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/ . Introduction 

Acid-base properties and protonation-deprotonation 
equilibria are the most easily studied, and the most readi
ly understood, chemical phenomena. Observations of the 
effects on acid-base equilibria of changing molecular 
structure have provided much of the theoretical founda
tion of modern organic chemistry. Attempts by research 
workers to relate their results to those of others have re
sulted in widespread use of the pKa notation, particularly 

where it is felt there is some connection with the aque
ous pH scale. In recent years a variety of new tech
niques have been developed, which reach out to com
pounds on the fringe of the popular notion of acid-base 
behavior. As the methods available for the determination 
of acidity constants have not previously been the subject 
of a comprehensive review, it is worthwhile examining 
the approaches possible over the whole acidity constant 
range and their contribution to a single, coherent pKa 

scale. 

The main aim of the present work is to bring together 
all the significant methods for the estimation of acidity 
constants. In particular, progress during the last 10 years 
is reviewed. As most work has been performed using 
aqueous pH values or acidity functions, these acidity 
scales are particularly emphasized. An objective of this 
review is to provide some indication of the utility of the 
pKa concept and its limitations with present knowledge. 
The relationship of the conventional aqueous standard 
state for acidity constants to measurements using acidity 
functions, or determinations in mixed-aqueous and non
aqueous solvents, is discussed. The indirect methods 
needed to measure very high pKa values are also consid
ered. Various limited acidity scales result from these ap
proaches and they require careful interpretation, particu
larly when they are compared with aqueous pKa 's . 

In this review due emphasis is given to the two most 
important methods for acidity constant determination, in
volving potentiometry and ultraviolet spectroscopy. Rath
er than repeat the experimental details available in the 
laboratory manual of Albert and Serjeant,1 more impor
tance is placed on the interpretation and treatment of the 
data obtained by these methods. Other techniques are 
covered more superficially but with adequate references 
to ensure that the chosen method can be used correctly. 
Although certain standard texts1 - 9 deal with particular as
pects of acidity constant measurements, only the book 
by King2 attempts a general treatment. Although Albert 
and Serjeant,1 in their recently updated work, cover the 
major methods that can provide thermodynamic pKa 's in 
water, they neglect the extensive work that has been 
done to extend the acidity constant concept both into 
other media and far beyond the pH range. Nevertheless, 
this manual is essential for anyone considering the care
ful determination of acidity constants. The review by 
King2 provides a more sophisticated insight into what is 
being measured. 

//. Background 

A. Theoretical 

Although the more wide-ranging acid-base theory of 
Lewis has much to recommend it,10 this review concen
trates on the protonation-deprotonation equilibrium 1. 
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acid 5 ^ base + proton (1) 

The utility of a wider interpretation of acidity and basicity 
involving hydrogen-bond formation has been discussed 
by Arnett.11 Equation 1 depicts the Br^nsted-Lowry con
cept of acids and bases, and is worthy of individual at
tention as it involves the simplest reversible organic reac
tion. Moreover the equilibrium has special significance in 
biological areas. The acid and base in such an equilibri
um are described as a conjugate acid-base pair. As the 
equilibrium is almost invariably examined in a solvent 
(SH), all the species are solvated, a fact commonly ig
nored in simple treatments. The equilibrium may there
fore be rewritten 

HX + SH ^ X + SH2 (2) 

where charges are neglected, to emphasize that acids 
and bases may be either neutral or charged. 

The acidity constant Ka of the acid HX is defined as 
the equilibrium constant of eq 2 when studied in dilute 
solution. Under such conditions the acitivity of the sol
vent can be assumed constant and ignored. We then 
have 

K3 = axaSH2/aHx <3) 

where a represents the activities of the species involved. 
King2 points out that equilibrium 2 is composed of two 
connected equilibria 4 and 5, involving ionization to form 
an ion pair and dissociation of this to give free ions (all 
species being solvated). This complication is particularly 
significant in solvents of low dielectric constant, where 
more work is required to separate ions. 

HX + SH 5 ^ X-SH 2
+ (4) 

X-SH2+ ^ X - + S H 2 + (5) 

The acidity constant Ka is related to the ionization con
stant K1 and the dissociation constant Kd by eq 6. This 
relationship, which is introduced incidentally by King, 
relies on a redefinition of K3 as an overall dissociation 
constant,12 in which aHx in eq 3 is replaced by aHx + 
Sx-SH2+ • The ionization constant is largely influenced by 

Ka = KiKd/(1 +K 1 ) (6) 

the structure of the compound under investigation, and 
Kd depends principally on the dielectric constant of the 
solvent. The two commonest types of acid are the neutral 
acid HA and the positively charged acid BH+ (i.e., the 
conjugate acid of a neutral base). The ionization of the 
former (eq 7) creates ions and is more sensitive to 
changes in dielectric constant, whereas the second type 
is relatively insensitive to this, as the ionization does not 
involve work in separating charges (eq 8). 

HA + SH — SH2
+ + A " (7) 

BH+ + SH — SH2
+ + B (8) 

B. Acidity Scales 

1. The p H Scale 

The most useful solvent for the investigation of acidi
ties is water, and use is made in that solvent of the pH 
scale,3-4 effectively defined within ±0.02 unit as - log 
9H30+ for the pH range 2-12. This allows the commonly 
met definition 9, sometimes called the Henderson-Has-
selbalch equation. Unfortunately, the pH scale possesses 

certain limitations,3'4 which mean that its usefulness is 
limited to the range 1 < pH < 13. Beyond this range the 
pH scale is not precisely defined, and although useful 
comparisons may be made outside these limits, one must 
avoid attaching too much significance to the absolute 
values of pKa's determined in very acidic or basic solu
tions. The theoretical and practical background to the pH 
scale is admirably covered by Bates4 in a welcome new 
edition of his book on pH determination and requires no 
further comment here. 

pKa = - log K3 = pH + log a a c l d /a b a s e = pH + 

log a H x / a x (9) 

2. Acidity Functions 

The pH scale has been extended at either end by the 
use of acidity functions,3 which are derived from the 
pKa's of compounds which ionize outside the pH range. 
Equation 3 can be rewritten as eq 10 in which [ ] refer to 
concentrations and y is an activity coefficient. The acidi
ty function Hx is then defined by eq 11. Comparison of 
this expression with eq 9 shows that the activity coeffi
cient ratio 7 H X / 7 X has been neglected. For Hx to be a 
unique measure of acidity, hx must be independent of the 
nature of the acid HX. In other words, Y H X / 7 X hiust be 
constant. This requirement, known as Hammett's activity 
coefficient postulate, is now known not to hold generally, 
and a series of acidity functions (see section IV.C) have 
been generated, based on groups of indicators of similar 
structure, in which the activity coefficient ratio is con
stant only for the particular structural type. 

_JX]__Tx_ _ JX]_ 
Ka ~ [HX] T H X a«H2 ~ nx rHX] (10) 

Hx= -\oghx = pKa-\og[HX]/[X] (11) 

The need for various expressions of acidity arises from 
the differing solvation requirements of conjugate acid-
base pairs with dissimilar structures. No single acidity 
function can explain the protonation behavior of more 
than a limited range of compounds. For the protonation 
of a compound to be accurately described by Hx (where 
x refers to the charge type of the base), the activity coef
ficient behavior of the compound studied must be the 
same as that of the indicators used to establish the 
scale. Moreover, a plot of log / (=log [HX]/[X]) vs. Hx 

should be a straight line of slope —1.00. Many workers 
fail to substantiate the first condition; we shall consider 
the second in more detail in section 11.D. 

Hammett's W0 scale (for the protonation of neutral 
bases) is well established in a variety of acids as the 
most useful single acidity function, and bases which fol
low H0 are described as Hammett bases.3'13-14 The 
scale, as modified by later workers, uses a series of pri
mary nitroanilines as indicators. The confused area of 
non-Hammett bases is covered by Rochester,3 whose re
view also updates earlier reviews on the application of 
acidity functions to basic media.15 Boyd's review14 con
centrates on the validity and limitations of acidity func
tions and includes many tabulations of both acidity func
tions and indicator pKa's which are merely referenced by 
Rochester. Bates4 provides a list of acidity constants of 
Hammett indicators which is unfortunately out of date. 

Whereas several of the minor variations in acidity func
tions are probably unnecessary, one of the most useful is 
the HA function which is applicable to amides (including 
pyridones); pyridine A/-oxides; sulfoxides; carbamates; 
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a,/J-unsaturated aldehydes, ketones, and acids; and, 
most recently, phenyl-substituted ureas.16 Unfortunately, 
there are problems, often ignored, in linking HA to the 
standard state in water, and it has been suggested that 
HA is too negative by about 0.3 unit.17 This doubt is due 
to the dubious assumption that H0 and HA coincide up to 
16% sulfuric acid.1 8 Nevertheless, the correct anchoring 
of the HA scale is supported by work on pyridine /V-ox-
ides,19 which provide an acidity function identical with H A 

as originally defined, and which is rigorously linked to the 
aqueous standard state. 

Although pKa determination using acidity functions has 
its drawbacks, it is the most commonly applied method 
for the study of weak bases and weak acids. The prob
lems involved in the acidity function approach have been 
well reviewed.11 Extrapolation from an acidity function to 
the pH scale is often of dubious wor th , 2 0 ' 2 1 and it has 
been claimed that thermodynamically meaningful pKa 's 
may only be precisely determined where pH can be 
used.22 Outside this range the process is often inaccu
rate and arbitrary. It is important therefore to recognize 
the inherent limitations of a pKa measured using one or 
another of the available acidity funct ions.2 1 '2 3 Neverthe
less, the basis on which the H0 scale was determined 
has now been independently val idated.2 4 '2 5 So H0 proba
bly provides thermodynamically meaningful values for 
Hammett bases, even beyond the limit of 60% sulfuric 
acid suggested by Boyd.14 

Even in a series of structurally related bases there are 
often appreciable differences in acidity function behavior. 
Arnett11 discusses the importance of solvation effects on 
such behavior and makes the point that while strong 
bases may be studied in dilute aqueous solution, a rela
tively constant environment, weak bases must be studied 
in the continually changing medium of concentrated acid 
solutions. Although there are no solvation changes over 
the pH range {i.e., pH 13-1) , there are enormous differ
ences in the solvation capability of 1 M sulfuric acid (H0 

= - 0 . 4 ) and oleum (H 0 ~ - 1 3 ) . The variation in hydra
tion numbers for different cations, due to their differing 
hydrogen-bonding ability to water, is a principal cause of 
the multiplicity of acidity functions. 

Work on acidity functions in alkaline solution has blos
somed since the reviews by Bowden and Rochester.15 

The ionization of neutral acids to give singly charged an
ions is described by H-. As in the acid region, the values 
of this acidity function depend on the series of indicators 
chosen. The range of alkalinity achievable by increasing 
the concentration of a strong base in purely aqueous so
lution is rather l imited3 (e.g., for 15 M potassium hydrox
ide, H- = 18.23). Fortunately more wide-ranging acidity 
functions have been developed utilizing solutions contain
ing a fixed amount of strong base and introducing a vary
ing percentage of DMSO into the solvent. Aqueous 
mixtures give pKa 's firmly fixed to the aqueous pH scale 
and permit investigations down to H- = 26. The various 
scales available are discussed in more detail in section 
IV.C. 

3. Other Standard States 

So far we have considered scales which are referred to 
the pure aqueous standard state. On occasion other stan
dard states may be more relevant. Thus acidity constants 
referred to a standard state in DMSO are preferable to 
aqueous pKa 's when reaction kinetics and mechanisms 
in DMSO are under consideration. Many attempts have 
been made in the past to relate acidity constants deter
mined in different solvents to an aqueous standard state, 
resulting in some success on an empirical basis. Thus 

the pKa 's determined by titration in glacial acetic acid for 
various weak bases parallel the aqueous values, and the 
two scales seem to be about 2 units apart .4 '1 1 The rela
tionship is inexact, however, and possibly fortuitous as it 
was derived using values of Wo at half-protonation (see 
section 11.D), rather than the appropriate acidity function 
for individual compounds. 

To compare acid strengths in different solvents, it is 
necessary to use the same standard state, and for con
venience activity coefficients w 7 i relative to the pure 
aqueous standard state are generally chosen. For work in 
a different solvent the activity coefficients sYi referred to 
a standard state in that solvent are most relevant. Acidity 
scales in the two systems are then interrelated by the 
medium effect m 7 i = w 7 i / s 7 i - Medium effects and their 
estimation have been thoroughly discussed by King2 and 
by Bates.4 '2 6 If the medium effect for hydrogen ions, 
mYH, was accessible, it would provide the basis for a 
universal scale of hydrogen ion activity, independent of 
solvent. Attempts to define this quantity have so far been 
unsuccessful. Therefore, we are obliged to accept, for 
the time being, the use of different acidity scales based 
on standard states in various solvents. Such a procedure 
involves smaller errors than those encountered in at
tempts at empirical linking with the aqueous standard 
state. Consequently, Bates and his coworkers4 '2 7 have, 
for example, defined an operational acidity scale in 50% 
methanol using standards in that solvent. Rochester3 rec
ommends maintaining a similar approach for acidity func
tions rather than using the present artificial bridge sys
tem. 

C. Activity Corrections 
The acidity constant as defined by eq 3 or 9 is thermo

dynamically significant, as it is related to the free energy 
of the ionization reaction, AG 0 = -RT In Ka. Unfortu
nately, Ka cannot be measured directly, as most physical 
methods provide information on concentration rather than 
activity ratios. As the activity of the neutral species in eq 
7 or 8 is approximately equal to its concentration, eq 12 
and 13 may be used to calculate thermodynamic pKa 's 

pKa = pH - log [ A - ] / [ H A ] - log 7 A - = pK a ' - log 7 A -

(12) 

pKa = pH - log [B ] / [BH + ] + log 7 B H - = pKa ' + 

log 7 B H + (13) 

from the apparent acidity constants pK a ' measured 
using concentration ratios. Albert and Serjeant1 summa
rize the situation and recommend when activity correc
tions should be applied. Frequently they can be neglect
ed, particularly when other errors are more significant. If 
such corrections are ignored, then the error involved for 
a 0.01 M solution of a 1:1 electrolyte would be of the 
order of 0.05 pK unit. 

Although an extended discussion of activity coeffi
cients would be out of place, it is worth recording that 
the Debye-Huckel limiting law, eq 14, which assumes 

- l o g 7 i = 4 ( Z i ) 2 V ^ (14) 

ions (of valency Z1) are point charges, can be used up to 
ionic strength /u = 0.01. In this and related expressions 
the thermodynamically undefined activity coefficients of 
single ions are replaced by the mean activity coefficient 
7 i . Above an ionic strength of 0.01, eq 15 should be 
used. This provides accurate results for univalent ions up 
to /x = 0 .1 , which is the limiting ionic strength for accu-
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- | 0 9 ^ = i + a i e v 7 l ( 1 5 ) 

rate work. Benet and Goyan28 discuss the problem more 
thoroughly and indicate how the various constants A, B, 
and S1 may be chosen. King2 deals with the simplified eq 
16 proposed by Davies, which is much used in the most 
accurate work. 2 9 ' 3 0 

4(Zi) 2 v7 
-log Ti = T T V T " B ( Z l ) ^ ( 1 6 ) 

Although activity corrections are straightforward when 
pH is used as an expression of acidity, the situation is 
more complex when acidity functions are used. If either 
the acid or base is neutral, then its activity coefficient 
may be ignored. Combination of eq 10 and 11 results in 
the expressions 17 and 18. Substitution of these equa
tions into eq 19, which is the logarithmic form of the 

W0 = - logfco = - l o g [ a H ^ ( 7 B / T B H + ) ] = 

- l o g a H
+ + log Ti (17) 

H- = - l o g / 7 - = - l o g [ a H
+ ( T A " / T H A ) ] = 

- l o g a H
+ ~ log Ti (18) 

pKa = - l o g a H + + log [HX] / [X] + log T H X / T X (19) 

acidity constant definition, results in expressions 20 and 
21, which should be used for the determination of 

pKa = H0 + log [BH + ] / [B ] (20) 

pKa = H- + l o g [ H A ] / [ A " ] (21) 

thermodynamic p/<a's with these particular acidity func
tions. As can be seen, the fortuitous cancellation of ac
tivity coefficients provides simple expressions for acidity 
functions, when they are used with acids of the corre
sponding charge type. There is no such cancellation if 
they are used with acids of inappropriate charge. 

