 
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Solr1ticm 

·· ····l..·-· = nnWol' of ,1A4 ~ 28,000 (rnunclecl off) 
JH10'I . 

[H3O+j ; 2fl,~OO "' 0,0{)0Cl:l6 or 3.6 X 10- :, 

This calr.ulnt.ion 11ls«> mny he 11111dc ns 

+4..1,t = -log (H30
4

) 

01· -4.<14"' +Joi: IH"O'J 
In fi11diu~ th~ unt.i loi, or - 4.-M ii should be kept in milltl t,hnt (.bl, 

mantis.,a (Uw nmnb,:r t.o i hc rit;hL of t.hc dccimnl point) of" log l<> the 
haw JU (the common or Hril:ll;;icrn loi;uriUun huse.) is c,/w<t,\'•' po.,ilive b,11. 
t.hat. thcchamti.r;ri~li.: ( t.h,, 111rn1h,ir w t.hc left.of tho docimnl pC>int) may 
bij po.~i1i1•e ·or 11eg"ti11c. A~ th~ outirc log ··-4.4,f is nc~ativc. it. is obvious 
t.hat one connot look up 01e ,mti log of - OA~. However, th,; nmr<her 
- 4.'14 also mnv be wriUcn (·-[,.00 + 0.:,6) or, ns more often writ.ten, f,.fit,, 
whei-e lht, bur ·ocross thochnracl('rist.ic indicates that. it. nlonc; i~ nor,ative, 
while t.hc rcsl or t.lw numhc,· is po.,itiv(\. I ,<>ol:in1: up t.hc n111.ilo1: or O.f,(I it 
i~ found 10 be 3.6 nnd, 11s the 11111Jlog of-r,.oo is 10···'•, it. follow~ thnt. tho 
hych·onium-ion cool<'~:nt.rnt.ion must h<, :l.(l X 10···!, moles/I.. 

?.. Cnlr.ulnte th<- hydrnnium-i,m 1:oucr,nt.r111ion r.01Tes11mutin1: toa pl-I 
ofl0.17. 

So!urr'<u1 

10.17"" - 1011 IH:;() 1 1 

-l0.17 = log [H.()') 

-10.17 ,. <-11.oo+o.s3J = TLsa 
'!'he anlilog of 0.83 = 6.8 
'l'he umilo,: of •- l 1.00 = io- 11 

'l'he hydroninm-ion <x>11cl1nt.rnt.ion i» therefore 6.6 X 10·· 11 nwles/L. 

In t.he secLion on loniu1lion of Water it. wns l:lhown Umt. 
t.he hydronium-ion concentration of pure wat:er, at 2fi0

, is I 
X 10- 1 N, conesponding to a pH of 7.* This figure, t here­
fore, is desil(nated as the mmtn1l point and all values below a 
pH of7 rnpre;;enL acidity; the smaller the number, the great­
er the acidity. Values above 7 represent alkalinity; the larg­
er the number, t.he grcaLer t.he alkalinity. The pH scale 
usually runs from 0 to 14, but mathematically there is no 
reason why negative numbers or numbers ll.bove 14 sh()uld 
not. be used. In practice, however, such vnlues m·e never 
encountered hecause solutions which mighL he expect:ed to 
have such values are Loo concenfrnt.ed to he ioniiecl 0xt1m­
sively or che intei:ioni<: uUractiou is so great as to materially 
reduce ionic act:ivity. 

Jt should be emphasized strongly that t he {{C!nl!ralizations 
stated concerning neutrnlity, itcidity nnd alkalinity hold ex• 
actly only when (1) the solvent i~ waLer, (2) the t.empernture 
is 25" and (3) there are no other facLoi·s Lo cauM tl0vi11Lion 
from the simply fomntlaLed equilibria underlying t.he defini­
tion of pH given in the preceding di:scusfiion. 

Species Concentration 

When a weak ucid, H,.A, is added to water, n + 1 species, 
including tho uni()uized acid, can exist. Aft:er eq11ilibrium is 

• The pH of tho pnrcsl, water nbt.11ii1nble, so-cul!rd "1:on1luc!ivily" 
\.\'tHer1 is 7.0 when tin: meu.sUJ'4.!Hll'!nt. is cru•(,fully inude under ('<.mditions 
t.o c,cl11<lc ,~,.,,.1,0,1 ,linxidc and pnwont. ClT(ll'$ inhewnt. in t.lw me11smi11r: 
t<•chniquc (such as ll<)idit.y m- all1111i11iw Mtho i11dk.at.<1r) . Upon ai:ilutfor, 
t•hi~ we.I.er in the prnije>H:~ of carbon di<>xidc in !ho nt.lno,phcre (cquilibd-
11111 water) the value drops rnpid ly to 5.7, which i~ U1c pH (ir nuurly all 
di$\illcd wal<w.s Urnt huvc been 1,x1ms1:d l.n I.he 11(mos11lwn, for cv(:11 a 
~hnrt time. 

established, t.he sum <>f the concentrations of all s1>ecies must 
be equal to C"' the sLoichiometric (added) concentration of 
acid. Thus, for II tripi-otic acid l·hA 

c" = IH:1AI + 11-:1~A-J + IHA2··1 + IA:' l c16) 

In addition, Lhe concentrations of all acidic and basic species 
in solution vAry with pH, and can be ropre~onted solely in 
terms of equilibrium cousLnnts and the hydronium-ion con­
centration. These relationships may be expressed ai; 

IH,,A] = IH30 1 l11 C.IV 

11-1,,_jA-iJ = tH:.o+r•-i K, .. . J{po1v 
(47) 

(48) 

in which n represents the total number of disl'ociable hydro­
gens in the pal'ent acid, j is the number of protons dissociat­
ed, C0 is the stoichiometric concentration of ocicl and /( 
represents the acid dissociation constllnts. The term Dis 11 

power series in IH:JO+) and/(, starting wiLb [H3O'·] 1·11ised to 
the nth 1>ower. The last term is the product of all the 
dissociation constants. 'l'he inLermediat.e terms cnn he gen­
erated from the los t. Ltll'ln by subst.ituting IH:1O+) for I(., Lo 
obtain the next-to-last term, t.hen substituting IH:1O ➔·] for 
K,, ... 1 to obLain the next term, eLc, until the fi rst term is 
reached. The following examples show the denominator, D, 
to be used for various tcypes of adds 

H,,A: D "" IH:,o·ir1 + 1<1 [H:i0-''12 + 
l(1KAH:P+J + K1I<2Ka (49) 

H2A-: D"' [H:p ·1·)2 + 1(1[H30
1

] + J(1K2 

HA2-: D "' [H:i()➔] + K., 

(50) 

(51) 

The numeraLor, in 1111 instances, is c. multiplied by the term 
from the denominawr that has [H:iO+] raised to the 11 - j 
power. 1'hus, foi· diprotic acids such as carbonic, succinlc, 
tartaric, eLc 

(52) 

(53) 

(54) 

E.rnmple-- Calculato the concrutraUons ()f 1111 su<'.cinic acid species in 
11 l .O X 10-a M ~olution ofsuccinic ucid al.11H 6.0. r\~sumc lhnt /(, ; OA 
x 10- ~ and g, c 2.3 x 10- ". 

Eqs 52- 54 have the snme denominator, lJ, which can b~ 
c.ulc\lluted as 

D ,= IH~o•y + T< 1IH:,04 J + /(1Ki 

= 1.0 X 10···12 + 6.4 X 10- r, X 1.0 X 10·-G + G.1 X 
10- r, X 2.3 X 10-6 

= 1.0 X 10-rn + 6.4 X 10-11 + 14.7 X 10- 11 

= 21.2 X 10-11 

Therefore 
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6.4 X 10-11 X 1.0 X w-3 ""3,0 X 10- ·I M 
21.2 X 10-11 

14.7 X 10-u X LOX 10- 3 = 
6

_
9 

X 
10

_,1 M 
21.2 X 10-11 

Proton Balance Equation 

ln the Br¢nsted-Lowry system t.he totlll number of pro­
tons released by acidic species must equal the total number 
of protons consumed by basic species. T his results in a very 
useful relationship known as the proton balance equatio11 
(PBE), in which the sum of the concentration terms for 
species that form by proton consumption is equated to the 
sum of the concentration terms for species that are formed 
by the release of protons. The PBE forms the basis of a 
unified approach to pH calculations, since it is an exact 
accounting of all proton transfers occurring in solution. 

When HCI is added to water, for example, it dissociates 
yielding one c1- 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 

2H 20 =' H30+ + OH-

where H30+ is formed by proton consumption nnd OH- is 
formed by proton release. Thus, the PBE is 

(55) 

In general, the PBE can be formed in the following man­
ner 

1. S111rt with the species added to wnter, 
2. Plac~ all specie$ U1ot c1111 form when protons are roleuscd on the 

l'ight side of the equation. 
3. Plocc 1111 specie,; that can fol'm when protons ore consumed on the 

left side of the c2u0Uon. 
4. Add IH~O I to the left side of the equ11tio11 ond IOH-l to the right 

side of the equation. These resu It from the in teroction of two molecules 
of wnter ns shown 11bove. 

Example- When H~PO, is ndded to waler, the species H2PO,- forms 
with the rclensc of one proton, HPOi- forms with the release of two 
protons aud PO,3- forms with the release of th~e proto1,s to give the 
following PBE 

[H,p+J "' (OH-) + [H2P04 -1 + 2[HPO/- ] + 3{Po/-J (513) 

E.rnmple•-•Whon No2HPO~ is added lo wotcr, it dissocintei< int.o two 
No•· and <lne HPO,2-. The sodium ion i$ neglected in tJ,c J>Bl~ since i, is 
not. formed from the r~lellse m· con~umpt ion of prol-Ons. The species 
HPO,2-, how<,vcr, mtiy react wit,h water to give H2PO,- with the con• 
sumption of one proton. H3PO. with the consumption o( two protons, 
and PO,j- with the release of one proton to give the following PBE 

[H30+1 + [H2Po◄-1 + 2[H;;PO,J =[OW )+ [Po/-1 (57) 

Calculations 

The pH of solutions of acids, bases and salt.5 mny be 
calculated using the concepts presented in the p1·eceding 
sect.ions. 

