
 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 
 

Articles publicats

ANNEX





 

 

 

 

 

 

 

 

 

ARTICLE I 

 

Retention of ionisable compounds on high-

performance liquid chromatography XV. 

Estimation of the pH variation of aqueous buffers 

with the change of the acetonitrile fraction of the 

mobile phase 

 
X. Subirats, E. Bosch and M. Rosés  

J. Chromatogr. A 1059 (2004) 33





Journal of Chromatography A, 1059 (2004) 33–42

Retention of ionisable compounds on high-performance
liquid chromatography

XV. Estimation of the pH variation of aqueous buffers with
the change of the acetonitrile fraction of the mobile phase

Xavier Subirats, Elisabeth Bosch, Martı́ Rośes∗
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The most commonly used mobile phases in reversed-phase high-performance liquid chromatography (RP-HPLC) are hyd
ixtures of an aqueous buffer and an organic modifier. The addition of this organic solvent to buffered aqueous solutions

ariation of the buffer properties (pH and buffer capacity). In this paper, the pH variation is studied for acetic acid–acetate,
ic acid–dihydrogenphosphate–hydrogenphosphate, citric acid–dihydrogencitrate–citrate, and ammonium–ammonia buffers. Th
quations allow pH estimation of acetonitrile–water buffered mobile phases up to 60% (v/v) of organic modifier and initial aqueo
oncentrations between 0.001 and 0.1 mol L−1, from the initial aqueous pH. The estimated pH variation of the mobile phase and thKa

ariation of the analytes allow us to predict the degree of ionisation of the analytes and from this and analyte hydrophobicities, t
he relative retention and separation of analyte mixtures.

2004 Elsevier B.V. All rights reserved.

eywords:Mobile phase composition; Acetonitrile–water mixtures; pH; Buffers; Chromatographic retention

. Introduction

Careful pH control and measurement of the mobile
hase is essential for a reproducible and successful chro-
atographic analysis of ionisable analytes. There are three
ifferent pH scales commonly used in pH measurement
f reversed-phase high-performance liquid chromatography
RP-HPLC) mobile phases. The IUPAC recommends to mea-
ure pH in the mobile phase, after mixing aqueous buffer and
rganic modifier. The pH electrode system can be calibrated
ith aqueous buffers and thus the pH readings provide di-

ectly thes
wpH values of the mobile phase, i.e. the pH value

∗ Corresponding author. Tel.: +34 93 402 17 96; fax: +34 93 402 12 33.
E-mail address:marti@apolo.qui.ub.es (M. Rosés).

in the mobile phase solvent (s) relative to water (w) as s
dard state solvent[1]. Alternatively, the pH electrode syste
can be calibrated with buffers prepared in the water org
solvent mixture used as mobile phase, and the pH rea
provide s

spH values, i.e. the pH value in the mobile ph
solvent (s) relative to the same solvent (s) as standard
solvent[1]. The two IUPAC pH scales can be easily rela
by means of theδ parameter[2–4]:

s
wpH = s

spH + δ (1)

Theδ parameter includes the primary medium effect and
difference between the liquid-junction potentials of the e
trode system in the mobile phase and water. The prim
medium effect depends only on the solvent at which p
measured (mobile phase solvent composition), but the liq

021-9673/$ – see front matter © 2004 Elsevier B.V. All rights reserved.
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Table 1
Properties of relevant interest for pH measurements in acetonitrile–water
mixtures at 25◦C [4]

MeCN (%, v/v) xMeCN A a0B s
spKap δ

0 0.000 0.528 1.52 14.00 0.00
10 0.040 0.566 1.55 14.24 −0.01
20 0.079 0.604 1.59 14.47 −0.03
30 0.130 0.655 1.63 14.74 −0.04
40 0.186 0.712 1.68 15.08 −0.14
50 0.260 0.791 1.74 15.48 −0.22
60 0.339 0.877 1.80 15.90 −0.46

xMeCN: molar fraction of acetonitrile in the mixture;A and a0B:
Debye–Ḧuckel equation parameters;s

spKap: autoprotolysis constant of the
solvent mixture;δ: interconversion parameter betweens

spH ands
wpH scales.

junction potential depends also on the particular electrode
system, pH standards, and sample used. Therefore, general
interlaboratory conversion between both pH scales is only
possible if the different electrode systems are designed to
have a negligible residual liquid-junction potential, i.e. if the
junction potential of the electrode system in the measured
mobile phase is close to the junction potential in the calibra-
tion solution in water[4].

The s
wpH scale is specially suitable for its simplicity of

measurement, because it does not require pH standards for
each hydro-organic composition.Table 1 reportsδ values
obtained in this lab for the electrode system described in
the experimental part and for some acetonitrile–water mix-
tures, as well as other parameters of interest for pH estima-
tion in these mobile phases. Nevertheless, the most common
pH scale used in chromatography is the aqueous pH scale
(wwpH) [1], which is obtained when the electrode system is
calibrated with aqueous buffers and the pH measured in the
RP-HPLC aqueous buffer before mixing it with the organic
modifier. The relationship betweenwwpH value ands

wpH or
s
spH is buffer dependent[5–7] and it has been pointed out
that adjusting the pH in the aqueous buffer may lead to sig-
nificant differences in RP-HPLC retention when the same
organic modifier is added to aqueous buffers of the same
pH value, but prepared from different buffer components
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2. Experimental

2.1. Apparatus

Potentiometric measurements were taken with a Ross
combination electrode Orion 8102 (glass electrode and a
reference electrode with a 3.0 mol L−1 KCl solution in wa-
ter as salt bridge) in a Crison MicropH 2002 potentiometer
with a precision of±0.1 mV. All the solutions were ther-
mostated externally at 25± 0.1◦C. The retention data were
measured on a 15 cm× 4.6 mm i.d. XTerra MS C18 5-�m
(Waters) column with a flow rate of 1 mL min−1 in isochratic
mode. A Shimadzu (Kyoto, Japan) HPLC system consisting
of two LC-10ADvp dual reciprocating plunger solvent deliv-
ery modules, a SIL-10ADvp autoinjector fixed to 10�L, a
SPD-10AVvp ultra-violet visible spectrophotometric detec-
tor set at 254 nm, a CTO-10ASvp column oven at 25± 0.1◦C
and a SCL-10Avp system controller was employed.

2.2. Chemicals

Acetonitrile was RP-HPLC gradient grade from Merck
and water purified by the Milli-Q plus system from Milli-
pore. The studied buffers were prepared from acetic acid
(Merck, glacial, for analysis), sodium acetate (Carlo Erba,
9 tas-
s hy-
d ka,
f %),
s 5%,
f ly-
s sis)
a djust
t om-
p enol
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nd in
a ;
5]. For instance, buffered solutions prepared from ani
nd neutral acids increase their pH value when aceton

s added, whereas cationic acids show the reverse tren[5].
he pKa variation of analytes follows a similar tendency:
ame analyte in two aqueous buffers of the same pH
repared from different acids and bases, may show a d
nt degree of ionisation, and thus different chromatogra
etention, when acetonitrile is added to prepare the m
hase[5].

In this paper, the variation of the aqueous pH of com
hromatographic buffers upon addition of acetonitrile is s
ed for different initial buffer concentration and pH. Seve
hromatographic examples, in both isochratic and gra
lution, are presented to illustrate how the variation of bu
H changes ionisation of acid–base analytes and thus
atographic retention.
9%), phosphoric acid (Merck, 85%, for analysis), po
ium dihydrogenphosphate (Merck, for analysis), sodium
rogenphosphate (Merck, for analysis), citric acid (Flu

or analysis), potassium dihydrogencitrate (Fluka, >99
odium citrate (Merck, for analysis), ammonia (Merck, 2
or analysis) and ammonium chloride (Merck, for ana
is), using hydrochloric acid (Merck, 25%, for analy
nd potassium hydroxide (Panreac, for analysis) to a

he pH to the wanted value. The chromatographied c
ounds were 2-nitrophenol (Fluka, >99%), 3-bromoph
Schuchardt, 90%), 2,4,6-trimethylpyridine (Merck, 96
ndN,N-dimethylbenzylamine (Merck–Schuchardt, for s

hesis).

.3. Procedure

The required aqueous acid and base concentration
he selected pH is calculated before the preparation o
uffer, considering total buffer aqueous concentration
.001, 0.01 and 0.1 mol L−1. The pH is finally slightly ad

usted by addition of small amounts of concentrated
utions of potassium hydroxide. Acetonitrile–water buff
ere prepared by addition of acetonitrile to the aque
uffers. In all instances, the electrode system was
rated using the usual aqueous standard reference b
f potassium hydrogenphthalate (w

wpH 4.01 at 25◦C) and
otassium dihydrogenphosphate–disodium hydrogen
hate (wwpH 7.00 at 25◦C). All pH readings were done in th
pH scale, i.e. after mixing aqueous buffer with acetonit

Chromatographic data were obtained isochratically a
fast gradient mode (0.00→ 2.50 min: 10→ 100% MeCN
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2.50→ 3.00 min: 100%; 3.00→ 3.20 min: 100→ 10%;
3.20→ 4.00 min: 10%).

3. Results and discussion

3.1. Model development

Previous work[5] shows thatswpH variation of buffers
at the initial aqueouswwpH with the addition of acetonitrile
(ϕMeCN on volume fraction of acetonitrile in the mixture)
can be approximately fitted to a linear equation:

s
wpH − w

wpH = mpHϕMeCN (2)

with ampH value that depends on the particular buffer used
and initialw

wpH of the buffer.mpH is the proportionality co-
efficient between pH and mobile phase solvent composition
changes. The pH variation is caused by the variation of the
pKa values of buffer components when the solvent composi-
tion changes. The variation of the pKa values of the studied
acids (buffer components) is presented inTable 2, and some
examples of pH variation with the volume fraction of acetoni-
trile added depending on the initialw

wpH values are presented
in Fig. 1.

F
a

Table 2
s
spKa values of the acids studied as buffer components in acetonitrile–water
mixtures[5]

Buffer s
spKa (%, v/v) of acetonitrile

0 10 20 30 40 50 60

Acetic acid 4.74 4.94 5.17 5.44 5.76 6.15 6.62
Phosphoric acid 2.21 2.39 2.62 2.80 3.11 3.42 3.75
Dihydrogenphosphate 7.23 7.40 7.60 7.82 8.08 8.38 8.73
Citric acid 3.16 3.31 3.49 3.68 3.90 4.16 4.45
Dihydrogencitrate 4.79 4.95 5.14 5.35 5.60 5.91 6.28
Hydrogencitrate 6.42 6.62 6.85 7.11 7.40 7.74 8.13
Ammonium 9.29 9.27 9.21 9.17 9.19 9.21 9.34

Espinosa et al.[5] proposed the following equation to de-
scribe the variation of the slope (mpH) of Eq. (1) with the
initial aqueouswwpH of the buffer:

mpH =
a0 +

n∑

i=1
ai10s(ipH−bi) + an+110s[(n+1)pH−bn+1]

1 +
n∑

i=1
10s(ipH−bi) + 10s[(n+1)pH−bn+1]

(3)

Thea0 term in the numerator and the 1 value in the denomina-
tor predominate over the other terms at low pH values, when
the solution is buffered by strong acids. Then, for strong acids,
a0 parameter is taken equal to zero. Then+ 1 term predom-
ig. 1. Variation of the pH values (s
wpH − w

wpH) of several studied solutions dep
queouswwpH.
ending on the acetonitrile fraction added to aqueous buffer 0.01 M and initial
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inates at very basic pH values (buffers with strong bases),
andan+1 of strong bases has an estimated value of 1.81[5].
The intermediate terms prevail in the pH zones close to the
acid–base conjugate equilibria of the buffered system, rep-
resented by theirn pKa values. The meaning of these terms
will be discussed later.

The studied range of acetonitrile–water mixtures goes up
to 60% (v/v) of organic modifier. In this high water content
medium homoconjugation and ionic pair formation can be
neglected, and the involved acid–base equilibria are quite
similar to the ones in aqueous solutions.

The s
spH values of several series of buffers were calcu-

lated at 0, 10, 20, 30, 40, 50 and 60% (v/v) of acetonitrile
taking into account the dilution coefficient, the molar activ-
ity coefficient (by means of the Debye–Hückel equation),
and thes

spKa of each buffer component at the corresponding
hydro-organic composition (Tables 1 and 2). The dielectric
constants of the studied solvent mixtures are higher than 40
[4] and, thus, ion pairing should be insignificant in them[8]
and was not considered in pH calculation. The autoprotol-
ysis constant of each solvent composition was also consid-
ered in the calculations (Table 1). This calculation has been
carried out for thirteen different aqueous buffer concentra-
tions: 0.001, 0.003, 0.005, 0.007, 0.01, 0.02, 0.03, 0.04, 0.05,
0.0625, 0.075, 0.0875 and 0.1 mol L−1. Then, thesspH calcu-
l s e
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ated values were converted to thewpH scale by means of th
values (Table 1and Eq.(1)). For each initial aqueouswwpH
nd the subsequent acetonitrile additions, thempH value was
alculated.

The mpH values for the studied buffers and concen
ions were plotted against their corresponding initial a
usw

wpH value, and fitted to Eq.(3). Fig. 2shows three of th
ost representative studied concentrations (0.001, 0.0
.1 mol L−1) for several buffered systems.

Table 3shows the fitteds,ai andbi parameters correspon
ng to the studied buffered systems (acetic acid–acetat
ric acid–dihydrogencitrate–hydrogencitrate–citrate, p
horic–dihydrogenphosphate–hydrogenphosphate, a
ium–ammonia) at three different representative conce

ions.
In the acetic acid system, thea0 parameter corresponds

he estimated value of a strong acid (a0 ≈ 0), a1 is referred
o thempH maximum value of acetic acid/acetate solutio
2 is the supposed value for a strong base (a2 ≈ 1.81),b1
orresponds to thewwpH value of the inflection point o
he upward curve (only acetic acid solutions) andb2 − b1
orresponds to thewwpH value of the inflection point o
he downward curve (only acetate solutions).s is a fitting
arameter related to the sharpness of the transitions be

he differentai values (Table 4).
Due to the high number of polynomial variables (s, a1, a2,

3,b1,b2,b3 andb4;a0 ≈ 0.00 anda4 ≈ 1.81) in the citric acid
uffered system,b4 has been fixed before the iteration p
ess to reach a better adjustment. This parameter can be
nown becauseb4 −b3 agree with thewwpH value correspond

ng to solutions with only citrate. When hydrogencitrate is
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Fig. 2. Variation of the slope (mpH) of Eq.(1) vs. volume fraction of acetonitrile with the initial aqueous pH of the buffer (w
wpH). Dashed lines represent buffer

aqueous concentrations at 0.001 mol L−1, grey continuous lines 0.01 mol L−1 and black continuous lines 0.1 mol L−1.

only species present in the buffered system, thew
wpH value

corresponds tob3 −b2. Analogously,b2 −b1 corresponds to
dihydrogencitrate andb1 to citric acid. On the other hand,
a1 refers tompH slope of citric acid–dihydrogencitrate so-
lutions, a2 to dihydrogencitrate–hydrogencitrate anda3 to
hydrogencitrate–citrate (Table 5).

In the calculation of the pH involved in the phosphoric acid
buffer system, we have only been able to consider the contri-
bution of the phosphoric acid, dihydrogenphosphate and hy-
drogenphosphate because of the absence of literatures

spKa3

values in acetonitrile–water mixtures, and phosphate insolu-
bility when the fraction of organic modifier is high.

Table 4
Linear variation of thes, ai andbi parameters for the acetic acid–acetate
buffer system depending on the aqueous buffer concentration (cT)

Parameter Acetic acid–acetate

Equation N S.D.

s 0.20 logcT + 3.56 13 0.085
a0 0.00 – –
a1 2.28 13 0.007
a2 1.81 – –
b1 −0.52 logcT + 2.33 13 0.005
b2 −b1 0.45 logcT + 9.20 13 0.012

To get a better polynomial fit in the iteration process, as
we considered before for the citric acid system, parametersb3
andb2 were fixed. We are able to calculate these parameters
considering thatb3 − b2 corresponds to thewwpH value when
the only species of the buffer system is the dihydrogenphos-
phate,b2 −b1 to the hydrogenphosphate andb1 to phosphoric
acid.Table 6andFig. 2show that for aqueous concentrations
of the buffer above 0.05 mol L−1, thea1 value is higher than

Table 5
Linear variation of the s, ai and bi parameters for the citric
acid–dihydrogencitrate–hydrogencitrate–citrate buffer system depending on
the aqueous buffer concentration (cT)

Parameter Citric acid–dihydrogencitrate–hydrogencitrate–citrate

Equation N S.D.

s 0.29 logcT + 2.59 13 0.067
a0 0.00 – –
a1 0.14 logcT + 1.63 13 0.057
a2 −0.06 logcT + 1.56 13 0.015
a3 −0.16 logcT + 1.67 13 0.027
a4 1.81 – –
b1 −0.58 logcT + 1.47 13 0.015
b2 −b1 −0.21 logcT + 3.47 13 0.014
b3 −b2 −0.34 logcT + 4.58 13 0.054
b4 −b3 0.38 logcT + 9.72 13 0.030
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Table 6
Linear variation of thes, ai and bi parameters for the phosphoric
acid–dihydrogenphosphate–hydrogenphosphate buffer system depending
on the aqueous buffer concentration (cT)

Parameter Phosphoric
acid–dihydrogenphosphate–hydrogenphosphate

Equation N S.D.

s −0.04 logcT + 1.99 13 0.243
a0 0.00 – –
a1 0.53 logcT + 2.40 13 0.086
a2 −0.06 logcT + 1.63 13 0.015
a3 1.81 – –
b1 −0.69 logcT + 0.93 13 0.036
b2 −b1 −0.29 logcT + 4.22 13 0.022
b3 −b2 0.36 logcT + 10.18 13 0.014

a2. This fact could be attributed to the impossibility of consid-
ering the contribution of the phosphate species to the buffer
system.

Analogous considerations of the acetic acid system can be
made for ammonia system, except for the negativempH values
corresponding to ammonium–ammonia solutions (Table 7).

A linear tendency is observed in the graphical representa-
tion of the parameterss, ai andbi value against the logarithm
of the aqueous concentration of the buffer (logcT). For each
buffer system, the results of the linear regression are shown
in Tables 4–7. We have chosen the logarithmic linear regres-
sion because the solution pH is normally directly related to the
present species concentration logarithm. Furthermore, it has
been confirmed that this kind of approximation is better than
the direct fitting to the concentration values. Although for all
buffers the worse linear relationship corresponds to the poly-
nomial adjustment parameter s, the fitting of all equations is
quite good. A second degree equation has been considered to
fit thesparameters as a function of concentration logarithm,
but the results obtained in pH estimation are not significantly
different from the ones estimated by means of the linear re-
gression.

Quantitative measurement of buffer ability to keep pH can
be expressed in terms of buffer capacity (β) of buffered so-
lutions, which can be calculated by means of the following
d

β

T
L nia
b

P

s 6
a
a
a
b 4
b 5

i.e. in rough terms, the strong base amount (expressed in
equivalents) required to produce a one pH unit change in the
buffer solution. Buffer capacity can be calculated by means
of the algorithms used to determine the pH of the solution,
calculating the pH change produced by a small change of
the base concentration (e.g. 0.1%). For a weak acid/weak
base, maximum buffer capacity of a protolyte occurs when
the acid species concentration is equal to the concentration
of conjugate base.

3.2. Experimental evaluation of the model

In order to calculate the accuracy of the model in the es-
timation of the pH variation of buffer with the variation of
the mobile phase composition, several buffers at different
composition, concentration and initial aqueous pH have been
prepared and their pH values measured. To calculate the pH
variation, we determine first the parameters (s, ai andbi) as
a function of the aqueous buffer concentration (Tables 4–7).
Then, when these values are fixed, thempH value can be es-
timated through Eq.(2) for eachw

wpH value. Finally, through
the estimated value ofmpH, we can estimate theswpH value
corresponding to any acetonitrile–water mixture up to 60%
(v/v) (Eq.(1)), and compare it with the experimental value.