The situation is complicated when the accurately 
known acidity function p(aHTci) i s u s e d over the pH 
range.2 9 '3 1 This function, which may be used for neutral 
or charged acids, is defined by eq 22. Substitution of this 

p(aHTci ) = " l o g a H + - l o g T c i - (22) 

expression into eq 19 produces different equations de
pending on the charge type of the acid. With this acidity 
function, cancellation simplifies the expressions for neu
tral acids but not those carrying a positive charge. Equa
tions 23 and 24 are the relevant expressions for the de
termination of thermodynamic pKa 's under these condi
tions. 

pKa = p.(aH7ci) + l o g [ H A ] / [ A - ] (23) 

pKa = P(aHTci) + log [BH + ] / [B ] + 2 log T i (24) 

To avoid errors in the activity corrections and reduce 
the effect of the liquid jurfction potential,2 '4 determina
tions may be performed at constant ionic strength using 
a swamping electrolyte such as potassium chloride or so
dium chlorate. Measurements are performed at several 
ionic strengths, and the calculated pKa 's, corrected using 
eq 16, are extrapolated to zero ionic strength, to give an 
intercept equal to the thermodynamic pKa. This method 
can result in very precise values being obtained in excel
lent agreement with other methods.2 , 3 0 

D. pH and H0 at Half-Neutralization 

Many workers using expression 25 for the apparent 
acidity constant seem prepared to accept the pH at half-

pKa' = p H - l o g [ A - ] / [ A H ] (25) 

neutralization as a reasonable estimate of the pKa. Then 
[ A - ] = [AH] and log [ A ~ ] / [ A H ] = 0. The errors likely to 
arise from this approach have been reviewed.28 The in
creasing use of automatic titrators which conveniently 
provide a titration curve, complete with an inflection at 
the half-neutralization point, has encouraged this unfortu
nate tendency. Apart from the activity considerations ne
glected in eq 25, the approximation is only good when Ka 

= V K W . The autoprotolysis constant or ionic product of 
water (pKw) is conveniently 14.00 at 25°. This means 
that for pKa 's outside the range 7 ± 2.5 the approxima
tion is rather poor, as corrections must be included for 
reaction with the solvent (hydrolysis). In most cases, 
therefore, it is better to use the titration data more effec
tively and ignore values of pKa expressed as pH at half-
neutralization.1 The situation is even more complex in 
nonaqueous solvents where the approximation may no 
longer work at a l l .3 2 

Although work in the pH region may well provide ther-
modynamically meaningful results, outside the pH range 
the situation is much more complex. If a thermodynamic 
acidity constant is to be obtained, the acidity function 
used must be applicable to the compound under study 
(see section IV.C). Thus the H0 value at half-neutraliza
tion (H0

1 / 2 ) is an adequate expression of the thermody
namic pKa of a compound behaving as a Hammett base. 
Unfortunately the majority of compounds do not follow H0 

so that the apparent pKa on that scale has no thermody
namic significance. It merely provides an indication of 
the strength of acid required for half-protonation. Such 
results are best referred to as values of H0 at half-neu
tralization, rather than as acidity constants, apparent or 
otherwise. Nevertheless, these numbers do have some 
value as measures of basicity-solvation ef fects .3 '2 0 '3 3 

Many of the earlier results in the literature have been 
recalculated, as better and more relevant acidity func
tions are introduced. It has been sensibly recommend
ed 3 ' 1 6 that spectroscopic pKa determinations using 
acidity functions should list the acid concentrations at half-
protonation, to enable recalculation in the light of future 
discoveries. 

Although H 0
1 ' 2 may have no thermodynamic meaning, 

it does rank bases in an order applicable under condi
tions of appreciable protonation, and this is often the 
order of greatest practical significance.20 This is seen in 
the useful correlations that are found between H 0

1 / 2 and 
other reactivity parameters.2 0 '2 2 Nevertheless, the values 
do suffer from not being on the pH scale. They are not 
directly referrable to dilute aqueous solution and the 
standard state free energy of ionization. 

A recent paper34 has underlined the problems associ
ated with an imperfect knowledge of the relevant acidity 
function and the consequent necessity to deal in values 
of H 0

1 / 2 . /V-Acylthioureas have been shown to protonate 
initially on sulfur in 35-60% sulfuric acid and then on the 
amide oxygen in 65-96% acid. If this behavior was inter
preted in terms of H0, or any single acidity function, then 
it would seem that the sulfur atom was much more basic 
than the amide oxygen. However, as the initial protona
tion followed H 0 " ' and the second protonation followed 
HA , the thermodynamic pKa 's of the two groups are al
most identical. This arises because HA increases with 
acid concentration much more slowly than H 0 ' " . The re-
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TABLE I. Protonation of Benzoylthiourea 

Monocation Dication 

% H2SO4 for hal f -protonat ion 50.0 80.7 

H0
1'5 - 3 . 3 8 - 7 . 3 4 

pKa - 4 . 5 5 ( H 0 ' " ) - 4 . 6 8 ( H A ) 

suits reported for benzoylthiourea are given in Table I, to
gether with the corresponding values for H 0

1 / 2 . It can be 
seen that, presumably because of differences in activity 
coefficient behavior, the oxygen and sulfur atoms have 
about equal basicities in spite of requiring different con
centrations of sulfuric acid for protonation. 

Plots of log / vs. -H0 are often linear but with slopes 
considerably different from the 1.00 required for Ham-
mett bases.35 The slopes should be routinely l isted,11 as 
the divergence of a base from H0 is a valuable piece of 
information. Groups of ^related compounds following the 
same acidity function (not H0) will have similar values 
(m) for this slope. In fact when all the available acidity 
functions were plotted against H0, each was found to 
give a straight line over a wide range,36 i.e., Hx = mH0 

+ constant. It now seems that this linearity may be fortu
itous and apply only to solutions in sulfuric acid.3 7 

Nevertheless, this linearity can be used to obtain better 
estimates of the pKa by using eq 26 in calculat ions.3 8 , 3 9 

pKa = mH0"
2 (26) 

log/ =m(H 0 V2 - H 0 ) (27) 

Ho = pKa - n log / (28) 

The slope m is defined from the relationship 27, now usu
ally employed rather than the ear l ier1 9 , 4 0 equivalent for
mulation 28 using n = 1/m. A method using a weighted 
least-squares analysis for the calculation of n, assuming 
H0 to be known exactly, has been described.20 The au
thors suggest that for a series of related compounds with 
varying m values, the best estimate of thermodynamic 
pKa 's is obtained by calculating the average value of m 
and combining this with "smoothed" individual values for 
H 0

1 ' 2 , obtained from a correlation of measured H0
1 ' '2 

values and a constants. 

These approaches are subject to quite large errors be
cause it is rarely possible to determine m with a high de
gree of accuracy. In spectroscopic work a range of log / 
of ± 1 is usually all that can be relied upon; outside this 
range, experimental errors rapidly increase.41 Arnett and 
Anderson42 point out that published slopes are seldom 
accurate to better than 0.1-0.2 unit, and as such slopes 
become better elucidated, many "thermodynamic" acidi
ty constants may be drastically altered. Consequently, 
they suggest that it may be better to take H 0

1 ' 2 as a real 
measure of basicity within a related series rather than at
tempt corrections for solvation using slopes not known 
with accuracy. 

Even if the appropriate acidity function Hx for a group 
of compounds is known with some confidence, it is still 
worthwhile quoting the slopes of plots of log / vs. -Hx 

along with the values of H x
1 ' 2 . If the slopes are in the 

range 1.00 ± 0.05, the experimental H*1 2 value can be 
taken as a reasonable estimate of the thermodynamic 
acidity constant, provided the activity coefficient postu
late (see section II.B) is satisfied. For this slope range 
there is no point in correcting the H* 1 ' 2 value by the 
equation corresponding to eq 26. The same remarks 
apply to slopes in the range 1.00 ± 0.10 but outside the 
range 0.95-1.05. These results can only be regarded as 
approximate and lose much of their thermodynamic sig-
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nificance. Outside this range, use of eq 26 or its equiva
lent is necessary to obtain even a crude estimate of the 
thermodynamic pKa. In spite of assertions to the con
trary,43 values of slopes outside the range 0.9-1.1 must 
indicate the use of an inappropriate acidity function or 
else unacceptable experimental error. Either way the 
values obtained can have little thermodynamic meaning. 

E. Methods Available 

Various methods available for pKa determination have 
been summarized during the last 10 years , 1 ' 2 - 1 1 ' 4 4 - 4 5 and 
King2 provides a discussion of the relative merits of some 
of the methods and the degree of precision attainable 
with them. Albert and Serjeant's most excellent laborato
ry manual,1 which has been revised, extended, and 
brought up to date gives detailed information on the two 
most useful methods. These are potentiometric titration 
and spectrophotometric determination, both of which can 
be applied with varying degrees of sophistication. 

In general terms any physical property which varies 
with protonation may provide a suitable method for mea
surement of acidity constants. Many methods can pro
vide only an indication of relative strengths rather than 
acidity constants.46 Some of these are so insensitive that 
they are of little use. The most precise methods rely on 
pKa 's from conductance, optical, or precise emf mea
surements. These are capable of a precision of ±0.001 
pKa unit in careful hands. Methods involving nmr, pH 
measurements, etc., are generally less sensitive. As 
might be expected, over 90% of the pKa 's reported in the 
literature lie between 2 and 12, experimentally the most 
convenient range. However, as Arnett23 points out, this 
pH range protonates only 5% of the groups that are com
mon in organic chemistry, most of which are completely 
protonated in concentrated sulfuric acid. 

The problems with acidity functions have already been 
mentioned, but they do provide a reasonable approach 
for many compounds. Arnett's basicity scale, using heats 
of ionization in fluorosulfuric ac id , 2 3 , 4 7 is an exciting de
velopment which should provide good estimates of pKa 's 
in strong acids. The use of strongly basic solutions for 
weak acids has been briefly reviewed on several occa
sions. 4^."8-51 A v a r j e t y 0 f methods have evolved, involv
ing not only titrations52 or spectral measurements4 9 , 5 3 '5 4 

in nonaqueous systems but also the development of new 
concepts. 

Studies on the stability of carbanions have resulted in 
an expansion of the notion of kinetic acidi t ies.5 '4 8 -5 0 -5 1 

Whereas thermodynamic acidities refer to the position of 
equilibrium between acids and their conjugate bases, ki
netic acidities describe the rate at which acids donate 
protons to a reference base. The two approaches are re
lated by the Brpnsted equation, eq 29, and this empirical 

log ft-, = a log K.A + constant (29) 

correlation roughly holds over a wide pKa range. This 
means that isotope exchange rates can be used to study 
"pK a ' s " in the region 35-48. Other even more indirect 
methods have produced values greater than 50 on the 
"pKa" scale.5 0-5 5 

It is fundamental to the consideration of acidity con
stants that relative acidities are more easily and more ac
curately determined than absolute values. Therefore, it 
has become a common practice, particularly beyond the 
basic end of the pH scale, to determine acidity constants 
relative to a standard with an assumed pKa value. Some 
of the problems consequent on this approach are dis
cussed in section IV.D. Most such relationships outside 



10 Chemical Reviews, 1974, Vol. 74, No. 1 R. F. Cookson 

the pH range can be considered to be accurate only over 
short ranges and for closely related compounds. Much 
more work is required before absolute values at either 
end of the pKa scale can be quoted with confidence. In 
particular, new methods involving independent checks on 
pKa values are needed. Several new methods applicable 
to very weak acids have been devised with considerable 
ingenuity. To suggest45 that these methods are less rigor
ous than the classical approaches is to understate the 
case. The confusion in this area has resulted in big as
sumptions and bigger errors making a nonsense of quot
ing absolute values for such acidities. The pKa label has 
been transmuted almost beyond recognition. Neverthe
less, relative values do have some significance, although 
interpretation of them on an acidity scale seems to beg 
the question. The accurate construction of a pKa scale 
would be quite remarkable if it could accommodate both 
protonated 2,4-dinitrofluorobenzene56 (pKa = —14.5) 
and triphenylcyclopropene55 (pKa = 51), a range of acid
ity constants greater than 1065! 

F. Effect of Temperature 
Determination of acidity constants is usually performed 

at 25°, although in certain circumstances (e.g., using liq
uid ammonia as solvent57'58) other temperatures are 
used. The variation of pKa with temperature is useful in 
obtaining thermodynamic information (see later), and 
cells are available59 for pKa determination up to 200°. 
King2 discusses the variation of pKa with temperature 
and considers the Harned-Robinson equation 

pKa = A/T- B + CT (30) 

to be the best simple expression to use, as it fits most of 
the available data and is convenient to manipulate.60'61 

More recently,38 an equation has been derived for anil-
inium ions which is based on thermodynamic reasoning25 

and seems capable of extrapolation over more than 100°. 
Unfortunately the equation as derived suffers from a con
fusion in the definition of T. Equation 31 presents the re
lationship in less ambiguous notation; all temperatures 
are on the absolute scale. 

(T - 298.15) 
pKT = pK298.15 - * — — — l (1.14 pK298.15 +2.28) 

1.36 / 
(31) 

Albert and Serjeant1 review Perrin's work62 on the 
temperature coefficients of organic bases. They recom
mend the simple eq 32 for nitrogenous bases in the 
range T = 288-308°K; outside this range the more com
plex expression 33 should be used. For the second ion
ization of dications eq 34 is sufficient. These equations 

- d pKa - 0.9 
OT(PKa) = t~ay (32) 

^ 7 (PK 3 ) = pKa/T (34) 

are quite reliable, but they are not applicable to the ion
ization of neutral acids, which increase the number of 
ions in solution on dissociation. Nevertheless, the equa
tions are useful for comparing pKa's in structurally relat
ed series, when some of the values from the literature 
refer to determinations at different temperatures.63 Com
pounds vary somewhat in the sensitivity of their acidity 
constants to temperature changes. It is desirable, there
fore, to provide a record of the temperature at which any 

particular determination is performed and also to keep 
the temperature constant during the experiment. For 
more accurate work direct measurement of the tempera
ture of the solution is advised.60 

///. Potentiometric Titration 
A. Practical Considerations 

King2 provides a detailed treatment of titrations, and 
the many practical aspects of potentiometry are covered 
in a wide-ranging review.64 A most useful book by 
Bates,4 now available in a second edition, covers both 
practical and theoretical aspects of pH determination, 
and the text by Rossotti and Rossotti7 on stability con
stants includes a discussion of cells and their use in the 
determination of acidities. Most titration situations are 
dealt with by Albert and Serjeant.1 They describe what 
must now be regarded as the standard technique for pKa 

determinations. Various improvements in their methods 
for handling data are described in sections 111.C and 
IV.E. Both graphical and arithmetical techniques are 
available, and, for the well endowed, computerized itera
tive treatments are at hand. 

Benet and Goyan28 have reviewed the treatment of 
data from titrations, and a combination of Albert and Ser
jeant's technique with their approach should provide the 
experimenter with pKa's to a precision of ±0.03, which is 
more than adequate for most purposes. The IUPAC com
pilations65'66 list three classes of pKa's depending on 
their precision. Values are regarded as reliable if their 
precision is ±0.005 or better, uncertain if >±0.04, and 
approximate if their precision is between these limits. By 
far the majority of the values listed are in the uncertain 
category! 

As mentioned in section I I.E. titration experiments in
volving accurate emf measurements are capable of great 
precision.2 Such determinations have been performed in 
cells without liquid junctions, using hydrogen and sil-
ver|silver chloride electrodes. Provided the temperature 
is controlled to within ±0.02°, a precision of ±0.001 pKa 

unit is achievable, but only in the pKa range 3-11. For 
these precise experiments in cells without liquid junc
tions, the use of pH is abandoned in favor of p(aH7ci). 
which is more accurately defined.4'31 This quantity is a 
thermodynamically meaningful acidity function varying 
from 1.6 to 12.5, and its relationship to pH is adequately 
covered by King2 and by Bates.4 Routine determinations 
do not require this precision, and so the more convenient 
cells with liquid junctions are normally used, at a price of 
an uncertainty in the final value of about 0.03 pH unit. 
The commonest titration setup makes use of a pH meter 
with a glass and a calomel electrode, which are suitable 
for titrations in the pH range 2-11. 