Strong Acids or Bases 

When a strong acid such as HCl is added to water, the 
following reactions occur 
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HCl + H20 -~ HHo+ + c1-

2H20 = H30
4 + OH-

The proton balance equation for this system would be 

!Hao+1 = [oH- 1 + 1c1-1 (58) 

In most instances (C. > 4.5 X 10-7 M) the !OH-) would be 
negligible compared to the [CI-J and the equation simplifies 
to 

(59) 

Thus, the hydronium-io11 concentration 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% ionized. 

The pH of a 0.005 M solution of HCl therefore is calculat­
ed as 

pH"' -log 0.005 = 2.30 

In a similar manner the hydroxyl-ion co11centratiou for a 
solution of a strong base such as NaOH would be 

roH-1 = [Nn'1] = Cb 

and the pH of n 0.005 M solution of NnOH would be 

pOH = -log 0.005 = 2.30 

pH = pK,., - pOH = 14.00 - 2.30 = 11.70 

Weal/ Acids or Bases 

(60) 

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

HA + H20 ~ H:,O• + A -

Accounting for the ionization of water gives the following 
1>rnion balance equation for tbis system 

(61) 

'l'he concentration of A- as a function of hydronium-iou 
concentration can be obtained as shown previously to give 

[H o+J = (OW) + K.C,, 
3 [H30+J + K0 

(62) 

Algebraic simplification yields 

[H 0+1 "'K (Ca - (H~o+J + (OW)) (63) 
3 

" ((H30+J - [OH-)) 

In most instances for solutions of weak acids, (H3O1·] » 
[OH-J and the eq~1atio11 simplifies to give 

[H30+]2 + f(.fH:10
4

] - K0 C" "' 0 (64) 

This is a quadrntic equation• which yields 

[H ,.) - -Ka+ ..Ji<. 2 + 4KaC• -10 _ __ __,_____ (65) 
• 2 

since [HaO+[ can never be negative. }?urthermore, if (H30+] 
is less than 5% of c., Eq 64 is simplified fu rther to give 

is 

• '!'he ~oneral solution Lou quudrutic <?()Untion of the form 

aX2 + bX + c = 0 
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(6(l) 

It generally i~ prefornble to use the simplest. f!quat.ion to 
calcu late IH:,0 1]. However, when [I·l:iO"'J is rnlc11lnied, it. 
must be compured lo C,. in order to determine whether t.lw 
as.~umption C,. » [HaO•j is vnlid. If the assumption ill not 
valid, t.he quadl'Ctl.k equation should be used. 

Ex1w11>le -•·•C11lculat.o t.hc pH or II f>.00 X 10-1• M sol11Lio11 of'a wunk acid 
h1wi11g o K."' I.VO X 10·-1,, 

111~0•1 = /i<~C~ 

"' l.90 X 10·-~ X 5.00 X JO .,, 

~ 3.08 X 10"1' M 

Lration and simplifying, in t.he snine manmff as shown for 11 

weak ocid, gives 

CC - IOJ:r] + p1.0 1·1) 
[Off") = 1{1 ··- ·~·- ·- ···· ,I • (68) 

• (!OH I - [HP1 ll 
If [Oii-1 » [H30·1]. us is true gr.nen1lly 

10ff"]2 + /(1,[0J·r) ·- Ki,Ch = o (G9) 

which is 1:1 quaclrntic wiih the following solution 

!OW ) "' - J(h ,. J1<.,,2 + ,II(,,~.~!!, 

2 
If Cb» !OH-], the quadratic equation simplifies to 

(70) 

Si11re C. l(;,.00 X rn-1• Ml l i6 not. much grea!(!r t.ti;1n IH:l>'·J, 1 he quadral.• 
ic cqu11tio11 OiA1 Gf1) should be, 11s<,d 

• -1.90 x 10"1• + f<i.9ii x io~6i2+ ,i{i:.ilo x 10.:::. x r,Jio x io~"> I H 30 l - .......... ................... \_ ... . " .... "··-·· 2 ·---··-·-----· .. ······-··--··--""- """'"" .. " 

·------- ----- --- ----------
~ 2.2G X 10·• M 

pH "" - Ion (2.2G X 10··[>) = 4.65 

Not.e t lrn1.1.ha nss111nptio11 I Hi>' I » IOl-l· j is valid. 'l'h<d 1)•dnrnium-io11 
wncenlrnt.ion calcu!ntcd from l¼ 66 hns ll 1·(1!t1tivl! Ol'l'OI' of 3(1%, when 
compar~d to t.ho N!'rl!ef. v.ihrn oblninud from gq flli. 

When a salt obtained from a strong acid und 11 weak 
base---a.g., ammonitun chloride, morphine sulfate, pilocnr• 
pine hydrochloride, etc•--is dii;solved in water, it dissodntes 
OS 

in which BJi+ is the protonatecl form of the base B, ,rnd x·· is 
the anion of a st.rong acid. S ince X"· is the anion of a st.rnng 
acid, it is t.oo weak a bnse to undergo any further reaction 
wi t.h wat er. 'l'he prntonated base, however, r.nn ad as o 
weak acid to give 

BH + + H20 ;=' B + H:i◊ 1· 

T hus, Eqs 65 and 66 are vo.lid , with C. being equal LO t.hc 
concentration of the sail in solution. If l(" for t,he protonul­
ed base is not available, it can be obt.a ined by dividing /(1, fo1· 
the base B, into /{,. .. 

Ex11mple- Calc~1l11tc the 111-1 of n 0.026 M sol111.io11 ol' :111m1<mimn 
,;hloride. /\81\umo lhlll J<& for 11111mollin is I.?~ X Io- ,, niitl J(.,. is 1.00 X 
10-l•I. 

{( l 00 X 1o•·M 
I< == - ·..:!'. = · = 57ax10·1

•) 
" N,, t.74 X 10· '• . 

lH30''I = ✓l(;'C;, 

-= ✓5.75 X JO" Ill X 2.0 X J.0" 2 

"'3.87 X I0-6 M 

p!·I "' - log (:Ui? X 10"6) ., 5.4 I 

Sillcc C., is mud, grnat.c1· than IHaO'I and {H:10 ·1·1 is much r,runtnr t.h1111 
IOH-1, the nssumplion~ nrie vnlicl nnd the vu!uc rolt:i1!11wd ,,., pH ii; 
sufficiontl,v accurnt~. 

WC1al?. Bases 

W hen fl weak ba8e, B, ii; dissolved in water it. ionizes to give 
t.l1e conjugate ncid as 

B + H
2
0 ;_,, Bl-I+ + 0 1-J-

T he proton balnnr.e equation for this system ii; 

IBW] + IH:10+1 = 101-1·1 {G7) 

S11bs1.it11ting !B H·1) ni; u function of hydrnnium -ion conc:ell .. 

(7l) 

Once (OH-J is calcula t.ed, it can he 1:onvcitcd t.o pOH, which 
c11n be subtracted fl'om p/{,. (;(1 give pH. 

J.i'.mmpl<•--·•Culculnk 1.loc pll of 11 ,u;o X 10··1. M sol11tion of a weak li:1sc 
hnving /(,, ~ 2.00 X l0"4. Assume t.hal I<,.. = 1.00 X w •+t. 

IOlrl = P<,;<;,; 
= ✓i:oi>x ic;:rx ·:rifo·x· iii:.;:i 
: ✓i1:ii1i ·x io·::ij ~ 3.00 x w·" M 

Bot.h assumptions 11re vnlicl. 

1)01-1 "" -loi: :mo X w -:l = 2.52 

pH = 14.00 - 2.52 = I l.48 

When salts obtained from s trong bases nnd wettl< acids (eg, 
sodium acctaie, sodium sulfathiazole, sodium bemmute, etc) 
are dissolved in wat.er, they dissociate o.s 

in which A·· is ~he conjugate base of the w11ak acid, HA. The 
Na+ undcl'gocs no further 1·eaction with water. The A--, 
however, acts as a weak bnsc to give 

T hus, Eqs 70 and 7l are valid, with Cb being eqt1nl to the 
concentration of the salt in solution. The vnlue fo r J< 1, can 
be obtnincd by div iding K0 for the conjugate acid, HA, int.o 
/(",. 

Hxampl<I--Calculal.c the J)H of n 0.05 M soluti<)ll of sodium nw!ntc. 
/\ssumc llrnl /(,, forncctic twid ~ 1.75 X 10·1• nnd /(.,. = 1.0() X 10··1•1• 

l(w LOO X 10··1·1 
{(( - --···- = --------· 

. I< ,, l.'lf>XJO"'' 

~ ti.7l X 10·•!0 

OJ-I" ,. ✓f<';,C~ = ,i~:'fi' X 10.:ni X 5.0 X 10-i 

= r;,:M X l.(). ,; M 

Bot.h assumpt.ion~ ar(: valid 

pOH "' ·-log (5.3,1 x 10 (i) = 5.27 

pH= 14.00 - 5.27 = 8.'rn 

FRESENIUS EXHIBIT 1013 
Page 49 of 408 



Ampholyles 

Subst.tm<:es such as NaHCO~ and NaH2PO., are termed 
ampholyles, and are capable of fm1ctioning both as acids 
and bases. When an ampholyte of the type NaHA is dis­
solved in water, the following series of reactions can occur 

Na1 HA- -
1
~ Na+ + HA·­

HA- + H 20 = A2- + H30+ 

HA-+ H20 = H 2A + OH-

2Hp = H:10 + + OH-

The t.otal proton balance equa tion (PBR) for the system is 

(H30 +] + IH2AI = lOW] + [A2-i (72) 

Substitut.ing both [H2A] nnd [A2-J m; n function of IHaO1 ] 

(see Eqs 62 and 64), yields 

rH.0' ]2 C 
l•Lo+1+ a • 3 [Hp+J2 + K 1 (H30 1

] + K J(2 

This gives II fourth-order equation in (HsO+], which can be 
simplified tt8ing certain judicious assumptions to 

r +] - ✓K1K2C, tH·P - --. 1,. + c. (73) 

In most instances, C, »K I a nd the equat:ion further simpli­
fies to 

(74) 

and fH:iO-t•j becomes independent of the conceutrntion of 
the salt. A special property of arnpholytes is t hnt the con­
centration of t he species HA- is maximum at the pH corre­
sponding to Eq 74. 