Fig. 3 represents graphically the estimateds
wpH values
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ifferential equation[2,3]:

= dcb

d(pH)
(4)

able 7
inear variation of thes, ai andbi parameters for the ammonium–ammo
uffer system depending on the aqueous buffer concentration (cT)

arameter Ammonium–ammonia

Equation N S.D.

0.20 logcT + 3.71 13 0.08

0 0.00 – –

1 −0.60 13 0.007

2 1.81 – –

1 −0.45 logcT + 4.84 13 0.01

2 −b1 0.52 logcT + 11.67 13 0.00
gainst the experimentalwpH values for all studied buffer
here is a good agreement between these measured p
es and the expected straight line of unitary slope and
rigin ordinate. This figure also shows the variation of
uffer capacity as a function ofswpH values for differen
cetonitrile–water compositions.

In the acetic acid–acetate buffer, the highest dispe
s observed for basicswpH (>7.5), perhaps because of its l
uffer capacity in this pH range. As pointed earlier, maxim
uffer capacity (also shown in the plot forc= 0.01 mol L−1)
ccurs when pH value equals the pKa value, and thewwpKa of

his buffer equals to 4.74.
The correspondence between estimated and mea

pH values in the citric acid buffer system is really go
or all series ofwwpH up to 8. Above this pH value, when t
uffer capacity of this system decreases, the potentiom
easured values become slightly lower than the estim
nes. This tendency becomes more marked with the inc
f the acetonitrile fraction in the hydro-organic buffer m

ure.
In the phosphoric acid buffer system, the estimateds

wpH
alues are consistent with the experimental ones in
ases, only observing a certain variation ats

wpH above 9
ince we are not able to take into account the contributio
he phosphate species.

In any case, positive deviations observed at basic pH
es can be attributed to the CO2 absorption by the solution

There is a satisfactory correspondence between estim
nd measuredswpH values in the ammonium–ammonia bu
xcept for a little deviation on high organic fraction mixtu
ossibly due to the volatility of the ammonia. Moreover,
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Fig. 3. EstimatedswpH values vs. experimentals
wpH values plot. Straight line of unitary slope and null origin ordinate is also given. Buffer capacity variation

is also shown for 0, 10, 20, 30, 40, 50 and 60% (v/v) acetonitrile–water compositions and an initial buffer concentration of 0.01 mol L−1. Symbols for initial
aqueous buffer concentration: (*) 0.001 mol L−1, (×) 0.01 mol L−1 and (+) 0.1 mol L−1.

must take into account thats
wpKa ands

wpH variation with ace-
tonitrile fraction in BH+–BH buffers is less close to linearity
than HA–A−, HA−–A2−, HA2−–A3− buffers.

Regarding buffer capacity, a decrease is observed when
the acetonitrile fraction in the hydro-organic mixture in-
creases, due to the decrease of the buffer concentration on
increasing the volume of the solution. The addition of ace-
tonitrile produces a shift of the maximum of buffer ca-
pacity towards higherswpH values for neutral or anionic
acid buffers (HAc–Ac−, H3Cit–H2Cit−, H2Cit−–HCit2−,
HCit2−–Cit3−, H3PO4–H2PO4

−, H2PO4
−–HPO4

2−), but
towards lower s

wpH value for the cationic acid buffer
(NH4

+–NH3). It is noteworthy the broad low buffered zone
between the first and the second pKa of the phosphoric sys-
tem, aroundwwpH 5, and the wide range of good buffer capac-
ity of the citric acid system up towwpH 7.

3.3. Estimation of the degree of ionisation and
chromatographic retention

The retention of acid–base analytes in reversed-phase
high-performance liquid chromatography depends on their

hydrophobicity and ionisation degree[6,7,9–17]. Whereas
the hydrophobicity of a substance is a non-modifiable prop-
erty inherent to the own nature of the analyte, the degree of
ionisation depends on both analyte dissociation constant and
mobile phase pH. For a particular analyte, it can be tuned by
an appropriate election of the buffer. As a general rule and
for analytes of similar hydrophobicity, and since the neutral
form is the most retained by the stationary phase, the higher
the degree of ionisation, the lower the retention.

The ionisation degree (α) (or association degree, 1− α) of
an ionisable analyte (HAz /Az−1) depends on its dissociation
constant (Ka) and mobile phase pH through the Eqs.(5) and
(6) [5]:

αA = [A z−1]

[HA z] + [A z−1]
= 1

1 + 10pKa−pH (5)

αHA = [HA z]

[HA z] + [A z−1]
= 1

1 + 10pH−pKa
(6)

whereαA is the ionisation degree of a neutral acid (z= 0) and
αHA corresponds to the ionisation degree of a neutral base
(z= 1). Strictly, pH and pKa are referred tosspH ands

spKa, but
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we can use here the correspondings
wpH ands

wpKa, because of
s
wpH − s

spH = s
wpKa − s

spKa = δ ands
spH − s

spKa = s
wpH −

s
wpKa. Variation of mobile phase composition changes ana-
lyte dissociation constant (Ka) and mobile phase pH, and thus
ionisation degree.

If the altogether pH variation of the hydro-organic mobile
phase and the analyte pKa change follow linear models such
as those proposed in Eq.(1), the difference between these
two values can be expressed in terms of[5]:

s
wpH − s

wpKa = w
wpH − w

wpKa + (mpH − mpKa)ϕMeCN (7)

This equation, together with Eqs.(5) and (6), shows that in
an acetonitrile–water mobile phase the variation of an analyte
ionisation degree on increasing the organic modifier fraction
depends on the difference between the correspondingmpH
values of the buffer andmpK of the analyte. IfmpH =mpK,
then there is no variation of the degree of ionisation with
the change of the mobile phase composition. But this is not
usually the case.

On one hand, thempH value can be estimated for all of the
studied buffers in this paper in aqueous concentrations com-
prised between 0.001 and 0.1 mol L−1 by means of Eq.(3)
and the parameters detailed inTables 4–7. On the other hand,
pKa variations follow a linear relation with the acetonitrile
fraction, analogous to Eq.(2):

s
w
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c nes,
a atic
a lvent
c
e
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s
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w
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b first

Table 8
Parameters for prediction of the slope (asi ) of the linear correlations between
s
spKa values in acetonitrile–water and thew

wpKa values in pure water

as1 as2 as3 as4 S.D. F

Aliphatic carboxylic acids 9.97 −8.59 8.83 −8.72 0.01 5464
Aromatic carboxylic acids 52.04 −10.93 49.33 −32.69 0.02 1695
Phenols 10.05 −10.04 7.97 −8.37 0.02 386
Amines −0.73 −0.27 −0.87 −0.12 0.00 3476
Pyridines −1.67 0.67 −1.66 0.67 0.03 38

one is a bicycled aromatic acid, whereas the rest are mono-
cyclic aromatic acids, and the second one is the most acidic
compound of the set, presenting an evident positive deviation
in the linearity in relation to the others.Tables 8 and 9sum-
marize allasi andbsi parameters for prediction of the slope
(as) and the intercept (bs) of the linear correlation between
s
spKa (ands

wpKa) values in acetonitrile–water and thew
wpKa

in pure water.
Using the pH and pKa estimation equations, the ionisation

(α) or association (1− α) degrees of different substances
in any acetonitrile–water mobile phases can be easily
calculated. A representative example is shown inFig. 4,
where the association degree (directly related to retention
through hydrophobicity) of several substances are plotted
as a function of the volume fraction of acetonitrile for two
different buffered mobile phases ofw

wpH = 8. Also, thew
wpKa

of all these analytes, namely 2-nitrophenol, 3-bromophenol,
2,4,6-trimetilpyridine andN,N-dimethylbenzylamine, is
relatively close to 8 (7.24, 8.87, 7.49 and 8.91, respectively).
Eq. (9) allows the computation ofsspKa values of analytes
and from them, values ofδ given in Table 1, and Eqs.
(1) and (8), mpK values are computed (2.46, 3.01,−2.25
and 1.48, respectively). The buffered solutions consisted
of dihydrogenphosphate–hydrogenphosphate 0.01 mol L−1

and ammonium–ammonia 0.01 mol L−1, and their estimated
m
r

tion
i iation
d that
d se of
d acid),
t ightly
i
r in
t iation
i rsed

T
P en
s
s

A
A
P
A
P

pKa − w
wpKa = mpKϕMeCN (8)

iterature [18] provides equations to estimate
cetonitrile–water pKa values of several substanc
orresponding to one of these large families: pyridi
mines, carboxylic aromatic acids, carboxylic aliph
cids and phenols. For each compound family and so
omposition, linear relations betweens

spKa ands
wpKa were

stablished:

pKa = as
w
wpKa + bs (9)

heas andbs sets of values obtained for each family w
elated to solvent composition through polynomials:

s = 1 + as1ϕMeCN + as2ϕ
2
MeCN

1 + as3ϕMeCN + as4ϕ
2
MeCN

(10)

s = 1 + bs1ϕMeCN + bs2ϕ
2
MeCN

1 + bs3ϕMeCN + bs4ϕ
2
MeCN

(11)

hereas1, as2, as3, as4, bs1, bs2, bs3 and bs4 were fitting
arameters constant for all acids of the same family a
cetonitrile–water composition up to 60% (v/v) of acet

rile (100% for pyridines).
After checking the correspondence for several compo

etween the experimental pKa values and the estimated on
y means of these proposed equations, we observed a
eviation in the case of carboxylic aromatic acids. Then
epeated the calculations for this family of compounds,
ng into account all the carboxylic aromatic acids consid
efore, except 1-naphtoic and 2-nitrobenzoic acid. The
t

pH value (equations fromTables 4–7and Eq. (2)) in
elation tow

wpH = 8 were 1.76 and−0.60, respectively.
Fig. 4 shows that an increase of the acetonitrile frac

n the hydro-organic mobile phase increases the assoc
egree of analytes, although in a different degree
epends on the nature of the buffer used. In the ca
ihydrogenphosphate–hydrogenphosphate (anionic

he association degrees of the phenols (neutral acids) sl
ncrease because of the higher variation of analyte pKa in
elation to buffer pH (mpK >mpH > 0). On the other hand,
he case of amines and pyridines (neutral bases) the var
n the association degree is larger, due to the reve

able 9
arameters for prediction of the slope (bsi ) of the linear correlations betwe

pKa values in acetonitrile–water and thew
wpKa values in pure water

bs1 bs2 bs3 bs4 S.D. F

liphatic carboxylic acids −0.68 9.94 8.45 −8.59 0.08 5152
romatic carboxylic acids−5.32 8.99 22.56 −23.21 0.05 14456
henols −5.33 9.95 0.19 −0.70 0.11 2406
mines −1.82 2.25 −1.75 0.90 0.05 1559
yridines −1.78 1.89 −0.58 −0.40 0.10 1293
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Fig. 4. Variation of the association degree of acid/base compounds with the addition of acetonitrile to NH4
+–NH3 and H2PO4

−–HPO4
2− aqueous buffers of

w
wpH 8. Compounds: (©) 3-bromophenol; (�) 2,4,6-trimethylpyridine; (�) 2-nitrophenol; (♦) N,N-dimethylbenzylamine.

trend of analyte pKa variation in relation to buffer pH
(mpK < 0 <mpH). The opposite phenomenon is observed in
ammonium–ammonia (cationic acid) buffer, sincempH < 0.

The chromatographic retention of an analyte strongly de-
pends on its ionisation (or association) degree, in addition
to its hydrophobicity. The higher the hydrophobicity and
association degree, the higher the retention time. The pro-
posed method enables the association degree of a substance
to be calculated in each studied aqueous buffer and ace-
tonitrile content. In relation to the hydrophobicity of com-
pound, it can be expressed by several parameters, although
the octanol–water partition coefficient (logPo/w) is the most
widely used.

As an example, the measured chromatographic retention
times of several compounds with two different pH buffers
at 20, 30, 40, 50 and 60% (v/v) of acetonitrile are plotted
in Fig. 5. Significant differences in retention times are ob-
served for acetonitrile fractions lower than 40%, since in
higher fractions all compounds elute very fast, almost at

F 40, 50
a

the same time. At 20%, we can relate the retention times
of the analytes with similar hydrophobicity (logPo/w is
1.79, 1.88, 1.98 for 2-nitrophenol, 2,4,6-trimethylpyridine
and N,N-dimethylbenzylamine, respectively) to their ion-
isation degree: the higher the compound ionisation, the
lower the retention time. The retention of 2-nitrophenol
in the dihydrogenphosphate–hydrogenphosphate buffer is
lower than that ofN,N-dimethylbenzylamine, whereas in
the case of the ammonium–ammonia buffer the reversed be-
haviour is observed. This behaviour is explained because of
the different ionisation trends of these compounds with the
addition of acetonitrile to both aqueous buffers. On the other
hand, although 3-bromophenol and 2,4,6-trimethylpyridine
have similar ionisation degrees in both buffers, the phenol
has a much higher retention times than the pyridine, because
of its higher hydrophobicity (logPo/w = 2.63). These consid-
erations can be extended to gradient elution, since when a
gradient is applied the separation depends mainly on the dif-
ferent retention of analytes at the lowest fractions of organic
ig. 5. Retention times of individual ionisable compounds at 20, 30,
queous buffers ofwwpH 8. Symbols as inFig. 4.
and 60% (v/v) of acetonitrile prepared from H2PO4
−–HPO4

2− and NH4
+–NH3



42 X. Subirats et al. / J. Chromatogr. A 1059 (2004) 33–42

Fig. 6. Chromatograms for individual ionisable compounds, corresponding to the elution of their mixture, in a fast gradient prepared from H2PO4
−–HPO4

2−
and NH4

+–NH3 aqueous buffers ofwwpH 8. Compounds: (1)N,N-dimethylbenzylamine; (2) 2-nitrophenol; (3) 2,4,6-trimethylpyridine; (4) 3-bromophenol.

modifier, when differences on analytes partition between the
hydrophobic stationary phase and the hydro-organic mobile
phase are more pronounced.

Fig. 6 shows the retention times of the four com-
pounds mentioned above obtained in a fast gradient mode
in w

wpH = 8 dihydrogenphosphate–hydrogenphosphate and
ammonium–ammonia buffered mobile phases. The elution
order of the analytes corresponds to the expected one con-
sidering the compounds hydrophobicity and their ionisation
degrees in each acetonitrile–water buffered system. Thus, 2-
nitrophenol is the first eluted analyte in the anionic phos-
phate buffer, whereas in the cationic ammonia buffer the
first one isN,N-dimethylbenzylamine. It is, in each case, the
most ionised analyte from among the ones that have simi-
lar hydrophobicity. In both cases, the last eluted analyte is
3-bromophenol, since it is only slightly dissociated and the
most hydrophobic compound.

4. Conclusions

The pH variation of commonly used aqueous buffers in
RP-HPLC with addition of acetonitrile depends on the par-
ticular buffer and the hydro-organic composition. A model
has been proposed to allow an accurate prediction of this
p oric
a , and
f een
0 en
a ix-
t
v ase
d , and
t lytes
r ich is
t in a
p and
i isa-

tion degree, of analyte retention behaviour with the change
of acetonitrile percentage in the mobile phase.
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15] M. Rośes, I. Canals, H. Allemann, K. Siigur, E. Bosch, Anal. Ch

68 (1996) 4094.
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Abstract

In agreement with our previous studies and those of other authors, it is shown that much better fits of retention time as a function of pH are
o
d
o
m
m
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btained for acid–base analytes when pH is measured in the mobile phase, than when pH is measured in the aqueous buffer when buffers of
ifferent nature are used. However, in some instances it may be more practical to measure the pH in the aqueous buffer before addition of the
rganic modifier. Thus, an open methodology is presented that allows prediction of chromatographic retention of acid–base analytes from the pH
easured in the aqueous buffer. The model presented estimates the pH of the buffer and the pKa of the analyte in a particular acetonitrile/water
obile phase from the pH and pKa values in water. The retention of the analyte can be easily estimated, at a buffer pH close to the solute pKa, from

hese values and from the retentions of the pure acidic and basic forms of the analyte. Since in many instances, the analyte pKa values in water are
ot known, the methodology has been also tested by using Internet software, at reach of many chemists, which calculates analyte pKa values from
hemical structure. The approach is successfully tested for some pharmaceutical drugs.

2006 Elsevier B.V. All rights reserved.

eywords: Mobile phase composition; Acetonitrile/water mixtures; pH; Buffers; Chromatographic retention

. Introduction

Reproducible and successful chromatographic studies of
onisable compounds require a proper pH measurement. As
e have extensively discussed in previous works [1–8], there

re three ways of measuring the pH for a chromatographic
ystem. Commonly [9], the pH is measured in the aqueous
uffer before mixing it with the organic modifier (w

wpH scale
10]). However, we recommend measuring the pH in the mobile
hase after mixing aqueous buffer and organic modifier. The
lectrode system can be calibrated with buffers of known pH in
he same organic-water mixture used as mobile phase [11], s

spH
cale [10], or with commercial aqueous pH standards in water
12], and thus the pH readings directly provide the s

wpH values
10] of the mobile phase (i.e. the pH value in the hydroorganic

∗ Corresponding author. Tel. +34 93 403 92 75; fax +34 93 402 12 33.
E-mail address: marti@apolo.qui.ub.es (M. Rosés).

solvent (s) relative to water (w) as standard state solvent
[10]).

The shortcomings of measuring the pH variation in the
aqueous buffer are clear: the pH variation when adding
methanol or acetonitrile to the aqueous buffer depends on the
particular buffered system, on its concentration, and on the
fraction of organic solvent in the mixture [11–13]. Buffered
solutions prepared from anionic and neutral (uncharged) acids
(e.g. HAc/Ac−, H2PO4

−/HPO4
2− buffers) increase their pH

value when acetonitrile or methanol is added, whereas buffers
from cationic acids (e.g. NH4

+/NH3 buffers) show the reverse
trend. The pKa variation of analytes follows similar tendencies.
Thus, fits of retention to aqueous pH may show a big disparity
when buffers of different nature are used, and the pH of the
inflection point does not agree with the pKa of the analyte
[9]. In this paper we demonstrate this effect and evaluate its
importance for some common buffers (acetic, phosphoric,
citric and ammonium buffers) in acetonitrile/water mobile
phases.

021-9673/$ – see front matter © 2006 Elsevier B.V. All rights reserved.
oi:10.1016/j.chroma.2006.03.126
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The proper pH measurement is crucial to model chro-
matographic retention as a function of pH and to get reliable
predictions. Different authors have realized that better models
are obtained when the pH in the mobile phase is considered
[1,3,4,8,14–17] instead of the aqueous pH of the buffer.
In a recent work Törnblom et al. [17] has concluded that
improvements in prediction of retention times of phenols
in acetonitrile/phosphate buffering system are obtained if an
estimation of the mobile phase pH is used instead of the aqueous
pH of the buffer. In that work, retention times are predicted
using the commercial LC simulator from Advanced Chemistry
Development [18], which requires input of experimental reten-
tion of full acidic and basic forms of the analyte, pH, nature
and fraction of the organic modifier, and molecular structure of
the analyte. The structure allows the estimation of the aqueous
pKa of the analyte in case there is no experimental value in the
ACD pKa library. However, in some instances the predictions of
retention are not very accurate because the variation of the pKa
of the analyte with the addition of acetonitrile is not considered.
The aim of our present work is to present an open methodology
(that does not require commercial software) within reach of all
researchers to predict the retention times of simple and complex
molecules (e.g. commercial drugs) belonging to the most
common families of compounds (phenols, amines, pyridines,
carboxylic aromatic and aliphatic acids) in several aceto-
nitrile/water buffering systems (phosphate, citrate, acetate and
a
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c
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m
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o
H
p

tor fixed to 10 �L, a SPD-10AVvp ultra-violet visible spec-
trophotometric detector set at 254 nm, a CTO-10ASvp column
oven at 25 ± 0.1 ◦C and a SCL-10Avp system controller was
employed.