It is a well-established fact that the glass and calomel 
electrode arrangement can be used for reproducible titra
tions in mixed-aqueous and nonaqueous solvents. How
ever, too little thought often goes into the significance of 
the pH-meter readings. As Bates has pointed out repeat
edly, such pH values are almost totally devoid of quanti
tative significance.4,26'67 The problems of cells with liq
uid junction have become all too serious when such sys
tems are considered. All experimental efforts to prepare 
acidity scales suitable for different solvents have been 
thwarted by the indeterminate liquid junction potential.4 

Fortunately the determination of relative acidities seems 
reasonable, but reference to the standard state of pure 
water is not yet possible. The problem of the interpreta
tion of the pH-meter reading is discussed further when 
we deal with mixed-aqueous solvents (section 111.B). 
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In water, glass electrodes are limited to the determina
tion of pKa's in the region 1.25 to 11, although certain 
commercial electrodes are now available for higher 
pH's.4 Outside this range hydrogen electrodes may be 
used. The special glass electrodes which are available 
for pH's >12 have a short lifetime and must not be ex
posed to acid. Compounds must be soluble enough to 
provide solutions of about 0.01 M. Albert and Serjeant1 

point out that glass electrodes are only accurate over a 
concentration range of 0.005-0.05 M. Crucial to the ac
curacy of a titration is the time lag between addition of ti-
trant and equilibration of the electrodes. Addition of po
tassium chloride to the solution increases the speed at 
which equilibrium is attained for very dilute solutions and 
improves precision possibly by stabilizing the liquid junc
tion potential.4 Use of potassium chloride as a swamping 
electrolyte necessitates activity corrections but can pro
vide good estimates of thermodynamic pKa's. Slow equil
ibration is more noticeable in mixed-aqueous solvents, as 
the response frequently becomes more sluggish as the 
proportion of water in the solvent declines. 

As Albert and Serjeant1 deal thoroughly with the appa
ratus required for titrations on the macro, semimicro, and 
micro scales, it would be superfluous to discuss the de
tails here. Results from automatic titrations can be more 
than adequate for routine determinations. Provided the 
titration is performed sufficiently slowly to allow time for 
equilibration, the results for known compounds agree 
well with literature values and are as precise as results 
from manual titrations. The convenience of the method 
and the provision of a permanent record are strong argu
ments in favor of adoption of automatic techniques, par
ticularly in industrial laboratories handling large numbers 
of samples. In spite of Albert and Serjeant's assertion to 
the contrary, with care the results obtained are accurate 
enough for publication. The review by King44 gives sever
al references to the use of automatic apparatus, and 
Bates4 discusses automatic titrators along with other ap
paratus for pH determination. Much of Simon's work in 
80% methyl Cellosolve has been performed using an au
tomatic titrator on samples of the order of 0.1 mg, dis
solved in 1 ml of solvent.68 

B. Mixed-Aqueous Solvents 

1. Advantages and Disadvantages of Mixed Solvents 

Water, with its particular relevance to biological sys
tems, is the best solvent for the determination of acidity 
constants. It is unrealistic, however, of Albert1'69 to con
demn the results obtained in mixed-aqueous solvents as 
being of doubtful value. The solubility requirements for 
aqueous titrations are often too demanding, and many 
compounds are not suitable for spectrophotometric anal
ysis. Fortunately glass electrodes show nearly the theo
retical response in solvents containing up to 90% alco
hol.4 This renders possible the easy measurement of rel
ative hydrogen ion activity in aqueous-alcoholic systems, 
particularly as the usual calomel electrode still provides a 
useful reference. These facts account for the popularity 
of mixed-aqueous systems, and Albert agrees that they 
have a use in comparing closely related compounds, pro
vided results of high precision are not required. Many 
such systems are now in use or could be used. However, 
even if it is established that the titration setup responds 
satisfactorily in such a system, there is no guarantee that 
the "pH" values obtained have any quantitative signifi
cance. 

Albert and Serjeant1 mention several examples of 
anomalies arising from the use of mixed solvents, and 

they attribute these to variations in the lipid solubilities of 
different conjugate acid-base pairs. Benet and Goyan28 

consider that recent theory can explain much of the trou
ble, but conclude that at the moment there is no com
pletely satisfactory method for converting results to the 
aqueous pKa scale. Simon68 prefers to abandon such at
tempts in favor of amassing a large amount of data in 
80% methyl Cellosolve.70 As this seems rather like an 
admission of defeat, this section considers in some detail 
the applicability of the aqueous standard state to pKa's 
determined in mixed-aqueous solvents. It will be seen 
that in many cases quite reasonable estimates of aque
ous acidity constants are available. Frequently the mag
nitude of the errors involved is less than that found with 
other methods. 

There are two major complicating factors in the use of 
mixed-aqueous solvents. First of all, the different solvat-
ing power of the two components creates new complex
ities, and secondly the organic component contributes 
extra acidic and basic species to the solution. A more 
sophisticated, alternative interpretation of the problem 
has been proposed by Franks and Ives.71 They consider 
the structure of alcohol-water solvents to be more rele
vant than the relative basicities of the components. The 
complex behavior of mixed-aqueous solutions has been 
the subject of two recent symposia,72'73 both of which 
serve to emphasize the importance of solvent-structural 
considerations in hydrogen-bonded solvent mixtures. 

2. Interpretation of Acidity 

Although reproducible "pH" readings may be obtained 
in many mixed solvents, the pH meters are usually cali
brated in aqueous buffers. Unfortunately, the asymmetry 
potential may shift on transfer of the glass electrode from 
such a buffer to a mixed solvent.4 This means that abso
lute definitions of acidity in such systems may not be 
possible. Bates4 '26,67 regards "pH" values obtained 
under such conditions as totally devoid of quantitative 
significance. It is possible, however, to determine the 
stoichiometric significance of pH-meter readings by titra
tion of hydrochloric acid with potassium hydroxide in the 
mixed solvent and comparison of the readings (S) with 
the calculated "pH." The difference between these 
values, log Un, can be calculated from eq 35 and used 

- log [H + ] = e + log U H (35) 

as a correction factor before attempts are made to com
pare results in solvents of varying compositions.74 Values 
of log Un, or the corresponding quantity after activity 
corrections, are available for mixtures of water and diox-
ane74,75 anc j w a t e r anc j ethanol.76'77 These corrections 
are by no means insignificant (0.2 to 0.4 pH unit in 35-
65% aqueous alcohol); neither do they vary linearly with 
solvent composition. Consequently, they can have a 
marked effect on plots of apparent pKa vs. composition 
Of solvent. Unfortunately adoption of these, more "signifi
cant," pH values does not always improve attempted cor
relations with single physical properties of solvent 
mixtures.75'76 

An alternative approach, employed by Bates and his 
coworkers,4,78 involves determination of the difference 
between the apparent pKa in a mixed solvent (pKa') and 
the pKa referred to the standard state in that solvent 
(psKa). Titrations of both acetic acid and aniline in vary
ing percentages of aqueous methanol gave a correction 
factor, which can be used to correct the pKa' values 
from titration for other compounds, to give corresponding 
values for psKa. Similarly "pH" readings can be corrected 
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to give activities of hydrogen ions, relative to the stan
dard state in that solvent. Thus it is possible to construct 
operational pH scales in mixed-aqueous solvents which 
have a definite significance in the study of chemical 
equilibria in the particular solvent used. Bates4 '2 6 -6 7 '7 9 has 
reviewed the problems involved in interpreting acid-base 
equilibria in terms of the acidity of the solution, both in 
mixed-aqueous solvents and more generally. As well as 
the empirical corrections mentioned above, Bates and his 
group have provided a useful practical pH scale in 50% 
methanol,, which uses reference buffers in that solvent 
rather than the aqueous buffers used in the other ap
proaches.4-27 

3. Extrapolation Methods 

Various graphical methods have been suggested as a 
means of extrapolating results obtained in mixed solvents 
to the value for pure water. Traditionally the logical ap
proach of extrapolating values of pK a ' to aqueous values 
has been adopted. There is no theoretical basis which 
can be used to predict changes in pKa ' with solvent com
position. Extrapolations are more suitably performed 
using psKa values, when these are available, as the re
sults are directly interpretable in terms of medium effects 
or free energies of transfer. The necessary theoretical 
background for this approach is established for methanol 
and ethanol,4-79 and work is urgently needed for more 
"universal" solvent systems such as methyl Cellosolve-
water. 

Plots of pKa' vs. per cent composition are rarely linear 
and are usually inadequate as a means of extrapolation. 
Extrapolated values may be highly suspect, unless results 
in 10 or 20% solvent are available.1 As the dielectric 
constant of the medium plays an important part in the 
ionization equilibrium, it is not surprising that attempts 
have been made to correlate pK a ' ' s in mixed solvents of 
varying compositions with the dielectric constants of the 
appropriate mixtures. 

The central importance of the dielectric constant (e) of 
the solvent in the ionization equilibrium is expressed in 
the Born equation. This predicts that for neutral acids the 
change in pKa from solvent to solvent should be propor
tional to the difference in 1/«. The prediction is fairly well 
obeyed for pure solvents.2-8-80 However, this simple 
eleotrostatic treatment has severe limitations, particularly 
when applied to mixed-aqueous solvents.2-79 Over small 
ranges of t the relationship is reasonably linear and can 
be used for short extrapolations to pure water. Accurate 
conductometric experiments in aqueous acetone81 have 
produced linear plots of pK a ' vs. 1/e over modest ranges 
of e (78.6 to 64.0). Even in this range, however, certain 
compounds deviated markedly from linearity. This is in 
line with other, more recent results75-76 which showed 
marked deviations but over much greater dielectric con
stant ranges (78.5 to 32.8 in aqueous alcohol and 78.5 to 
ca. 9 in dioxane). Marked deviations at low values of e 
are not unexpected as the equilibrium then involves ion 
pairs rather than solvated ions. Ionic association may be 
disregarded for solvent mixtures with dielectric constants 
greater than ca. 50 and is appreciable in solvents with di
electric constants less than 20. This means that for sol
vent mixtures in the intermediate range (i.e., > 8 0 % eth
ylene glycol, > 7 0 % methanol, > 5 0 % ethanol, or 34-67% 
dioxane) the equilibrium measured becomes increasingly 
complicated by ion-pair effects. 

Replacement of the traditional definition of acidity con
stant by one including the activity of the solvent results in 
some improvement in the linearity of plots of acidity con
stants vs. 1/e. Thus plots of psKa + log [H2O] vs. 1/e are 

linear for e > 50 and can be extrapolated to provide rea
sonable aqueous pKa 's with an error of ±0 .06 pH unit.28 

Bates79 adopts a similar approach using the free energy 
of transfer A G t ° of the solute from water to the mixed 
solvent. He shows that plots of A G t ° + RT In a w vs. 1/e 
are approximately linear for aqueous mixtures of dioxane 
or various alcohols. King also discusses ,this method of 
handling medium effects.2 

Knowledge of AGt° for the hydrogen ion would provide 
the basis for a universal scale of pH in various solvents. 
However, it is not directly determinable and various indi
rect approaches do not even agree on the sign of this 
quantity.4 ,79 Wynne-Jones80 suggested that many of the 
abnormalities in acid-base behavior in mixed solvents 
may be due to the peculiar behavior of the proton. To cir
cumvent this he recommended comparing pairs of acids 
HX and HX' and plotting psK r = psKa(HX) - p sKa (HX') 
against" 1/e. Such lines are approximately linear.8-79 

Wynne-Jones also suggested that extrapolation of psK r to 
1/e = 0 would give an "intr insic" measure of acid 
strength relative to the chosen standard. At e = °°, exter
nal electrostatic effects can be neglected. Unfortunately 
the solvent dielectric constant by itself does not deter
mine acid-base behavior, and the important influence of 
solvation cannot be ignored. This fact, together with the 
length of extrapolation necessary, ensures that such " in 
trinsic" acidity constants are no more valuable than the 
usual aqueous pKa reference scale. 

4. Other Approaches 

Other empirical approaches to the handling of pKa 's in 
mixed solvents have been developed by Glover82 and by 
Grunwald and his school.83 Glover's approach empha
sizes the importance of solvation in equilibria in mixed 
solvents. He was able to explain the variations in appar
ent pKa in aqueous dioxane by complex formation be
tween dioxane and water and its effect on the solvation 
of the species in the ionization equilibrium. Although 
Glover's main work was in aqueous dioxane, he was able 
to show that his approach can be extended to other sol
vents, provided reasonable structures for the solvents are 
assumed. Glover effectively rewrote the ionization equa
tion as eq 36, in which n = x + y is the number of sol-

HA + nSH = ^ H+ (SH) 1 + A - ( S H ) y (36) 

vent molecules bringing about the ionization. This expres
sion is related to conventional definitions of Ka by eq 37 
in which it is understood that H + and A - are solvated. In 
eq 37 and 38, the activity coefficient, rather than the ac
tivity of the solvent, is taken as one. By comparing results 
at different solvent compositions [i.e., varying a^n) . 
values of n and pK" can be obtained. It should be noted 
that n does not represent the complete solvation state as 
the solvation of HA is ignored. 

Ka = a H + a A - / a H A = K" (aSH)n (37) 

i.e., pKa = p K " - n l ogasH (38) 

For charged acids eq 36 should be rewritten as eq 39 
in which the solvation of B is ignored. This allows the 

BH + (SH) 2 + nSH — H + ( S H ) X + B (39) 

continued use of eq 38 where n now equals x — z. Glov
er prefers, for ease of calculation, an alternative formula
tion equivalent to eq 39 but involving the self-ionization of 
water. If the method is valid, it should provide constant 
values of p K " over a wide range of solvent composition. 
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This indeed seems to be the case for several acids in 
0-82% dioxane. However, as might be expected from 
Glover's circuitous treatment of charged acids, the meth
od works better for the ionization of water or acetic acid 
than it does for ammonium or anilinium ions. 

Grunwald and his coworkers,8 3 by employing extrather-
modynamic assumptions, attempted to set up an abso
lute acidity scale for mixed solvents. Their results for sev
eral carboxylic acids and ammonium ions in various etha-
nol-water mixtures, and for ammonium ions in mixtures 
of dioxane and water, are reasonably well correlated by 
their "activity postulate." Wynne-Jones, however, has 
pointed out that their approach is misconceived.84 His 
work with substituted phenols demonstrates that Grun-
wald's basic assumption is not valid, and he dismisses 
the earlier work as being based on inaccurate data. 
Wynne-Jones' data was estimated as accurate to ±0 .01 
pK unit, whereas Grunwald's work is claimed to be accu
rate only to within ±0 .05 pK unit. 

5. Conclusions 

It can be seen that there is an urgent requirement for 
work of the highest accuracy in this area. Moreover the 
classical electrostatic approaches, which ignore solva
tion, and assume freely rotating ions, are insufficiently 
sophisticated to account for the observed changes in pKa 

as the composition of a mixed solvent varies. More work 
is required on the implications of structural alterations in 
the solvent. The redefinition of the ionization equilibrium 
by Glover, which allows study of solvation changes, could 
be a very productive approach. 

Albert69 has pointed out that irregularities in mixed-sol
vent pKa 's occur when substances of different hydrophili-
city are being examined. The solvation sheath around the 
molecule results in the acidity constant being determined 
in a solvent cage of low dielectric constant, rather than in 
a homogeneous mixture of measureable dielectric con
stant t. This preferential solvation is a competitive phe
nomenon akin to partitioning between water and such im
miscible solvents as 1-octanol. It is surprising that no at
tempts have been made to rationalize the changes in 
acidity constant in varying solvent mixtures by using the 
partition coefficients of the compounds under study, 
along with the dielectric constants of the media em
ployed. As the early work of Kolthoff and his coworkers 
demonstrated, it is possible to use partition coeffi
cients alone, to predict the pKa 's in pure ethanol or 
methanol of several benzoic acids, given the correspond
ing values in water.85 Their approach took no account of 
dielectric constant but seems reasonably successful, 
considering the experimental errors involved in their pKa 

values. 
Kolthoff85 calculated partition coefficients by compar

ing solubility ratios in pure solvents. This approach is 
likely to give different results to those obtainable by the 
usual distribution method.8 6 Nevertheless, it is the only 
way of obtaining the (most relevant) partition coefficients 
when the solvents are completely miscible. Obviously this 
approach could be extended directly to results in mixed-
aqueous systems. As partition coefficients in related sol
vents can be interconverted by eq 40, it may be possible 
to use published86 partition coefficients from, say, octa-
nol-water to provide empirical correlations with results in 
aqueous alcohols. 

log P2 = a 1OgP1 + b (40) 

Eventually such an empirical approach, or an advance 
in theory, will provide reasonable methods for transposing 

results f rom mixed solvents to a water-based scale. 
There is no need to wait until then before proceeding with 
determinations in such systems. However, a plea should 
be made for standardization before the number of mixed 
solvents in use increases even more. Although Benet and 
Goyan28 recommend the use of methanol-water systems, 
Simon's group has done much to establish 80% methyl 
Cellosolve as the preferred mixed solvent.68 We have 
found that 50% methyl Cellosolve has much to recom
mend it. The electrode response is faster than in the 80% 
solvent, increasing the reliability of automatic titrations. 
The solvent properties of the 50% mixture do not differ 
greatly f rom the more concentrated solvent, and a great
er range of compounds can be studied as there is a 
much smaller effect on the pKa in changing from water 
to the 50% mixture, rather than the 80% solvent. Finally 
the ionization in 80% methyl Cellosolve (t = 32) may in
volve complications from ion-pair formation; these 
would be absent in the 50% solvent (e ~ 50). Hence, it 
is more likely that results in the more dilute solvent can 
be transposed to an aqueous scale. Simon68 demon
strates that there is only a rough parallel between aque
ous pKa 's and his p K M C S values. Of course this does not 
detract f rom his purpose of building up a large body of 
data in the 80% solvent as a reference system in its own 
right. 