When tbe simp lest. amino ncid salt, glycine hydrnchloride, 
is dissolved in water, it acts as a dipl'otic acid and ionizes as 

+NH5CH2COOH + H2O = +NH;{CH2Coo- + H:10+ 

1'NH3CH2Coo- + H20 ;,-,> NH2CH2Coo- + ttp•· 

The form , 1·NHsCH2COO-, is an ampholyt.e since it ali:;o can 
act as a weak base 

*NH3CH2Coo- + H20 = 1'NHif:H2COOH + OH­

T his type of substance, which conies both n charged acid ic 
nnd a charged basic moiety on the same molecule is termed a 
zwitterion and, since the two charges balance each other, t he 
molecule aets essentially as a neut.rat molecule. The pH at 
which the zwitlcrion concentration is maximum is known as 
the isoelectric 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 anionic materi­
al8 such as the naturally occ\1rring gums used as suspending 
nn<l/or emulsifying agents. On the alkaline side of the iso­
electric point, amino acids and proteins are anionic nnd 
incompo.tible with cationic materials such as henzalkonium 
chloride. 

Salts of Weah Acids and Weak Ba.~es 
When a salt such ns ammonium aceta te (which is deriYed 

from a weak acid and a weak bnse) is disso!Yed in water, it 
undergoes tlrn following react.ions 

BH➔A- 1t,o7 BH4 + A •. 

IONIC SOLlJYIONS ANO ELECTAOL YTIC EQUILIBRIA 

rm+ + H20 '"'" B + I-1;10 4 

A-+ H20 a= HA +OH'­

'l'he total PBE for this system is 

241 

[H;p+J + [HA) = [OW] + [BJ (75) 

Heplacing [HA) and [BJ a::. a function of (H30 •], gives 

[n .o+Jc J{ 'C 
[H. o•·J + '1 

• = (OH -] + • ' (76) 3 [H3o+] + K 0 IH30+) + K/ 

in which C, is the concentration of salt, 1(0 is the ionization 
constant of the conjugate acid formed from the reaction 
between A - and watel' and Ko' is the ionization constant for 
the protonated bnse, BH+. l n general, (H30 +], IOH-J, J<. 
and Ka' usually are smallel' than C, and the equation simpli­
fies to 

(77) 

8xample- Colculale Lhe pH of a 0.01 M solution of nmmonium occ• 
tale. 'J'he ammonium ion has n 1{0 eq ual to 5.75 X 10- 10, which rcpro• 
senls Ku' in h:q 77, Acoiic odd has n K,. of 1.75 X IO·\ which represents 
J<. in Ec177 

IHa0-1-1 = ,/1.75 X 10-,, X 5.75 X 10-10 

= I.Of) X 10- ·1 

pH = -log (1.05 X l o-7) "' 6.!J8 

All of t:hc assumptions are valid. 

Buffers 

The terms buffer, buff er solution and buffered solution, 
when used with l'eference to hydrog1m-ion concentrntion Ol' 

pH, refer to the ability of a system, particularly an aqueous 
solution, to resist a change of pH on adding acid or alkali, or 
on dilution with a solvent. 

If an acid or base is added to water, t he 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 suc.:h as carbon dioxide changes the pH of water, 
decreasing it from 7 to 5.7 when the small concentration of 
carbon dioxide present in air is equilibrated with pure water. 
This extreme susceptibility of distilled water ton chnnge of 
pH on adding very small amounts of acid or base is often of 
great concern in pharmaceutical operations. Solutions of 
neut ral salts, such as sodium chloride, similarly lack ability 
to resist change of pH on adding acid or base; such solutions 
are called unbuffered. 

Characteristic of buffered solutions, which undergo small 
change~ of pH on addition of acid m· base, is the presence 
either of u weak acid and a snit of the weak acid, or a weak 
base and a suit of the weak baSll. An example of the former 
system is acetic acid and sodium acetate; of the latter, am­
monium hydroxide and ammonium chloride. I•'rom the pro­
ton concept of acids and hoses discussed earlier, it is appar­
ent that such buffer action involves a conjugate acid-base 
pair in the solution. It will be recalled that acetate ion is the 
conjugate base of acetic acid, and that ammonium ion is the 
conjugate acid of ammonia (the principal constit.uent of 
what commonly is called ammonium hydroxide). 

T he mechanism of action of the acetic acid- sodium ace­
tate buffet pair is that Lhe acid, which exists lal'gely in molec­
ular (nonionized) form, combines with hydroxyl ion thaL 
may be added to form acetata ion nnd water, thus 

CH:1COOH + OW -► CH3Coo·- + H20 

while the acetate ion, which is a base, combines with hydro­
gen (more exactly hyclroniurn} ion t hnt may be added to 

l 

J 

i 
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242 CHAPTER 17 

form essentially nonioni1.ed ocetic ncid and water, represent• 
cd ns 

CH;i{~OO-· + H:p+ • CH:1COOH + H?.O 

As will be illustrnted Inter by an exmnplci, tlw dumge C►f1>H is 
sli{(ht. os long as U1c amount of hydro11ium or hydroxyl ion 
added docs not. exceed tlm cap11city of the buffer system t.o 
neut.ralir.c it. 

'L'he ammonin--ommonium chloride poir f11nct.ions us a 
buffer because the ammonia <:ombines with hydronium ion 
tha t may be ncldc.>d to form ammC►nimn ion and water, thus 

NH;,+ H:P I _., NH4 + + H20 

Ammonium ion, which is an acid, combines wit.h added hy­
droxyl ion w form ammonia and water, as 

NH/ + OJ-I- • NHi + H20 

Again, t.he change of pI-1 is i;light. if the amount. of odcled 
hydronium 01· hydroxyl ion is not. in excess of' the capacity of 
_the system Lo neutrulize it. 

8!!.sides these two general t.ypes of buffers, 11 third nppenri; 
to exist.. This is the buffer system composed of t.wo salt~~. as 
mm11,hasic potassium phosphut:e, l{H2PO.1, and dibasic po­
tassium phosphnt.e, I<2HP04. ' l'his is not, however, a new 
type of buffer; it is actually a wenk-acid-conjugnte-bnse 
buffer in which nu ion, H2PO~ - , sel'ves as the weak acid, and 
HPOl- is iL<; conjugntc bnse. When hydroxyl ion. is ndded 
to 1;his buffer the following reaction takes place 

H2P01- + oH- -•► HPo/- + H20 

nnd when hydr onium ion is added 

HPo/- + H:p 1· _,.. H2Po1- + H.20 

lt is appnrent Lhlit the medmnism of action of this type of 
buffer is essentially the same as thnt of'the weak-acid-conju• 
gote-base buffor composed of acetic acid and sodium ace­
tate. 

Caleulotious--A buffer system composed of a conjugRte 
ucid-b1.1sc puir, No.A - HA ($Lich as sodium acetate nnd 
acetic acid), would have a PBE of 

IH301·1 + IHAJ "'101rJ + IA-·] (78) 

Replacing IHA] and IA··] as a functi()n of hydronium-ion 
concentration gives 

[H o~·JC J< C (H.0 1)+ 3 ,,, =101-J-J; .,.,, (?I)) 
,I IH3O+1 + }(, IH:P+I + K., 

where Ci, is the concentration of the salt, N aA, and C,. is the 
concentration of t he weak acid, HA, Tbis eqt1atio11 can be 
l'eorronged to give 

In general, both C., and Ci, are much greater t.ha~ IH:10 ◄'). 
which is in Lurn much greater than [OH'-J. and Lhe equation 
simplifies to 

(81) 

or, express<?d in terms of pH, as 

c. 
pH "" p/( • + log C- (82) 

II 

This equation is generally colk<l the Hencler1-1on-.. Hassel .. 
balch equati<>n. It applies t.c> all buffer systcmo formed from 
11 si11gle conjt11:ate acid- hu~e pair, i-egardles~ of t.h~i nnt.ure of 
the salt:s. For exnmple, it. applies equally well t.o the follow• 

ing buffer systems: ommonia- ommonium chloride, moJJO· 
sodium phos1>hate-disodium phosphate, phenobarbitul-so­
dimn ph<mobarbitnl, etc, In the ummoniu ... ammnninm chlo­
ride system, ammonia is obviously t.he base and the 
ammonium ion i6 the acid (C" equal to the concentrutioi1 of 
t.he solt.). In the phosphat;e syst<nn, m(lnosmlium phosphate 
is the ncid and disodium phosphate is the base. J?or tho 
phenobarbital buffer system, phenobarbital is the acid and 
t.he phenoborbiwl nnion is the base (C1; equol tot.he conccn• 
t.rntion of sodium phenobarbital), 

As a11 example of ~he applicntion of this equation, the pH 
of a buffer solution contoining acetic acid ond sodium ace• 
tate, each in 0.1 M concentrat.ion, may be calculated. The 
l<a of acetic ocid, as defined above, is 1.8 X JO··r,, at 25°. 

Solutic,n 
First., ilu1 pK., of ac11Lic acid fa cnlculated 

pl(., ~ - log/(" ~ - log 1.8 X I o-r, 

= - log 1.8 - log 10··• 

= ... 0.26 ··· (-5} ,. H.'1/4 

Substitu ting this value into Eq 82 

pH = log .2:.!. + -1.'l-l = +-1.7•1 
().] 

The Hendcrson-H.asselbalch equation predicts t:hat 11ny 
solutions containing th(i snmc mol1.1r concentration of iicetic 
ocid as of sodium ocet.a.Le will huve the same pH. Thus, a 
solut.ion of 0.01 M concent.rat.ion of each will have the same 
pH, 4.74, as one of0.l M conccntrnt.ion of eoch component .. 
Actually, there will be some difference in the pH of the 
solutions, for tJ1e octivit;11 coefficient of the com1>oncnt.s var­
ies wit.h concentrntion. !?or most prncticnl purposes, howev­
er, the approximate values of 1~H calculated by the equation 
are satisfactory. It should bti pointed out., however, t.hnt. the 
buffer of higher concentra t.ion of each component. will hove a 
much grnRt.er copncity for neutralizil1g added ocid 01· hose 
and this point will be discussed further under Bulfer Capac­
ity. 