2.2. Chemicals

Acetonitrile was RP HPLC gradient grade from Merck
(Darmstadt, Germany) and water purified by the Milli-Q plus
(to 18 M�) system from Millipore (Bedford, MA, USA). The
studied buffers were prepared from acetic acid, sodium acetate,
sodium hydrogenphosphate, citric acid, potassium dihydro-
gencitrate and sodium citrate, using hydrochloric acid and
potassium hydroxide to adjust the pH to the wanted value, when
it was necessary. The chromatographed compounds were 4-
tert-butylpyridine (99%) and 4-tert-butylbenzoic acid (99 + %),
papaverine hydrochloride (>98%), 4-tert-butylaniline (>99%)
from Sigma–Aldrich (Steinheim, Germany), aniline (p.a.) from
Merck (Darmstadt, Germany), and benzoic acid (p.a.) from
Scharlau (Barcelona, Spain). Codeine, trazodone hydrochloride,
imipramine hydrochloride, nortriptyline hydrochloride and
maprotiline hydrochloride were purchased from Sigma–Aldrich
(Steinheim, Germany). Diclofenac, naproxen and ibuprofen
were supplied by the firms Prodesfarma (Barcelona, Spain),
Sintex (Barcelona, Spain) and Dr. Esteve (Barcelona, Spain),
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mmonia). In this paper we present a model based on equations
hat estimate the s

wpH of any acetonitrile/aqueous buffer mobile
hase up to 60% in volume for the most common HPLC buffers,
nd on equations that estimate the s

wpKa of ionisable analytes
ith common acid–base functional groups in the same mobile
hases. This model is tested with complex ionisable molecules
pharmaceutical drugs) using two different buffering systems to
over the pH range of interest. To overcome the frequent lack
f w

wpKa literature values for drugs needed to estimate the s
wpKa

f the analyte in the mobile phase, two different computational
rograms are used, and results obtained from w

wpKa values are
ompared. These programs are the commercial ACD/Labs,
mbedded in the SciFinder Scholar 2006, and SPARC, from
he University of Georgia, which is freely accessed through
nternet.

. Experimental

.1. Apparatus

Potentiometric measurements were taken with a Ross com-
ination electrode Orion 8102 (glass electrode and a ref-
rence electrode with a 3.0 mol/L KCl solution in water
s salt bridge) in a Crison MicropH 2002 potentiometer
ith a precision of ±0.1 mV. All the solutions were ther-
ostated externally at 25 ± 0.1 ◦C. The retention data were
easured on a 15 cm × 4.6 mm i.d. XTerra MS C18 5-�m

rom Waters (Milford, MA, USA) column with a flow rate
f 1 mL/min in isochratic mode. A Shimadzu (Kyoto, Japan)
PLC system consisting of two LC-10ADvp dual reciprocating
lunger solvent delivery modules, a SIL-10ADvp auto injec-
espectively. All these drugs were used without further
urification.

.3. Procedure

The required aqueous acid and base concentrations for the
elected pH were calculated before the preparation of the buffer,
o give a total buffer aqueous concentrations of 0.01 mol L−1.
he pH was finally adjusted to the desired value by addition of
mall amounts of concentrated solutions of potassium hydrox-
de or hydrochloric acid. The pH meter was calibrated with the
sual aqueous standard reference buffers (w

wpH 4.01 and 7.00
t 25 ◦C), while the s

wpH was measured after mixing with the
esired volume of MeCN. Chromatographic data were obtained
socratically at 40 and 60% of MeCN (v/v).

. Theory

.1. Chromatographic retention of acid–base compounds

In case of a weak monoprotic acid–base compound, two dif-
erent species are retained, the acid (HA) and the conjugate base
A). The chromatographic retention of this compound is an aver-
ge of the retention of those species. The retention factor is given
y:

= kA + kHA10pKa−pH

1 + 10pKa−pH (1)

here HA is the protonated acid form (uncharged or
ationic) and A is the deprotonated basic form (anionic or
ncharged).



172 X. Subirats et al. / J. Chromatogr. A 1121 (2006) 170–177

Applying the classical approach that both species have the
same hold-up time, Eq. (1) becomes:

tR = tR(A) + tR10pKa−pH

1 + 10pKa−pH (2)

From Eqs. (1) and (2) it can be seen that the retention of a
weak acid depends on three constant parameters: the dissocia-
tion constant of the acid, the retention time of the acid and the
retention time of the conjugate base. The only variable is the pH
of the mobile phase. This mobile phase pH can be measured in
different ways as pointed out in the introduction: in the aqueous
buffer before adding the organic modifier (w

wpH) or directly in
the mobile phase with water or mobile phase calibration (s

wpH
or s

spH, respectively). There are different relationships between
this three pH scales and the results obtained in the fits of Eqs.
(1) and (2) to the pH are also different [4,5,19].

3.2. pH and pKa variation with mobile phase composition

In a previous work [13] a model was developed for com-
mon buffers used in HPLC to estimate the pH variation in
acetonitrile/water mixtures containing up to 60% of organic
modifier from the pH of the aqueous buffer (i.e. the difference
between the w

wpH and the s
wpH scales). This pH variation can

be approximately fitted to a linear equation:

s
w

w
t
w
w
m

m

w
a
u
b

a

s
w

where δ is a constant parameter for each acetonitrile/water com-
position, that can be calculated by means of: [4]

δ = (−3.81 ± 0.15)x2
MeCN (6)

where xMeCN is the mole fraction of acetonitrile in the mixture.
We must take into account that the general conversion between
the pH scales mentioned above is only possible if the electrode
system is designed to have a negligible residual liquid-junction
potential.

In relation to pKa variation, Espinosa and co-workers [13,20]
developed equations to estimate the acetonitrile/water pKa val-
ues of pyridines, amines, carboxylic aromatic acids, carboxylic
aliphatic acids and phenols:

s
spKa = as

w
wpKa + bs (7)

where s
spKa is the dissociation constant of the compound in the

hydroorganic solvent referred to the own solvent, w
wpKa the dis-

sociation constant in water, and as and bs are sets of values
obtained for each family of compounds related to solvent com-
position through polynomials:

as = 1 + as1ϕMeCN + as2ϕ
2
MeCN (8)

b

w
o
a
a
a
T

a
s
w

s
w

T
L ium/a
a queo

s 3.71
a
a
a
a
a
b + 4.84
b 11.67
b
b

pH − w
wpH = mpHϕMeCN (3)

here ϕMeCN is the volume fraction of acetonitrile in the mix-
ure, mpH depends on the particular buffer used and on the initial
pH of this buffer. The variation of mpH in acetonitrile/water
ixtures with initial w

wpH is described by the following model:

pH = a0 + ∑n
i=1ai10s(ipH−bi) + an+1

s((n+1)pH−bn+1)

1 + ∑n
i=110s(ipH−bi) + 10s((n+1)pH−bn+1) (4)

here n is the number of acid/base equilibria, a0 = 0 and
n+1 = 1.81. These ai and bi parameters depend on the buffer
sed and on the initial aqueous concentration of the buffer,
efore adding the acetonitrile, as shown in Table 1.

Finally, and in relation to pH scales, conversion between s
wpH

nd s
wpH values can be easily through the following equation:

pH − s
spH = δ (5)

able 1
inear variation of the s, ai and bi parameters for the acetic acid/acetate, ammon
cid/dihydrogencitrate/hydrogencitrate/citrate buffer system depending on the a

Acetic acid Ammonium

0.20 log cT + 3.56 0.20 log cT +

0 0.00 0.00

1 2.28 −0.60

2 1.81 1.81

3 – –

4 – –

1 −0.52 log cT + 2.33 −0.45 log cT

2 − b1 0.45 log cT + 9.20 0.52 log cT +

3 − b2 – –

4 − b3 – –
1 + as3ϕMeCN + as4ϕ
2
MeCN

s = bs1ϕMeCN + bs2ϕ
2
MeCN

1 + bs3ϕMeCN + bs4ϕ
2
MeCN

(9)

here ϕMeCN is the volume fraction of MeCN in the hydro-
rganic mobile phase, and as1, as2, as3, as4, bs1, bs2, bs3
nd bs4 are fitting constants for all acids of the same family
t any acetonitrile/water composition up to 60% (v/v) of
cetonitrile (100% for pyridines). These values are shown in
able 2.

Then from w
wpKaand Eq. (7) we can easily estimate the s

spKa
nd, through Eq. (10) and the already known δ parameter, the
pKa [4,21,22]:

pKa − s
spKa = δ (10)

mmonia, phosphoric acid/dihydrogenphosphate/hydrogenphosphate and citric
us buffer concentration (cT).

Phosphoric acid Citric acid

−0.04 log cT + 1.99 0.29 log cT + 2.59
0.00 0.00
0.53 log cT + 2.40 0.14 log cT + 1.63
−0.06 log cT + 1.63 −0.06 log cT + 1.56
1.81 −0.16 log cT + 1.67
– 1.81
−0.69 log cT + 0.93 −0.58 log cT + 1.47
−0.29 log cT + 4.22 −0.21 log cT + 3.47
0.36 log cT + 10.18 −0.34 log cT + 4.58
– 0.38 log cT + 9.72
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Table 2
Parameters for prediction of the slope (asi and bsi) of the linear correlations
between s

spKa values in acetonitrile–water and the w
wpKa values in pure water

[13,20]

as1 as2 as3 as4 SD F

Aliphatic carboxylic
acids

9.97 −8.59 8.83 −8.72 0.01 5464

Aromatic carboxylic
acids

52.04 −10.93 49.33 −32.69 0.02 1695

Phenols 10.05 −10.04 7.97 −8.37 0.02 386
Amines −0.73 −0.27 −0.87 −0.12 0.00 3476
Pyridines −1.67 0.67 −1.66 0.67 0.03 38

bs1 bs2 bs3 bs4 SD F

Aliphatic carboxylic
acids

−0.68 9.94 8.45 −8.59 0.08 5152

Aromatic carboxylic
acids

−5.32 8.99 22.56 −23.21 0.05 14456

Phenols −5.33 9.95 0.19 −0.70 0.11 2406
Amines −1.82 2.25 −1.75 0.90 0.05 1559
Pyridines −1.78 1.89 −0.58 −0.40 0.10 1293

4. Results and discussion

4.1. Effect of the pH scale on retention fits

As described and modelled in previous papers [12,13], buffer
solutions of the same w

wpH prepared from different components
lead to different values of s

wpH after the addition of acetonitrile
as organic modifier. These pH changes can be very important in
case of weak acid solutes since they cause a change in their ion-
isation degree and therefore in their chromatographic retention.
To optimize successfully the experimental conditions for chro-
matographic analysis of ionisable analytes, these pH variations
should not be underestimated.

For example, Fig. 1 shows the measured chromatographic
retention times for several uncharged acids with conju-
gate anionic bases (benzoic and 4-tert-butylbenzoic acid)
and cationic acids with conjugate uncharged bases (4-tert-
butylaniline, papaverine, 4-tert-butylpyridine and aniline) in
different acetonitrile/aqueous buffer systems (acetic acid/acetate
and citric acid/dihydrogencitrate/hydrogencitrate/citrate) as a
function of the aqueous pH of the mobile phase. We can clearly
notice that starting from the same aqueous pH there are differ-
ent chromatographic retention times for the same analyte at the
same fraction of organic modifier depending on the nature of the
buffering system. It can be also seen that this retention differ-
ences are higher as the MeCN fraction increases. For example, a
m
c
o
i
i
i
o

a
m

Fig. 1. Measured retention plots for some weak neutral and cationic acids
in H3Cit/H2Cit-/HCit2−/Cit3− 0.01 M buffer (empty symbols) and HAc/Ac−
0.01 mol L−1 buffer (filled symbols) at 40% (A) and 60% (B) of MeCN (v/v)
as a function of the initial aqueous w

wpH, measured in the mobile phase before
adding the organic modifier. Legend: ( , ) 4-tert-butylaniline, (�, �) 4-tert-
butylpyridine, ( , ) papaverine, (�, �) aniline, (♦, ♦) 4-tert-butylbenzoic
acid and ( , �) benzoic acid. Lines: fittings to Eq. (2).

retention points obtained with both buffers, the acetic and the
citric, because of the different behaviour of these buffered
systems when adding MeCN. With the purpose of comparing
the fittings related to the hydroorganic and the aqueous pH
values, these retention times were fitted all together to Eq. (2)
against the w

wpH values of citric and acetic acid buffers employed
(Table 3), and again to the corresponding s

wpH values of both
buffers at 40 and 60% of MeCN (Table 4). It is noteworthy
that better fittings are obtained when using the hydroorganic
pH values, the ones measured directly in the acetonitrile/water
mobile phase. The mean relative error of all retention points in
relation to the values obtained from the fittings are 2.3 and 3.7%
relative to s

wpH and w
wpH, respectively, being the error at 40%

of MeCN (3.2 and 4.2%, in relation to s
wpH and w

wpH) higher
than at 60% (3.2 and 1.3%). This is not surprising, because
mobile phases with a high fraction of organic modifier and
high eluotropic strength present less pronounced differences
on analytes partition between the hydrophobic stationary phase
and the hydroorganic mobile phase in relation to mobile phases
with a low fraction of acetonitrile. For that reason, differences
obile phase of w
wpH = 3.00 and 60% of MeCN leads to signifi-

antly different retention times for 4-tert-butylaniline depending
n the buffer used. If a citric acid buffer is used, the correspond-
ng retention time is 2.69 min, whereas in the acetic acid buffer
s only 1.89 min. This is a significant difference, specially taking
nto account that the retention time of the neutral species at 60%
f MeCN is about 4.5 min.

However, if we plot these chromatographic retention values
s a function of the measured s

wpH in the acetonitrile/water
obile phase (Fig. 2), there is a good agreement with the
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Table 3
Statistical and fitted w

wpKa parameters for Eq. 2 at 40 and 60% of MeCN, considering the measured w
wpH values in the mobile phase before adding the organic modifier

Compound 40% MeCN

tR(A) tR(HA)
w
wpK40%

a r2 SD F

Benzoic acid 1.58 ± 0.05 3.42 ± 0.05 4.51 ± 0.06 0.989 0.08 512
4-tert-Butylbenzoic acid 2.13 ± 0.33 14.06 ± 0.27 4.66 ± 0.06 0.990 0.49 541
4-tert-Butylaniline 13.21 ± 0.18 0.07 ± 0.72 3.55 ± 0.07 0.989 0.43 502
Papaverine 5.90 ± 0.16 1.96 ± 0.11 4.82 ± 0.08 0.982 0.21 303
4-tert-Butylpyridine 8.06 ± 0.15 1.54 ± 0.19 4.29 ± 0.06 0.990 0.27 531
Aniline 3.44 ± 0.03 0.55 ± 0.54 3.01 ± 0.15 0.977 0.09 238

60% MeCN

tR(A) tR(HA)
w
wpK60%

a r2 SD F

Benzoic acid 1.60 ± 0.03 2.31 ± 0.03 4.62 ± 0.10 0.973 0.05 197
4-tert-Butylbenzoic acid 1.76 ± 0.09 4.03 ± 0.06 4.88 ± 0.08 0.984 0.11 342
4-tert-Butylaniline 4.38 ± 0.070 −285 ± 13377 0.86 ± 20 0.945 0.19 94
Papaverine 2.68 ± 0.04 1.46 ± 0.08 3.98 ± 0.11 0.966 0.09 158
4-tert-Butylpyridine 3.60 ± 0.08 1.51 ± 0.10 3.66 ± 0.07 0.940 0.18 189
Aniline 2.47 ± 0.04 −202 ± 48692 0.45 ± 104 0.807 0.11 23

(N = 14).

in retention times between citrate and acetate buffer are lower
at 60% of MeCN than at 40%, although variations at 60% in
pH of the mobile phase and pKa of the analytes in relation
to the aqueous values are more marked than at 40%. On the
other hand, fitting parameters for both mobile phases to w

wpH
for aniline and 4-tert-butylaniline are meaningless, since the
retention times of the fully ionised species in 40% MeCN
are lower than the retention time of the KBr (∼1.5 min) used
as hold-up marker, or even negative in 60% MeCN. These
meaningless fittings are due to the different retention times
obtained for these substances for the diverse buffers at w

wpH 3.
More interesting is the discussion about the physical mean-

ing of the fitted pKa values. In fact, the pKa values obtained
when considering w

wpH (Table 3) do not agree with the aque-

ous pKa values found in the literature nor with the s
wpKa in the

mobile phase (Table 5). This lack of concurrence is more signif-
icant as the acetonitrile fraction increases in the mobile phase.
As expected [2,4,6,7,12,13,20,23], these deviations from litera-
ture aqueous pKa are positive for uncharged acids and negative
for cationic acids. The conclusion is that using the aqueous pH
values leads us to a fitting pKa value that has no physical inter-
pretation.

However, if we fit retention to pH in the mobile phase
(s
wpH) and we use Eqs. (7)–(10) to estimate the pKa variation

in acetonitrile/water mixtures when increasing the fraction of
organic modifier [13,20], very good matching pKa values are
obtained. In fact, there are only slight deviations comparing the
estimated pKa values shown in Table 5 with the fitted ones in

Table 4
Statistical and fitting parameter for Eq. (2) at 40 and 60% of MeCN, considering the measured s

wpH values in the mobile phase

Compound 40% MeCN

tR(A) tR(HA)
s
wpK40%

a r2 SD F

Benzoic acid 1.60 ± 0.03 3.37 ± 0.03 5.31 ± 0.04 0.996 0.05 1375
4-tert-Butylbenzoic acid 2.22 ± 0.20 13.77 ± 0.16 5.47 ± 0.04 0.996 0.31 1361
4-tert-Butylaniline 13.12 ± 0.15 2.13 ± 0.33 4.33 ± 0.05 0.993 0.36 731
Papaverine 5.84 ± 0.17 2.03 ± 0.11 5.62 ± 0.09 0.980 0.22 269
4-tert-Butylpyridine 8.00 ± 0.11 1.82 ± 0.12 5.07 ± 0.05 0.994 0.21 901
A

B
4
4
P
4
A

(

niline 3.42 ± 0.02 1.61 ± 0.09

60% MeCN

tR(A) tR(HA)

enzoic acid 1.60 ± 0.01 2.29 ± 0.01
-tert-Butylbenzoic acid 1.77 ± 0.02 4.00 ± 0.01
-tert-Butylaniline 4.36 ± 0.02 1.59 ± 0.10
apaverine 2.68 ± 0.03 1.58 ± 0.04
-tert-Butylpyridine 3.59 ± 0.04 1.51 ± 0.10
niline 2.45 ± 0.00 1.27 ± 0.05

N = 14).
3.88 ± 0.07 0.987 0.06 431

s
wpK60%

a r2 SD F

5.86 ± 0.04 0.994 0.02 982
6.11 ± 0.02 0.999 0.03 5596
3.86 ± 0.05 0.993 0.07 792
5.21 ± 0.08 0.981 0.06 286
4.47 ± 0.08 0.979 0.11 261
3.30 ± 0.05 0.997 0.01 1672
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Fig. 2. Measured retention plots for some weak neutral and cationic acids
in H3Cit/H2Cit−/HCit2−/Cit3− 0.01M buffer (empty symbols) and HAc/Ac−
0.01M buffer (filled symbols) at 40% (A) and 60% (B) of MeCN (v/v) as a
function of the measured s

wpH of the hydroorganic mobile phase. Legend: ( ,
) 4-tert-butylaniline, (�, �) 4-tert-butylpyridine, ( , ) papaverine, (�, �)

aniline, (♦, ♦) 4-tert-butylbenzoic acid, ( , �) benzoic acid.