C. Treatment of Data 

The pH at half-neutralization is not a sufficient indica
tion of the pKa> not only because of its neglect of activi
ties, but also because it provides no indication of the pre
cision of the estimate. The acidity constant should be 
calculated using 7-10 points on the titration curve prefer
ably in the 10-90% ionization range (i.e., pKa ± 1 unit). 
Outside the pH range 4-10 for 0.01 M solutions, or the 
range 5-9 for 0.001 M solutions, corrections must be 
made for hydrolysis effects. Albert and Serjeant1 deal ad
equately with this subject and also the need for activity 
corrections and how to perform them when necessary. 

A major requirement of the method of Albert and Ser
jeant1 is that the sample to be studied must be pure and 
dry. In other words, the initial concentration of the acid 
or base must be known exactly. Often this is not possi
ble, particularly with hydrated compounds, and the resul
tant pKa 's can only be estimated approximately. How
ever, Benet and Goyan28 have developed a graphical 
method involving nonlogarithmic linear relationships, and 
this can be used for calculation with compounds contain
ing neutral impurities (of which the commonest is water). 
They develop the general expression 

[H + ] = Ka[(Ca + 2 ) / ( C b - Z ) ] (41) 

where Z = [X] - [M] - [H + ] + [ O H - ] , and [X] = con
centration of strong acid added, [M] = concentration of 
strong base added, Ca = initial concentration of weak 
acid, and Cb = initial concentration of weak base. 

For titration of a weak base with strong acid Ca = 0, 
hence 

Z = C b - K a Z / [ H + ] (42) 

and a plot of Z against Z / [ H + ] will be a straight line with 
a slope equal to —Ka and an intercept of Cb- Similarly, 
for titration of a weak acid with a strong base Cb = 0, 
therefore 

Z = - C a - Z [ H + ] / K a (43) 
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and a plot of Z vs. Z[H + ] would give a straight line of 
slope - 1 / K a and an intercept of - C a . In either case the 
pKa is readily obtainable although no estimate of the pre
cision is available. Because the expression for Z includes 
[H+ ] and [OH - ] , the method automatically corrects for 
hydrolysis effects and gives good results even in the pH 
ranges 1.5-5 and 9-11. Another advantage of the meth
od is that erroneous points will lie off the straight line and 
can be ignored. The method has been shown to work 
well, and a modification of eq 41 has been introduced to 
allow for volume changes during the titration.87 Precipita
tion during titration can also be handled.88 

Another straight line method has been presented as an 
alternative to that just described.89 By using suitable log
arithmic scales it is possible to convert the normally sig
moid titration curve into a straight line. This method is 
useful when the substance precipitates during titration. 
An estimate of the pKa can be had by extrapolation of 
the initial linear portion of the titration curve to obtain the 
pH at half-neutralization. An interesting paper has recent
ly discussed more accurate methods for the calculation 
of acidity constants.90 The authors discuss the source 
and magnitude of the systematic errors arising from the 
use of eq 9 in calculations. They present alternative 
equations requiring only a knowledge of the volume of ti
trant added and the resultant acidity. The method has 
some appeal but neglects to take account of the lack of 
accuracy implicit in the use of pH. This may render the 
results obtained less accurate than is claimed. 

D. Overlapping Constants 

The treatment of di- and triprotic acids is considered in 
section Vl 11.D. The situation is complicated when the 
acidity constants of the various groups are sufficiently 
close for their ionizations to overlap (i.e., ApK3 < 2.7). 
The normal equations are no longer applicable and re
course must be had to more sophisticated approaches. It 
is in this area, with its more involved theory, that comput
ers have proved their worth. Not only can they deal with 
the routine, tedious calculations, they may also allow the 
use of iterative techniques, a powerful weapon in the 
more complex situations. By convention the various acid
ity constants PK1 and pK2 are assigned in order of in
creasing pKa, Thus K1 refers to the loss of the first pro
ton from the polyprotic acid. 

The oldest method for separating overlapping pKa's of 
diprotic acids is due to Noyes. The method was modified 
by Britton,91 and the extensive calculations required are 
the subject of an Algol program.92 Albert and Serjeant1 

give a program in Fortran IV which is based on Speak-
man's equation (eq 44), in which h is the average num
ber of protons removed from the polyprotic acid, and 72, 
71, and 70 are the activity coefficients of the diprotic 
acid and its mono- and dideprotonated species. The deri
vation and use of eq 44 is covered by King but unfortu
nately misquoted in his book.2 A plot of the two quan
tities in brackets has a slope of K1 and an intercept of 
K^K2- King2 also gives the general equation for n overlap
ping constants which can be treated on a computer if the 
measurements are precise enough for it to be worthwhile. 

f> aH272 _ 1 - h 7 2 £ H 
-T=T 7o J-|_2-r7 T1 J * 1 +^1*2 (44) 

Those without access to a computer or a desire for 
lengthy calculations can use a much simpler method re
cently published by Martin.93 His method relies on mea
surement of hydrogen-ion concentration after the addition 

of 0.5, 1.0, and 1.5 equiv of titrant. He derives eq 45 and 
46 for the calculation of K1 and then K2. The method as-

K i = [ H + ^ 5 - S [ H + ]L5 (45) 

K2 = [H + ]L0
2ZK1 (46) 

sumes that hydrolysis corrections are unnecessary 
(which is somewhat limiting) and suffers from the same 
faults as does "pH at half-neutralization." The neglect of 
activity corrections becomes more serious when doubly 
charged ions are in solution; nevertheless, reasonable 
values were obtained in the pH range 6-10. 

An often-used approach involves removal of one of the 
ionizing groups by chemical reaction (e.g., esterification) 
and assumes that the remaining group is unaffected by 
this change. Serious errors can creep into this approach 
but it is occasionally useful, particularly for the assign
ment of acidity constants to particular groups in complex 
molecules.94 If by some such means as this PK1 or pK2 

can be estimated, then the other constant is readily ob
tained by use of eq 47, which is, of course, the logarith
mic form of eq 46. This equation forms the basis of an
other simple treatment of the titration curve of a dibasic 
acid.95 

(PK1 + pK2)/2 = pH(at1 equiv) (47) 

E. Nonaqueous Solvents 

Acid-base behavior in inert organic solvents has been 
recently reviewed by Davis9,96 and more briefly by La-
gowski.97 Both authors emphasize the importance of 
electrostatic and hydrogen-bonding effects in such sol
vents. Solvent-solute interactions can rarely be ignored, 
even in "inert" solvents.97 Ritchie98 has recently re
viewed the influence of such interactions in dipolar aprot-
ic solvents, with particular emphasis on acidities in ace-
tonitrile, DMF, and DMSO. Davis9 points out that there is 
no such thing as "pH" in say a benzene solution. Acid 
strengths may only be determined by comparisons of re
activity with a reference base. The various log K B H A 
scales for acids and bases in any aprotic solvent cannot 
be merged into a single scale corresponding to the aque
ous pKa scale. 

The main problems2 with measuring acidity in non
aqueous solvents are that the electrodes used may not 
function reversibly, and the measured emf and the activi
ty of the added strong acid may not confirm to the Nernst 
equation (eq 48). Moreover many solvents have high re
sistance, resulting in loss of sensitivity compared with 
water. There is also the problem for solvents of low di
electric constant that extensive ion association results in 
measurements being made on equilibrium 4, rather than 
the usually studied reaction 2. King points out that there 
is no single scale of acid strengths in solvents in which 
ion-pair formation occurs.2 Nevertheless, crude empirical 
relations have been demonstrated between aqueous 
pKa's and acidity constants measured in acetic acid 
using a chloranil electrode.1'11 As some substances 
react with chloranil, glass electrodes are to be preferred. 
In acetic acid with a water content of 0-0.5% the glass 
electrode responds quantitatively over a wide acidity 
range68 and has been used to study bases in the pKa 

range +2.5 to - 4 with some success.11 Remarkably, 
acidity constants determined by a variety of methods in 
solvents of low dielectric constant (e ~ 5) correlate with 
aqueous pKa's almost as well as do those determined in 
alcohols, whose dielectric constants are much higher.8 

E = E° - 2.303(RTJF) log aH + ax~ (48) 
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A linear relationship has been demonstrated between 
pKa 's and the half-neutralization potential (HNP) for titra
tions in acetic anhydride, using perchloric acid and con
ventional glass and silver | silver chloride e lec t rodes . " 
Heterocyclic compounds are the only large group for 
which this does not apply, a fact sometimes over
looked.1 0 0 Solubility problems may be overcome by the 
addition of 1-2% water with apparently no effect on the 
results. The method, except for heterocyclic compounds, 
gives estimates of pKa 's within ± 0 . 2 unit (the error for is-
oquinoline is 1.13 pKa units). The use of HNP as a mea
sure of relative base strengths has been examined in 11 
different solvents.101 Details of the titration procedure 
and the construction of improved salt bridges are avail
able.3 2-1 0 1 

Acidic solvents are useful for titrations of weak bases 
and strong acids; for weak acids, basic solvents are 
used. For example, n-butylamine can be used as a sol
vent to determine the relative order of acidities for am
ides102 or ureas.103 Much work has been done on titra
tions in pure alcoholic solvents,8 but these only improve 
solubility properties rather than allow normally untitrata-
ble groups to be titrated. As in other systems careful 
standardization of procedure is required. Frequently this 
has not been done, so results in the literature are often 
not comparable. 

An interesting recent development is the use by Ritchie 
and Uscho ld 5 2 ' 1 0 4 of the glass electrode to determine the 
acidities of weak acids in DMSO. The specially modified 
electrode responds reversibly over 25 log units, and 
many of the pKa 's determined are identical with those 
from use of the acidity function H-. Titrations are per
formed using dimsylcesium as the strong base, and the 
results are considered accurate to ±0 .3 pKa unit. The re
sults are close to those reported by equilibration meth
ods104 and throw some light on the relative merits of 
acidity functions determined in mixtures of DMSO with 
water or alcohol. Further discussion is delayed until sec
tion IV.D. 

IV. Ultraviolet Spectrophotometry 

A. Introduction 
If potentiometry is inappropriate, either because the 

compound is too weak as an acid or base or because it 
is not sufficiently soluble, then ultraviolet spectroscopic 
methods should be used. These are possible only if the 
site of protonation or deprotonation is conjugated with, or 
is an inherent part of, a chromophoric group in the com
pound. The sources of errors in spectrophotometric mea
surements have been discussed,105 and the conditions 
necessary for the occurrence of isosbestic points have 
been considered.1 0 6 As with titrations, Albert and Ser
jeant1 thoroughly describe the basic method and some 
refinements of technique. There is therefore no need 
here to repeat the details of their method. This review 
concentrates on general points, with more detailed dis
cussion of medium effects and their elimination and acid
ity functions and their selection. Various graphical meth
ods for the treatment of data are also considered. 

B. Medium Effects 

The ultraviolet method relies on the isolation of spec
tral changes due entirely to protonation or deprotonation, 
so that the ratio of protonated to deprotonated forms can 
be calculated. This means that determinations must be 
performed over a range of 1.5 pH units or so, in order to 
detect decomposition or deviations from Beer's law. Such 
deviations are often negligible, even for highly charged 

ions at ionic strengths up to 0.1. Above this ionic strength 
the method can be unreliable.3 Failure of the spectral 
curves to intersect at an isosbestic point generally indi
cates either medium effects on the spectra, or decompo
sition, or the presence of impurities, or more than one 
ionization process.2 The appearance of an isosbestic 
point is necessary for meaningful measurements, and 
much energy has been put into finding methods for com
pensating for the absence of such a point when medium 
effects are distorting the spectra. 

Several authors mention methods for the correction of 
medium ef fects ,3 '1 8 -1 0 7 but no extensive review is avail
able. The effects are not so serious in basic media, and 
most work on their correction has been developed in 
acidic solvents. The effect is not directly related to acidi
ty as such but depends on the compounds being studied 
and the acid in which they are dissolved. Simple substitu
tion of perchloric acid for sulfuric acid sometimes im
proves the situation.108 Often measurements in moder
ately concentrated acid are sufficient, as medium effects 
are then less serious than in more concentrated acid.1 8 -6 3 

The oldest method of treatment of medium effects in
volves lateral shifting of the spectra until they gave an 
isosbestic point. The method assumes that the medium 
effect alters only wavelengths and not intensities. It is 
widely used and results compare favorably with those 
from other methods. The selection of an isosbestic point 
is arbitrary, and different choices can give different re
sults.18 The most logical choice is the point of intersec
tion of the two curves nearest the 50% ionization region.3 

However, if the effect is not constant over the whole 
spectrum, then improvement of one isosbestic point may 
not improve others in the same spectrum.1 0 9 

Small medium effects can be treated by making use of 
fortuitous cancellation of opposing errors.110 This can be 
done by appropriate selection of two wavelengths for the 
determination, such that the medium effects at each 
wavelength are in opposite directions. A more sophisti
cated variant of this method, due to Alder and his co
workers,111 uses several wavelengths and a weighted 
least-squares approach. The method can be applied to 
quite large effects. Alternatively, the absorbance of the 
neutral or charged species can be regarded as an un
known together with the acidity constants. The least-
squares approach again allows a satisfactory solution.107 

One of the simplest and most convenient methods due 
to Katritzky and his coworkers3 5 involves the assumption 
that medium effects are linear over short ranges. A graph 
is plotted of absorbance against acidity, and the two 
arms of the sigmoid curve are extended to cover the por
tion where the absorbance is changing rapidly. The opti
cal density (D) at a particular acidity and the correspond
ing values for the protonated (D=) and unprotonated (D0) 
species are then read directly from the graph. The meth
od seems very reliable.22 

A widely used method is based on Davis and Geiss-
man's approach (see below) which weights the disap
pearance of one peak against the appearance of anoth
er.33 The result is still a function of the wavelengths cho
sen107 and is only good if they are well separated.18 A 
modification of this approach1 1 2 involves approximate de
termination of the pKa by Davis and Geissman's method 
and then recalculation using values of D0 and D» based 
on the absorbance at 1.5 units either side of the crude 
pKa. A second modif ication113 is available, in which 
Davis and Geissman's method is combined with that of 
Katritzky and his coworkers, mentioned above. 

Although medium effects are difficult to eliminate sat
isfactorily, detailed study of the nature of the effect al-
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lows adequate provision to be made.107 The most accu
rate and involved approach involves analysis of the 
curves using characteristic vectors, which involve matrix 
manipulations on data from several wavelengths and vari
ous acidit ies.109 Often the problem can be solved by 
graphical methods which allow estimation of 0» without 
measurements in concentrated acid. This approach as
sumes some knowledge of the protonation behavior of 
the base under study and is considered in more detail in 
section IV.E. 

C. Selection of Acidity Functions 

Having determined the ratio of protonated and unproto-
nated species, the next step is a meaningful calculation 
of the acidity constant using the most appropriate mea
sure of acidity. The problems encountered outside the pH 
range have already been mentioned. Section 11. B outlined 
the use of acidity functions as an extension of pH, and 
section 11.D discussed their use in providing meaningful 
measures of acidity constants. It only remains to consid
er the methods for selecting the most appropriate acidity 
function. 