The Henderson-Hosselbulch equation is useful also for 
calculating t.he rot.io of molnr concentl'ations of a buffer 
system l'equircd to produce a solution of specific pH. As an 
example, suppo.~e that an acetic ucid--sodium acel.nW buffer 
of 1>H 4.5 is to be prepornd. Wbo.t ratio of the buffer compo­
nents should be used? 

Solut.ion 
Hc11rranging g() 82, which i~ 115cd lo colculnto lh() i>H of weak ncid­

i;alt type lrnffcrs, gives 

[basoJ _ _ 
log I 'di - pH i>J(0 

llCJ 

"' 4.6 - 4.76 ~ -0.24 = (0.76 - 10) 

-1~::1 "'ontilog of (9.76 - 10) "'0.57f1 

The interpretation of this result is that tJ,e proportion of 
sodium acetate to acetic acid ~hould be 0.57f> mole of the 
fol'rner to I mole of the latter to produce a pH of 4.5. A 
solution containing 0.0575 mole of sodium acetate and 0.1 
mole of acetic: 11cid 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 lit:er. 'l'he actual concentra ­
tion selected would depend chiefly on the deRired buffer 
capacity, 

Buffca· Capacity-The ability of a buffei· solution to re­
sist changes in pH upon acldition of ut:id m· nlkali may be 
measured in terms of buff er capacity. ln the preceding 
discussi<>n ofhuffors, it has been seen thut, in a genernl w11y, 
I.he c<>nce11trat.io11 of udd in II weak-acid--uonjugate-b(lse 
buffer det.ennines the <:apacity to "ncutrnlize" added buse, 
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while the concentration of llalt of t he weak acid determines 
the cnpoci\.y l-<1 neutroli¼c added ncid. Similnrly, 111 a weak­
basc!-•Conjugate-adcl boffcr the c<>ncentrniion of the weak 
bt1so estahlishe8 the buffer capacity toward ndded acid, 
while the coucentrntion of the conjugate acid of tho weak 
base cletr.mnines the capacity towt1rd added base. When the 
huffor is cquimolur in the concent.ratiom; of weak acid und 
conjugate base, m· of weak basa and conjuguw ncid, it. has 
equal buffor capacity toward added ~t:1·ong add or strong 
base. 

Van Slyke, the biochemist, intrnducccl n quantitative ex­
pression for evulunting buffer capacity. This may be de­
fined as t.he amount, in gram-equivalents (1~-Eq) pe1· liter, of 
sL1·ong acid or strong base, requil'!!d io be added to a solution 
to change its pH by l unit; o solution has II buffer capacity of 
l when I L rP-qttires I g-Eq of strnng bns<! or acid to change 
Lhc pH 1 unit {in practice, considerably smaller increments 
ara measured, expressed 11s the 1·atio of acid or base added to 
the change of pH produced). From thh~ definition it is 
apparent t:hnt the smaller the pH change in a solut ion caused 
hy 1:he odd it.ion of o r;pecificd quantity of acid or alkali, the 
grll!lter the buffer capacity of the solution. 

The following numerical examples illuf.ltrate c:ertnin basic 
principles and calculations concerning buffer aclion and 
buffer capacity. 

l~xmup/e /-.-Whnt is the eh1m1:e of pl-I or1 acldiug 0.0 l mole of NnOH 
to J·l, of 0.10 M ftC('.tic: ncid'! 

(11) Cnlcu!ote the J>H of n 0.10 mol,;r solulinn or ocetic ut:id 

(H3o•J = J1(
0
C

0 
= J.7f> x 10-·t'x 1.0 x io-·1·= 1.s~· x"10..:.1 

pl-I"' -IOI( 1.33 X 10-~ = 2.8a 

(b) Ou adclingO.Ol. mole of NnOI-1 lo II lile1· orthis sol\1lion, 0.Cil mole 
of nccl ic ncid i8 c,>nvcrtcd to 0.01 mole of sodium ocelillt•, I-hereby de• 
c:rt,nsing (\ lo 0.09 M, nnd (\ ~ 1.0 X 10"'- M. ll~itlJ( l,Ju, lfo11der~un-­
J-fassdbnd1 <•quation 1;ivcs 

'nu, pH chnnt:e is. t.hcrefore, 0,!13 unit. 'l'hc buffer c<1))0<:i1.y ns ,tc,finod 
(tbove i$ CJtlculnted lo be 

ll)<>}IJ.~-~f..l'lo.0..1:I.~.~~lc.d "'0 01 l 
chnni,:<l in pl·I · 

8xm1111le 2----Whnt.i~ lhc chnui:e of pH on nddin1;<J.I mole.nfNaOH to 
I L of buffer solul-ion 0. l Min u,:ctir. ndd and 0.1 M i11 sodium nc<:lntt,·/ 

(a) '!'he pl-I oC th~ buffer sol\1tiot1 la:fo1x, v.ddi,i;; NllOJ-1 is 

pH "' log Th~+ pl( 
· lac:id] " 

"' lo~ .QJ. + ,f.76 ~ 4.76 
0.1 

(b) On 11cldin~ 0.01 11101<.: of NnOH per lilm· h 1 this buffor solution, 
0.01 mole of ~colic m:id is <:onvc.rted t.o O.()J mole of sodium accc.otc, 
thereby decrcusini.: th<1 conccntmtilm of Qcid to O.O~ M nml incrca$il1g (.ht• 
couc<rnt rat-ion of bn~c 1.0 0.J 1. M. 1'hc pH i~ calculolcd ns 

PH= lo.,. _Q:.1..l_ + 4 7() 
,, 0.09 . 

=> 0.066 + 4.'16 = 4.85 

The cbauge of pH in tltiscim• is only 0.09 unit, about. 1/1~ U1c 1:hnngu in I.ho 
preceding example. The buffol' cnpndl.)I i~ cnkuln·u,rl 11s 

moles of NaOl·I added ,,, 0.01 _ O.ll 
d n'lllt(C of pH 0.09 

' l'hus, t he buffer cupncity of the ncctit: 111•.id- sodium 11ct,l11h> huff<ll' solu• 
Lion is R))J)roximal<:ly 10 tim,,s I.ha! of t.lu, a<:cti<: ndd solut.ion. 

As is in part. <wident from these exam1>lcs, and may btl 
further evidenced by calculations <>f pH changes in ot.her 
systmns, Uw degrc<i of buffer action and, thereforll, thll buff-
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ea· cnpnci ty, depend on the llind und concentrntion of I.he 
buffer 1:omponents, the pH region involved uml the kind of 
ncid or nlkali added. 

Strong Acid!! und Bases as "Buffers"--ln the foregoing 
discussion, buffer action was attributed to r;ystems of (1) 
weak acids and I.heir conjugate bases, (2) wealc bases and 
their conjugate n<:ids 1111d (3) cerl.11in add-base pairs which 
can function in the manner either of System 1 or 2. 

The ability to rnsist c:hangc in 1>H on adding acid or alkali 
is possessed also by relatively concentrated solutions of 
strong acids a nd strong bases. If to 1 L of pure water having 
a pH of'l .0 is 11ddcd 1 mL of 0.01 Mhydrochloric acid, the pH 
is reduced t.o about 5.0. If the snme volume of the acid is 
added t:o l L of 0.001 M hydrochloric acid, which has a pH of 
about :i, the hydronium-ion cc111cHnf:ratio11 is increased only 
a bout l % and the pH is reduced hardly at all. 'l'he nnture of 
this buffer action is quite different from that of the true 
huffer solutions. The very simple explanution is thnt when 
l mL of0.01 M HCI, which repr!li:;enb; 0.00001 g-J;;q of hyclro­
nium ions, is 11ddecl tot.be 0.0000001 g-gq of hydrouium ions 
in I L of pura water, the hydronium-ion concentration is 
increased lOO•fold (equivalent. to 2 pH uni~s). hut when the 
some amount is added to the 0.001 g-Eq of hydronium ions in 
I L of0.001 M HCI, the increaisc is only 1/100 the concent1·a­
tion already prei;!lnt. Similarly, if I mL of 0.01 M NaOH is 
ndded t.o l L of pure water, t he pH is increased lo 9, wh ik if 
the sume v(llume is added t.o 1 L of 0.001 molnr NaOH, the 
pH is increased almost immeasurnbly. 

In general, solutions of ~trong acids of pH 3 or less, nnd 
s<>lutions of strnng bases of pH ll or more, exhibit this kind 
of buffer action by virtue of the relatively high concentrntion 
of hydronium or hydroxyl ions present T he USP includes 
nmong its Sta11dard B11.ffer Soltttians II series of hydrnchlo­
ric acid buffers, covering the pH rnngc 1.2 to 2.2, which also 
contain potasi;ium chloride. The sali does not. participate in 
the buffering mechanism, as is the cas('! with salts of weak 
ucids; instead, it serves as n nonreactive constituent. required 
to mainL11in the proper electrolyte environment. of the solu-
tions. · 

Determination of pH 

Color£met.ry 

A relativt>ly $im1>le and incxpcnsivCl method for det:etmin­
ing the approximate pH of a solution dep<mds ou the fact 
that some conjugate acid base pairs (indicators) possess oue 
color in the acid form and another color in the base form. 
A8sume t.hut t:he acid form of n part.i<:ular indicniur is red, 
while t.he baRe form is yellow. 'l'he color of a i;olution of this 
indicawr will range from red, when it is suffic:ient:ly acid, to 
yellow, when it, fo sufficicmtly alkaline. In the intermediate 
pH range {the transition interval) the c:olor will be a hlcnd of 
rnd and yellow depending upon the raLio oft.he base t<> the 
ncid form . In general, although thel'e urc slight differences 
between indicators, color changes apparent t.o t.he eye con not. 
be discerned when the ratio of base t<l acid form, or acid to 
base form exceed,; 10:1. '!'he use of gq 82 indicat.es that the 
t.ransition range of most indicot.ors is equal to the pK. of the 
indicator :J:l pH unit, or n useful range of approximately 2 
pH unit:;, Standard indicat.M solu(:ions can be made ut 
known p H values wi t hin the transition range of the indica­
tor, and the pH of an unknown solut.ion determined by 
add ing the indicator to it and comparing the re1mlting color 
with the standard solutions. Di:,tails of this procedure can 
be found in RPS-14. Another method for using these indi­
cntors is to apply them t.o thin s trips of filter pnpcr. A drop 
of the unknown solution is placcid on a piece of the indicat.or 
pnpel' and t.l1e rcsull:ing color compared t~1 a c()lor chart 
supplied with the indicator paper. These papers arc avail­
able inn wide vnriety of pH rnnges. 
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Poten.tiometry 

!Jilectrometric methods for the determination of pH nre 
based on the fact that the difference of electrical potential 
between two stlitable electrodes dipping int.-0 a solution con ­
taining hydronium ions depends on the concentration (01· 
activity) of the latter. The development of a potential dif­
ference is not a specific property of hydronium ions. A 
solution of any ion will develop a potential proportional to 
the tionccMrotion of that. ion if a suit.llble pair of electrodes is 
placed in the solution. 