Table 4: the average of the scattering, in absolute values, is less
than 0.1 pKa units for both percentages of MeCN. The fitted
pKa values then have a truly useful physical meaning.

These examples show that it is convenient to measure the pH
in the mobile phase, rather than in the aqueous buffer. However,
pH measurement of the mobile phase may not be convenient, e.g.
in the case of an HPLC experiment where independent reservoirs
of buffer and organic solvent are pumped into and mixed within

Table 5
Literature and estimated s

wpKa values at 40 and 60% of MeCN (v/v) of the
chromatographed compounds by means of Eqs. (7)–(10)

Compound w
wpKa

a s
wpK40%

a
s
wpK60%

a

Benzoic acid 4.20 5.19 5.86
4-tert-Butylbenzoic acid 4.38 5.42 6.13
4-tert-Butylaniline 4.95 4.23 3.80
Papaverine 6.40 5.62 5.02
4-tert-Butylpyridine 5.99 5.21 4.62
Aniline 4.61 3.87 3.44

a From references [24], [30] and [31].

Table 6
Aqueous w

wpH values of the buffered systems used, estimated and measured s
wpH

values at 60% MeCN in volume

Buffer w
wpH s

wpH s
wpHest �s

wpH

H3PO4 2.33 2.74 2.75 −0.01
H2Cit−/HCit2− 4.04 4.98 4.98 0.00
H2Cit−/HCit2− 4.92 5.98 5.96 0.02
HCit2−/Cit3− 5.93 7.03 7.12 −0.09
H2PO4

−/HPO4
2− 6.96 7.97 8.01 −0.04

H2PO4
−/HPO4

2− 7.93 8.91 8.98 −0.07

The aqueous buffer concentration is, in all cases, 0.01 mol L−1 �s
wpH = s

wpH −
s
wpHest.

the apparatus. In these instances the equations presented in the
theory section can be used to estimate the pH in the mobile phase
from the aqueous pH in the buffer.

4.2. Retention times estimation

From the equations presented in Section 3, we are able to
estimate the s

wpH in acetonitrile/water mobile phases at any
fraction of organic modifier up to 60% in volume from the
aqueous w

wpH for the most commonly used buffers in HPLC,
and the s

wpKa values for a wide set of compounds. Then using
Eq. (2), we can estimate the analyte retention times as a func-
tion of the pH in the hydroorganic mobile phases. We only need
to measure the w

wpH of the buffered system and w
wpKa of the

analyte, and also the retention times of the fully ionised and
the neutral forms. These retention times can be measured by
injecting the compounds using buffered mobile phases with
pH two or three units higher and lower than the pKa of the
analyte.

Several acidic and basic drugs with known aqueous pKa were
studied to test this retention time estimation model: diclofenac,
ibuprofen and naproxen (nonsteroidal anti-inflammatory drugs),
codeine (narcotic analgesic), trazodone, imipramine, nor-
triptyline and maprotiline (antidepressants). To cover the
pH range of interest different buffered systems at 60%
M − 2− 3−
H
t
i
p
W
v
a
m

t
h
s
n
b
c
(
w

eCN (v/v) were used: H3PO4/H2PO4 /HPO4 /PO4 and
3Cit/H2Cit−/HCit2−/Cit3−. In all cases, the concentration of

he aqueous buffer was 0.01 mol L−1. As shown in Table 6, there
s a good agreement between the measured pH in the mobile
hase and their corresponding pH values estimated by Eq. (3).
e must take into account that over w

wpH 8 the predicted s
wpH

alues in the phosphoric acid buffer system is not as accurate as
t lower pH because of the solubility of the PO4

3− species in
ixtures with a high content of organic modifier.
Retention was estimated by means of Eq. (2) taking as

R(HA) and tR(A) the retention times measured at low and
igh pH, corresponding to the neutral and fully ionised
pecies. Therefore, tR(HA) and tR(A) for diclofenac, ibuprofen,
aproxen and trazodone were measured at w

wpH 2.33 (H3PO4
uffer) and 8.82 (H2PO4

−/HPO4
2− buffer), respectively. For

odeine, imipramine, nortriptyline and maprotiline, w
wpH 4.04

H2Cit−/HCit2−) and 10.48 (HPO4
2−/PO4

3−) were used. s
wpKa

ere estimated from the literature w
wpKa [24–28] (Table 7).
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Table 7
Literature and estimated aqueous w

wpKa values for the studied drugs

Compound Literature w
wpKa

a SPARC w
wpKa

b ACD/Labs w
wpKa

c

Diclofenac 4.23 4.09 4.18 ± 0.20
Ibuprofen 4.40 4.52 4.41 ± 0.20
Naproxen 4.72 4.46 4.40 ± 0.20
Trazodone 6.93 5.99 6.59 ± 0.50
Codeine 8.21 9.18 8.92 ± 0.20
Imipramine 9.30 9.43 9.49 ± 0.20
Nortriptyline 10.14 10.33 10.08 ± 0.20
Maprotiline 10.45 10.33 10.63 ± 0.20

a From references [24], [25] and [26].
b From [27].
c From [28].

Fig. 3 shows the differences between the experimental and
the estimated retention times at several measured aqueous pH.
Generally, there is very good agreement between the estimated
and experimental retention times. Except for ibuprofen at w

wpH
4.92 (�tR = −0.55 min) and 5.93 (−0.50 min) and imipramine
at 6.96 (+0.73 min) and 7.93 (+1.30 min), the largest deviations
are +0.33 min and −0.10 min, and the average of the absolute
error for all the analytes and studied pH values is less than 5%.
The differences in retention times for imipramine and ibuprofen
can be attributed to a mismatch between the chromatographi-
cally obtained s

wpKa and the estimated ones by means of Eqs.
(7) and (10). Presumably, when the difference in retention times
of the neutral and fully ionised species are large, this pKa mis-
match has a significant effect on retention estimation. We must
take into account that these drugs have a more complex structure
than the substances used to set up the pKa estimation model, and
therefore it is possible that they could experience a certain bias in
relation to the predicted pKa. Moreover, they are sparely soluble
in water, and their w

wpKa determinations were performed through

F
(
t
a
a
(
(

potentiometric measurements in methanol–water mixtures and
subsequent extrapolation to water. Therefore, for a particular
drug a certain variation of w

wpKa values can be found in the lit-
erature (e.g. imipramine: 9.19–9.66 [26]; ibuprofen: 4.40–4.76
[25]).

When no experimental aqueous pKa data is available in the
literature, one can resort to computational programs, e.g. SPARC
[27] and ACD/Labs [28,29], that allow calculation of pKa val-
ues. ACD/Labs is used by many pharmaceutical companies to
calculate not only acid–base ionisation constants, but also sev-
eral physicochemical properties of a wide range of organic
compounds. It follows a structure-fragment approach, based
on an internal database of structures and related pKa values.
The ACD/Labs version used in the present work is embed-
ded in the SciFinder Scholar 2006 data base research tool
produced by the Chemical Abstracts Service of the American
Chemical Society [28]. The SPARC program uses algorithms
based on fundamental chemical structure theory to calculate
pKa values of organic compounds, taking into account each
essential functional unit with intrinsic properties that com-
poses the whole molecule. It is freely accessed through Internet
[27].

Both programs were used to calculate the w
wpKa values

of the studied drugs, and the results are shown in Table 7.
From these calculated aqueous acid–base constants, the w

wpH

F
(in minutes) at several measured w

wpH (�tR = test
R − tR). Estimated retention

times were calculated through Eq. (2), where s
wpKa were estimated from the cal-

culated w
wpKa values through computational programs SPARC and ACD/Labs,

and s
wpH were estimated from measured aqueous w

wpH. Buffer aqueous concen-
tration was, in all cases, 0.01 mol L−1. Legend: (�) trazodone, (�) diclofenac,
( ) codeine, ( ) naproxen, (�) ibuprofen, ( ) imipramine, ( ) maprotiline,
( ) nortriptyline.
ig. 3. Differences between the experimental and the estimated retention times
in minutes) at several measured w

wpH (�tR = test
R − tR). Estimated retention

imes were calculated through Eq. (2), where s
wpKa were estimated from the liter-

ture w
wpKa values, and s

wpH were estimated from measured aqueous w
wpH. Buffer

queous concentration was, in all cases, 0.01 mol L−1. Legend: (�) trazodone,
�) diclofenac, ( ) codeine, ( ) naproxen, (�) ibuprofen, ( ) imipramine,

) maprotiline, ( ) nortriptyline.
ig. 4. Differences between the experimental and the estimated retention times
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of the mobile phase and the measured tR(HA) and tR(A), reten-
tion times at several pH values were estimated and related to
their corresponding chromatographic values. Results are shown
in Fig. 4. In general, good correspondences are obtained for
both programs, with the fits for ACD/Labs being slightly better
than for SPARC. In fact, the average absolute error in reten-
tion times for all analytes over all pH ranges studied is less
than 7% for SPARC and 5% for ACD/Labs. We find again,
as expected, a negative mismatch for a couple of retention
points for ibuprofen, because of its similar calculated and deter-
mined w

wpKa values. Conversely, aqueous calculated pKa values
for trazodone are significantly lower than that found in lit-
erature, as shown in Table 7, and the correspondence using
these calculated w

wpKavalues is worse than the obtained when
using the literature pKa value. Better estimations were obtained
for imipramine, because both calculated acid–base constants
were rather similar, and slightly higher than the experimental
one.

5. Conclusions

Our findings indicate that measurement of the pH of the
hydroorganic mobile phase is preferable to measuring the pH of
the buffer alone, because different buffers with the same aque-
ous pH can lead to significant differences in pH readings when
adding an organic solvent. Moreover, better retention versus pH
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bstract

The use of methanol–aqueous buffer mobile phases in HPLC is a common election when performing chromatographic separations of ionisable
nalytes. The addition of methanol to the aqueous buffer to prepare such a mobile phase changes the buffer capacity and the pH of the solution. In the
resent work, the variation of these buffer properties is studied for acetic acid–acetate, phosphoric acid–dihydrogenphosphate–hydrogenphosphate,
itric acid–dihydrogencitrate–hydrogencitrate–citrate, and ammonium–ammonia buffers. It is well established that the pH change of the buffers
epends on the initial concentration and aqueous pH of the buffer, on the percentage of methanol added, and on the particular buffer used. The
roposed equations allow the pH estimation of methanol–water buffered mobile phases up to 80% in volume of organic modifier from initial

queous buffer pH and buffer concentration (before adding methanol) between 0.001 and 0.01 mol L−1. From both the estimated pH values of the
obile phase and the estimated pKa of the ionisable analytes, it is possible to predict the degree of ionisation of the analytes and therefore, the

nterpretation of acid–base analytes behaviour in a particular methanol–water buffered mobile phase.
2006 Elsevier B.V. All rights reserved.
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. Introduction

Chromatographic retention of acid–base analytes in reversed
hase high performance liquid chromatography (RP-HPLC)
epends on the hydrophobicity of the analytes and on their ion-
sation degree, which in turn depends on the pH and analyte
cid–base constant (pKa) in the particular mobile phase used.
he effect of both the pH and the pKa on ionisation degree
nd therefore, on retention times in HPLC has been already
xtensively reported [1–22]. To achieve reproducible and suc-
essful chromatographic analysis, a careful control and accurate
easurement of pH is essential. We recommend the measure-

ent of pH in the hydroorganic mobile phase, rather than in

he aqueous buffer, because the pH variation when adding an
rganic modifier depends on the particular buffering system,

∗ Corresponding author. Tel.: +34 93 403 92 75; fax: +34 93 402 12 33.
E-mail address: marti.roses@ub.edu (M. Rosés).
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matographic retention; Ionisation degree

n its concentration and on the fraction of organic solvent in the
ixture [2,3,7,8,10,12–14]. When the measurement of pH in the
obile phase is not easy, e.g. in the case of highly automated
PLC experiments where independent reservoirs of buffer and
rganic solvent are pumped into and mixed within the appa-
atus, it may be very useful to estimate the pH variation for a
articular buffer when the organic modifier is added. This pH
odelling may also be useful to provide the chromatographers
ith a buffered mobile phase adequate to solve a particular sep-

ration problem. This is useful in case of mixtures of analytes
ith similar acid–base properties, because without performing

ny measurement it is possible to predict the particular compo-
ition of the mobile phase in which the differences on ionisation
egree between the analytes are significant enough. This a priori
ptimization could avoid fruitless time and reagent consuming

xperiments. On the basis of previous works, on pH estimation
n acetonitrile–aqueous buffer mobile phases [11,18], we present
n this paper a model developed for the pH variation of the most
ommonly used buffers in methanol–water mobile phases. From

mailto:marti.roses@ub.edu
dx.doi.org/10.1016/j.chroma.2006.10.087
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Table 1
Macroscopic properties of methanol–water mixtures at 25 ◦C [2,10]

φMeOH (v/v) xMeOH ρ (g mL−1) A a0B s
spKap δ

0.0 0.000 0.9948 0.53 1.50 14.00 0.00
0.1 0.047 0.9826 0.56 1.53 14.08 0.01
0.2 0.100 0.9693 0.60 1.57 14.08 0.02
0.3 0.160 0.9548 0.64 1.62 14.07 0.04
0.4 0.229 0.9388 0.70 1.67 14.09 0.08
0.5 0.308 0.9209 0.78 1.73 14.14 0.13
0.6 0.400 0.9008 0.88 1.80 14.23 0.19
0.7 0.509 0.8780 1.02 1.88 14.39 0.22
0.8 0.640 0.8518 1.21 1.99 14.63 0.10
0.9 0.800 0.8216 1.48 2.13 15.04 −0.28
1.0 1.000 0.7870 1.87 2.31 16.77 −2.24
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he aqueous buffer pH and the aqueous pKa of the analyte, we
re able to predict the analyte ionisation degree in a particular
ydroorganic mobile phase up to 80% (v/v) of methanol.

. pH scales

As we have extensively discussed in previous works
2,3,7,8,10,12–14], three different procedures are used to mea-
ure the pH of hydroorganic mobile phases in HPLC. A typical
ne consists on calibrating the electrode systems with commer-
ial aqueous standard buffers, and then measuring the pH of the
queous buffer before mixing it with the organic modifier. This
ay the pH value is obtained in the w

wpH scale [15]. In our opinion
his is not the best option because the pH of the solution changes
fter dilution of the aqueous buffer with the organic modifier,
ccording to the nature of the buffer used. If the electrode system
s calibrated with standard buffers prepared in the same solvent
omposition used as mobile phase, and the pH is measured in this
articular mobile phase composition, the s

spH value is obtained.
orking in the s

spH scale requires a careful preparation and
aintenance of the standard buffers and electrodes, and often

hese standards are not commercially available. Finally, when
H is measured in the hydroorganic mixture, although the elec-
rode system is calibrated with aqueous buffers, the s

wpH values
re obtained. Notice that here the IUPAC nomenclature [5] has
een used: the left hand superscript indicates the medium where
he quantity is measured (w for water and s for hydroorganic

ixture), and the subscript indicates the standard state medium
i.e., the solvent where activity coefficients are taken as equal to
nity at infinite dilution), which means in practice, the solvent
w or s) in which electrode systems are calibrated. It has been
idely reported that better models are obtained when the pH

n the mobile phase is considered instead of the aqueous pH of
he buffer [1,2,4,7–9,14,19–22]. s

spH can be easily converted to
pH by means of δ parameter [10,23,24]:

pH = s
spH + δ (1)

The δ term is a constant value for each mobile phase compo-
ition. It includes the primary medium effect and the difference
etween the liquid junction potentials of the electrode system
n the hydroorganic mobile phase and in water. The primary

edium effect depends only on the mobile phase solvent com-
osition, but the liquid junction potential depends also on the
articular electrode system, pH standards, and sample compo-
ition. Therefore, general interlaboratory conversion between
oth pH scales is only possible if the different electrode sys-
ems are designed to have a negligible residual liquid junction
otential. In practice, this requirement is fulfilled using a com-
ination electrode containing a reference electrode with a con-
entrated KCl solution in water as a salt bridge. These δ values
or methanol–water mixtures were studied by various authors
7,10,25,26] and they can be estimated from the solvent compo-

ition through the empirical equation [10]:

= 0.09φMeOH − 0.11φ2
MeOH

1 − 3.15φMeOH + 3.51φ2
MeOH − 1.35φ3

MeOH

(2)
w
M
p

MeOH, molar fraction of methanol in the mixture; A and a0B, Debye–Hückel
quation parameters; s

spKap, autoprotolysis constant of the solvent mixture; ρ,
olvent density.

here φMeOH is the volume fraction of methanol in the hydroor-
anic mixture. The relationship between s

spH and s
wpH mainly

epends on the methanol fraction in the mixture, whereas
he difference between w

wpH and s
spH (or s

wpH) depends not
nly on the mobile phase composition but also on the par-
icular buffering solution employed. Table 1 reports δ values
or some methanol–water mixtures, together with other macro-
copic properties of interest for pH estimation. These δ values are
lso useful to convert s

wpKa values to s
spKa, and s

wpKap to s
spKap,

here pKa refers to the analyte acid–base constant and pKap
o the autoprotolysis constant of the solvent (methanol–water

ixture). s
wpK and s

spK indicate the negative logarithm of the
onstant (pKa or pKap) when the pH is measured in s

wpH or s
spH

cale, respectively.

. Experimental

.1. Apparatus

Potentiometric measurements were taken with a Crison 5014
ombination electrode (glass electrode and a reference elec-
rode with a 3.0 mol L−1 KCl solution in water as salt bridge)
n a Crison GLP22 pH meter with a precision of ±0.1 mV
±0.002 pH unit). All the solutions were thermostated exter-
ally at 25 ± 0.1 ◦C. The retention data were measured on a
5 cm × 4.6 mm i.d. XTerra MS C18 5 �m column from Waters
Milford, MA, USA), externally thermostated with a water
acket at 25 ± 0.1 ◦C, with a flow rate of 1 mL min−1 in isocratic

ode in an ISCO model 2350 dual-pump system (Lincoln, NE,
SA) with a 10 �L injection loop. An ISCO V4 ultra-violet vis-

ble spectrophotometric detector set at 254 nm was employed,
nd data were collected through ISCO ChemResearch data man-
gement program.

.2. Chemicals
Methanol was RP-HPLC gradient grade from Merck and
ater purified by the Milli-Q plus system (to 18 M�) from
illipore (Bedford, MA, USA). The studied buffers were pre-

ared from acetic acid (Merck, glacial, for analysis), sodium
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ig. 1. Buffer capacity variation of the studied systems for 0, 20, 40, 60 and 80
.1 mol L−1.

cetate (Carlo Erba, 99%), phosphoric acid (Merck, 85%, for
nalysis), potassium dihydrogenphosphate (Merck, for anal-
sis), sodium hydrogenphosphate (Merck, for analysis), cit-
ic acid (Fluka, for analysis), potassium dihydrogencitrate
Fluka, >99%), sodium citrate (Merck, for analysis), ammonia
Merck, 25%, for analysis) and ammonium chloride (Merck,
or analysis), using hydrochloric acid (Merck, 25%, for anal-
sis) and potassium hydroxide (Panreac, for analysis) to
djust the pH to the wanted value when it was necessary.
he chromatographied compounds were 2-nitrophenol (Fluka,
99%), 3-nitrophenol (Aldrich, 99%), 4-nitrophenol (Fluka,
or analysis), 2-chlorophenol (Aldrich, 99+%), 3-bromophenol
Aldrich, 98%), 2,4,6-trimethylpyridine (Merck, for analysis),
,N-dimethylbenzylamine (Merck–Schuchardt, for synthesis).