The early hope that the relevant acidity function Hx 

could be selected solely on the basis of the charge x on 
the conjugate base has long since been abandoned. Nev
ertheless, this should be the first method to use in acidity 
function selection. There is little choice for doubly 
charged acids B H 2

2 + , or neutral acids HA, the respective 
acidity functions being described as H + and H_. For 
acids with a single positive charge, there is a wide 
choice available. In general, the most appropriate acidity 
function is one constructed using indicators closely relat
ed to the compound in question. Unfortunately, subjec
tive similarity of structural type may not be a sufficient 
guide. Thus differing solvation requirements ensure that 
H0 for primary anilines is substantially more positive than 
H0'" for tertiary anilines.3 

The wide range of alternatives to H0 for describing the 
protonation of neutral bases is indicative of past interest 
in the area and its accessibility, rather than any peculiari
ties of this particular ionization equilibrium. Some of the 
available H0's deviate markedly from the H0 used to de
scribe the protonation of primary anilines in sulfuric acid, 
which now has a central importance in the discussion of 
acidity functions. The various alternatives, together with 
the structural types to which they refer, are tabulated by 
Boyd14 and discussed in more detail by Rochester.3 They 
may be ranked in the following order of acidity: J 0 (triar-
ylcarbinols) > H R ' (diarylalkenes) > H0'" (tertiary 
amines) ~ H1 (indoles) > H0 (primary anilines) > H B 

(benzophenones) > HA (amides) > log [H2SO4 ] . The 
symbol H B is Rochester's more logical nomenclature for 
Bonner and Phillips "H0" scale for benzophenones.114 

Boyd14 recommends keeping the term H0 for each scale, 
followed by an indication of the indicator type to which it 
refers. This seems confusing and Rochester's approach 
can be recommended, provided not too-many more acidi
ty functions are generated. Apart from the various acidity 
functions in sulfuric acid, a variety of acidity functions 
are available in other aqueous acids as well as different 
solvent systems. 

The primary aniline H0 scale in sulfuric acid has 
achieved its central importance both on historical 
grounds and because of the accuracy with which it is 
known. Since the classic review by Paul and Long,115 

parts of the scale have been redefined. The most accu
rate values now available are given in Table I I . Below 
10% (w/w) sulfuric acid, the values are those given by 

TABLE II . The Most Reliable Values of the Hammett 
Acidity Function, H0 (Primary Anilines as Indicators) 

% 
(w/w) HiSO4 

0.0049 
0.0131 
0.0590 
0.248 
0.612 
2.26 
5.10 
8.3 
9.1 

Ho 

3.03 
2.51 
1.99 
1.43 
1.06 
0.48 
0.09 

- 0 . 2 3 
- 0 . 2 7 

% 
(w/w) H2SOi 

10 
15 
20 
25 
30 
35 
40 
45 
50 
55 

Ho 

- 0 . 3 1 
- 0 . 6 6 
- 1 . 0 1 
- 1 . 3 7 
- 1 . 7 2 
- 2 . 0 6 
- 2 . 4 1 
- 2 . 8 5 
- 3 . 3 8 
- 3 . 9 1 

% 
(w/w) H2SO4 

60 
64 
68 
72 
76 
80 
84 
88 
92 
96 

Ho 

- 4 . 4 6 
- 4 . 9 5 
- 5 . 5 0 
- 6 . 1 0 
- 6 . 7 1 
- 7 . 3 4 
- 7 . 9 7 
- 8 . 6 1 
- 9 . 2 9 

-10 .03 

Bascombe and Bell ,1 1 6 and above 60% acid Jorgenson 
and Hartter's results117 are listed. The values from 10 to 
60% are from the review by Paul and Long. The reader is 
referred to Rochester's book or the original literature for 
intermediate values. More recently H0 has been extended 
well into the superacid region56 (i.e., H0 values down to 
- 1 5 ) . However, the indicators used were aromatic nitro 
compounds rather than primary anilines. This was neces
sary as no suitable anilines were available, but it does 
mean that the overlap with the established region is in 
doubt, as the nitro compounds may not be strictly Ham
mett bases. 

There has been little interest in setting up acidity func
tions for doubly charged acids, although it seems that 
there is no universal H + scale. For example, the second 
protonation of many compounds (e.g., aminopyridines, 
dimethylquinoxalines, and aminoacetophenones) follows 
H0 but the second protonation of pyrazine and pyrimidine 
follows the H A scale.3 At the alkaline end of the pH re
gion, the use of H0 for the study of strong bases has not 
been explored, although H_ is available for strong neutral 
acids at the other end of the pH scale. 

In recent years interest has increased in the study of 
acidity functions beyond pH 13, for use with weak un
charged acids. Rochester3 lists values for acidity func
tions in this region, whereas Boyd14 neglects them, quot
ing the review by Bowden15 instead. The methods for 
achieving high alkalinity are less straightforward than the 
corresponding procedures in acid solution. Aqueous po
tassium hydroxide, for example, can only provide solu
tions of H- up to ca. 19 (using indoles as indicators).118 

A common device for increasing the basicity of an aque
ous solution of a strong base is to add an increasing 
quantity of DMSO to the solution. The concentration of 
strong base is held constant, and H_ values are available 
for aqueous solutions containing varying amounts of 
DMSO with either 0.011 or 0.0471 M tetramethylammon-
ium hydroxide. The former scale119 (maximum H_ ~ 26) 
was established using anilines and diphenylamines as in
dicators, whereas the latter makes use of a series of 
substituted fluorenes120 (see section IV.D). Although 
Bowden15 points out that H_ should depend less on the 
type of indicator used than does H0, there are neverthe
less significant differences between scales generated 
using phenols, anilines, fluorenes, and other carbon 
acids. Thus the H- scale based on fluorenes does not 
parallel the aniline acidity function and is not yet firmly 
anchored to aqueous pH; therefore, it lacks the rigor of 
the nitrogen acid scale. 

Although the acidity functions in water seem quite well 
established, there is no single function available for non
aqueous and mixed-aqueous solvents. What little work 
has been done in this area is discussed by Rochester.3 

Attempts have been made to transpose a variety of acidi-
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TABLE III. The MSAD Scale 

Compound 

Fluoradene 
Cyclopentadiene 
9-Phenylfluorene 
Phenylacetylene 
lndene 
Fluorene 
Acetylene 

PKa 

11 
15 
18.5 
18.5 
18.5 
22.9 
25 

Compound 

Triphenylmethane 
Toluene (a position) 
Ethylene 
Benzene 
Methane 
Ethane 
Cyclopentane 
Cyclohexane 

pKa 

32.5 
35 
36.5 
37 
40 
42 
44 
45 

ty functions in alcohols or alcohol-DMSO mixtures to the 
aqueous standard state by using suitable bridge com
pounds. Thus Bowden7 transposed an acidity function HM 

based on nitrogen acids in methanolic potassium meth-
oxide to a corresponding H- scale. Rochester3 criticizes 
this treatment by pointing out anomalies that result in de
rived pKa values. If acidity functions in mixed or non
aqueous solvents are adequately referred to the aqueous 
standard state, then the acidity constant determined for 
any particular indicator should be independent of the sol
vent system. Because of the errors involved in such 
empirical approaches, these attempts have little to rec
ommend them, particularly as, for example, the methano
lic standard state is most relevant to kinetic and mecha
nistic studies in methanol. In this connection it should be 
noted that an H M scale has recently been constructed for 
this purpose, using hydrocarbon acids as indicators.121 

D. Highly Basic Media 

Although the discussion so far has emphasized work in 
acidic solutions, ultraviolet and visible spectroscopy pro
vide powerful tools for examining compounds in highly 
basic media. The preparation and uses of such solutions 
have been briefly reviewed.1 2 2 Recent rev iews 5 ' 4 5 ' 4 8 

amply cover the methods available for the determination 
of the acidities of carbon acids in highly basic solution. 
Because of the prime importance of carbanions in organ
ic chemistry5 and the need to quantify carbanion stability, 
much effort of late has been devoted to the exploration of 
these regions. Unfortunately, most solvent systems pos
sess only a limited range of H- and so the acidity func
tion approach is only suitable for the comparatively 
strong carbon acids. Various ingenious methods have 
been devised to circumvent this difficulty. These ap
proaches have resulted in a series of internally consistent 
acidity scales, none of which can be firmly linked to the 
aqueous pH scale. Nevertheless, as the study of H-
acidity functions continues, there is a real hope that 
eventually much of the relative data presently available 
will be given an absolute meaning. For the time being we 
must tolerate "pK" values quoted, as a matter of conve
nience, relative to some arbitrary standard. 

The early work which established a pKa scale from 15 
to 30 using ethereal solutions has been confirmed to a 
large extent by the more refined work of Streitwieser and 
his col leagues,4 9-1 2 3 using cyclohexylamine as a solvent. 
Cram,5 in his wide-ranging review of carbanions, amalga
mated the results of Streitwieser and various other work
ers to provide what he called the McEwen-Streitwieser-
Applequist-Dessy (MSAD) scale, part of which is given 
in Table I I I . This internally consistent acidity scale is ap
plicable to solvents of low dielectric constant {i.e., t < 
20), where extensive ion association occurs. The scale is 
arranged relative to an assumed pKa for 9-phenylfluorene 
of 18.5. The pKa of this compound is discussed in some 
detail later in this section. 
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Streitwieser and his coworkers have developed and re
fined the quantitative study of equilibrium acidities. A 
mixture of two acids in cyclohexylamine is treated with a 
strong base. The relative amount of free acid of each 
species at equilibrium provides a measure of their rela
tive acidity. The strong base originally tried was the lithi
um salt of cyclohexylamine;49 however, problems with 
ion-pair formation and the failure of the weaker acids to 
obey Beer's law resulted in the adoption of cesium cyclo-
hexylamide as the base.123 This gave a pKa range up to 
33.1 for diphenylmethane. 

The "absolute" values were determined relative to 9-
phenylfluorene, whose pKa was available from acidity 
function studies. The value of 18.49 was selected as a 
good average of results in three different systems. Unfor
tunately two of the estimations' were based on nitrogen-
acid scales and the third on a disparate mixture of car
bon acids. The situation is complicated by reports5 4-1 0 4 

that the acidity constant of 9-phenylfluorene could be se
riously in error, and values of ca. 16.5 have been sug
gested. Ritchie98 has reviewed this confused area quite 
recently and concludes that the best present value for 
this pKa is 16.4. As there is much to recommend this 
view, it seems likely that the acidity constant of 9-phenyl
fluorene will be revised, resulting in the adjustment of 
most of the pKa values at present quoted for weak hydro
carbon acids. Streitwieser accepts that even though his 
relative values should be reasonably accurate, the abso
lute magnitude of his results may be in doubt by 1-2 
units.124 

An unambiguous pKa for 9-phenylfluorene will only be 
available when an acidity function using appropriate, 
closely related indicators has been constructed between 
the pH scale and ionization range of the compound in 
question. Attempts have been made by Cockerill and his 
coworkers120 to construct, in aqueous DMSO mixtures, 
such a scale based entirely on substituted fluorenes. So 
far the scale spans the range of H- from 14.7 to 24.5, 
relative to an assumed value of 18.59 for the pKa of 9-
phenylfluorene. When the gap between this scale and the 
pH range is bridged, it will allow work such as that of 
Streitwieser to be referred more accurately to the aque
ous standard state. 

If Streitwieser's results are recalculated using Ritchie's 
value for 9-phenylfluorene, then a series of acidity con
stants is obtained in cyclohexylamine which closely cor
respond with results from titrations in pure DMSO.98 

Moreover, there are similarities between results obtained 
in cyclohexylamine, which are crudely referred to water 
as a standard state, and various results from earlier acid
ity function studies. Rather than list absolute pKa 's which 
may be subject to change in the near future, Table IV 
contains values relative to 9-phenylfluorene, which has 
been included in at least five different acidity scales. 
Even if adequate reference to the aqueous standard state 
is possible for 9-phenylfluorene, many of Streitwieser's 
results could still not be regarded as closely linked to the 
aqueous pKa scale. As Streitwieser and his coworkers 
point out, the results should be treated cautiously, as the 
conjugate bases of the hydrocarbon acids are ion pairs 
rather than pure carbanions. The absolute values ob
tained are of far less significance than the differences 
between them. The discrepanices between the lithium 
and the cesium based scales point to the dangers in as
suming universally applicable pKa scales for hydrocar
bons.123 

As the scope of Streitwieser's work increases, the im
possibility of setting up such a universal pKa scale be
comes increasingly evident. Recent work1 2 5 on acetyl-
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TABLE IV. ApK Values Relative to 9-Phenylfluorene-

Malononitrile 
9-Phenylfluorene 
7H-Benzo[c]fluorene 
lndene 
11H-Benzo[o]fluorene 
9-Methylfluorene 
4H-Cyclopenta[def]-

phenanthrene 
Fluorene 
9-Phenylxanthene 
Triphenylmethane 
Diphenylmethane 

Assumed pKa for 
9-phenylfluorene 

A 

- 5 . 4 
0 

2.1 
1.5 
3.3 

3.6 
4.1 
9.1 

11.9 
13.6 

16.4 

B 

0 
1.0 
1.4 
1.5 
4.2 

4.1 
4.2 

10.0 
13.0 
14.6 

18.5 

C 

-7 .5 
0 

0 

4.4 

14.0 

18.5 

D 

0 

1.6 

3.9 
9.2 

12.2 
13.6 

16.6 

E 

0 
1.03 

3.21 

3.20 
3.51 

18.59 

"A: titration in DMSO (DMSO standard state).52.104 B: cesium 
ion pairs in cyclohexylamine (approximately aqueous standard 
state).123 C: MSAD scale (approximately aqueous standard 
state).6 D: H_ based on nitrogen acids (aqueous standard 
state).54 E: H_ based on fluorenes (aqueous standard state).120 

enes shows a large pKa difference between phenylacetyl-
ene (pKa = 23.2) and 9-phenylfluorene (pKa = 18.5), 
whereas on the MSAD scale they have the same pKa. 
Thus it seems that acetylenic pKa 's cannot be referred to 
the aqueous scale by way of 9-phenylfluorene, probably 
because of different activity coefficient behavior of the 
two types of compound. As the anions of acetylenes do 
not have visible spectra, a modification of Streitwieser's 
normal technique was introduced.125 The proportion of 
acetylenic acid in equilibrium with a suitable hydrocarbon 
indicator was determined from the reduction in absorb-
ance when a known amount of acetylene was added to 
the indicator salt. Four different indicators gave results in 
close agreement. A similar approach126 with fluorinated 
benzenes, followed by a correlation with rates of hydro
gen-isotope exchange in methanolic sodium methoxide, 
allows the prediction of a pKa for benzene of 43.0 ± 0.2. 
This is probably more accurate than the value of 37 quot
ed by Cram on the MSAD scale. Another extension of the 
technique allows direct determination of the acidities of 
relatively acidic hydrocarbons {i.e., pKa ~ 13-14) in cy
clohexylamine, referred to the solvent as standard 
state.127 

Other workers have used liquid ammonia as a solvent, 
and this necessitates work at either low temperatures57 

or under pressure.53 Equilibria are generated between 
two acids using sodium or potassium amide, and these 
can be studied by ultraviolet57 or nmr techniques.53 

Shatenshtein58 has reviewed much of his own work on 
hydrogen-isotope exchange rates in liquid ammonia, and 
Cram5 discusses this work and its contribution to our 
knowledge of kinetic acidities (see section II.E). 

E. Treatment of Data 

Assuming that medium effects can be adequately han
dled (see section IV.B) and suitable values for the acidi
ties of solutions are available (sections IV.C and IV.D), 
there may still be problems associated with analyzing the 
spectral data. Various methods for calculating pKa 's are 
considered in this section. 

1. Estimation of D 0 and D -

A variety of methods have been developed for the 
treatment of data obtained'from spectroscopic measure

ments. One of the most useful of these is due to Maroni 
and Calmon1 2 8 and has been adopted in the revised ver
sion of Albert and Serjeant.1 Rearrangement of the usual 
equation, eq 49, results in either eq 50 or 51 , in which D 
is the optical density at the measured pH, and D0 refers 
to the deprotonated and D. , to the protonated species. 

pKa' = p H + l o g [ ( D - D 0 ) / [ ( D c c -D)] (49) 

D = D 0 - ( 1 / K a ' ) ( D - D c O ) 3 H + (50) 

D = Doo - K a ' ( D - D 0 ) / a H + <51> 

These equations may be used when, for reasons of de
composition or medium effects, either Do or D= cannot 
be measured directly. Thus for weak acids D0 may not be 
available in highly alkaline solutions, and for weak bases 
D . may not be measurable in strong acids. For the for
mer case, using eq 50, a plot of D against (D - D*)aH+ , 
preferably using the method of least squares, gives a line 
of slope - 1 / K a ' and intercept D0. Use of eq 51 for weak 
bases results in a plot of D vs. (D - D0)/aH+ having a 
slope of - K a ' and an intercept of D „ . The merit of the 
method is not the graphical estimation of Ka ' or 1/Ka ' 
but the evaluation of Do or D= which can then be used in 
eq 49 in the usual way. The acidity constants obtained 
are apparent pKa 's because the calculations use a mix
ture of activity and concentration terms. Corrections for 
activity coefficients may be applied, as described pre
viously, to obtain thermodynamic values. 