The l'dat.ionship between the potential difference and 
<:oncentration of an ion in equilibrium with the electrodes 
may be derived as follows. When a metal is immersed into a 
solution of one of its snits, there is a tendency for the metal to 
go int-0 solution in t..he form of ions. This tendency is known 
as the solu/.icm pressure of the metal and is comparable to 
the tendency of sugar molecules, for example, to dissol11e in 
water. The metallic ions in solution tend, on the other hand, 
to become discharged by forming atoms, this effect being 
proportional to the osmotic pressure of the ions. In 01·der 
for au atom of a met.al Lo go into solution as a positive ion, 
electrons, equal in number to the charge on the ion, must. be 
left behind on the metal electrode with the result that the 
latter becomes negatively charged. The positi11ely charged 
ions in solution, however, may become discharged as ntoms 
by taking up electrons from the metal electrode. Depending 
on which effect predomina tes, the electrical charge on the 
electrode will be either positive or negative and may be 
quantitatively expressed by the following equntion proposed 
by Nernst in 1889 

E = RT_ In .P.. 
nF P 

(83) 

where Eis the potential difference or elnctromotive force, J? 
is the gus cons tan t (8.316 joules), Tis the absolute tcrnpern­
ture, n is the valence of the ion, Pis the Faraday of elr,ctricity 
(96,500 coulombs}, pis the osmotic pressure of the ions and 
Pis the solution pressure of the metal. 

Inasmuch as it is impossible to measure the potential 
difference between one electrode and a solution with any 
degree of certainty, it is customary t,o use two electrodes and 
to measure the potential difference between them. If two 
electrodes, both of the same metal, are immei-sed separately 
in solutions containing ions of thnt metal, at osmotic pres• 
sure p 1 and p2, respectively, and connected by means of a 
tube containing a nonreacting salt solution (a so-called "salt­
bridge"), the potential de11eloped across the two electrodes 
will be equal to the difference between t he potential differ­
ences of the individual electrodes; thus 

E = E - E = {~.'.!.: In EJ.. - R'.( In p_~ (84) 
1 2 nF PL nF P2 

Since both elect!'Odes a1·e of the same metal, P1 = P2 and the 
equation may be i-irnplified to 

RT RT R'I' P1 R "" - , In p 1 - - In P• = - ln - (85) 
nJ, nF - nF P1. 

In place of 06motic pressures it is permissible, for dilute 
solutions, to substitute the concentrations c1 and c2 which 
were found (see Chapter 16, page 222) to be proport.ionnl to 
p1 ondp2• The equution I.hen becomes 

., R7' C1 I~ = -ln ---
11F c~ 

(86) 

If either c1 or c2 is known, it is obvious that the value of the 
othel' may be found if the potential difference, E, of this cell 
can be measured, 

For I.he determination of hydronimn-ion co11cent1·ation or 
pH, an electrode at which an equilibrium between hydrogen 

Fig 17-3. Hydrogen-ion concentration chain. 

gas a11d hydronium ion can be established must be. used in 
place of metallic electrodes, Such au electrode may be made 
by electrolytically coating a strip of platinum, or other noble 
metal, with platinum black and satmating the lat.tel' with 
pure hydrogen gas. '!'his device funct.ions as a hydrogen 
electrode. Two such electrodes may be assembled as shown 
ill Fig 17-3. 

In this diagram one electrode dips into Solution A, con­
taining a known hydronhun-ion conce11tration, and the oth­
er electrode dipi; into Solution B, containing an ~rnknown 
hydronium-ion concentration. The two electrode~ and so· 
lutioni;, sometimes called half-cells, I.hen are connected by a 
bridge of neutral salt solution, which has no significant effocL 
on the solutions it connects. The potenl:ial difference acrnss 
the t.wo electrodes is measured by means of a potentiometer, 
P. Ifthe concentration, ci, of hy<l ronium ion in Solu~ion A is 
l N, Eq 86 simplifies w 

RT l E= - ln- (87) 
nJ.' <'2 

or in terms of Briggsian logarithms 

R'I' 1 
E = 2.303 - F~ log10 -

11- • C2 
(88) 

If for log10 l/c2 there is substituted its equivalent pH, the 
equation becomes 

R'I' E = 2.303 - pH 
11P 

(89) 

and finally by substituting numerical values for R, ,i, 1' aud 
F, and assuming the temperature to be 209

, the following 
simple relationship is derived 

E E = 0.0581 pH or pH = -;-:-· (90) 
0,0,l81 

The hydrogen electrode dipping into o. solution of known 
hydrnnium-ion concentration, called the reference elec• 
trocie, may be 1·eploced by a calomel electrode, one type of 
which iii shown in Fig 17-4, The elements of a calomel 
elcctmde are mercUl'y and cnlomel in an aqueous solution of 
potassium chloride. The potential of this electrode is con­
stant, t·egardless of the hydronium-ion concentration of the 
solution into which it dips. 'rhe poLential depends on t:he 
equilibrium which is set. up between mercm:v nnd mercurous 
ions from t.lie calomel, but the concentration of the lat ter is 
governed, according to the solubility•produc1. principle, by 
the concentration of chloride ions, which 11re derived moinly 
from the potassium chloride in the solution. Therefore, t.he 
potential of this elecirode varies with the concentration of 
potassium chloride in the electrolyte, 

Because the catomel electrode always indicates voltages 
which arc higher, by n constant value, t.hnn those obtained 
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Fig 17-4. Calomel electrode. 

when the normal hyd1·oge11 clecu·ode chain shown in l~ig 17-3 
is used, it is necessary to subtract. t.he potential cllle to the 
calomel electrode itself from the observed voltuge. As the 
magnitude of this vol1.11ge depends (H) the concentration of 
potussium chloride in the calomel-eled.rodc electrolyte, it. is 
necessnry to know the concentration of the former . Por 
most purposes a saturat.ed potassium chloride solution is 
used which produces pot1.mtinl diffm·ence of 0.2488 v. Ac­
cordingly, before using Eq 85 for 1.hc calculation of pH from 
the voltage of a <:ell made up of a calomel and a hydrogen 
l'iectrode dipping into the solution to be tested, 0.2488 v 
mus~ be subtracted from the observed potential difference. 
Expressed mathemnticnlly, Eq 91 is used for calc\1lating pH 
from I.he potential difference of such a cell. 

pH "" /!"!...-:- 0.2_488 (gl) 
00581 

In measul'ing U1e potential difference between the ehlc­
trodes, it is imperative that very little current he drawn from 
the r,ell, for with current nowing the voltage changes, owing 
to polarization effects at the elect:rn<le. Because of this it is 
not possible to make accurate meni;urements with a volt.me­
ter which requires apprcr.ioblc current io operutc it. In its 
place a poumtiometer i~ used which clo~B not draw a cu1Tent 
from tJ1e ccill being measured. 

There are many Jimit.ntions to the U5<l of the hyd1·ogen 
electrode: 

h cnnnot be, used in solutions conl{1ining stroll!( o,idants stoch ns ferric 
iron, dichromotcs, nitric n<:id, pernxidu Ol' chlorinc or rcductanl~, such a~ 
sulfurous acid 1111d h,vclrogcn sulfide. 

11. is affoclcd by tho l)rc~onct of 1>rp,1111 ic <>>mpoull(ts whkh nre fr1irly 
easily n1d\1Ccd. 

h cuuoo~ be u~cd su,,:cssl'ully in solutions contAinini:- cn~ions t.hat. fall 
h!llow hydror,cll in the elccl-rnchcmiclll seric,;. 

Errnl-ic 1·cs,ilt,; or() <>htoincd in the mcosm·c,mc11t <>f unbuffered sol11-
ii<Hl$ unlcllS wij1,ial prccnuf.ions nre taken. 

It is ~roublc~omc lo prcpurc 11nd mi•intAin. 

Since other electrock-s more convenient to use now are 11voil­
nble, the hydrogen electrode t:o<luy is used rnrely. Neverthe­
less, it. is t\1e ultimate sl,Rndard for pH nrnas\tremcmt.'>. 

To avoid some of the difficulties with the hydrogen elec• 
trode, \:he <Juinhy<lrone electrode was int.rodu<:ed and was 
popular for a long time, pa1ticula1·ly for meai:.urements of 
acid soluti()ns. The unusual feature of this electrode is f.1111(. 
it <:onsists of u piece of gold or plat,imnn wire or foil dipping 
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intu the soli1tio11 t.o be tested, in whkh has beM dissolved ll 

smoll quantity of quinhydrone. A c:alomel eledrocle may be 
used for reference, just as in determinations wil.h the hydro• 
gen olectrnde. 

Quinhydrone consists of on equimolccular mixture of qui­
none and hydroquinonc; Che relationship between these suh­
st.unces and hydrogen-ion concentration is 

Quinone + 2 hydrogen ion!; + 2 electrons •"" hydroquinone 

In n solution containing hydrogen ion~ the potential of the 
quiuhydrone electrode is related lugnrithmicnlly to hydroni­
um-ion conccntrntion if tl1e ratio of the hydroquinone con­
centration to that of quinone is constant and practically 
equal to one. This ratio is maintninccl in an ncid solutio;1 
contnining an excess of quinhyclrone, and measurement.<; 
may be mode quicldy and accurately; howeve.r, quinhydrone 
cannot be used in solutions more alkaline than pH 8. 