.3. Procedure

The required aqueous acid and base concentrations for the
elected pH was calculated to provide a total buffer aqueous
oncentrations of 0.001, 0.01 and 0.1 mol L−1. If necessary, the
H was finally adjusted by addition of small amounts of con-
entrated solutions of potassium hydroxide or hydrochloric acid.
ethanol–water buffers were prepared by addition of methanol

o the aqueous buffers. In all instances, the electrode system was

alibrated using the usual aqueous standard reference buffers of
otassium hydrogenphthalate (w

wpH 4.01 at 25 ◦C) and potassium
ihydrogenphosphate–disodium hydrogenphosphate (w

wpH 7.00
t 25 ◦C). All pH readings were done in the s

wpH scale, i.e. after

t

s
w

) methanol–water compositions and an initial aqueous buffer concentration of

ixing aqueous buffer with methanol. Chromatographic data
ere obtained isocratically in a mobile phase with a 60% of
ethanol in volume.

. Results and discussion

.1. Variation of buffer capacity with solvent composition

How much ability the buffer has to keep pH in front of the
ddition of acids or bases (buffer capacity) when it is mixed
ith methanol is a crucial consideration in the preparation of an
PLC buffer. Quantitative measurement of buffer ability to keep
H can be expressed in terms of buffer capacity (β), which can
e calculated by means of the following differential equation
23,24]:

= dcb

d(pH)
= − dca

d(pH)
(3)

here cb and ca are the concentrations of the buffering base
nd acid, respectively. Buffer capacity is, in rough terms, the
trong base or strong acid amount (expressed in equivalents)
equired to produce one pH unit change in the buffer solution.
or a weak acid–weak base buffer, maximum buffer capacity of
protolyte occurs when the acid species concentration is equal
o the concentration of conjugate base.
Fig. 1 shows the calculated buffer capacity variation of the

tudied systems for 0, 20, 40, 60 and 80% (v/v) methanol–
ater compositions and an initial buffer concentration of
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.1 mol L−1. It has been calculated by means of the algo-
ithms used to determine the pH of the hydroorganic solu-
ions, calculating the pH change produced by a 0.1% vari-
tion of the base or the acid concentration. According to
q. (3) the ratio between this small change of concentra-

ion and the resulting variation produced in pH is assumed
o be the buffer capacity. A decrease on buffer capacity is
bserved when the methanol fraction in the hydroorganic mix-
ure increases, due to the dilution effect. Moreover, the addition
f methanol produces a shift of the maximum of buffer capacity
owards higher s

wpH values for neutral or anionic acid buffers
HAc–Ac−, H3Cit–H2Cit−, H2Cit−–HCit2−, HCit2−–Cit3−,

3PO4–H2PO4
−, H2PO4

−–HPO4
2−), but towards lower s

wpH
alues for the cationic acid buffer (NH4

+–NH3). The broad
oorly buffered zone between the first and the second pKa of the
hosphoric acid system, around w

wpH 4.5, and the wide range of
xcellent buffer capacity of citric acid system up to w

wpH 6.5.

.2. Variation of pKa and pH of buffers with solvent
omposition

In previous studies [27,28], linear relationships between pKa
alues in acetonitrile–water mixtures (s

wpKa) and solvent com-
osition were established:

pKa − w
wpKa = mpKφMeCN (4)

here φMeCN is the volume fraction of acetonitrile in the mixture
nd mpK the proportionality coefficient between pKa change and
obile phase composition. Eq. (4) led us to linear relationships

or the pH variation of HPLC acetonitrile–aqueous buffers with
he volume fraction of the organic modifier:

pH − w
wpH = mpHφMeCN (5)

here mpH is the proportionality coefficient for the pH change.
he same type of relationships has been tested here for
ethanol–aqueous buffer mobile phases. The pKa variation of

ome neutral, anionic and cationic acids commonly used to pre-
are HPLC buffers (acetic, phosphoric – first and second pKa
and citric acids and ammonium) has been studied with the

ddition of methanol. The variation of the third pKa value of

hosphoric acid has not been studied because it is not available
n the literature. It seems to be two reasons for this lack of data:
ne is the poor stability of traditional silica phases at high pH val-
es, and the other is the well known insolubility of phosphate

i
p
o
t

able 2
pKa values of the studied buffers in methanol–water mixtures [10] and mpK and dpK

cid–base pair s
wpKa in % of methanol by volume

0 20 40 50

3PO4–H2PO4− 2.11 2.63 3.09 3.3
2PO4−–HPO42− 7.20 7.55 8.04 8.3
3Cit–H2Cit− 3.13 3.44 3.84 4.0
2Cit−–HCit2− 4.76 5.12 5.53 5.8
Cit2−–Cit3− 6.40 6.83 7.39 7.6
Ac–Ac− 4.76 5.05 5.43 5.6
H4+–NH3 9.24 9.11 8.97 8.8
ihydrogenphosphate–hydrogenphosphate, (�) citric acid–dihydrogencitrate,
�) dihydrogencitrate–hydrogencitrate, (�) hydrogencitrate–citrate, (�) acetic
cid–acetate, and (�) ammonium–ammonia.

n methanol–water mixtures at high percentages of methanol
nd high pH [2,10,29–31]. s

wpKa values were taken from liter-
ture [10], and their variation (s

wpKa − w
wpKa) with the volume

raction of methanol is presented in Fig. 2. The fittings of these
alues to a linear equation analogous to Eq. (4) are not as good as
xpected in relation to the ones obtained for acetonitrile–water
ixtures. Therefore, a new curvilinear equation was assayed to

escribe the s
wpKa variation for the studied buffers:

pKa − w
wpKa = mpKφdpK

MeOH (6)

here φMeOH is the volume fraction of methanol in the mixture
nd mpK and dpK are empirical fitting parameters. mpK val-
es must be positive for neutral (acetic, phosphoric, citric) and
nionic (dihydrogenphosphate, dihydrogencitrate, hydrogenci-
rate) acids and negative for cationic acids (ammonium), since
he pKa of neutral and anionic acids increases when the methanol
ontent in the mobile phase increases and cationic acids show the
eversed behaviour. These trends have been already explained
n terms of electrostatic interactions that contribute to the pKa
alue [32,33]. The s

wpKa values of the studied acids are shown

n Table 2 together with the best fits for both mpK and dpK
arameters from Eq. (6). The s

wpKa values used in the fittings
f Eq. (6) have been calculated from their corresponding litera-
ure s

spKa values [10] using the δ parameter for each particular

parameters of Eq. (6)

mpK dpK

60 80

5 3.68 4.30 2.78 1.12
6 8.75 9.58 3.29 1.48
7 4.30 4.77 2.14 1.20
0 6.10 6.64 2.48 1.24
6 7.96 8.60 2.85 1.17
6 5.92 6.46 2.27 1.33
9 8.82 8.63 −0.79 1.15
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Table 3
Calculated dpH parameter values of Eq. (7), including standard deviation

mmol L−1 Acetic N Phosphoric N Citric N Ammonium N

1 1.29 ± 0.05 45 1.40 ± 0.05 88 1.25 ± 0.07 132 0.99 ± 0.04 40
3 1.29 ± 0.04 45 1.36 ± 0.04 88 1.24 ± 0.07 132 1.03 ± 0.02 40
5 1.29 ± 0.04 45 1.33 ± 0.05 88 1.24 ± 0.06 132 0.99 ± 0.02 40
7 1.29 ± 0.04 45 1.32 ± 0.06 88 1.24 ± 0.06 132 0.99 ± 0.02 40
10 1.33 ± 0.03 45 1.30 ± 0.07 88 1.23 ± 0.06 132 0.99 ± 0.02 40
20 1.33 ± 0.03 45 1.28 ± 0.09 88 1.23 ± 0.05 132 0.99 ± 0.02 40
30 1.33 ± 0.02 45 1.27 ± 0.09 88 1.23 ± 0.05 132 0.99 ± 0.02 40
40 1.33 ± 0.02 45 1.27 ± 0.10 88 1.23 ± 0.05 132 0.99 ± 0.02 40
50 1.33 ± 0.02 45 1.26 ± 0.10 88 1.23 ± 0.05 132 0.99 ± 0.02 40
60 1.33 ± 0.02 45 1.26 ± 0.10 88 1.23 ± 0.05 132 0.99 ± 0.02 40
70 1.33 ± 0.02 45 1.26 ± 0.11 88 1.23 ± 0.05 132 0.99 ± 0.02 40
80 1.33 ± 0.02 45 1.26 ± 0.11 88 1.23 ± 0.05 132 0.99 ± 0.02 40
90 1.33 ± 0.02 45 1.26 ± 0.11 88 1.23 ± 0.05 132 1.03 ± 0.02 40
100 1.33 ± 0.02 45 1.25 ± 0.11 88 1.23 ± 0.05 132 0.99 ± 0.02 40
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ll 1.32 ± 0.03 630 1.29 ± 0.10

ethanol–water composition. The dpK values shown in Table 2
or the studied buffers are different from the unity value we
ad in the acetonitrile–water model Eq. (5), and their values are
etween 1.1 and 1.5. The lowest dpK values were found for phos-
horic acid – first pKa –, ammonium and hydrogencitrate, and
he highest one for dihydrogenphosphate. Intermediate dpK val-
es were calculated for citric acid – first pKa– dihydrogencitrate
nd acetic acid.

In previous works [11,18], we proposed equations account-
ng for a linear variation of the pH in the hydroorganic mixture
hen adding acetonitrile to an aqueous buffer Eq. (5). The same
rocedure [11,18] was tested for methanol–water mixtures up
o 80% in volume of organic modifier. From the w

wpH and aque-
us concentration of the buffer, s

spH values at 0, 20, 40, 50,
0 and 80% (v/v) of methanol were calculated through a sim-
lar procedure to that described by De Levie [34] for titrations
f acid–base mixtures. All calculations were performed tak-
ng into account the corresponding dilution coefficient when
ncreasing the methanol fraction, the molar activity coefficient
by means of Debye–Hückel equation), and the s

spKa values of
ach buffer component at the corresponding hydroorganic com-
osition [11,18]. The autoprotolysis constants of each solvent
omposition (s

spKap) were also considered. pH calculations were
arried out for fourteen different initial aqueous buffer concen-
rations: 0.001, 0.003, 0.005, 0.007, 0.01, 0.02, 0.03, 0.04, 0.05,
.06, 0.07, 0.08, 0.09 and 0.1 mol L−1. Finally, calculated s

spH
alues were converted to the s

wpH scale by means of δ values Eq.
2). The dielectric constants of the studied solvent mixtures are
igher than 40 [35] and thus, ion pairing should be insignificant
n them [36] and was not considered in pH calculation. After
ll, a quite similar relation to that for pKa variation was found
or pH variation in methanol–water mixtures, expressed through
he equation:
pH − w
wpH = mpHφdpH

MeOH (7)

here s
wpH is the pH of the hydroorganic mobile phase, w

wpH
s the pH of the aqueous buffer before adding the methanol,

t
i
i
c

1.23 ± 0.05 1848 0.99 ± 0.02 560

pH is a proportionality coefficient, and dpH is an empiri-
al parameter to optimize the fit of the data. The dpH values
ave been determined from the calculated pH variations in
q. (7) for all the studied buffers and concentrations between
.001 and 0.1 mol L−1 in a wide range of initial w

wpH values,
nd the averaged values for each concentration are shown in
able 3. The dpH values are quite similar within a buffer, nearly

ndependent of the concentration of the buffer and the initial
queous pH. Table 3 shows also the average of the dpH val-
es resulting on considering all calculated particular dpH val-
es, which as expected are very similar to the dpK values of
able 2 for each particular buffer component. It is notewor-

hy that we can clearly differentiate the dpH values of neu-
ral and anionic acids (HAc–Ac−, H3PO4

−–H2PO4
−–HPO4

2−,
3Cit–H2Cit−–HCit2−–Cit3−) and the cationic ammonium

NH4
+–NH3). From all the particular dpH values of neutral

nd anionic acids, independently of the buffer (N = 3710), the
verage is 1.27 ± 0.08 (≈5/4). The corresponding average for
mmonium is 0.99 ± 0.02 (≈1). Then, for the sake of simplicity
e assume that dpH is equal to 1 for cationic acids, and 5/4 for
eutral and anionic acids.

The variation of the slope (mpH) of Eq. (7) with the initial
queous w

wpH of the buffer is described by means of an equation
ery similar to the one proposed in a previous work [11] to esti-
ate the pH variation in acetonitrile–aqueous buffer mixtures,

xcept for the variation of the si parameters (constant si values
ere taken in the previous work, i.e. s1 = s2 = s3 = . . . = sn):

pH = a0 + ∑n
i=1ai10si(iwwpH−bi) + an+110si((n+1)w

wpH−bn+1)

1 + ∑n
i=110si(iwwpH−bi) + 10si((n+1)w

wpH−bn+1)

(8)

here the a0 term in the numerator and the 1 value in the denom-
nator predominate over the other terms at low pH values, when

he solution is buffered by strong acids. The n + 1 term predom-
nates at very basic pH values (buffers with strong bases). The
ntermediate terms prevail in the pH zones close to the acid–base
onjugate equilibria of the buffered system, represented by their
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pKa values. The ai values should be close to the mpK values
q. (6) of buffering species reported in Table 2, and bi values
hould be a combination of the aqueous pKa values of the corre-
ponding acid–base pairs of the system. si are fitting parameters
hat account for the sharpness of the transition between the dif-
erent pH zones buffered by the different acid–conjugate base
airs of the system. Eq. (8) is also analogous to the equation
sed to fit retention time and chromatographic hydrophobicity
ndex (CHI) to aqueous pH during gradient elution [37,38]. A
imilar equation with two terms and s = 1 was used to fit the s

wpH
hange of ammonium acetate buffers in methanol–water mobile
hases [37].

a0 value can be calculated through the pH variation of a solu-
ion prepared from a strong monoprotic acid. Neglecting the
olume contraction when adding methanol to water and the dif-
erences between the activity coefficients in the mixture and in
ater (<0.02 pH units at 80% (v/v) of methanol), the pH vari-

tion of a strong acid in the s
wpH scale can be calculated [11]

rom:

pH − w
wpH = − log φH2O (9)
nd Eq. (1):

pH − w
wpH = δ − log φH2O (10)

a

s
w

ig. 3. Variation of the mpH slope of Eqs. (6) and (7) with the initial aqueous pH of the
t 0.001 mol L−1 (inner line), 0.01 mol L−1 (center line) and 0.1 mol L−1 (outer line)
r. A 1138 (2007) 203–215

here φH2O is the volume fraction of water in the mixture. Up
o 80% in volume of methanol, there is a good linear correla-
ion between this δ − log φH2O term and the volume fraction of

ethanol, φMeOH, in the solvent mixture, which leads to:

s
wpH − w

wpH = (0.91 ± 0.05) φMeOH

(r = 0.995; SD = 0.05; F = 773) (11)

Better fitting is obtained considering this pH variation against
he volume fraction of methanol at 5/4 exponent, φ

5/4
MeOH.

s
wpH − w

wpH = (1.03 ± 0.02) φ
5/4
MeOH

(r = 0.999; SD = 0.02; F = 2895) (12)

Therefore, depending on the exponent of the methanol vol-
me fraction term, the mpH slope for a strong acid is 0.91 or 1.03

n relation to φMeOH or φ
5/4
MeOH, respectively. The former value is

sed for the cationic ammonium buffering system, and the latter
ne for buffers prepared from neutral and anionic acids.

In the same manner, an+1 is derived from the pH variation for

strong base, which should be [11]:

pH − w
wpH = (s

wpKap − w
wpKap

) + log φH2O

= �pKap + log φH2O (13)

buffer before adding the organic modifier (w
wpH). Buffer aqueous concentrations

.
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The average of this pH variation up to 80% of methanol is
.00 ± 0.03 units, because when adding methanol to water the
ncreasing in �pKap term is balanced by the log φH2O term.
herefore, the mpH slope for a strong base is considered to be
.00.

The mpH calculated values for the studied buffers and
oncentrations, together with the calculated a0 and an+1
arameters, were plotted against their corresponding ini-
ial aqueous w

wpH value, and fitted to Eq. (8). Fig. 3
hows three of the most representative studied concentra-
ions (0.001, 0.01 and 0.1 mol L−1) for the studied systems.
able 4 shows the fitted si, ai and bi parameters corre-
ponding to the studied buffered systems (acetic acid–acetate,
itric acid–dihydrogencitrate–hydrogencitrate–citrate, phos-
horic acid–dihydrogenphosphate–hydrogenphosphate, and
mmonium–ammonia) at three different representative concen-
rations.

In the acetic acid system, the a0 parameter corresponds to
he estimated value of a strong acid (a0 ≈ 1.03 Eq. (11)), a1 is
eferred to the mpH maximum value of acetic acid–acetate solu-
ions, a2 is the supposed value for a strong base (a2 ≈ 0.00),
1 corresponds to the w

wpH value of the inflection point of the
pward curve (an acetic acid solution alone) and b2 − b1 corre-
ponds to the w

wpH value of the inflection point of the downward
urve (an acetate solution alone) in Fig. 3, H+/HAc/Ac−/OH−
ystem. si are the fitting parameters related to the sharpness of
he transitions between the different ai values.

In the citric acid system, due to the high number of poly-
omial variables (s1, s2, s3, s4, a1, a2, a3, a4, b1, b2, b3, b4;
0 ≈ 1.03 and a4 ≈ 0.00) and with the aim to avoid overparame-
erization, an averaged s value was taken for all the si ones, and
i parameters were fixed before the iteration process to reach
better fitting. b4 can be easily known because b4 − b3 agrees
ith the w

wpH value corresponding to solutions of pure citrate.
hen hydrogencitrate is the only species present in the buffered

ystem, the w
wpH value corresponds to b3 − b2. Analogously,

2 − b1 corresponds to dihydrogencitrate, and b1 to the citric
cid. a1 refers to the mpH value of citric acid–dihydrogencitrate
olutions, a2 to dihydrogencitrate–hydrogencitrate and a3 to
ydrogencitrate–citrate (Table 4).

In the calculation of the pH involved in the phosphoric acid
uffer system, we have only considered the contribution of
he phosphoric acid, dihydrogenphosphate and hydrogenphos-
hate. Similarly to the citric acid system, b3 − b2 corresponds
o the w

wpH value when the only species of the buffer system
s the dihydrogenphosphate, b2 − b1 to the hydrogenphosphate
nd b1 to phosphoric acid. On the other hand, a1 refers to
pH of phosphoric acid–dihydrogenphosphate solutions and

2 to dihydrogenphosphate–hydrogenphosphate. For aqueous
oncentrations of the buffer above 0.08 mol L−1, the system is
learly overparameterizated, and the results obtained in the poly-
omial fit are meaningless.

Analogous considerations to those for the acetic acid system

an be made for ammonia system, except for the negative mpH
alues corresponding to ammonium–ammonia solutions.