The method can be extended to the use of acidity 
functions by using hx = antilog {-Hx) in place of aH+ in 
eq 50 and 51. This method then assumes the appro
priateness of the chosen acidity function, and the value 
of D . or D0 obtained cannot then be used to verify this 
assumption.63 Unfortunately, this problem has not always 
been appreciated.129 Providing the acidity function used 
is appropriate for the compound studied, then the 
thermodynamic pKa is obtained directly without the need 
for activity corrections. 

2. Extrapolation Methods 

An ingenious linear free energy method, which makes 
no assumptions about which acidity function a base fol
lows, has been described by Bunnett and Olsen.17 The 
ratio of protonated and unprotonated forms is obtained at 
various acid concentrations whose W0 values are known. 
The procedure then involves plotting log [BH + ] / [ B ] + H0 

against W0 + log [H + ] . The intercept when H0 + log [H + ] 
= 0 equals the pKa of B H + . The method is based on eq 
52, which the authors derive as the standard formulation 

log [BH + ] / [B ] + HQ = <P{H0 + log [H + ]) + pKa (52) 

of a linear free energy relationship. The method gives re
sults in good agreement with those from the acidity func
tion method and was, in fact, used to check the validity 
of several of the acidity functions.17 The uncertainty in 
the determination was estimated to be ±0 .2 pKa unit, 
which justifies any approximation involved in their taking 
[H + ] = [H2SO4 ] . The method finds particular application 
for those compounds which do not have a suitable acidity 
function available. A recent application130 of this ap
proach to the protonation of methyl thioethers gave pKa 

values in the range —6.7 to —6.9. 
At infinite dilution, all activity coefficients equal 1, and 

eq 9 can be rewritten j j K a = log [HX] / [X] - log [H + ] . 
Thus extrapolation to infinite dilution, of a plot of the 
right-hand side of this equation against acid concentra
tion, will provide a value for pKa. Providing the acid con-
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centration is kept below 2 M, the plots are linear for 
charged acids BH+ and the extrapolation is reliable.3 The 
linearity is due to the cancellation of the activity coeffi
cient ratio log 7 B H * / T H " • An alternative extrapolation 
method involves plotting log [HX]/[X] against H0 and 
extrapolating this to H0 = 1, when H0 = [H + ], and the 
value of log [HX]/[X] gives the acidity constant.20 Very 
weak bases, however, require long extrapolations from 
their protonation regions and then these methods are less 
satisfactory. 

The extrapolations just described are not suitable for 
neutral acids HA as the activity coefficients 7 for A~ and 
H + are multiplied and do not cancel. Consequently linear 
plots do not result. An alternative equivalent approach 
has been developed by More O'Ferrall and Ridd,131 which 
relies on a knowledge of the self-ionization constant of 
the solvent. Their work was performed in methanol, but 
their method can easily be applied to water or any ioniz
ing solvent. They considered eq 53 and determined the 
pKb, where Kb is defined by eq 54. Extrapolation of eq 55 
to infinite dilution provides a value for pKb. As with the 

H A + MeO- — A - + MeOH (53) 

Kb = (aHAaMeO-) / (aA - aMeOH) (54) 

hence 

'K» = *'w!i ~ 10^eO-] + '<* ( T S ^ ^ ) 
(55) 

previous extrapolations, cancellation of the activity coeffi
cient term log 7A-/7Meo- results in a straight line plot 
at low concentrations of methoxide ion. Thus an accu
rately determinable pKb is obtainable for neutral acids, 
sufficiently strong to ionize at low concentrations of base. 
Problems could arise, however, when the pKa is calculat
ed by eq 56. Thus the pKa values of More O'Ferrall and 
Ridd must now be increased by 0.22 unit as the value for 
pK.MeOH has been revised. The method can be applied 
with confidence in water because the values of pKw are 
well known.4 With very weak acids this method is inade
quate as the long extrapolations required are not linear. 
Then, as with weak bases, resort must be had to the 
stepwise method of comparing pKa's with known values 
of closely related compounds. This approach is essential 
for the establishment of acidity functions and is well cov
ered by Rochester3 and Boyd.14 

pKa = pKSH ~ P*b (56) 

3. Other Approaches 

Davis and Geissman developed a method which par
tially eliminates medium effects.33 Two wavelengths are 
selected such that at one wavelength D0 » D, and at 
the other D*,. » D0. At various acidities AD = D(X1) -
D(A2) is measured and is plotted against H0 (or some 
other appropriate acidity function). This procedure gives 
the usual sigmoid curve from which the acidity at half 
protonation can be ascertained. Katritzky and his cowork
ers40 prefer the direct plotting of absorption at a suitable 
wavelength against H0 as this gives smoother curves 
than Davis and Geissman's method. 

As inflection points are often difficult to determine ac
curately, Stewart and Granger112 have developed a modi
fication of Davis and Geissman's method which can pro
duce a straight line plot amenable to least-squares treat
ment. They let ADB = D(X1) — D(X2) for the unprotonat-
ed species and ADB H^ = D(Xi) — D(X2) for the proton-

ated compound. Then if AD is this quantity at an inter
mediate acidity Hx, a plot of log ( A D B H / - AD)/(AD -
ADB) VS. HX should give a straight line of unit slope and 
an intercept of Hx

1 '2 . To make meaningful use of this 
method requires very careful selection of AD for B and 
BH + , and medium effects may distort such an approach 
even though partial compensation is achieved (see sec
tion IV.B). 

A refinement of Albert and Serjeant's spectroscopic 
method involves the use of the acidity function p(an7ci) in 

place of pH. This function is much more accurately de
fined,31 and its acidity may be corrected for the effect of 
addition of the compound (whose approximate pKa must 
be known) by a computer procedure.29,30 The pKa can 
then be determined and corrected by addition of activity 
terms and the result of a series of such measurements at 
various ionic strengths, extrapolated to zero ionic 
strength. The resulting value is an accurate thermody
namic pKa with a precision of the order of ±0.001. The 
method is useful at various temperatures between 0 and 
95° for the calculation of thermodynamic quantities. 

For the majority of weak bases, appropriate acidity 
functions are not known, and one must abandon attempts 
at precise experimental definitions of thermodynamic 
pKa's and resort to obtaining reasonable estimates from 
a combination of methods. Greig and Johnson22 recom
mend trying three approaches: (a) plot log [HX]/[X] 
against Hx, where Hx is such that m = 1; (b) assume 
that Hx = mH0 and plot log [HX]/[X] vs. H0; (c) use 
Bunnett and Olsen's linear free energy method. The first 
method assumes that a reasonably suitable acidity func
tion is available, and the second and third methods are 
mutually contradictory, as plots of H0 vs. log [H + ] are not 
linear. Nevertheless, the results from the last two meth
ods were not significantly different for carbonyl com
pounds.22 Similarly, if these two methods are applied to 
the recent data on the protonation of methyl thioeth-
ers,130 the resulting values for the pKa's differ by less 
than 0.2 pH unit, which is well within the likely experi
mental error of the method. The likely errors in Bunnett 
and Olsen's method, particularly evident for compounds 
following HA, have recently been discussed.43 

Compounds which are transparent in the ultraviolet can 
be measured by observing the effect of the compound on 
the H0 of a solution, as measured by an absorbing indica
tor also present in the test solution.1 J 1 5 

F. Miscellaneous Applications 
Ultraviolet spectrophotometers have been used to fol

low titration experiments on microgram quantities of ma
terial132 and can be used to study rapid reactions with 
both continuous-flow and stopped-flow techniques.133 

When unstable species are being examined, rapid mixing 
techniques combined with back extrapolation are most 
useful.134 

The problems with overlapping pKa's are more com
plex in spectroscopic, as opposed to potentiometric, 
methods. The relevant theory has been summarized by 
King,2 and Albert and Serjeant1 give a general treatment 
which involves an iterative process. They provide a com
puter program in Fortran IV for the calculation of the re
sults. A program has also been published recently by the 
same school which avoids the iteration and uses a com
puter library subroutine for solving sets of simultaneous 
equations.135 If the absorption due to the monoprotonat-
ed species is very different from that from the unproto-
nated and diprotonated molecules, which in turn have 
similar absorptions, then a relatively simple treatment is 
available.136 
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V. Other Spectroscopic Methods 
A. Nuclear Magnetic Resonance 

The utility of 1H nmr in equilibration studies has al
ready been mentioned. It has an obvious use in deciding 
the site of protonation of a base. Studies1 3 7 '1 3 8 in super
acid can easily be performed using this technique, particu
larly as low temperatures are readily attainable. Thus f lu-
orosulfuric acid is liquid down to —89° (whereas sulfuric 
acid freezes at 10°) and the 1:1 mixture of fluorosulfuric 
acid and antimony pentafluoride ("magic acid") has been 
used1 3 8 at —120°. Such low temperatures slow down 
proton-exchange rates sufficiently to allow a signal to be 
observed from the acidic hydrogen of the conjugate acid. 
At normal temperatures observations must be made on 
nonexchanging protons whose chemical shifts are af
fected by protonation. For success a significant differ
ence is needed between the chemical shifts of the pro
tonated and unprotonated forms, and this must be sepa
rable from the medium effects that can also influence 
chemical shifts.139 

Early reports on the use of the technique were not 
promising,1 3 '1 3 9 and Arnett11 suggested that for some 
groups of compounds the method was more suited to the 
study of medium effects rather than protonation. Applica
tion of nmr has met with mixed success in the determina
tion of acidity constants. It seemed the method was use
ful for some groups of compounds, but others suffered 
from hydrogen bonding between the cation and the sol
vent. A recent paper points out that the procedure can, in 
fact, be employed successfully for a wide variety of func
tional groups.140 The method is often suitable for weak 
acids and weak bases which are not amenable to spec-
trophotometric study. Unfortunately, quite high concen
trations (ca. 0.1 M) are required, and this limits the tech
nique somewhat, firstly because of solubility problems 
and secondly because activity corrections become diffi
cult, particularly if an internal standard is also present. 
Performing measurements at higher frequencies, or using 
refinements such as computerized accumulation or Fou
rier transform techniques, should be helpful in reducing 
concentrations to more useful levels. 

The simplest approach is to plot the changes in chemi
cal shift against pH, or a suitable acidity function, and to 
take the pH at the inflection point as a measure of the 
pKa value.1 , 2 If the chemical shifts of protonated and 
unprotonated species are available, the normal calcula
tions can be performed. Prolems arise, however, over the 
use of a suitable internal standard. 

The common use of ammonium salts (e.g., tetramethyl-
ammonium chloride) results in potential errors from hy
drogen bonding with the solvent.140 Although the effects 
are not important for protonated ketones, they appear 
significant for alcohols and ethers,21 and this can explain 
the controversy over the pKa 's that have been obtained 
for various ethers.140 A suitable device for minimizing 
these medium effects involves measurrng the difference 
in chemical shifts between two protons in the same mol
ecule. This difference is then plotted against pH or an 
acidity function to give the usual sigmoid curve.1 4 0 - 1 4 2 

The two protons chosen for this method should ideally be 
on adjacent atoms in the molecule, so that they are in 
approximately the same chemical environment. The ad
vantages of this approach, avoiding internal standards 
and possible medium effects thereon, are partially offset 
by the smaller size of intramolecular shifts compared 
with absolute changes in chemical shift.13 

The advantages and limitations of nmr in the study of 
the basicities of ketones have recently been discussed.21 

Bases too unstable for spectrophotometric work can eas

ily be examined at the low temperatures achievable with 
certain superacids, and measurements are easily made 
over the whole of the Hammett scale (H0 = 0 to —17.5). 
The method is rapid to perform and is not influenced to 
an appreciable extent by impurities. Thus some decom
position of the compound under study during the experi
ment will not invalidate the results. The presence of hy
drogen fluoride as an impurity in some superacid media 
means that spectroscopic work is difficult. Nmr measure
ments can still be performed, however, by using a Teflon 
insert in the sample tube.21 Unfortunately, the method is 
not very sensitive and results are probably only accurate 
to about ± 0 . 3 pKa unit, although greater accuracy may 
occasionally be achieved.1 3 , 2 1 

The lack of precision in the method is illustrated by at
tempts to use the acidity function approach expressed in 
eq 57 for a series of related compounds.1 4 1 '1 4 3 The 

log [(AS - A50)/(A5co - Ad)] = mHT + c (57) 

values of m varied widely, resulting in some doubtful esti
mates of relative acidities. It was pointed out,143 how
ever, that the errors in m were partially compensated by 
errors in c, resulting in pKa values which were "not too 
imprecise." Nevertheless, the claimed precision of ±0.05 
unit gives a false impression of the accuracy of the meth
od. 

The use of nmr methods for determining microcon-
stants and overlapping pKa 's has been reported,1 4 4-1 4 5 

and the methods of calculation have been discussed and 
refined.145 Apart from the use of aqueous sulfuric acid, 
nonaqueous and mixed-aqueous solvents can be 
used.1 4 5-1 4 6 Rochester3 reviews acidity functions in deut-
erated acids. The use of paramagnetic shift reagents for 
the estimation of relative acidities has recently been men
tioned.147 The nmr spectra of lithium derivatives of weak 
carbon acids provide a crude method for estimating 
pKa 's on the MSAD scale.148 

Nmr measurements of nuclei other than hydrogen have 
been used for pKa determinations. Fluorine11-146 and 
phosphorus,149 in particular, have been mentioned, as has 
the potential of 13C nuclear magnetic resonance.138 Com
parison of results from 31P nmr and 1H nmr for the 
basicities of some phosphine oxides demonstrates a med
ium effect on the phosphorus spectrum, which results in 
different values from the two methods.149 The marked 
sensitivity of fluorine chemical shifts to nearby protona
tion makes fluorinated compounds particularly amenable 
to this method of pKa determination. 

B. Vibrational Spectra and Hydrogen Bonding 
The phenomenon of hydrogen bonding, recently re

viewed,1 5 0 may be regarded as a step on the way to 
complete ionization. The Br^nsted-Lowry theory of acids 
and bases takes no account of hydrogen bonds. Fortu
nately the more general acidity concept of Lewis does in
clude such phenomena.10 Arnett11 discusses the wider 
interpretations of basicity and points out that there is no 
clear picture of the discontinuity between protonation and 
strong hydrogen bonding. Although great care is needed, 
hydrogen bonding and other types of complex formation 
may be useful for ranking weak bases or weak acids. For 
example, the hydrogen-bond strengths of various groups 
of compounds with either alcohols or phenols in carbon 
tetrachloride solution give similar pictures of relative base 
strengths.150b 

Studies of the ability of compounds to form hydrogen 
bonds have provided new acidity scales as alternatives to 
the pKa scale.1 5 1-1 5 2 Although these scales have a vari-
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ety of applications,152 they are not in general related to 
the conventional pKa scale.153 Nevertheless, very ap
proximate relationships are available between aqueous 
acidity constants and hydrogen-bond strengths for many 
compounds with entirely different functional groups. 
These allow pKa estimations within ± 2 units.11 Much 
better correlations are available for compounds of similar 
structure.1 5 4 In spite of its limitations, the technique is 
very useful for compounds which rapidly decompose on 
protonation or deprotonation. Thus aliphatic aldehydes 
undergo the aldol condensation in strong acid so rapidly 
that their basicities may only be measured by using hy
drogen-bonded spectral shifts.11 

Various methods exist for measuring the strength of 
hydrogen bonds, and of these the most useful technique 
involves infrared spectroscopy.4 6-1 0 7-1 5 5 Commonly the 
strengths of hydrogen bonds are determined by the 
change in stretching frequency of suitable OH or NH 
bonds, although correlations of aqueous pKa 's with other 
frequencies have been reported. For example, infrared 
spectra in chloroform or carbon tetrachloride have been 
used to examine changes in the stretching frequencies of 
carbonyl1 5 6 and nitro157 groups, and these have been re
lated to the basicities of the compounds studied. Equa
tions have also been derived for primary and secondary 
nitrogenous bases which relate pKa 's and the slopes of 
"relative shift" plots.158 These graphs plot the relative 
shifts of a compound's N-H bond in a variety of solvents, 
against the corresponding value for pyrrole. Relative 
shifts were calculated by eq 58, and the method provided 
reasonable estimates for the limited range of compounds 
studied. 