An elect.rode which, because of its simplicity of operation 
and freedom from contaminat.ion or change of the solution 
being tested, has replaced both 1:he hydrog1m and <111inhy­
drone electrodes is the gloss electmde. It. functions by vir­
tue of the fact that when n thin membrane of a special 
composition of glass i;:eparatcs two solut.ions of diffel'ent. pH 
thc1·c is developed across the membrane n p otential differ­
ence which depends on the pH of both solutions. If the pH 
of one of the s<llutfons is known, thu other may be cakulated 
from the potential difference. In practice, the glass efoc­
trode usually consists ()fa bulb of the special glass fused to 
the end of u t.ube of Ol'dinary glass. Inside the bulb is placed 
a solution of known pH, in contact with 1111 internal silver­
silver chloride or other electrnde. This gl1:1l:ls electrnde un<l 
another rnfel'encci electrode are immersed in the solution to 
be tei;t,ed and the potential difference is measurp.d. A poten­
tiometer providing electronic amplificnt:ion of the fimall cur­
rent prodi1ced is employed. 'l'hc modern instruments av11il­
able permit reading the pH directly and provide also for 
compens11tion of variations due to temperature in the 1·ange 
of 0-50° and Ii, the small hut val'iable asymmetry potent.iii! 
inherent in the glass electrode. 

Pharmaceutical Significance 

In the hroucl reulm of knowledge concernini Lhe preparn­
tiou and action of drugs few, if any, variables are so impor­
tant as pH. Fort.he J>urposo of thi11 prescntat.ion, four pl'in­
cipal types of pH-dependence of drug systems will he dis­
cussed: solubility, stability, activity ancl ab~Mption. 

Drug Solubility 

If a salt, NaA, is added to wnte1· to give a concc11tration C., 
the following reactions occur 

A- + HiO :..~ HA + Olr 

If the pH of Uie solution is lowered, more of the A - would be 
converted to the unioni1.ed acid, HA, in accordance with Le 
Clmtelier's principle. gvcntually, u pH will be ubtuined, 
below which t.he amount of HA formed exceeds its aqueo\tS 
solubili ty, So, and t.he 11cid will. precipitate from solution; this 
pH can be dcsignnted as pH"' At this point, at; which the 
amount of HA formed just equals S0, a nrnss b11la11c<i on the 
total amount of drug in solnt.ion yields 

(92) 

Replncinl{ IA .. ) u~ a fund.ion of hydronium-ion concent.n.1-
tion ~iveB 

i 
:; 
,; 
j 

.I 

! 
J 
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C. - S + ...... 1(.,C, ·---· 
' 

0 
IH 0 ·1·1 + K :l ,, fl 

(98) 

where K, is the ionization Const.ant for the conjugate acid, 
HA, and IH:1O+]1, l'Cfern t.o the hydronium-ion concentration 
above which p1·ccipit11Uo11 will occur. ')'his equntion cnn be 
renl'l'angcd to give 

r 1·] So HO = I< .. -....... . 
~ v "CJ - .So 

(94) 

'l'nlcinr, logarithms gives 

C,-S0 pH = pi( + log·-·-- - (95) 
/l a 80 

'l'hus, the pH below which precipitation oCc\trs is a function 
of the amount of soltndded initially, the pl(,, and the solubil­
ity of the fre() acid formed from the salt. 

The analogous equat.ion for Sfllts of weak bases ancl ~t.1·ong 
acids (such as pilocurpine hydrochloriclc, <:ocoitw hydrochlo­
ride or codeine phosphate) would be 

(96) 

in which pl(. refers to the protonated form of the weak base. 
E.rnmpfo ..... J.lc!ow whal pl I will frno phenoborbital begin to pt~cipit11k 

from n $Ol11!.iun iniiiolly conlninini: J.3 g of ~odimn phc11obn1·hi!nl/J0() 
ml. at. 25°'? The molor solubility of phenobarbiU1l is0.0050 ,mtl ils 1>/(,, 
is 7.4 l . The molcculnr weight of sodium phenobrorhitnl is 2M. 

The mc,lnr ccmcontration of snit initinlly added i~ 

C. = _t:fh,_ " .. !.3- = O.O!il M 
• mol wt 251 

0.051 - 0.005 
pH,, m 7.41 + lon--<>.(l!lf;· .. 

~ 7 .41 + 0.9(\ '" 8.37 

h'xc,mplrJ .. -•Ahove whnt. pH will free t'.(>CCline begin to prnciJ>i lnle fr<,m 
a solut.io11 initfally conlnining 0.0294 mole of cocaine hydrochloridc/L'! 
' l 'he pJ<1, (If cocoi11e is r,.5!l, nncl its mol11r ~olubility is 5.60 x 10-~. 

p/(
0 

"'pl(0 -- p](b"' l,j,00 - 5.59 ~ BAJ 

1>H = 8.11 -~ log ... ,_J/.:.~~5.<!._ __ 
P · 0.0294 - 0.0066 

"'8.11 + (-(W:l) c ?.78 

Drug Stability 

One of the moi;t diversified nnd fruitful ureas of sl.udy is 
the investigation of the effect of hydrogen-ion concentration 
on th<! stability or, in more general terms, the renctivil.y of 
pharmaceutical systems. The eviden ce for enhanced stabil­
ity of syi;\.tims when these nre mo.intuined with in a narrow 
rnnge of pH, as well 11s of progressively decr!lasing stability 
us Lhe pH departs from tlrn 01>timum mnge, iB abundant',. 
Stability (or instability) of n system mny result from gain or 
loss of a proton (hydro~en ion) by n substro.te molecul<l-•of­
len nccompnnied hy 1m electronic renn·angement--which 
reduces (or increases) the l'eactivity of the molecule. Ins t.a­
bility results when the substance desired to remain un­
changed is converted t.o one or more other, unwanted, ~ub­
stnnces. In aqueoml solut.ion, instability m1iy arise t.hro,1gh 
the catnlvtic effect, of acids or buses, t.he former bv transfer­
ring a p1·oton to the substrate molecule, the latter ·by accept ­
ing n proLon. 

Specific illustl'Dticms of the effec~t of hydrogen-ion C()ncen­
t.ration on the stabilit.y of medidnals nre myriad; only n few 
will be given here, th!!Se bein~ chosen to shl>w the impol'· 
Lance of pH adjustment. of solutions that. require :;terilir.a• 
t.ion. 

Morphine solutions ore not. decomposed during a 60-min 
exposurn aL a tem1>m·11ture of J 00° if the pH is less thnn 5.5; 
neutral nnd alkaline solutions, however, ore highly unstable. 
Minimum hydrolytic decomposition of golutions of cocaine 
occu1:s in the rnnge of pH of 2 (.o 5; in one study II solution of 
cocaine hydrochloride, initially at a pH of 5.7, remained 
stable during 2 months (nlthough the pH d1·opped 1.o 1.2 in 
this time), while another sol\1t.ion buffered to about pH (i 

underwent npproximntely 30% hydroly~is in the same time. 
Similarly, solutions of procaine hydrochloride containing 
some hydrochloric acid show!ld no appreciable decomposi­
tion; when dissolved in water alone, 5% of the procaine hy­
drochloride hydrolyzed, while when buffored to pH 6.5, from 
19 to 35% underwon\. decomposition by hydrolysis . Soh1-
tions of thiamine hydrochloride may he sterili'l.ed by auto­
claving without. appreciable decomposition if the pH is be­
low ti; above this, thiamine hydrochloride is unstnbl<i. 

'l'hc st.ability of many disperse systems, and e~pecially of 
certain emulsions, i~ often pH-dependent. Informntion 
concernh1g specific emulsion systems, and the effect of pH 
upou them, may be found in Chapter 19. 

Drug Activity 

Drug:; th111. are weak ncidK or weak ba~cs, and hence may 
exist in ioni1.ed or nonioniied form (or a mixture of both), 
may be n<:tive in one form but not in the other; often such 
drugs have an optimum pl-I range for maximum activity. 
'l'hus, m1mdelic add, benioic acid or salicylic acid have p1·0-

nounccd antibacterial activity in nonio11ized form but have 
practically no such activity {n ionized form. Accordingly, 
thcise substances require an acid envirnnment to function 
effectively I\S antibacterial agents. Por example, sodium 
bem.oaw i~ effective as Ii prese1·vative in ,t% concentration al. 
pH 7.0, in 0.06 to 0.1 % concentration at. pH 3.5 to 4.0 and in 
0.02 to 0.03'.i'o conccntr11tion at. pH 2.3 to 2.4. OLhcr antibac­
terial agents, on tJ1e ot:her hand, are active principally, if not 
entirely, in cot.ionic form. Jndudcd int.his category are the 
acridines and quaternary ammonium compounds. 