A linear tendency is observed in the graphical representations
f the parameters si, ai and bi value against the logarithm of the Ta
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Table 5
Linear variation of the si, ai and bi parameters for the acetic acid–
acetate buffer system depending on the aqueous buffer concentration, cT

(0.001 < cT < 0.1 mol L−1)

Parameter Acetic acid–acetate

Equation N SD

s1 0.22 log cT + 3.07 14 0.055
s2 0.13 log cT + 2.19 14 0.029
a0 1.03 – –
a1 −0.03 log cT + 2.18 14 0.010
a2 0.00 – –
b1 −0.51 log cT + 2.35 14 0.004
b2 −0.50 log cT + 8.86 14 0.051

Table 6
Linear variation of the si, ai and bi parameters for the citric acid–dihydro-
gencitrate–hydrogencitrate–citrate buffer system depending on the aqueous
buffer concentration, cT (0.001 < cT < 0.1 mol L−1)

Parameter Citric acid–dihydrogencitrate–hydrogencitrate–citrate

Equation N SD

s 0.03 log cT + 1.05 14 0.047
a0 1.03 – –
a1 0.18 log cT + 2.52 14 0.047
a2 −0.10 log cT + 2.30 14 0.006
a3 −0.15 log cT + 2.57 14 0.048
a4 0.00 – –
b1 −0.57 log cT + 1.51 14 0.015
b2 −0.73 log cT + 5.05 14 0.024
b3 −1.02 log cT + 9.73 14 0.012
b

s

a
o
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t
v
r
s

T
L
d
a

P

s
s
s
a
a
a
a
b
b
b

Table 8
Linear variation of the si, ai and bi parameters for the ammonium–ammonia
buffer system depending on the aqueous buffer concentration, cT

(0.001 < cT < 0.1 mol L−1)

Parameter Ammonium–ammonia

Equation N SD

s1 0.05 log cT + 1.45 14 0.034
s2 0.16 log cT + 2.18 14 0.019
a0 0.91 – –
a1 0.01 log cT − 0.67 14 0.003
a
b
b

4

m
c
t
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m
b
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m
a
a
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4 −0.76 log cT + 19.13 14 0.029

1 = s2 = s3 = s4 = s.

queous concentration of the buffer (log cT), before adding the
rganic modifier. For each buffer system, the results of the linear
egression are shown in Tables 5–8. This logarithmic approxima-
ion is more reasonable than the direct fitting to the concentration
alues, because it is well known that the solution pH is directly

elated to the logarithm of the concentration of the acid–base
pecies present in the medium.

able 7
inear variation of the si, ai and bi parameters for the phosphoric acid–
ihydrogenphosphate–hydrogenphosphate buffer system depending on the
queous buffer concentration, cT (0.001 < cT < 0.1 mol L−1)

arameter Phosphoric acid–dihydrogenphosphate–hydrogenphosphate

Equation N SD

1 0.73 log cT + 3.38 12 0.027

2 0.02 log cT + 2.11 12 0.041

3 0.02 log cT + 1.73 12 0.025

0 1.03 –

1 0.57 log cT + 3.55 12 0.076

2 −0.00 log cT + 2.91 12 0.014

3 0.00 – –

1 −0.64 log cT + 0.97 12 0.005

2 −1.89 log cT + 3.32 12 0.063

3 −2.12 log cT + 9.64 12 0.110

b
n
l
t
t
v
t

c
a
s
t
b
o

i
o
p
w

2 0.00 – –

1 −0.45 log cT + 4.79 14 0.012

2 0.53 log cT + 18.68 14 0.126

.3. Experimental evaluation of the model

In order to evaluate the accuracy of the model in the esti-
ation of the pH variation of buffers with the mobile phase

omposition, several buffers at different composition, concen-
ration and initial aqueous pH have been prepared and their s

wpH
alues measured. To calculate the pH variation, we first deter-
ine the parameters si, ai and bi as a function of the aqueous

uffer concentration (Tables 5–8). This model is suitable for
queous buffer concentrations (i.e., before adding the organic
odifier) between 0.001 and 0.1 mol L−1. Then, when these

arameters are fixed, the mpH value can be estimated through
q. (8) for each initial w

wpH value. Finally, through the estimated
alue of mpH, we can estimate the s

wpH value corresponding to
ny methanol–aqueous buffer mobile phase up to 80% (v/v) Eq.
7), and compare it with the experimental value.

Fig. 4 represents the estimated s
wpH values against the experi-

ental s
wpH values for all studied buffers at three different initial

queous concentrations: 0.001, 0.01 and 0.01 mol L−1. There is
good agreement between these pH values and the expected

traight line of unitary slope and null intercept, especially for
he two higher concentrations. Table 9 shows the statistics of
he linear regressions (considering null intercept) for the three
epresentative concentrations depicted in Fig. 4 for the studied
uffers. Except for the lowest concentration in case of ammo-
ium and phosphoric acid systems, the standard deviation of the
inear fittings is lower than 0.1, and the standard deviation for
he slope of these fittings is not higher than 0.002. In all cases,
he slope of the linear regressions is very close to the theoretical
alue of 1, which means a very good correspondence between
he estimated and the measured pH values.

In the ammonium–ammonia buffer, especially at low con-
entration, the correspondence between both pH values are not
s good as expected. In fact, the measured slope (mpH) of the
eries is lower than the corresponding estimated one. It means
hat the measured solution is more acidic than expected, possi-
ly due to the low concentration of the buffer and the volatility
f ammonia.

In the phosphoric acid buffer system, a slight dispersion

n high methanol mixtures and at low buffer concentration is
bserved, especially between s

wpH 6 and 8. We attribute this dis-
ersion to the poor buffer capacity at high methanol contents,
hich as shown in Fig. 1 is really very low.
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ig. 4. Estimated s
wpH values vs. experimental s

wpH values plot. Straight line of u
+) 0.001 mol L−1, (×) 0.01 mol L−1 and (*) 0.1 mol L−1.

.4. Estimation of the degree of ionisation and variation on
hromatographic retention of solutes
Hydrophobicity and ionisation degree are the main parame-
ers responsible for retention of acid–base analytes in RP-HPLC
2–4,7,10,39–44]. Whereas the hydrophobicity of a substance
s a property inherent to the own nature of the analyte, the

l

(
d

able 9
lope and statistics of the linear regressions (considering null origin ordinate) that a
alues

uffering system r SD

Ac–Ac−
0.001 mol L−1 1.0000 0.053
0.01 mol L−1 1.0000 0.048
0.1 mol L−1 0.9999 0.058

3Cit–H2Cit−–HCit2−–Cit3−
0.001 mol L−1 0.9999 0.096
0.01 mol L−1 0.9999 0.072
0.1 mol L−1 1.0000 0.062

3PO4–H2PO4
−–HPO4

2−
0.001 mol L−1 0.9996 0.192
0.01 mol L−1 1.0000 0.069
0.1 mol L−1 0.9999 0.075

H4
+–NH3

0.001 mol L−1 0.9994 0.334
0.01 mol L−1 1.0000 0.089
0.1 mol L−1 1.0000 0.027
slope and null intercept is also give. Symbols for initial aqueous concentration:

egree of ionisation depends on both analyte dissociation con-
tant and mobile phase pH. As a general rule for analytes of
imilar hydrophobicity, the higher the degree of ionisation, the

ower the retention.

For a compound that has a unique acid–base equilibrium
HAz − Az−1), ruled by an acidity constant (Ka), its ionisation
egree (α), i.e. the mole fraction of the ionised species, can be

nalyze the correspondence between the estimated and the experimental s
wpH

Slope F N

1.0145 ± 0.0016 398836 36
1.0086 ± 0.0012 748213 54
1.0043 ± 0.0012 689879 72

1.0081 ± 0.0016 373759 81
1.0017 ± 0.0013 595163 81
1.0114 ± 0.0010 1042602 99

1.0248 ± 0.0027 147407 124
1.0039 ± 0.0009 1359558 126
1.0093 ± 0.0010 1117547 128

1.0339 ± 0.0056 34032 45
1.0113 ± 0.0012 747880 71
1.0027 ± 0.0003 8596425 81
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alculated by:

A = [Az−1]

[HAz] + [Az−1]
= 1

1 + 10pKa−pH (14)

r

HA = [HAz]

[HAz] + [Az−1]
= 1

1 + 10pH−pKa
(15)

here αA is the ionisation degree of a neutral acid (z = 0) and
HA corresponds to the ionisation degree of a neutral base (z = 1).
trictly, pH and pKa should be s

spH and s
spKa. However, we can

se s
wpH and s

wpKa values because s
spH − s

spKa = s
wpH − s

wpKa
ince s

wpH − s
spH = s

wpKa − s
spKa = δ.

With the addition of methanol, both pH of the hydroorganic
obile phase and pKa of the analyte will change, and also the

onisation degree of the analyte. According to Eqs. (6) and (7),
he difference between the pH and pKa values that determines
he degree of ionisation (Eqs. (14) and (15)) can be calculated
y means of:

pH − s
wpKa = (w

wpH − w
wpKa

) + (
mpHφdpH

MeOH − mpKaφ
dpK
MeOH

)

(16)

Eq. (8) and the calculated parameters from Tables 5–8 allow
he estimation of the mpH values of the buffers studied in the
resent work. As discussed before, dpH is taken equal to 5/4
or neutral and anionic buffering acids, and to 1 for cationic
cids. For the purpose of a qualitative discussion, dpK values
f neutral and cationic analytes can be considered close to
he dpH values corresponding to neutral and cationic buffering
cids. Therefore, in the case of a neutral analyte in a neutral
r anionic buffer, the second term in Eq. (16) can be rewritten
s (mpH − mpK)φ5/4

MeOH. Both mpH and mpK are positive in this
ind of system, but depending on the value of these slopes the
onisation degree of the analyte (αA, Eq. (14)) will increase if

pH > mpK or decrease if mpH < mpK when the methanol con-
ents in the mobile phase increases. The same consideration
s useful in the case of a cationic analyte (neutral base) in a
ationic buffering system (e.g., NH4

+–NH3), when both slopes
re negative, and the last term in Eq. (16) can be expressed as
mpH − mpK)φMeOH. Now the ionisation degree (αHA, Eq. (15))
ill decrease if mpH > mpK or will increase if mpH < mpK with

he addition of methanol to prepare the mobile phase. In the rest
f cases the simplification of Eq. (16) is not straightforward but
ualitatively it is clear that a cationic analyte of pKa close to
he pH of the buffer will show a large decrease in its ionisation
egree (αHA) when methanol is added to an aqueous neutral or
nionic buffer because mpH > 0 > mpK. Likewise, a neutral ana-
yte will also decrease its ionisation in a cationic mobile phase
ecause mpH < 0 < mpK.

In relation to these discussions, a representative exam-
le of the variation of ionisation degree of the analyte
ith the methanol fraction for different buffers is discussed

ere. We consider two different buffering systems of w

wpH
and initial aqueous concentration of 0.01 mol L−1 pre-

ared from a dihydrogenphosphate/hydrogenphosphate buffer
nd an ammonium/ammonia one. The mpH values of these

u
o
T
s
w

r. A 1138 (2007) 203–215

wo buffers are 2.85 and −0.69, respectively. We also con-
ider the ionisation of the following compounds of pKa rel-
tively close to 8 (with their corresponding w

wpKa values in
rackets): 4-nitrophenol (7.15), 2-nitrophenol (7.23), 2,4,6-
rimethylpyridine (7.43), 3-nitrophenol (8.36), 2-chlorophenol
8.56), N,N-dimethylbenzylamine (8.91), and 3-bromophenol
9.03). All pKa values were taken from ref. [45], except the
ne corresponding to the N,N-dimethylbenzylamine [13]. The
alculated [33] mpK values are 1.74, 1.75, −1.88, 1.90, 1.93,
1.03, and 1.99, respectively. When increasing the methanol

raction all phenols are more ionized in the phosphate buffer than
n the ammonia one. Clearly, the pKa of phenols (neutral acids)
ncreases with the addition of the organic modifier (mpK > 0), and
o does the pH of the phosphate buffer (mpH > 0), whereas the pH
f the ammonia buffer decreases (mpH < 0). Therefore, phenols
n ammonia buffer will decrease their ionisation degree because
heir pKa values increases whereas the pH decreases when
dding methanol. However, in phosphate buffer the ionisation
ncreases because the pH of the buffer increases to a larger degree
han the pKa of the phenols (mpH > mpK > 0). The opposite effect
an be seen in case of N,N-dimethylbenzylamine (neutral base).
n the phosphate buffer the ionisation degree is reduced when
dding methanol because the pH increases (mpH > 0) whereas
he pKa decreases (mpK < 0), and in the ammonia buffer there
s only a small change in ionisation because both the pH and
Ka decrease in a similar way. Only the 2,4,6-trimethylpyridine
neutral base) has a similar ionisation profile in both buffering
ystems, because in the phosphate buffer mpK < 0 < mpH and in
he ammonia buffer mpK < mpH < 0.

If we want to calculate accurately the ionisation degree of
he analyte in a buffered mobile phase composition, we must
ake into account the pKa variation of the analyte as a function
f the mobile phase composition. Literature [33,46] proposes
quations that allow accurate calculation of the s

spKa values of
ny member of the most common families of compounds (phe-
ols, carboxylic acids, amines and pyridine derivatives) at any
ethanol–water mixture from the pKa value of the compound in
ater (w

wpKa). The s
spKa of an analyte can be linearly related to

heir corresponding aqueous value (w
wpKa) through the equation:

pKa = as
w
wpKa + bs (17)

ith

s = 1 + as1φMeOH + as2φ
2
MeOH

1 + as3φMeOH + as4φ
2
MeOH

(18)

s = bs1φMeOH + bs2φ
2
MeOH

1 + bs3φMeOH + bs4φ
2
MeOH

(19)

here as1, as2, as3, as4, bs1, bs2, bs3 and bs4 are fitting
arameters constant for all acids of the same family at all
ethanol–water compositions. These parameters are reported

n Tables 10 and 11. These equations and Eq. (2) have been

sed to estimate the s

wpKa values of the analytes of the previ-
us example for all the studied methanol–water compositions.
hese s

wpKa values, together with the corresponding estimated
pH values of the buffering system, are used in Eqs. (14) and
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Table 10
Parameters for the prediction of the slope Eq. (18) of the linear correlation
between s

spKa values in methanol–water and w
wpKa in water Eq. (17) [33]

Family of compounds as1 as2 as3 as4

Phenols −0.656 −0.030 −0.844 0.133
Aliphatic carboxylic acids −1.406 0.680 −1.551 0.827

Aromatic carboxylic acids
With orto-substituents −1.189 0.190 −1.424 0.425
Without orto-substituents −1.101 0.103 −1.516 0.518

Amines −0.476 0.209 −0.400 0.158
Pyridines 2.617 0.000 2.809 0.000

Table 11
Parameters for the prediction of the intercept Eq. (19) of the linear correlation
between s

spKa values in methanol–water and w
wpKa in water Eq. (17) [33]

Family of compounds bs1 bs2 bs3 bs4

Phenols −0.454 0.866 −0.017 −0.865
Aliphatic carboxylic acids 1.034 −0.898 −1.250 0.277

Aromatic carboxylic acids
With orto-substituents 0.449 −0.429 −1.674 0.677
Without orto-substituents −0.178 0.187 −1.699 0.702

A
P
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i
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t
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m

t
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a
T
b
t
b
p
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i
a

a
t
i
p
a
t

F
a
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mines −0.458 0.477 −1.674 0.690
yridines −1.733 1.763 −1.214 0.272

15) to accurately calculate the ionisation degrees of the former
xample at several methanol–water mixtures. Fig. 5 shows the
ariation of the ionisation of these analytes as a function of the
rganic fraction. The results obtained fully agree with the above
ualitative discussion.

This different behaviour of ionisable analytes when adding
ethanol to aqueous buffers of the same pH but prepared

rom different buffer components, may well produce rele-
ant changes in the selectivity of RP-HPLC analysis. This

henomenon is clearly shown in Fig. 6. The same ionis-
ble analytes studied before, namely N,N-dimethylbenzylamine,
-nitrophenol, 3-nitrophenol, 2-chlorophenol, 2-nitrophenol,
,4,6-trimethylpyridine, and 3-bromophenol, were eluted in a

h
b
m
l

ig. 5. Variation of the ionisation degree of acid–base compounds with the addition
nd concentration 0.01 mol L−1. Legend: (�, �) 2,4,6-trimethylpyridine, (�,©) N,N
-nitrophenol, (�, ♦) 3-nitrophenol, and (�, �) 4-nitrophenol.
r. A 1138 (2007) 203–215 213

obile phase with 60% of methanol (v/v) prepared from aque-
us H2PO4

−–HPO4
2− or NH4

+–NH3 buffers of concentra-
ion 0.01 mol L−1 and w

wpH = 8.00. Just by looking the chro-
atograms, it is clear that better separations are achieved using

he phosphate mobile phase. Although both mobile phases have
he same content of methanol, aqueous pH and buffer con-
entration, the retention times of the analytes are dramatically
ifferent. These retention differences of the studied analytes in
oth buffers are consistent with their ionisation degrees, shown
n Fig. 5, and with their hydrophobicity. As a well known general
ule in reversed phase HPLC, we can consider that the higher the
ompound ionisation and the lower hydrophobicity, the lower
he retention time. Taken into account the above considerations
nd by inspection of Fig. 5, we are able to interpret the chro-
atograms of Fig. 6 as follows.
The phenols increase their ionisation, and thus decrease reten-

ion, when methanol is added to the phosphate buffer because the
H of the buffer increases more than the pKa of the phenols, but
onisation decreases and therefore, retention increases with the
mmonia buffer because the pH of the cationic buffer decreases.
he latter effect is more noticeable for 4- and 2-nitrophenol
ecause they have an aqueous pKa value (7.15 and 7.23, respec-
ively) close to but lower than the aqueous pH of the ammonia
uffer (8.00). Thus, the combined effect of increasing analyte
Ka and decreasing buffer pH reverses the pKa–pH order. In 60%
ethanol and ammonia buffer, the pKa of 4- and 2- nitrophenol

s higher than the pH of the buffer and thus, ionisation is low
nd retention high.

N,N-dimethylbenzylamine shows the reversed trend than 2-
nd 4-nitrophenol. It has an aqueous pKa of 8.91, higher than
he aqueous pH of the buffers (8.00). When methanol up to 60%
s added to the phosphate buffer its pH increases, whereas the
Ka of the N,N-dimethylbenzylamine (cationic acid) decreases
nd becomes much lower than the pH of the buffer. Ionisa-
ion decreases to almost 0 and chromatographic retention is

igh. The decrease of pH of the ammonia buffer (cationic
uffer) is similar to the decrease of pKa of the amine when
ethanol is added, and thus ionisation keeps high and retention

ow.

of methanol to H2PO4
−–HPO4

2− and NH4
+–NH3 aqueous buffers of w

wpH 8
-dimethylbenzylamine, (�, �) 3-bromophenol, (�, 	) 2-chlorophenol, (�, 
)
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Fig. 6. Chromatograms of individual ionisable compounds and their corresponding eluted mixture in a 60% (v/v) methanol mobile phase prepared from
H −1 an
( idine;
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a
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2PO4
−–HPO4

2− and NH4
+–NH3· aqueous buffers of concentration 0.01 mol L

3) 3-nitrophenol; (4) 2-chlorophenol; (5) 2-nitrophenol; (6) 2,4,6-trimethylpyr

2,4,6-trimethylpyridine (neutral base and cationic acid) has
n aqueous pKa (7.43) lower than the pH of the buffers (8.00).
onisation in water is low (about 20%). The addition of methanol
ecreases its pKa more than the pH of the ammonia buffer, and
hus ionisation at 60% of methanol is even lower (about 5%). The
H of the phosphate buffer increases when methanol is added
o this buffer and since pKa of the pyridine decreases, ionisation
t 60% of methanol is very low (less than 1%). Therefore, the
ompound is very poorly ionised in both buffers, and its retention
s quite similar and high.