A = "vapor ~ "Bom ( 5 8 ) 

''vapor 

In principle, Raman spectroscopy should provide a 
more direct approach to acidity constant determination 
than the methods mentioned using infrared studies. Until 
recently, however, the technique has been insufficiently 
sensitive to use with very dilute solutions. Consequently, 
it has found most application in the study of concentrated 
solutions of strong acids.44 A detailed description of the 
quantitative Raman method has been published,159 al
though the results of these workers have been reinter
preted.1 6 0 It seems that Arnett's hope that Raman results 
would be unequivocal11 is not borne out in practice. The 
method was used to study the protonation of the weak 
organic bases acetamide, methanol, acetone, and aceto-
nitrile. The approach allows direct measurement of the 
ratio of protonated to unprotonated forms by comparison 
of the areas under the relevant absorption bands. This 
technique was found to be more reliable than simply 
comparing band heights. 

A major drawback to the method is that only small 
molecules give spectra simple enough to be interpreted. 
Nevertheless, it can provide a useful check on estimates 
from other determinations. The recent introduction of 
laser sources for Raman spectroscopy161 should result in 
the technique becoming more widely used, particularly 
when other spectral methods fail. As with nmr studies, 
care must be taken to ensure that hydrogen bonding 
does not distort attempts to measure protonation. 

Vl. Miscellaneous Methods 

A. Calorimetry 

The difficulties associated with the measurement of 
acidity constants outside the pH range are substantially 
due to there being no satisfactory definition of an acidi ty-

basicity scale over the whole protonation-deprotonation 
range. Even the scales that are available cover only a 
limited span and are difficult to interrelate. Consequently, 
pKa 's determined until recently by, for example, the use 
of acidity functions have had scant justification. It is 
against this background of uncertainty that one wel
comes Arnett's studies on the heat of protonation of or
ganic bases in fluorosulfuric ac id . 2 3 - 4 7 This work as well 
as demonstrating the validity of the acidity function ap
proach has provided a basicity scale which covers more 
than 22pK a units.24 

Originally Arnett and Burke demonstrated that heats of 
protonation in concentrated sulfuric acid were linearly re
lated to the best estimates of aqueous pKa 's that were 
available.24 However, the method gave different correla
tion lines for bases of different structures. More recently 
they have shown that a single line is obtained in fluo
rosulfuric acid and that this line can be used to estimate 
acidity constants with an accuracy better than ±0 .7 pKa 

unit. The equation of the line (eq 59) was derived for 

-AH = 1.78pKa + 28.1 (59) 

amines23 and found to apply equally to most carbonyl 
compounds.47 The apparently large error in the estimates 
using this equation seem to be as much a reflection of 
the inaccuracies in the literature pKa 's as of any error in 
the new method. Given such difficulties the correlation is 
remarkably good and should provide a new general ba
sicity scale. 

The overwhelming advantage of this method is that all 
measurements are made in the same medium (pure fluo
rosulfuric acid) and so medium effects cannot cloud the 
issue. A few anomalous results come from reaction with 
the solvent rather than protonation. The compounds can 
be checked for clean protonation by nmr. The heats of 
solution of the bases in the acid are corrected for the lat
tice energy of the pure solid or liquid by subtracting from 
the heat of solution in fluorosulfuric acid the heat of solu
tion in carbon tetrachloride. On the rare occasions that 
compounds are insoluble in carbon tetrachloride, sym-
tetrachlorethane is used instead. The value obtained is 
thus the heat of transfer of the base from a solution in 
the inert solvent to solution in fluorosulfuric acid. The cal
orimeter used is fully described,162 together with some 
refinements in technique.23 The measurements obtained 
are accurate and relatively easy to perform once the ap
paratus has been set up. 

Fluorosulfuric acid possesses several advantages over 
sulfuric acid for these determinations. It is a better sol
vent and a stronger acid than sulfuric acid and provides a 
wider range of enthalpy values, which increases the sen
sitivity of the method. The pKa range so far explored 
varies from 10.98 (diethylamine, AH = 47.7 kca l /mol , 
pKa(calcd) = 11.01) to - 1 2 . 4 (nitrobenzene, AH = 
- 6 . 6 kca l /mol , pKa(calcd) = - 1 2 . 1 ) . Exceptionally 
large discrepancies, particularly for saturated ketones, 
are unexplained, but the errors may be in the literature 
values. Measurements by a third independent technique 
are required to resolve the differences. 

Other methods are available which also make use of 
thermodynamic measurements. In particular, the meth
ods of differential enthalpy titration2 and entropy titra
t ion1 6 3 have been used. These thermometric titrations 
should have wide applicability in both aqueous and non
aqueous systems and could be especially useful when 
other methods prove difficult. Unfortunately Arnett and 
his coworkers1 6 4 have recently shown that enthalpimetric 
titrations cannot be applied outside the pH range to weak 
bases (pKa < 0) in aqueous sulfuric acid. Even though 
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encouraging results were obtained in acetic acid-sulfuric 
acid mixtures, they considered the values obtained to be 
of dubious worth. These methods depend on deriving 
AH° for the ionization reaction and using this to calculate 
AG0 and hence the pKa. It was estimated that the entro
py titration method gave acidity constants accurate to 
±0.03 unit,163 whereas Arnett's thermometric value for ani
line164 is quoted as 4.66 ± 0.09. If a suitable variation of 
this method could be developed for weak bases in strong 
aqueous acids, then the accuracy attainable would prob
ably be worse than ±0.1 pH unit. An extended descrip
tion is available of the apparatus and procedure neces
sary for the differential thermometric titration of, for ex
ample, amines with hydrochloric acid.165 

B. Conductivity 

The oldest methods for determination of acidity con
stants are based on measurements of conductivity. For 
many years the precision obtainable using the conductivi
ty approach was unsurpassed. The uncertainties in con
ductivity measurements are very much less than those in 
the emf method.2 However, the method is of limited ap
plicability, and the calculations required are lengthy and 
tedious but fortunately amenable to computer treat
ment.166 The theory of the approach is thoroughly dis
cussed by King,2 and details of the experimental ap
proach are given by Albert and Serjeant.1 Briefly, the 
simplest method relies on measurement of the equivalent 
conductance (A) and comparison of this with'the mea
sured or calculated limiting conductance (A0). This gives 
the degree of ionization (a) from which the acidity con
stant may be calculated using the Ostwald dilution law 
for binary electrolytes (eq 60). The measurements are re
peated at a variety of dilutions, thus giving various de
grees of ionization without resort to titration. More com
plex equations allowing for interionic forces are available 
for work of the highest precision,2 as deviations from the 
Ostwald dilution law are frequently encountered.167 

_ Jx 2C A2C 
K~ 1 -a ~ A 0 ( A 0 - A ) (60> 

The method requires accurate temperature control be
cause conductivity is sensitive to quite small temperature 
variations. The solvent and solute must be exceptionally 
pure, as small amounts of ionic impurities can render the 
results meaningless. The commonest impurity is dis
solved carbon dioxide, whose complete exclusion is im
practical. This means that the method is limited to mod
erately strong acids, whose ionization is not suppressed 
by the "carbonic acid" (pKa = 6.5) present in solution. 
Accurate results are thus possible with carboxylic acids, 
whose pKa's generally are less than 5, although the 
method is difficult to apply to the weaker second and 
third ionizations of polybasic acids. Variations of the 
technique are possible which allow its application to 
weak neutral acids1 or weak bases,13 although for these 
the method used is a form of conductometric titration, 
and the high ionic strengths involved necessitate activity 
corrections. Of particular interest is the use of conductiv
ity measurements in sulfuric acid solutions, ably reviewed 
by Liler.13 

C. Cryoscopic Measurements 

For accurate application of the conductometric method 
in sulfuric acid, intimate knowledge is required of the 
self-ionization processes present in the solvent. The 
same knowledge is essential for the rarely used cryos
copic method of determination of acidity constants. LiI-

er's review13 covers the ground well, but freezing point 
depression is probably of more significance in studying 
complex modes of ionization than in the determination of 
acidity constants. The method is restricted to one tem
perature but has occasionally been used to confirm other 
measurements.2 

D. Kinetic Methods 

As many reactions involve specific catalysis by hydro
gen ion or hydroxyl ion, it seems reasonable that a meth
od should be available for acidity constant determination 
relating kinetic data to acidity. Such methods are avail
able,2,168 but the results should only be taken as an indi
cation of the order of magnitude of the acidity con
stant.11-46 Albert and Serjeant1 go further and regard such 
results as being of historical interest only, as such catalyt
ic methods have on occasion given highly erroneous re
sults. These approaches suffer from indirectness and 
may be subject to large medium effects which would not 
be readily detected. A kinetic version of Bunnett and Ol-
sen's linear free energy method is available17 and gives 
results in agreement with those from their other method 
(see section IV.E) or the acidity function approach. 

The correlation between kinetic and thermodynamic 
acidity has been mentioned in section I I.E. The use of 
isotope exchange methods can give results that agree 
closely with values obtained using acidity functions. For 
example, base-catalyzed tritiation gives an estimate of ca. 
33 for the pKa of DMSO,169 whereas the result from acid
ity function studies54 is 32.9. 

E. Distribution Methods 

Solubility or distribution studies provide a variety of 
methods for the determination of acidity constants. The 
distributions measured may be between an aqueous 
phase and either a gas or a solid or an immiscible liquid. 

The gaseous-aqueous equilibrium is applicable to vola
tile bases (B) and acids (HA) and is studied by measur
ing fhe vapor pressure (P) of solutions. The method as
sumes that Henry's law (eq 61) holds for the solute and 

P = k[B] or k[HA] (61) 

that the constant k does not change with acidity. The 
reasonable assumption that the ionized form BH+ or A -

is involatile is also made. The ratio of protonated to 
unprotonated forms may then be determined by eq 62, 

where P0 is the vapor pressure of the solution containing 
no ionized solute. As with the other solubility methods, 
the results are not always accurate, although a reason
able value is obtained for hydrogen cyanide.2 The method 
has been used to give approximate acidity constants for 
ammonia, boron trifluoride, and several volatile acids.11'46 

A more recent application170 of this technique has 
given a value for the H0 at half-protonation of diethyl 
ether of —3.53, agreeing closely with the value of -3.59 
from partition measurements (see below). 

A similar approach, with several refinements, can be 
applied to solubility studies of solids.1'2-171 The method 
is laborious and inaccurate but may give results within 
±0.1 unit in certain cases. The measurements must be 
performed in the presence of a swamping electrolyte, 
thus ensuring constant ionic strength and a reasonable 
precision. This means the values obtained bear no rela
tion to thermodynamic values. Nevertheless, the method 
may be of use when other methods are inapplicable. The 
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inaccuracies and invalid assumptions implicit in the 
method are discussed by Rochester.3 King2 gives details 
of a graphical method which may be applied to ampho
lytes ( H 2 X + ^ H X ^ X - ) . 

The problems implicit in distribution studies involving a 
pure solid or gaseous phase are increased when the sec
ond phase is an inert solvent. Nevertheless, the measure
ment of partition coefficients can give acceptable re
sults.2 ,11 The values obtained for various aliphatic 
ethers, although consistent with vapor pressure measure
ments, have been challenged by results from nonaqueous 
titrations and nmr studies,138-140 and they disagree with 
estimates involving heats of protonation.23 The partition co
efficients are determined most conveniently by analysis of 
the organic layer using glc or ultraviolet spectrophotome
try. It is desirable to choose a solvent which results in 
comparatively large, and hence easily measured, parti
tion coefficients, although methods are available to deal 
with very small values.172 The selection of solvents is 
complicated by the significant solubility of water in many 
" immiscib le" solvents.86 The method assumes that only 
the neutral form partitions into the organic solvent, and 
this assumption is invalid if there is significant miscibility 
between the two phases, possibly aided by the compound 
under study acting as a cosolvent. The pKa may be cal
culated using eq 62 for the ionization ratio, where P is 
the measured partition coefficient and PQ 'S t n e partition 
coefficient of the neutral species. Graphical methods are 
again available for amphoteric substances.2 

F. Other Approaches 
A variety of methods have been tried using various 

physical properties to determine acidity constants. These 
methods generally provide only crude estimates, rather 
than accurate pKa 's, but are useful when other methods 
fail. Studies of viscosity and dipole moments have been 
used,46 as well as heats of mixing involving chloroform 
as a hydrogen-bond donor.11 Properties such as refrac
tive index173 or polarographic half-wave potential174 are 
amenable to treatment. The pKa 's of certain antibiotics 
have been estimated using the acidity dependence of R1 

values from paper chromatography.175 Acidity constants 
may also be obtained from the study of the effects of 
protonation on optical activity2 and more recently circular 
dichroism.1 7 6 

Proton affinities, measured in the gas phase, are lin
early related to aqueous pKa 's in closely related groups 
of compounds;1 7 7 although the absence of solvation ef
fects can result in drastic changes in relative acidities. 
There is a strong case for claiming that, as solvation is 
complex and poorly understood, gas-phase acidities 
should be used as the basis for an absolute scale. The 
study of gas-phase acidity and basicity, still in its infancy, 
relies on ion cyclotron resonance spectroscopy, a tech
nique whose applications have recently been re
v iewed.1 7 8 

The variation with acidity of fluorescence and phospho
rescence spectra may also be studied. The values ob
tained from these spectra refer to excited states rather 
than the usual ground state. The fluorescence spectrum 
provides information on the lowest excited singlet state, 
and phosphorescence refers to the lowest triplet state. 
The sites of protonation in excited states are not neces
sarily the same as in the ground state, which makes in
terpretation more difficult. Moreover, slow protonation in 
the excited state can introduce complications.179 Experi
mental details are provided in a recent paper.180 The 
theory involved has been discussed,181 and the interpre
tation and significance of the results have been consid
ered. 1 8 0 - 1 8 2 

Another high-energy system, which can be discussed 
in terms of acidity constants, is the activated transition 
state in various reactions. The pKa 's of such complexes 
are available from measurable reaction rates. The mea
surement and interpretation of these values have recently 
been reviewed.1 8 3 

VII. Treatment and Interpretation of Acidity 
Constants 

As the protonation equilibrium is the simplest chemical 
reaction that can be studied, it is not surprisingly amena
ble to treatment by the Hammett equation. The minimal 
steric requirements of the proton increase the applicabili
ty of the linear free energy treatment. Indeed Hammett 
used the ionization of benzoic acids in water to define his 
substituent constants, a. Equation 63 relates the pKa of a 
substituted compound to that of the unsubstituted parent 
(pK0), and for benzoic acids in water at 25° the reaction 
constant p = 1.00 by definition. 

pKa = pK0 - pa (63) 

Electron-donating groups have a < 0 and electron ac
ceptors have <T > 0. For protonation-deprotonation reac
tions p > 0, so in general an electron-withdrawing group 
should decrease the pKa resulting in a stronger acid, 
whatever its charge type. A similar equation, the Taft 
equation, is available for aliphatic compounds and both 
equations have recently been reviewed.184 

If a suitable series of compounds is being examined, it 
is well worthwhile attempting to correlate the pKa 's de
termined with the appropriate a constants. The use of a 
minicomputer allows ready least-squares calculations of 
regression lines and easy estimation of the errors in the 
regression.185 From the least-squares treatment the 
slope, - p , of the graph can be determined. The magni
tude of p provides an index of the sensitivity of the reac
tion to substituent effects and can confirm conclusions 
on the site of protonation in the molecule.63 Of course 
before such correlations can be attempted, corrections 
must be made to symmetrical polybasic acids or polyacid 
bases to allow for the effects of symmetry. If a neutral 
base has two equivalent basic sites, then symmetry will 
make the compound appear twice as strong as it should 
be on electronic considerations. A correction factor of 
log 2 subtracted from the pKa will render the compound 
comparable with its unsymmetrical relatives. 