Drug Absorption 

Tim d<lr,rM ofioni'l.ation and lipoicl solubility of o drug are 
t wo important fo<:t.01·s t:hat determine t.l1e rate of absorption 
of drngs from the ga~ti-ointcstinnl tract: and, ill(focd, t.heil' 
passage through cellular membranes generally. Drngs 
which am weak orgnnic acids Ol' bases, and which in nonion­
il'.cd Corm are soluble in liJ>ids, apparently are absorbed 
through cellular membranes by virtue of the lipoidnl nature 
of t.he membranes. Completely ioniied drug8, on the other 
hand, 11re absorbed poorly, if at nil. JJntes of abs<>1·ption of a 
variety of drugs IH'e minted to U1cfr ioniznt,ion con~tnnts ond 
in many cns<ls may be predicted quantitatively on th<l basis 
of Lhis relationship. 'fhus, not only the degree of the acidic 
or basic chnro.ctcr of a drug btit cousequent.ly also the pH of 
the physiological medium (gastric or intestinal fluid, pJ11s­
mo, cerehro~pinal fltticl, etc) in which n drng is dissolved 01· 

d isperi;ed- since this 1>H determines t.l1e extent to which the 
drug will be converted to ionic or nonionic form-- becomo 
importunt parameters of drng nbsorption. Further iMOl'· 
mntion 011 drug ab11orpt.ion is !{ive11 in Chapter 36. 
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Disperse Systems 
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lnterfacial 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 d ispersions 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. 

lnteffaclal 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 unequaJly 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 
~Ydroger:' bonds, whereas those responsible for intermolecu­t bonding in hydrocarbon liquids, such as mineral oil, are 
ue to London dispersion forces. 
_Because of this, molecules situated at the interface con­ta;: ?Otential forces of interaction which are not satisfied 

~ tive to the situation in each bulk phase. In liquid sys-
rns such unbalanced forces can be satisfied by spontaneous 

mhvement of molecules from the interface into the bulk 
P ase. This leaves fewer molecules per unit area at the 
Interface (greater intermolecular distance) and reduces the 
a~a1 contact area between dissimilar molecules. 
of ny attempt to reverse this process by increasing the area 
th ~ntact between phases, ie, bringing more molecules into 

e interface, causes the interface to resist expansion and to ----
Dr Zoo {' Sch;,tt 0 ra I authored the section on lnterfacial Phenomena. Dr 

author~ut:ored _the section on Colloida l Dispersions. Dr Swarbrick 
l e section on Particle Phenomena and Coarse Diepersions. 

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 
sur face and sur face 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 r emoved 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-lA), 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-lB), the 
loop will stret ch spontaneously into a circular shape. 

The result of t his 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 F igs 
19- lA 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, -y, of 
the liquid as F/2l, where 2l is the distance of surface over 
which F is operating (2l since there are two surfaces, top and 
bottom). If the surface is expanded by a very small dis­
tance, !J.x, one can then estimate that the work done is 

W = F/J.x (1) 

and therefore 

W = -y2l!J.x (2) 
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A • 
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 loop in It; (8) the film 
inside the loop Is broken. 1 

I 
j 

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

Since 

M = 2lLU (3) 

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

W = -yC.A (4) 

Thua, 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/cm 2. 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/cm 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 -al.kanes. Benzene with 1r electrons 

Table I-Surface Tension of Various Liquids at 20° 

Substance 

Mercury 
Water 
Glycerin 
Oleicacid 
Benzene 
Chloroform 
Carbon tetrachloride 
1-Octanol 
Hexadecane 
Dodecane 
Decane 
Octane 
Heptane 
Hexane 
Perfluoroheptane 
Nitrogen (at 75°K) 

SUr1ace tension, 
dyneslan 

476 
72.8 
63.4 
32.5 
28.9 
27. 1 
26.8 
26.5 
27.4 
25.4 
23.9 
21.8 
19.7 
18.0 
11.0 
9.4 

Table 11-lnterfaclal Tension of Various Liquids against 
Water at 20° 

51.bstance 

Decane 
Octane 
He18lle 
Carbon tetrachloride 
Chloroform 
Benzene 
Mercury 
Oleic acid 
1-Octanol 

lnterlacial tension. 
dyneslan 

52.3 
51.7 
50.8 
45.0 
32.8 
35.0 

428 
15.6 
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; t he 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 octlUle 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 t heir sur· 
face, may be classified as high-energy solids, whereas nonpo· 
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Fig 19-3. Adipic acid crystal showing various faces.2 

Table Ill-Values of 'Y.., tor Solids of Varying Polarity 

Solid 

Teflon 
Paraffin 
Polyethylene 
Polymethyl methacrylate 
Nylon 
lndomethacin 
Griseofulvin 
Hydrocortisooe 
Sodium Chloride 
Copper 

-y •• (dynes/cm) 

19.0 
25.5 
37.6 
45.4 
50.8 
61.8 
62.2 
68.7 
155 

1300 

larsolids 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(CH2) 4COOH, crys­
tallizes from water as thin hexagonal plates with three d if­
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 carbo:tyl and alkyl groups, and thus are quite 
nonpolar. Indeed, interactions involving these different 
faces reflect the differing surface free energies.2 

Other complexities associated with solid surfaces include 
surface roughness, porosity and the defects and contamina­
tion produced during a recrystaJlization 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 III are listed some approximate average values of 
'Y,v 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 r ise 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 between 
molecules of the same phase (cohesional forces). If these 
adhesional forces become 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, W0 , is defined as the energy per cm2 

required to separate two phases at their boundary and is 
equal but opposite in sign to the free energy/cm2 released 
when the interface is formed. In an analogous manner the 
work of cohesion for a pure substance, We, is the work/cm2 

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 sig~ to the free 
energy/cm2 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 Wa and We. If We exceeds W0 , no 
spontaneous spreading of B over A can occur. The differ­
ence between Wa and W, is known as the spreading coeffi­
cient, S; only when S is positive will spreading occur. 

The values for Wa 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, 'Y AB ergs 
of interfacial free energy/cm2 (interfacial tension) are lost, 
but that 'YA and 'YB ergs/cm2 of energy (surface tensions of A 
and B) are gained; upon separation of bulk phase molecules 
in an analogous manner, 2-y A or 2-YB ergs/cm2 will be gained. 
Thus 

Wa = 'YA + 'YB - 'Y AB 

and 

W, = 2-y A or 2-yB 

For B spreading on the surface of A, therefore 

SA = 'YA+ 'Ya - 'YAB- 2-yB 

or 

(5) 

(6) 

(7) 

(8) 

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

Decane: S "' 72.8 - (23.9 + 52.3) 

Benzene: S = 72.8 - (28.9 + 35.0) 

Oleic acid: S = 72.8 - (32.5 + 15.6) 

= -3.4 

= 8.9 

= 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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cute, 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: 

SH!w = 72.8 - (18.0 + 50.8) = 4.0 

SwtH = 18.0 - (72.8 + 50.8) = -105.6 

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 occur, a powder 
such 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. It is 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 

SF= 62.2 - (28.9 + 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. 

Wetting 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
tane~usly, and, therefore, S, the spreading coefficient, is 
negat ive, 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 

Fig 19-4. Forces acting on a nonwetting liquid drop exhibiting a 

contact angle of (J.3 

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

(9) 

where r'SV, 'YSL, and 'YLV 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 'Ysv and r'SL 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 'YLV cos fJ term arises as the horizontal vectorial com­
ponent of the force acting along the .surface of the drop, as 
represented by 'Y L v- Factors tending to reduce r'L v and 'YSL, 
therefore, will favor wetting, while the greater the value of 
'YSV 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 Paraffin and Nylon for Various 
Liquids of Differing Surface Tension 

Surface tension, Contact angle 

Substance dynes/ cm Paraffin Nylon 

Water 72.8 105° 70° 
Glycerin 63.4 96" 60" 
Formamide 58.2 91° 50• 

Methylene iodide 50.8 66° 41° 
a-BromonaphthaJene 44.6 47° 16° 
tert-Butylnaphthalene 33.7 38• spr::ads 
Benzene 28.9 24° 
Dodecane 25.4 17° 
Decane 23.9 7• 

Nonane 22.9 spreads 

Ysv 
VAPOR 

8 

Fig 19-5. Forces acting on a nonwettable solid at the air+llquid+SO­
lid interlace: contact angle fJ greater than 90°. 
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Table V-Crltlcal Surface Tensions of Various Polymeric 
Sollda 

Polyme,ic Solid 

Polymethatrylic ester of <f>' -octanol 
Polyhexafluoropropylene 
Polytetrafluoroethylene 
Polytrifluoroethylene 
Poly(vinyl idene fluoride) 
Poly(vinyl fluoride) 
Polyethylene 
Polytrifluorochloroetbylene 
Polystyrene 
Poly( vinyl alcohol) 
Poly(metbyl methacrylate) 
Poly(vinyl chloride) 
Poly(vinylidene chloride) 
Poly(ethylene terephthalate) 
Poly(hexamethylene adiparoide) 

')'.:, 
Dynes/cm at 20° 

10.6 
16.2 
18.5 
22 
25 
28 
31 
31 
33 
37 
39 
39 
40 
43 
46 

liquid-air interface can cause a d ense nonwetted solid to 
float if "YSL and "YlV are large enough relat ive to 1'sv-

The significance of reducing nv was first developed em­
p irically by Zisman when he plotted cos 8 ~s the sur~ace 
tension of a series of liquids and found that a lmear relation­
ship, dependent on the solid, was obtained. When such 
plots are extrapolated to cos 8 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, -y,) parallels expected solid surface energy 
"Ysv; the lower 'Ye, the more nonpolar the surface. . 

Table V indicates some of these "Y, 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 (-Ye = 31 dynes/cm), but heptane with a surface tension 
of about 20 dynes/cm will. Likewise, Teflon (polytetrafluo­
roethylene) ("Ye= 19) is not wetted by heptane but is wetted 
by perfluoroheptane 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
cus, 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 
and is responsible for a number of important processes in­
volving the penetration of liquids into porous solids. In 
Contrast 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 19-6. Gaplllary rise for a liquid exhibiting zero contact angle ' 

Fig 19-7. capillary fall ror a liquid exhibiting a contact angte, 8, 
which is greater than 90° .' 

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~ a 
height, h, above the bulk liquid in a capillary having a radius, 
r. lf (as shown in Fig 19-6) the contact angle of water on 
glass is zero, a force, F, will act upward and verticall}'. 8:l~ng 
the circle of liquid-glass contact. Based upon the defm1t1on 
of surface tension this force will be equal to the surface 
tension, "Y, multiplied by the circumference of the circle, 2irr. 
Thus 

F = -y2irr (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, 1rr2h, the force W 
opposing the movement upward will be 

W = mg = irr2dgh (11) 

where g is the gravity constant. 
Equating the two forces at equilibrium gives 

so that 

h = 2-y 
rdg 

(12) 

(13) 

Thus, the greater the surface tension and the finer the capil­
lary radius, the greater the rise of liquid in the capilla~y. . 