. Conclusions

Selectivity in reversed phase high performance liquid chro-
atography (RP-HPLC) separations of ionisable analytes

epends on their hydrophobicity and on their ionisation degree
n the particular mobile phase used. Hydrophobicity is inherent
o the analyte nature, and therefore, it cannot be modified by

he chromatographer. But the analyte ionisation degree clearly
epends on the pKa of the compound and on the pH of the
obile phase, the latter can be properly tuned to the desired

alue with an appropriate buffer composition. However, the

T
p
a
c

d w
wpH = 8.00. Compounds: (1) N,N-dimethylbenzylamine; (2) 4-nitrophenol;

(7) 3-bromophenol.

ariation of the analyte pKa and buffer pH upon addition of
he organic modifier the aqueous buffer must be taken into
ccount to obtain reliable predictions. In the present work, a
ethod for the accurate pH estimation in methanol–aqueous

uffer mobile phases has been successfully developed. For
he studied buffers, this method allows us to calculate the pH
n any methanol–aqueous buffer mobile phase up to 80% in
olume of organic modifier, and considering an initial aque-
us concentration (before adding the methanol) between 0.001
nd 0.1 mol L−1. The selected buffers are the most com-
only used in RP-HPLC, and the ones which cover a large

ange of useful pH values: acetic acid–acetate, phosphoric
cid–dihydrogenphosphate–hydrogenphosphate, citric acid–di-
ydrogencitrate–hydrogencitrate–citrate and ammonium–am-
onia. In addition, a previous model that allows the estima-

ion of pKa values of analytes belonging to the most common
amilies of compounds (phenols, carboxylic acids, amines and
yridine derivatives) was adapted in terms of the present work.

hen, with the estimation of both the pKa of the analyte and the
H of the particular mobile phase, can be easily calculated the
nalyte ionisation degree, which plays an important role in the
hromatographic retention of acid–base compounds.
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Abstract: A review about the analyte pKa and buffer pH variations in RP-HPLC mobile 

phases with the changes in the organic modifier content (acetonitrile or methanol) is 

presented. A model to accurately predict the pH of particular mobile phases for several 

commonly used buffers (acetic, citric and phosphoric acid and ammonia systems) in 

acetonitrile-water and methanol-water mixtures is described. Linear relationships are also 

presented for several families of acid-base compounds (aromatic and aliphatic carboxylic 

acids, phenols, amines and pyridines) to estimate pKa values of analytes in methanol-water 

and acetonitrile-water from their corresponding aqueous pKa. From both, the estimated pH of 

the mobile phase and the estimated pKa of acid-base analytes, it is possible to predict their 

degree of ionisation and, therefore, the analyte chromatographic retention. 

 

Keywords: Mobile phase composition; methanol–water mixtures; acetonitrile-water 
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1. INTRODUCTION 

 

 The use of buffered mobile phases in liquid chromatography is very common for 

separation of analytes with acid-base properties. For monoprotic acids there is a well known 

relationship between the retention factor (k), the pKa of the analyte at the working ionic 

strength and the pH of the mobile phase (1): 

 

a

a

pH p
HA A

pH p
10

1 10

K

K
k kk

−

−

+
=

+
 [1] 

 

where kHA and kA are the retention factors obtained when the analyte is completely in its 

acidic or basic form, respectively. Eq. 1 defines a sigmoidal plot for the retention as a function 

of the pH of the mobile phase, with a pronounced jump around the analyte pKa. Therefore, 

slight variations in the pH of the mobile phase at pH near the analyte pKa result in significant 

changes in retention and, thus, two similar analytes with small differences in their pKa values 

can be successfully separated by a proper control of mobile phase pH. Expressions equivalent 

to Eq. 1 can be obtained if retention is measured in retention time (tR) or adjusted retention 

time ( R R M
't t t= − ) if the holdup time (tM) is independent of the buffer (2-4). If the analyte has 

more than one acid-base equilibria more complex expressions should be considered (1, 4, 5). 

 When an organic modifier is added to an aqueous buffer to prepare the mobile phase 

there is a change in the pKa of the buffering acid and in the autoprotolysis constant of the 

solvent, which is responsible of the pH range of the pH scale. Consequently there is a 

variation in the pH of the hydroorganic mixture in relation to the aqueous pH of the buffer. 

Moreover, the pKa of the analyte also changes. These variations affect the ionisation degree of 

acid-base analytes and, therefore, they may produce important changes in chromatographic 

retention and selectivity. The sign and extent of the pH variation when adding an organic 

solvent to an aqueous buffer depend not only on the organic fraction of the mixture, the 

aqueous pH and buffer concentration, but also on the nature of the buffering system (3, 6-12). 

The example given in Fig. 1 illustrates these statements. The order of elution of the ionisable 

analytes is clearly different, even though in both cases we have mobile phases containing a 

60% of methanol (v/v) prepared from aqueous buffers of the same pH (8.00) and 

concentration (0.01 mol·L-1). In this instance, the difference lies in the nature of the buffer: in 

one case it is ammonium/ammonia and in the other it is dihydrogenphosphate 
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/hydrogenphosphate. Obviously the acid-base constant of the analytes in the particular mobile 

phase plays an important role, but in contrast to the mobile phase pH, it only depends on the 

organic solvent fraction in the mobile phase. The effect of both the pH and the pKa on 

ionisation degree and therefore on retention times in HPLC has been already extensively 

reported (3, 6-26). In this review we present the models developed in our research group to 

estimate the pH values of the most commonly used buffering systems in RP-HPLC at any 

fraction of organic solvent in a particular acetonitrile- and methanol-water medium up to 60% 

and 80% (v/v), respectively. The model we proposed to estimate the pKa of a compound in a 

particular methanol-water or acetonitrile-water from its corresponding aqueous pKa is also 

presented. 

 

Figure 1. Chromatograms of individual acid-base compounds and their corresponding eluted mixture 

in a 60% (v/v) methanol mobile phase prepared from H2PO4
--HPO4

2- and NH4
+-NH3 aqueous buffers 

of concentration 0.01 mol·L-1 and pH=8.00. Compounds: (1) N,N-dimethylbenzylamine; (2) 4-

nitrophenol; (3) 3-nitrophenol; (4) 2-chlorophenol; (5) 2-nitrophenol; (6) 2,4,6-trimethylpyridine; (7) 

3-bromophenol. From ref. (44), with permission, © 2007 Elsevier. 
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2. pH DEFINITION IN ORGANIC SOLVENT-WATER MIXTURES 

 

 Looking for a friendly way to write small hydrogen ion concentrations, the pH 

definition was first introduced by Sørensen (27) in 1909 in terms of the negative decimal 

logarithm of the hydrogen ion concentration. Some years later Sørensen found that the 

electrodes used to measure the pH responded to hydrogen ion activity (aH) instead of 

concentration, so pH was redefined as (28):  

 

HpH log a= −  [2] 

 

Although activity and pH are dimensionless quantities, activity must be referred to a 

particular concentration scale. In fact, activity can be related to concentration through an 

activity coefficient (γ ). This means that the same solution may have different pH values 

depending on the scale in which hydrogen ion concentration is measured. In analytical 

chemistry practice, including chromatography, the pH definition in the molarity scale (moles 

of hydrogen ion per litre of solvent, mol·L-1) (29, 30) is commonly used because of its 

simplicity for preparation of solutions. The pH definition of Eq. 2 is only notional because it 

involves single ion activity, which is immeasurable (29-35). Therefore an operational 

definition of pH was established. The pH of a solution is obtained by comparison of the 

electromotive force of a sample solution in an appropriate potentiometric cell in relation to the 

electromotive force of standard reference solutions of known pH in the same cell (29-41). In 

analytical practice pH is commonly measured using a glass electrode combined with a 

reference electrode (very often silver-silver chloride). Usually the reference electrode contains 

a highly concentrated KCl solution. In this solution the cation and the anion are 

equitransferent (i.e. they diffuse at nearly the same rate), and thus the liquid junction potential 

(i.e. a potential difference formed at the boundary between two different compositions) 

between the reference electrode and the sample or standard calibration solutions is minimized. 

The temperature of calibration standards and sample solutions should be at least roughly 

controlled, because of the dependence of the glass electrode potential with the temperature.  

 Three different procedures are used to measure the pH of hydroorganic mobile phases in 

HPLC (3, 6-12). A typical one consists on calibrating the electrode systems with commercial 

aqueous standard buffers, and then measuring the pH of the aqueous buffer before mixing it 

with the organic modifier. This way the pH value is obtained in the pHw
w  scale (19). In our 
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opinion this is not the best option because the pH of the solution changes after dilution of the 

aqueous buffer with the organic modifier. If the electrode system is calibrated with standard 

buffers prepared in the same solvent composition used as mobile phase and the pH is 

measured in this particular mobile phase composition, the s
s pH  value is obtained. Working in 

the s
s pH  scale requires a careful preparation and maintenance of the standard buffers and 

electrodes, and often these standards are not commercially available. Finally, when pH is 

measured in the hydroorganic mixture, but the electrode system is calibrated with aqueous 

buffers, the pHs
w  values are obtained. Notice that here the IUPAC nomenclature (15) has 

been used: the left hand superscript indicates the medium where the quantity is measured (w 

for water and s for hydroorganic mixture), and the subscript indicates the standard state 

medium (i.e. the solvent where activity coefficients are taken as equal to unity at infinite 

dilution), which means in practice, the solvent (w or s) in which electrode systems are 

calibrated. It has been widely reported that better results are obtained when the pH in the 

mobile phase is considered instead of the aqueous pH of the buffer (6-8, 12-14, 17, 23-26). 

pHs
s  can be easily converted to pHs

w  by means of δ  parameter (9, 36, 37): 

 
s s

w spH pH δ= +  [3] 

 

The δ  term is a constant value for each mobile phase composition. It includes the primary 

medium effect and the difference between the liquid junction potential of the electrode system 

in the hydroorganic mobile phase and in water. The primary medium effect (related to the 

standard Gibbs energy change for the transfer of the H+ ion from water to the non-aqueous or 

hydroorganic solvent at infinite dilution) depends only on the mobile phase solvent 

composition, but the liquid junction potential depends also on the particular electrode system, 

pH standards, and sample composition. Therefore, general interlaboratory conversion between 

both pH scales is only possible if the different electrode systems are designed to have a 

negligible residual liquid junction potential. In practice, this requirement is fulfilled using a 

combination electrode containing a reference electrode with a concentrated KCl solution in 

water as a salt bridge. These δ  values for methanol-water mixtures were studied by various 

authors (7, 9, 42, 43) and they can be estimated from the solvent composition through the 

empirical equation (9): 
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2
MeOH MeOH

2 3
MeOH MeOH MeOH

0 09 0 11
1 3 15 3 51 1 35

. .
. . .

φ φδ
φ φ φ

−
=

− + −
 [4] 

 

where MeOHφ  is the volume fraction of methanol in the hydroorganic mixture. δ values for 

acetonitrile-water mixtures up to 60% (v/v) of organic modifier can be also estimated from 

the solvent composition through the equation (4, 8): 

 
2
MeCN

2
MeCN MeCN

0 446
1 1 316 0 433

.
. .

φδ
φ φ
−

=
− +

 [5] 

 

The relationship between pHs
s  and pHs

w  depends on the organic solvent fraction in the 

mixture, whereas the difference between pHw
w  and pHs

s  (or pHs
w ) depends not only on the 

mobile phase composition but also on the particular buffering solution employed. δ  values 

are also useful to convert s
w ap K  values to s

s ap K , and s
w app K  to s

s app K , where pKa refers to 

the analyte acid-base constant and pKap to the autoprotolysis constant of the solvent (organic 

solvent-water mixture).  

 Then to obtain precise information about the pH of a particular mobile phase it is 

convenient to measure pH directly in the hydroorganic mixture, rather than in the aqueous 

buffer. When the measurement of pH in the mobile phase is not easy, e.g. in the case of highly 

automated HPLC experiments where independent reservoirs of buffer and organic solvent are 

pumped into and mixed within the apparatus, it may be very useful to estimate the pH 

variation for a particular buffer when the organic modifier is added.  

 

 

3. pH VARIATION OF THE BUFFER WITH THE ADDITION OF ACETONITRILE 

OR METHANOL 

 

 It has been shown that when acetonitrile is added to an aqueous buffer, the pH variation 

can be considered linearly related to the volume fraction of the organic modifier ( MeCNφ ) (18): 

 
s w

w w pH MeCNpH pH m φ− =  [6] 

 



 215

where mpH is the proportionality coefficient for the pH change. A similar equation has been 

proposed to relate the pH variation with the volume fraction of methanol ( MeOHφ ) (44): 

 

pHs w
w w pH MeOHpH pH dm φ− =  [7] 

 

The difference between Eqs. 6 and 7 is the dpH parameter. This empirical parameter is 

assumed to be equal to 1 for cationic buffering acids ( BH B H+ ++ ), and 5/4 for neutral 

( HA H A+ −+ ) and anionic buffering acids ( z z 1HA H A− + − −+ ). mpH is a 

proportionality coefficient which depends on the particular buffering system used, and on the 

aqueous pH value and concentration of the buffer before adding the organic modifier. The 

variation of mpH with the initial aqueous w
w pH  of the buffer for acetonitrile and methanol-

water mixtures can be described by means of Eq. 8 (18, 44): 

 

( ) ( )( )

( ) ( )( )

w w
i w i i w 1

w w
i w i i w 1

pH 1 pH
0 i 1

1
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n s i b s n b

i

a a a
m

+

+
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+
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− + −

=

+ +
=

+ +

∑

∑
 [8] 

 

where the a0 term in the numerator and the 1 value in the denominator predominate over the 

other terms at low pH values, when the solution is buffered by strong acids. The (n+1) term 

predominates at very basic pH values (buffers with strong bases). The intermediate terms 

prevail in the pH zones close to the acid-base conjugate equilibria of the buffered system, 

represented by their n pKa values. ai values are associated to the pKa variation of the buffer 

when adding the organic modifier and bi values are related to the pKa values of the 

corresponding acid-base pairs of the system. si are fitting parameters that account for the 

sharpness of the transitions (22) between the different pH zones buffered by the different 

acid-conjugate base pairs of the system. A linear tendency is observed in the graphical 

representations of the parameters si, ai and bi value against the logarithm of the aqueous 

concentration of the buffer (log cT), before adding the organic modifier. These linear 

equations for ammonium and acetic, citric and phosphoric acid systems in acetonitrile and 

methanol-water mixtures are shown in Tables 1 and 2. 
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 Tables 3 and 4 show calculated s
w pH  values in acetonitrile and methanol-aqueous 

buffer mixtures for the most commonly used buffering systems in RP-HPLC, in the pH range 

of good buffer capacity. The mpH values have been calculated by means of Eq. 8, and the 
s

w pH  values through Eqs. 6 and 7 for acetonitrile and methanol, respectively. 

 

Table 1. Linear variation of the si, ai and bi parameters in acetonitrile-water mixtures for some 
buffering systems depending on the aqueous buffer concentration, cT (0.001 < cT < 0.1 mol·L-

1) 
 

Parameter Acetic acid system Ammonia system 
si 0.20 log cT + 3.56 0.20 log cT + 3.71 
a0 0.00 0.00 
a1 2.28 -0.60 
a2 1.81 1.81 
b1 -0.52 log cT + 2.33 -0.45 log cT + 4.84 
b2 -0.07 log cT + 11.53 0.06 log cT + 16.52 
Parameter Phosphoric acid system Citric acid system 
si -0.04 log cT + 1.99 0.29 log cT + 2.59 
a0 0.00 0.00 
a1 0.53 log cT + 2.40 0.14 log cT + 1.63 
a2 -0.06 log cT + 1.63 -0.06 log cT + 1.56 
a3 1.81 -0.16 log cT + 1.67 
a4 - 1.81 
b1 -0.69 log cT + 0.93 -0.58 log cT + 1.47 
b2 -0.97 log cT + 5.16 -0.79 log cT + 4.94 
b3 -0.61 log cT + 15.34 -1.12 log cT +9.53 
b4 - -0.75 log cT + 19.25 
 

 

4. BUFFER CAPACITY 

 

 Buffer capacity ( β ) is a quantitative measurement of the buffer ability to keep pH 

constant. It can be calculated by means of the differential equation (36, 37): 

 

( ) ( )
b ad d

d pH d pH
c cβ = = −  [9] 

 

where cb and ca are the concentrations of the buffering base and acid, respectively. Buffer 

capacity is, in rough terms, the strong base or strong acid amount (expressed in equivalents) 

required to produce one pH unit change in the buffer solution. For a weak acid-weak base 
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buffer, maximum buffer capacity of a protolyte occurs when the acid species concentration is 

equal to the concentration of its conjugate base. It means that the apex of buffer capacity is 

achieved when the pH of the solution is equal to the ap 'K  (the pKa value at the working ionic 

strength) of the buffering species. The addition of the organic solvent produces a shift of the 

maximum of buffer capacity towards higher s
w pH  values for neutral or anionic acid buffers 

(acetic, citric and phosphoric buffering systems), but towards lower s
w pH  values for the 

cationic acid buffer (ammonia system). These trends have been already explained in terms of 

electrostatic interactions that contribute to the pKa values of the buffering species (45, 46). 

The acid-base constants reported in the literature are normally thermodynamic pKa values, 

which are given for zero ionic strength. Table 5 shows calculated aqueous pH values of 

equimolar mixtures of acid/conjugate base for several buffers at different concentrations and, 

consequently, ionic strength. Each pH value is related to the maximum buffer capacity 

achievable in aqueous solutions. It is especially significant the pH variation in case of 

dihydrogenphosphate/hydrogenphosphate and hydrogencitrate/citrate due to the increase of 

the ionic strength with the concentration because of the high charge of the buffering species. 

For the rest of the buffers, no dramatical changes are observed. Fig. 2 shows the buffer 

capacity of commonly used buffering systems at several methanol-water compositions, and 

Fig. 3 reproduces the buffer capacity variation for acetonitrile as organic modifier. In both 

types of mixtures, the buffer capacity presents a similar profile. The buffer capacity decreases 

when the organic solvent is added to the aqueous buffer, due to the decrease of the buffer 

concentration on increasing the volume of the solution. The addition of the organic solvent 

produces a shift of the maximum of buffer capacity towards higher s
w pH  values for neutral or 

anionic acid buffers (HAc/Ac-, H3Cit/H2Cit-, H2Cit-/HCit2-, HCit2-/Cit3-, H3PO4/H2PO4
-, 

H2PO4
-/HPO4

2-…), and towards lower s
w pH  values for cationic acid buffers (NH4

+/NH3…). 

Quantitative values of β are different in both figures, because of the different initial aqueous 

concentration of the buffers. As a well known rule, the higher the concentration of the buffer, 

the higher the buffer capacity. It is noteworthy a broad poorly buffered zone between the first 

and the second pKa of the phosphoric system, around pH 5. It is also remarkable a wide range 

of excellent buffer capacity of the citric acid system from pH 3 to pH 7 (18, 22, 44). In this 

buffering system, the different extent in the variation of the three pKa values when increasing 

the organic solvent fraction in the mixture is remarkable too. For example, in pure water the 
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difference between the first and the third pKa value is about 3.3 units, whereas for methanol 

and acetonitrile at 60% this difference increases up to 3.7 pKa units. 