The converse of the Hammett treatment also applies; 
thus given p for the group of compounds, individual pKa 's 
can be predicted from the acidity constant of the unsub
stituted compound. The methods available for the predic
tion of pKa 's of organic acids1 8 6 and bases187 have been 
reviewed and used as an alternative to direct measure
ment on compounds whose acidity constants are normal
ly difficult to determine.188 The effects of structure on 
pKa 's have frequently been reviewed and require no fur
ther comment here . 4 4 , 6 9 - 1 8 9 

Swain and Lupton's treatment of a constants, resulting 
in the identification of field and resonance components, 
provides a better prediction of substituent effects.190 The 
separation of f ield, resonance, and steric effects using 
linear free energy relationships has been reviewed.18413 

As the number of attempted correlations of kinetic, 
thermodynamic, or spectral properties increases, more 
sets of substituent constants are developed. This unfortu
nate tendency is due to the simplicity of single-parameter 
correlations. Often the conclusions drawn are invalid,191 

and more meaningful correlations could be derived using 
an appropriate combination of two substituent parame
ters, as in eq 64. 
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ApKa = Pici + PRffR (64) 

A recent paper192 giving detailed consideration to the 
effect of nitrogen hybridization on basicity provides some 
interesting speculation on the excellent Hammett rela
tionships found for aromatic amines. The authors suggest 
that the good <x — pKa correlations, found for both ani
lines and dialkylanilines, may be an accidental conse
quence of the approximate cancellation of equal and op
posite hydrogen-bonding and hybridization effects. 

Hydrogen bonding, which will vary from solvent to sol
vent, can have an important effect not only on the ioniz
ing group in a molecule but also on substituent effects as 
well. Dippy and his coworkers8 1 found significant varia
tions in a values from one mixed-aqueous medium to an
other and concluded that any compliance of results from 
mixed-aqueous solvents with the Hammett equation 
would be rare. Fortunately this is not the case. 6 3 - 6 8 ' 1 9 3 

Moreover, the equation has also been successfully ap
plied to half-neutralization potentials determined in a vari
ety of nonaqueous systems,101 although variations in p 
values are not readily explained in these solvents. Acidity 
constants determined in 50% alcohol have been used to 
determine a constants when the appropriate benzoic 
acids are too insoluble for titration in water.194 

Occasionally, pKa 's are obtained which are considera
bly higher than those predicted by the linear free energy 
treatment. This occurs when an aromatic compound is 
susceptible to covalent hydrat ion.1 3 3 , 1 9 6 Hydration of a 
carbon-nitrogen double bond in a heteroaromatic system 
results in loss of aromaticity, a base-strengthening or 
acid-weakening effect. The result is that the measured 
acidity constant is an equilibrium value, intermediate be
tween the pKa 's of the anhydrous and hydrated species. 
The presence of covalent hydration can be conveniently 
established using nmr, and a rapid reaction apparatus 
may be used to study the anhydrous species.133 Of 
course, it is only legitimate to compare acidity constants 
of pure species by means of the Hammett equation. 

VlU. Uses of A cidity Constants 
The literature on pKa 's continues to grow, as for many 

compounds the acidity constant is the simplest and most 
easily measured parameter of chemical reactivity. Exten
sive compilations are available for the aqueous pKa 's of 
organic acids65 and organic bases.66 Values obtained in 
mixed solvents are not as well covered, although publica
tions by Simon70 deal adequately with acidity constants 
determined in 80% methyl Cellosolve. An extensive re
view by Brown, McDaniel, and Hafliger189 deals systema
tically with the pKa 's of a large number of organic com
pounds, and reviews by Albert69 concentrate on hetero
cyclic compounds. Albert and Serjeant1 provide useful 
tables of about 400 typical acidity constants together with 
brief comments on some of the more interesting points. 
About 800 compounds have been arranged in order of 
their pKa 's, but without comment.1 9 6 

Acidity constants may be measured for a variety of 
reasons, some of which have been briefly mentioned al
ready. They provide for carbon acids an important contri
bution to the understanding of carbanion stability.5 Simi
larly carbocation formation on protonation of unsaturated 
systems has attracted much attention.138 Knowledge of 
pKa 's plays an important part in the discussion of catalyt
ic phenomena. Their use in the development of acidity 
functions3 has provided much information on activity 
coefficient behavior and solvation requirements. The 
study of acidity constants in different solvents generates 
a great deal of knowledge about solute-solvent interac
tions6 and provides data of direct relevance to kinetic 

and mechanistic studies in that solvent. Most interest de
rives from the thermodynamic and structural implications 
of acidity constants. Before these are considered, a few 
words are necessary on the most obvious use of pKa 's, 
the calculation of the fraction of a compound ionized at a 
given pH. 

A. Degree of Ionization 

The pKa of a compound once determined allows ready 
calculation of the percentage ionized at any given pH. 
The calculation is performed by rearrangement of eq 9 to 
give the general eq 65. For neutral bases, the fraction 

% protonated = 100/[1 + antilog (pH - pKa ) ] (65) 

protonated is the same as the fraction ionized; for neutral 
acids, however, the fraction obtained is the proportion 
un-ionized. Albert and Serjeant1 provide a list of results 
obtained by using such an equation over a pH range of 
pKa ± 6 units. If an acidity function Hx is used instead of 
pH then a correction has to be applied to allow for the 
slope m of the plot of log / vs. — Hx (see section 11.D). 
Equation 65 must then be rewritten as eq 66. The fraction 

% protonated = 100/[1 + antilog (mHx - pKa)] (66) 

ionized once obtained is an important correction factor 
for many physical measurements, including ultraviolet 
spectra and partition coefficients. Knowledge of the 
strength of acid required to protonate a compound is of 
great importance in the investigation of the kinetics and 
mechanisms of organic reactions.3-13 The fraction pro
tonated is also of special significance in studies of the 
absorption, distribution, and eventual excretion of drugs. 

Since most pharmacologically active substances con
tain acidic or basic functional groups, which are ionized 
to varying degrees at physiological pH's, acidity con
stants are of particular biological importance. Albert197 

has reviewed the influence of acidity constants on biolog
ical activity. It is not surprising, therefore, that many 
drugs have had their acidity constants measured.1 9 7 '1 9 8 

The acidity constant of a drug can influence not only its 
activity directly but also its rate of absorption from, for 
example, the stomach with its high concentration of acid. 
The un-ionized form of a drug is generally more readily 
absorbed than its ionic form. Thus, in the stomach, drugs 
containing only neutral acidic groups are readily ab
sorbed, whereas basic drugs are not appreciably ab
sorbed until they reach the alkaline regions of the duo
denum and the small intestine. Amino acids because of 
their zwitterionic character are ionized at all pH's so their 
absorption is erratic at all physiological acidities. 

B. Thermodynamics of Ionization 

As acidity constants are directly proportional to the 
free energy change of the ionization (eq 67), they can be 

AG0 = 2.303RTpKa = AH0 - TAS" (67) 

used as a means for thermodynamic investigation. The 
thermodynamics of ionization have been thoroughly and 
recently reviewed,199 and there has been some discus
sion concerning the use of AG° rather than AH0 for cor
relation with substituent ef fects.2 , 1 9 9 Each thermodynam
ic quantity AX° can be broken down into internal and ex
ternal (environmental) components by eq 68. In general, 

AX° = AX i n t + AXe„v (68) 

A H j n t is the most relevant quantity to use in correlations 
with substituent parameters. Fortunately, eq 69 holds suf-
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ficiently well to permit useful pKa - a plots. A slightly 
more sophisticated version of eq 69 allows for variations 
in p values in different solvents.199 

AHjnt AG' (69) 

Determination of pKa's at several temperatures permits 
calculation of AG0, AH°, and AS0 in good agreement 
with calorimetric values.61 The difficulties have been dis
cussed and computer methods have been given to over
come them.200 Acidity constant determinations have 
been used to calculate resonance energies either direct
ly201 or with the help of tautomeric equilibria.202 They 
have also been used to test theoretical treatments of a 
constants.203 

C. Structural Implications 

Early interest in acidity constants was prompted by the 
help they gave in the determination of the structures of 
novel compounds by' identification of the nature of any 
ionizing groups in the molecule. Modern spectroscopic 
techniques have reduced, but not eliminated, the applica
tion of this approach. Good reviews on this topic are 
available.44'189 These reviews also discuss the applicabil
ity of the technique to the determination of the stereo
chemistry of an acidic or basic molecule. Acidity con
stants have been used in conformational analysis,68'204 

although results in this area should be treated with cau
tion. Recently the pKa's of "reporter groups" have been 
used in the investigation of active sites in enzymes.205 

The nature of the site of protonation can be studied, 
not only by determination of the absolute magnitude of 
the acidity constant but also by examining the variation in 
pKa with composition in mixed-aqueous solvents.68 If the 
acid group is neutral, then the pKa should increase on 
changing from water to a suitable mixed-aqueous sys
tem, as most of these have lower dielectric constants 
than water. Positively charged acids exhibit a decrease in 
acidity constant under the same conditions. For these the 
change in dielectric constant is less important and is 
overshadowed by the increased basicity of the solvent. 
Thus both neutral acids and bases are stronger in water 
than in aqueous-alcoholic systems. Changes in an unex
pected direction' could, for example, be due to zwitterion 
formation (see section VIII.D). 

D. Microconstants 

So far we have mainly considered the loss or gain of a 
single proton. King2 provides an excellent treatment of 
diprotic and polyprotic species. Having obtained the 
measurable "macroscopic" pKa's by the techniques dis
cussed, these values, whether they overlap or not, can 
be used to study the microscopic ionization processes.2'44 

If we consider a dibasic acid HAH, this can lose either 
proton to give HA - or A H - , both of which may lose a 
proton to give A 2 - . 

HA" 

HAH 
^ 

** 
A H -

The acidity constants for each of these individual steps 
cannot be determined directly. The measured composite 
constants K1 and K2 (see section 111.D) are related to the 
microscopic constants (Kw, Kx, ky, kz) by eq 70-72. 
These three equations are not sufficient to determine the 
four unknowns. We shall consider below how the neces
sary extra piece of information may be obtained. As the 

number of acidic protons increases, the number of mi
croconstants rapidly expands. Thus for a triprotic acid 
there are in general 12 microscopic constants. Often, 
symmetry reduces this number to more manageable size, 
and citric acid, for example, has only seven such con
stants. 

+ Xx (70) K1 =k> 

1/K2 = 1/Ky + 1/KZ 

K-|A2 — ^x^y — ^w^z 

(71) 

(72) 

Similar cycles to that above may be set up for the pro
tonation or deprotonation of tautomeric species, and 
again microscopic constants {kc, ka, Ke) are involved. 

- I l ^ A" 
AH *« 

The definitions of the three constants and the measured 
pKa this time provide eq 73 and 74. From these equa-

1/K3 = ^/kc+ ^/kd 

kd = krKe 

(73) 

(74) 

tions the useful relationship in eq 75 is readily derived for 
AH. This allows the correction of measured pKa's for tau-

pkd = pKa - log (1 + K6) (75) 

tomerism, if the equilibrium constant Ke can be mea
sured.206 Conversely, if a good estimate of one of the 
microscopic acidity constants is available (e.g., from the 
Hammett equation), then the measured pKa can be used 
to determine Ke. This method is useful when Ke > 30 
and conventional infrared and nmr techniques are not ap
plicable.207 

In general to determine microscopic constants an 
extra piece of information or a critical assumption is 
needed. The commonest approach is to remove one of 
the ionizing groups by, for example, esterification. The 
assumption is then made that the remaining ionizing 
group will be unchanged in its acidity constant. This ap
proach based on the Ebert-Wegscheider hypothesis has 
obvious drawbacks but much early work is based on it. 
Refinements to the approach are possible.208 It is some
times feasible to measure one component of the equilib
rium spectroscopically, and this simplifies matters great
ly.93 A calorimetric method is also worth mentioning.209 

A recent paper describes two new graphical methods 
for the calculation of microconstants.210 The first approach 
involves plotting eq 76 as a straight line of slope K^K2 

([H3CT] + K1) = kw + K1K2(I - a ) / [ H 3 0 + ] (76) 

and intercept kw. In this equation 

[AH-] + [A 2 " ] 
a ~ [HAH] + [HA"] + [AH"] + [A2" ] 

The second method uses computer-based, nonlinear re
gression analysis, in which a theoretical curve is fitted to 
the titration curve. Another computer-based approach 
worth special mention uses the Hammett equation in one 
of several ways to obtain the best set of microconstants 
tha't fit the data available.211 

The determination of microconstants allows calculation 
of the equilibrium constant between the two monoproto-
nated species211 and is of particular application in the 
study of zwitterions. This phenomenon occurs when a 
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molecule contains an acidic group strong enough to neu
tralize a basic group in the same molecule. The proper
ties of zwitterions are discussed by Albert and Serjeant1 

who list the tests for zwitterionic character. Of particular 
benefit are studies in mixed-aqueous solvents, which re
veal changes in the opposite direction to that expected, 
when the pKa's are compared with those in water. 

IX. Conclusions 

This survey of the methods available for acidity con
stant determination has highlighted several features wor
thy of special emphasis. First of all, although there are 
many experimental methods availabfe, most of these 
have either a limited range or a low level of accuracy. 
There is an urgent need for independent approaches to 
check, or more accurately, to arbitrate between the con
flicting results that are available for compounds such as 
diethyl ether and acetone. New methods are also re
quired to aid the rather doubtful extrapolations that have 
been made to very high pKa values. To ensure that such 
methods are firmly anchored in the aqueous standard 
state, more careful work is required to establish the va
lidity and applicability of acidity functions to compounds 
of differing structures. 

On the theoretical side of the problem, a more detailed 
understanding is required of the nature of medium ef
fects, not so much on spectral bands but on the ioniza
tion reaction itself. Such an understanding is essential if 
results referred to one standard state are ever to be other 
than empirically related to another standard state. Medi
um effects in mixed-aqueous solvents deserve special at
tention, as further work might well provide more refined 
extrapolation procedures from such solvents to aqueous 
pKa values. 

In the meantime we are left with a plethora of acidity 
scales, most of which are inadequately referred to the 
conventional aqueous standard state. Consequently, al
though relative values on such scales are meaningful in 
the conditions used, and may be capable of further re
finement, the absolute values are almost completely 
without meaning and may be very misleading. The conve
nience of the pKa notation will continue to ensure its sur
vival even though it will have different meanings in differ
ent contexts. Progress toward a single comprehensive 
acidity constant scale will be slow, particularly as the 
most useful scale must be based on the aqueous stan
dard state. It will be interesting to see how well gas-
phase acidities and basicities can be moulded into an ab
solute scale, containing no complications due to solva
tion. Further work in this area is required, not so much to 
set up an absolute scale as to indicate more clearly the 
effects of solute-solvent interactions. 

X. Addendum 
Several important papers have appeared since the sub

mission of this review. A convenient and rapid spectro
photometry titration method has been described, which 
can provide reliable results very simply although some 
accuracy is lost.212 The technique is not suitable for very 
strong or very weak acids or bases, but should give rea
sonable results over most of the pH range. Values of HA 

and Ho" ' in aqueous perchloric acid are now avail
able.213 As with sulfuric acid, the various acidity func
tions in perchloric acid are linearly related to Ho over a 
range of 8 units of Ho-

The most significant advance to be reported recently is 
the demonstration by Arnett and his coworkers that heats 
of deprotonation in DMSO correlate well with pKa's re-
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ferred to the aqueous standard state.214 This new ap
proach for acids directly complements their calorimetric 
method for bases in fluorosulfuric acid (see section 
Vl.A). Moreover, the correlations obtained in the two 
methods have almost identical slopes. As the pKa values 
used were derived from Ho in acid solution, and H- in 
basic solution, this correlation over nearly 50 pKa units 
strongly supports the validity of the acidity function ap
proach, as well as providing a much needed alternative 
approach to the determination of acidity constants. 

Streitwieser and his colleagues,215 using tritium ex
change rates with lithium cyclohexylamide, have per
formed a short extrapolation of a Brjzinsted equation to 
give a new estimate for the pKa of toluene. The new 
value of 40.9 is probably more reliable than the usually 
quoted figure of 35, given in the MSAD scale (see Table 
III). The work of Breslow and his coworkers has been re
ported more fully.216 They used electrochemical reduc
tion data to calculate "pKa" values for compounds which 
are such weak acids that their ionization has not yet 
been detected! They suggest pKa's for trialkylcyclopro-
penes which are greater than 60 (see section 11.E). 

The eight microscopic constants of glutathione have 
been directly determined by a 1H nmr method.217 The ap
proach assumes that the changes in chemical shifts of 
specific protons attached to carbon are due only to the 
ionization of adjacent acidic groups. The method gave 
values in good agreement with those quoted in the litera
ture. 
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