If the contact angle of liquid is not zero (as shown m Fig 
19-8), the same relationship may be developed, except the 

F 

--==-=-~ 
--- ·--- -- - __ --

Fig 19-8. Gapillary rise ror a liquid exhibiting a contact angle, IJ, 
which is greater than zero but less than 90°.' 
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vertical component of F which opposes the weight of the 
column is F cos 8 and, therefore 

h = 2-y cos 8 (l 4) 
rdg 

This indicates the very important fact that if 8 is less than 
90°, but greater than 0°, the value of h will decrease with 
increasing contact angle until at 90° (cos 8 = 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, P1, must be less than 
that just below the flat liquid surface, P0, by hgd, and there­
fore 

P0 - P1 = hgd 

Since, according to Eq 14 

then 

h = 2-y cos8 
rgd 

p _ p _ 2-y cos 8 
o • - r 

(15) 

(16) 

For a contact angle of zero, where the radius of the capillary 
is the radius of the hemisphere making up the meniscus, 

P0 - P1 = 2-y (17) 
r 

The consequences of this relationship (known as the Laplace 
equation) are important for any curved surface when r be­
comes very small and -y 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 
observed over a flat surface of the same liquid at P'. The 
equation (Eq. 18) expressing the ratio of PIP' to droplet 
radius, r, and surface tension, -y, is called the Kelvin equa­
tion where 

log PIP' = 2-YM 
2.303RTpr 

( 18) 

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 
glcm3. 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 

Table VI-Ratio of Observed Vapor Pressure to Expected 
Vapor Pressure of Water al 25° with Varying Droplet Size 

PIP' • 

1.001 
1.01 
l.l 
2.0 
3.0 
4.2 
5.2 

Droplet size, pm 

l 
0.1 
0.01 
0.005 
0.001 
0.00065 
0.00060 

• Pis the observed vapor pressure and P' ,s the expected value for " bulk" 
water. 

clouds to remain uncondensed despite their close proximity 
to one another. 

This same 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 
the surface energy and smaller the particles, the greater this 
effect. 

Adsorption 

Vapor 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 con taining exposed polar groups- may be clas.,i­
fied as high-energy or hydrophilic solids; nonpolar solids 
such as carbon, sulfur, polyethylene, or T eflon (polytetraflu­
oroethylene) may be classified as low-energy or hydrophobic 
solids (Table III). 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. Ordinarily, these lat­
ter forces are those responsible for the condensation of rela­
tively nonpolar substances such as N2, 0 2, CO2 or hydrocar· 
hons. 

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 pa rticular 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/uni t 
area or unit mass of solid, at different pressures of gas. 
Since such studies usually are conducted at constant tern· 
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 fo, ammonia on charcoal.• 

therm should look like those shown in Fig 19-9. 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. 
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Fig 19-10. Typical plot fo, multilayer physical adsorption of a vapor 
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 Ji equal the 
number of molecules striking each sq cm of surface/sec. 
From the kinetic theory of gases 

Ji= p 
(21rmkT) 112 

(19) 

where p is the gas pressure, m is the mass of the molecule, k is 
the Boltzmann gas constant, and Tis 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 a/i is equal to the rate of adsorption 
on the bare surface. However, if 8 is -'t he fraction of the 
surface already covered, the rate of adsorption actually will 
be 

(20) 

In a similar manner the rate of molecules leaving the surface 
can be expressed as 

(21) 

where 'Y is the rate at which molecules can leave the surface 
and 8 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 -y. At equilibrium, Ra • Rd and 

(22) 

Isolating the variable term, p, and combining all constants 
into k, the equation can be written as 

8 = ___E!_ 
1 + kp 

(23) 

and, since 8 may be expressed as 

v. 
8 = - (24) vm 

where V0 is the volume of gas adsorbed and V mis the volume 
of gas covering all of the sites, Eq. 23 may be written as 

V ,. V,,.kp (25) 
a l + kp 

A test of fit to this equation can be made by expressing it in 
linear form 

..e_ = - 1- + ..E... (26) 
Va 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 m is valuable since it indicates 
the maximum number of sites available for adsorption. In 
the case of physisorption the maximum number of sites is 
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actually the total surface area of the solid and, therefore, the 
value of V m 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 Vm 
and solid surface areas. Equation 27 is the B.E.T. equation: 

V,,,cp 
V =----------

a (A) - p)[l + (C - l)(p/po) 
(27) 

where c is a constant and Po is the vapor pressure of the 
adsorbing substance.5 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 sw-face 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 

Fig 19-11. Insoluble monomolecular film compressed between a 
fixed barrier, 8, and a movable barrier, A.6 

tension is reduced upon compression because contact be 
tween air and water is reduced by the presence of the fit · 
molecules. Beyond the point of closest packing the fillll 
apparently collapses very much as a layer of corks floating Ill 
water would be disrupted when laterally compressed beyo~~ 
the point of initial physical contact. 

U~ing a refin~d- quantitative technique based on these 
studies, Langmuir' spread films of pure fatty acids, alcohol 
and esters on the surface of water. Comparing a series ic 
saturated fatty acids, differing only in chain length, he found 
that the area/molecule at collapse was independent of chain 
length, corresponding to the cross-sectional area of a tnole. 
cule oriented in a vertical position (see Fig 19-11). He fur. 
ther concluded that this molecular orientation involved as. 
sociation of the polar carboxyl group with the water Phase 
and the nonpolar acyl chain out towards the vapor phase. 

In addition to the evidence for molecular orientation 
Langmuir's work with surface films revealed that each sub: 
stance exhibits film properties which reflect the interactions 
between molecules in the surface film. This is best seen by 
plotting the difference in surface tension of the clean sur. 
face, 'Yo, and that of the surface covered with the film, 'Y, Vs 
the area/molecule, A, produced by film compression (total 
area + the number of molecules). T he difference in surface 
tension is called the surface pressure, ir, and thus 

ir = 'Yo - 'Y· (28) 

Figure 19-12 depicts such a plot for a typical fatty acid 
monomolecular film. At areas greater than 50 A2/ molecule 
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 1r 

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 A2 to 30 A2/molecule, the curve 
shows a steady increase in ir, representative of a two-dimen· 
sional '' liquid" film, where the molecules become more re­
stricted in their freedom of movement because of interac· 
tions. Below 30 A 2/molecule the increase in 'If' 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 ·· 

40 D 

30 C 

B 

A 

20 30 40 50 60 70 
AHA PH MOUCULI 1121 

Fig 19-12. A surtace pressure-area curve IOI' an insoluble mono­
molecular film: Region A, " gaseous" lllm; Region 8, "liquid" fil"1: 
Region C, " solid" film; Region 0, film collapse 
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Soluble Films and Adsorption from Solution 

f tty acid exhibits highly "gaseous" film behavior on 
If a :Ous surface, we should expect a relatively small 

an aqu •n 1r with A over a considerable range of compression. 
cbrg~ 1 for short-chain compounds-eg, lauric acid (12 car · 
In ee 'nd decanoic acid-not only is the change in 1r small 
~ns)d~reasing A but at a point just before the expected 
~::est packing area the surface pressure becomes constant 

without any collapse. . . 
Iflauric acid is convert~d to_th~ laurate 10n, o~ if a shorter 

chain acid such as octano1c acid 1s used , sprea?mg on Y:'ater 
d compression of the surface produces no mcrease m 1r; 

:t:.e more polar the molecule (hence, the more "gaseous'' the 
film) , the higher the area/molecule where a constant surface 
pressure occurs. . . 

This behavior may be explamed by assummg that polar 
molecules form monomolecula r films when spread on water 
but that, upon compression, they a re caused to enter the 
aqueous bulk solution rather than to remain as an. in~ct 
insoluble film. The constant surface pressure with tn· 
creased compression ar ises 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 solubili ty. 

Starting from the other direction. it can be shown that 
short-chair, 'lcids and alcohols (when dissolved in water) 
reduce t:ie 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 init ial surface pressure, whereas increas­
ing bulk-solution concentrat ion tends to increase surface 
pressure, presumably by shift ing the equilibrium between 
surface and bulk molecules. 

At this point we may ask, why should water-soluble mole­
cules 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 adsorpt ion. 
. A number of factors will produce such a favorable change r free energy. First, the presence of the oriented monomo­
.ecular film reduces the surface free energy of the air-water 
~n~rface. Second, t he hydrophobic group on the molecule r m a_ lower state of energy at the interface, where it no 
t~ng:~skas surr_ounded by water molecules, than when it is in 
file 

1 
·solution phase. Increased interaction between 

~ mo ecules also will contribute to this process. 
be further reduction in free energy occurs upon adsorption 
wa~use of the gain in entropy associated with a change in 
solv d st ructure.. Water molecules, in the presence of d is­
th e alkyl chams a re more highly organized or " ice-like" 
su~~ t~ey are as a pure bulk phase; hence, the entropy of 

Tbs ructured water is lower than that of bulk water. 
structe process of adsorption requires that the '' ice-like" 

ure" It" an incre ~ e as the chains go to the interface and, thus, 
of rnol ~e in _the entropy of water occurs. The adsorption 
by wa~cu es d1SSolved in oil can occur but it is not influenced 
rnentio;:ruct~re 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 
t he interface, leading to significant adsorption. 

Thus, whereas water-soluble fatty acid salts are adsorbed 
from water to air- water and oil-water inte rfaces, 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 solut ion to an oil-air interface, but 
show s ignificant adsorption at the oil-water interface when 
dissolved in oil. 

From this discussion it is possible a lso 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 qui te polar. 

S ince soluble or adsorbed films cannot be compressed, 
there is no s imple d irect way to estimate the number of 
molecules/unit area coming to the surface under a given set 
of conditions. For relatively s imple systems 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 t reatment of 
the change in free energy when molecules concent rate at the 
boundary between two phases. The equation may be ex­
pressed as 

a d-y r=- - ­
RT da 

(29) 

where r is the moles of solute adsorbed/unit a rea, R is the 
gas constant, T is the absolute temperature and d-y 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-Huckel equation for activity 
coefficient is applicable, the value of a may be replaced by 
solute concentration, c. Since t he term de/<: is equal to d In 
c, the Gibbs equation is often written as 

f=- - l _ _rb_ 
RT d In c 

(30) 

In this way the slope of a plot of 'Y vs In c multiplied by 1/RT 
should giver 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 

20'-----''---....I-----L--.....L.­
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Fig 19-13. The effect 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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