 

Table 2. Linear variation of the si, ai and bi parameters in methanol-water mixtures for some 
buffering systems depending on the aqueous buffer concentration, cT (0.001 < cT < 0.1 mol·L-

1) 
 

Parameter Acetic acid system Ammonia system 
s1 0.22 log cT + 3.07 0.05 log cT + 1.45 
s2 0.13 log cT + 2.19 0.16 log cT + 2.18 
a0 1.03 0.91 
a1 -0.03 log cT + 2.18 0.01 log cT - 0.67 
a2 0.00 0.00 
b1 -0.51 log cT + 2.35 -0.45 log cT + 4.79 
b2 -0.50 log cT + 8.86 0.53 log cT + 18.68 
Parameter Phosphoric acid system Citric acid system 
s1 0.73 log cT + 3.38 0.03 log cT + 1.05 
s2 0.02 log cT + 2.11 0.03 log cT + 1.05 
s3 0.02 log cT + 1.73 0.03 log cT + 1.05 
s4 - 0.03 log cT + 1.05 
a0 1.03 1.03 
a1 0.57 log cT + 3.55 0.18 log cT + 2.52 
a2 -0.00 log cT + 2.91 -0.10 log cT + 2.30 
a3 0.00 -0.15 log cT + 2.57 
a4 - 0.00 
b1 -0.64 log cT + 0.97 -0.57 log cT + 1.51 
b2 -1.89 log cT + 3.32 -0.73 log cT + 5.05 
b3 -2.12 log cT + 9.64 -1.02 log cT + 9.73 
b4 - -0.76 log cT + 19.13 
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Figure 2. Buffer capacity variation of the ammonia, acetic acid, phosphoric acid and citric acid 

systems for 0, 20, 40, 60 and 80% (v/v) methanol-water compositions and an initial aqueous buffer 

concentration of 0.1 mol·L-1. From ref. (44), with permission, © 2007 Elsevier. 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

Figure 3. Buffer capacity variation of the ammonia, acetic acid, phosphoric acid and citric acid 

systems for 0, 20, 40 and 60% (v/v) acetonitrile-water compositions and an initial aqueous buffer 

concentration of 0.01 mol·L-1. From ref. (22), with permission, © 2004 Elsevier. 
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Table 3. pH variation of acetonitrile-aqueous buffer mixtures. 
 

s w
w w pH MeCNpH pH m φ= +  

  s
w pH  at MeCN volume fraction of 

Buffering  
system 

Aqueous  
concentration w

w pH mpH 0.1 0.2 0.3 0.4 0.5 0.6
3.50 1.64 3.66 3.83 3.99 4.16 4.32 4.48
4.00 2.26 4.23 4.45 4.68 4.90 5.13 5.36
4.50 2.28 4.73 4.96 5.18 5.41 5.64 5.87
5.00 2.28 5.23 5.46 5.68 5.91 6.14 6.37
5.50 2.28 5.73 5.96 6.18 6.41 6.64 6.87

0.01 mol·L-1 

6.00 2.28 6.23 6.46 6.68 6.91 7.14 7.37
3.50 2.23 3.72 3.95 4.17 4.39 4.62 4.84
4.00 2.28 4.23 4.46 4.68 4.91 5.14 5.37
4.50 2.28 4.73 4.96 5.18 5.41 5.64 5.87
5.00 2.28 5.23 5.46 5.68 5.91 6.14 6.37
5.50 2.28 5.73 5.96 6.18 6.41 6.64 6.87

Acetic acid 

0.05 mol·L-1 

6.00 2.28 6.23 6.46 6.68 6.91 7.14 7.37
2.50 0.48 2.55 2.60 2.64 2.69 2.74 2.79
3.00 1.15 3.12 3.23 3.35 3.46 3.58 3.69
3.50 1.38 3.64 3.78 3.91 4.05 4.19 4.33
4.00 1.56 4.16 4.31 4.47 4.62 4.78 4.94
4.50 1.67 4.67 4.83 5.00 5.17 5.34 5.50
5.00 1.75 5.18 5.35 5.53 5.70 5.88 6.05
5.50 1.91 5.69 5.88 6.07 6.26 6.46 6.65
6.00 1.98 6.20 6.40 6.59 6.79 6.99 7.19
6.50 1.99 6.70 6.90 7.10 7.30 7.50 7.69
7.00 1.99 7.20 7.40 7.60 7.80 8.00 8.19

0.01 mol·L-1 

7.50 1.99 7.70 7.90 8.10 8.30 8.50 8.69
2.50 1.16 2.62 2.73 2.85 2.96 3.08 3.20
3.00 1.43 3.14 3.29 3.43 3.57 3.72 3.86
3.50 1.49 3.65 3.80 3.95 4.10 4.25 4.39
4.00 1.60 4.16 4.32 4.48 4.64 4.80 4.96
4.50 1.65 4.67 4.83 5.00 5.16 5.33 5.49
5.00 1.75 5.18 5.35 5.53 5.70 5.88 6.05
5.50 1.86 5.69 5.87 6.06 6.24 6.43 6.62
6.00 1.88 6.19 6.38 6.56 6.75 6.94 7.13
6.50 1.88 6.69 6.88 7.06 7.25 7.44 7.63
7.00 1.88 7.19 7.38 7.56 7.75 7.94 8.13

Citric acid 

0.05 mol·L-1 

7.50 1.88 7.69 7.88 8.06 8.25 8.44 8.63
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Table 3 (continued) 
 

  s
w pH  at MeCN volume fraction of 

Buffering  
system 

Aqueous 
concentration w

w pH mpH 0.1 0.2 0.3 0.4 0.5 0.6
2.21 0.51 2.26 2.31 2.36 2.41 2.47 2.52
3.00 1.29 3.13 3.26 3.39 3.52 3.65 3.77
3.50 1.34 3.63 3.77 3.90 4.04 4.17 4.30
6.50 1.75 6.68 6.85 7.03 7.20 7.38 7.55
7.00 1.75 7.18 7.35 7.53 7.70 7.88 8.05
7.50 1.75 7.68 7.85 8.03 8.20 8.38 8.55
8.00 1.75 8.18 8.35 8.53 8.70 8.88 9.05

0.01 mol·L-1 

8.50 1.75 8.68 8.85 9.03 9.20 9.38 9.55
2.21 1.47 2.36 2.50 2.65 2.80 2.95 3.09
3.00 1.70 3.17 3.34 3.51 3.68 3.85 4.02
3.50 1.71 3.67 3.84 4.01 4.18 4.36 4.53
6.50 1.71 6.67 6.84 7.01 7.18 7.36 7.53
7.00 1.71 7.17 7.34 7.51 7.68 7.86 8.03
7.50 1.71 7.67 7.84 8.01 8.18 8.36 8.53
8.00 1.71 8.17 8.34 8.51 8.68 8.86 9.03

Phosphoric acid 

0.05 mol·L-1 

8.50 1.71 8.67 8.84 9.01 9.18 9.36 9.53
8.00 -0.60 7.94 7.88 7.82 7.76 7.70 7.64
8.50 -0.60 8.44 8.38 8.32 8.26 8.20 8.14
9.00 -0.60 8.94 8.88 8.82 8.76 8.70 8.64
9.50 -0.60 9.44 9.38 9.32 9.26 9.20 9.14

0.01 mol·L-1 

10.00 -0.60 9.94 9.88 9.82 9.76 9.70 9.64
8.00 -0.60 7.94 7.88 7.82 7.76 7.70 7.64
8.50 -0.60 8.44 8.38 8.32 8.26 8.20 8.14
9.00 -0.60 8.94 8.88 8.82 8.76 8.70 8.64
9.50 -0.60 9.44 9.38 9.32 9.26 9.20 9.14

Ammonia 

0.05 mol·L-1 

10.00 -0.60 9.94 9.88 9.82 9.76 9.70 9.64
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Table 4. pH variation of methanol-aqueous buffer mixtures. 
 

pHs w
w w pH MeOHpH pH dm φ= +  

  
s

w pH  at MeOH volume fraction of 
Buffering 
system 

Aqueous 
concentration w

w pH  mpH 0.1 0.2 0.3 0.4 0.5 0.6 0.7 0.8
3.50 1.85 3.60 3.75 3.91 4.09 4.28 4.48 4.69 4.90
4.00 2.22 4.12 4.30 4.49 4.71 4.93 5.17 5.42 5.68
4.50 2.25 4.63 4.80 5.00 5.22 5.45 5.69 5.94 6.20
5.00 2.25 5.13 5.30 5.50 5.72 5.95 6.19 6.44 6.70
5.50 2.25 5.63 5.80 6.00 6.22 6.45 6.69 6.94 7.20

0.01 mol·L-1 

6.00 2.25 6.13 6.30 6.50 6.71 6.94 7.19 7.44 7.70
3.50 2.17 3.62 3.79 3.98 4.19 4.41 4.65 4.89 5.14
4.00 2.22 4.13 4.30 4.49 4.71 4.94 5.17 5.42 5.68
4.50 2.23 4.63 4.80 4.99 5.21 5.44 5.68 5.93 6.18
5.00 2.23 5.13 5.30 5.49 5.71 5.94 6.18 6.43 6.68
5.50 2.23 5.63 5.80 5.99 6.21 6.44 6.68 6.93 7.18

Acetic acid 

0.05 mol·L-1 

6.00 2.23 6.13 6.30 6.49 6.71 6.94 7.18 7.42 7.68
2.50 1.52 2.59 2.70 2.84 2.98 3.14 3.30 3.48 3.65
3.00 1.88 3.11 3.25 3.42 3.60 3.79 3.99 4.20 4.42
3.50 2.16 3.62 3.79 3.98 4.19 4.41 4.64 4.88 5.13
4.00 2.35 4.13 4.31 4.52 4.75 4.99 5.24 5.50 5.78
4.50 2.49 4.64 4.83 5.05 5.29 5.55 5.81 6.09 6.38
5.00 2.61 5.15 5.35 5.58 5.83 6.10 6.38 6.67 6.98
5.50 2.73 5.65 5.87 6.11 6.37 6.65 6.94 7.25 7.57
6.00 2.81 6.16 6.38 6.62 6.89 7.18 7.49 7.80 8.13
6.50 2.84 6.66 6.88 7.13 7.40 7.70 8.00 8.32 8.65
7.00 2.83 7.16 7.38 7.63 7.90 8.19 8.50 8.81 9.14

0.01 mol·L-1 

7.50 2.76 7.66 7.87 8.11 8.38 8.66 8.96 9.27 9.59
2.50 1.86 2.60 2.75 2.91 3.09 3.28 3.48 3.69 3.91
3.00 2.15 3.12 3.29 3.48 3.68 3.90 4.13 4.37 4.62
3.50 2.30 3.63 3.81 4.01 4.23 4.47 4.71 4.97 5.24
4.00 2.39 4.13 4.32 4.53 4.76 5.01 5.26 5.53 5.81
4.50 2.48 4.64 4.83 5.05 5.29 5.54 5.81 6.09 6.37
5.00 2.58 5.15 5.35 5.57 5.82 6.08 6.36 6.65 6.95
5.50 2.68 5.65 5.86 6.09 6.35 6.63 6.91 7.21 7.53
6.00 2.73 6.15 6.37 6.61 6.87 7.15 7.44 7.75 8.07
6.50 2.75 6.65 6.87 7.11 7.37 7.66 7.95 8.26 8.58
7.00 2.74 7.15 7.37 7.61 7.87 8.15 8.45 8.76 9.07

Citric acid 
 

0.05 mol·L-1 

7.50 2.70 7.65 7.86 8.10 8.36 8.63 8.92 9.23 9.54
dpH = 5/4 for acetic, citric and phosphoric acid systems. 
dpH = 1 for ammonia system. 
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Table 4 (continued) 
 

  
s

w pH  at MeOH volume fraction of 
Buffering 
system 

Aqueous 
concentration w

w pH mpH 0.1 0.2 0.3 0.4 0.5 0.6 0.7 0.8
2.11 1.51 2.19 2.31 2.44 2.59 2.74 2.91 3.08 3.25
3.00 2.36 3.13 3.32 3.52 3.75 3.99 4.25 4.51 4.79
3.50 2.40 3.64 3.82 4.03 4.27 4.51 4.77 5.04 5.32
6.50 2.99 6.67 6.90 7.16 7.45 7.76 8.08 8.41 8.76
7.00 2.98 7.17 7.40 7.66 7.95 8.25 8.57 8.90 9.25
7.50 2.94 7.67 7.89 8.15 8.44 8.74 9.05 9.38 9.73
8.00 2.85 8.16 8.38 8.63 8.91 9.20 9.51 9.83 10.16

0.01 mol·L-1 

8.50 2.62 8.65 8.85 9.08 9.33 9.60 9.88 10.18 10.48
2.21 2.54 2.25 2.45 2.67 2.92 3.18 3.45 3.73 4.03
3.00 2.81 3.16 3.38 3.62 3.89 4.18 4.48 4.80 5.12
3.50 2.81 3.66 3.88 4.12 4.39 4.68 4.99 5.30 5.63
6.50 2.96 6.67 6.90 7.16 7.44 7.74 8.06 8.40 8.74
7.00 2.95 7.17 7.40 7.66 7.94 8.24 8.56 8.89 9.24
7.50 2.94 7.67 7.89 8.15 8.43 8.73 9.05 9.38 9.72
8.00 2.88 8.16 8.39 8.64 8.92 9.21 9.52 9.84 10.18

Phosphoric 
acid 

0.05 mol·L-1 

8.50 2.73 8.65 8.87 9.11 9.37 9.65 9.94 10.25 10.57
8.00 -0.69 7.93 7.86 7.79 7.73 7.66 7.59 7.52 7.45
8.50 -0.69 8.43 8.36 8.29 8.22 8.16 8.09 8.02 7.95
9.00 -0.69 8.93 8.86 8.79 8.72 8.66 8.59 8.52 8.45
9.50 -0.69 9.43 9.36 9.29 9.23 9.16 9.09 9.02 8.95

0.01 mol·L-1 

10.00 -0.66 9.93 9.87 9.80 9.73 9.67 9.60 9.53 9.47
8.00 -0.68 7.93 7.86 7.80 7.73 7.66 7.59 7.52 7.45
8.50 -0.68 8.43 8.36 8.30 8.23 8.16 8.09 8.02 7.95
9.00 -0.68 8.93 8.86 8.80 8.73 8.66 8.59 8.52 8.45
9.50 -0.68 9.43 9.36 9.30 9.23 9.16 9.09 9.02 8.95

Ammonia 

0.05 mol·L-1 

10.00 -0.68 9.93 9.86 9.80 9.73 9.66 9.59 9.52 9.46
dpH = 5/4 for acetic, citric and phosphoric acid systems. 
dpH = 1 for ammonia system. 
 

 

Table 5. pH values at different buffer concentrations corresponding to maximum buffer 
capacity in aqueous solutions, calculated from de w

w ap K  (54) of the buffering species. 
 

  Equimolar concentration (mol·L-1) 
Buffer w

w ap K  0.001 0.01 0.05 0.1 
Acetic acid/acetate 4.76 4.74 4.72 4.69 4.67 
Ammonium/ammonia 9.25 9.26 9.28 9.32 9.34 
Phosphoric acid/dihydrogenphosphate 2.16 2.15 2.13 2.09 2.07 
Dihydrogenphosphate/hydrogenphosphate 7.21 7.14 7.01 6.85 6.76 
Citric acid/dihydrogencitrate 3.13 3.12 3.10 3.06 3.04 
Dihydrogencitrate/hydrogencitrate 4.76 4.69 4.56 4.40 4.31 
Hydrogencitrate/citrate 6.40 6.21 5.91 5.59 5.44 
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5. pKa VARIATION OF THE ANALYTES WITH THE ADDITION OF 

ACETONITRILE OR METHANOL 

 

 For the most common families of analytes, linear relations have been established for 

pKa values in the hydroorganic mobile phases in relation to their aqueous pKa. Rived et al. 

(46-48) and Espinosa et al. (22, 49) developed equations to estimate s
s ap K  from w

w ap K  

values of pyridines, amines, carboxylic aromatic acids, carboxylic aliphatic acids and phenols 

in methanol-water and acetonitrile-water, respectively. They proposed the same general 

equations: 

 
s w
s a s w a sp pKK a b= +  [10] 

 

with  

 
2

s1 Org s2 Org
s 2

s3 Org s4 Org

1
1

a a
a

a a
φ φ
φ φ

+ +
=

+ +
 [11] 

2
s1 Org s2 Org

s 2
s3 Org s4 Org1

b b
b

b b
φ φ
φ φ

+
=

+ +
 [12] 

 

where Orgφ  is the volume fraction of organic solvent (acetonitrile or methanol) in the 

hydroorganic mixture, and as1, as2, as3, as4, bs1, bs2, bs3 and bs4 are fitting constants for all acids 

of the same family at any organic solvent-water composition. These asi and bsi values are 

shown for methanol in Table 6 and for acetonitrile in Table 7. The analyte pKa in the 

hydroorganic mobile phase can be expressed in the s
w ap K  scale, instead of the s

s ap K , through 

the already known δ parameter (Eqs. 4 or 5). Therefore Eq. 10 is converted to the following 

expression: 

 
s w

w a s w a sp pKK a b δ= + +  [13] 

 

Tables 8 and 9 show several examples of calculated s
w ap K  values for families of compounds 

when increasing the acetonitrile or the methanol fraction in the hydroorganic mixture. s
w ap K  
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of neutral acids or anionic acids (aliphatic and aromatic carboxylic acids and phenols) 

increase when acetonitrile or methanol is added, whereas the s
w ap K  of cationic acids (amines 

and pyridines) decreases, mainly due to electrostatic interactions that contribute to the pKa 

value (36, 45).  

 
 
Table 6. Parameters for the prediction of the slope as (Eq. 11) and the intercept bs (Eq. 12) of 
the linear correlation between s

s ap K  values in methanol-water and w
w ap K  in water (Eq. 10) 

(46) 
 

Family of compounds as1 as2 as3 as4 
Phenols -0.656 -0.030 -0.844 0.133 
Aliphatic carboxylic acids -1.406 0.680 -1.551 0.827 
Aromatic carboxylic acids     
    with ortho-substituents -1.189 0.190 -1.424 0.425 
    without ortho-substituents -1.101 0.103 -1.516 0.518 
Amines -0.476 0.209 -0.400 0.158 
Pyridines 2.617 0.000 2.809 0.000 
Family of compounds bs1 bs2 bs3 bs4 
Phenols -0.454 0.866 -0.017 -0.865 
Aliphatic carboxylic acids 1.034 -0.898 -1.250 0.277 
Aromatic carboxylic acids     
    with ortho-substituents 0.449 -0.429 -1.674 0.677 
    without ortho-substituents -0.178 0.187 -1.699 0.702 
Amines -0.458 0.477 -1.674 0.690 
Pyridines -1.733 1.763 -1.214 0.272 
Valid equations up to 100% (v/v) of methanol. 
 

 

Table 7. Parameters for the prediction of the slope as (Eq. 11) and the intercept bs (Eq. 12) of 
the linear correlation between s

s ap K  values in acetonitrile-water and w
w ap K  in water (Eq. 10) 

(22, 49) 
 

Family of compounds as1 as2 as3 as4 
Aliphatic carboxylic acids 9.97 -8.59 8.83 -8.72 
Aromatic carboxylic acids 52.04 -10.93 49.33 -32.69 
Phenols 10.05 -10.04 7.97 -8.37 
Amines -0.73 -0.27 -0.87 -0.12 
Pyridines -1.67 0.67 -1.66 0.67 
Family of compounds bs1 bs2 bs3 bs4 
Aliphatic carboxylic acids -0.68 9.94 8.45 -8.59 
Aromatic carboxylic acids -5.32 8.99 22.56 -23.21 
Phenols -5.33 9.95 0.19 -0.70 
Amines -1.82 2.25 -1.75 0.90 
Pyridines -1.78 1.89 -0.58 -0.40 
Valid equations up to 60% (v/v) of acetonitrile (100% for pyridines). 
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Table 8. pKa variation of analytes in acetonitrile-water mixtures. 

  s
w ap K  at MeCN volume fraction of 

Family of analytes w
w ap K 0.1 0.2 0.3 0.4 0.5 0.6

Aliphatic carboxylic acids 2.00 2.14 2.28 2.43 2.61 2.82 3.09
 2.50 2.67 2.83 3.00 3.19 3.41 3.70
 3.00 3.21 3.38 3.56 3.76 4.01 4.32
 3.50 3.74 3.93 4.12 4.34 4.60 4.94
 4.00 4.27 4.47 4.68 4.92 5.19 5.55
 4.50 4.80 5.02 5.24 5.49 5.79 6.17
 5.00 5.33 5.57 5.81 6.07 6.38 6.78
Aromatic carboxylic acids 2.00 2.02 2.12 2.23 2.35 2.47 2.57
 2.50 2.57 2.69 2.84 3.00 3.16 3.32
 3.00 3.11 3.27 3.45 3.64 3.85 4.08
 3.50 3.65 3.84 4.05 4.29 4.55 4.83
 4.00 4.20 4.41 4.66 4.94 5.24 5.58
 4.50 4.74 4.99 5.27 5.58 5.94 6.33
 5.00 5.28 5.56 5.88 6.23 6.63 7.08
Phenols 7.00 7.35 7.40 7.49 7.70 8.07 8.64
 7.50 7.90 7.97 8.08 8.30 8.67 9.26
 8.00 8.46 8.55 8.67 8.89 9.28 9.88
 8.50 9.02 9.13 9.26 9.49 9.89 10.49
 9.00 9.57 9.71 9.85 10.09 10.50 11.11
 9.50 10.13 10.28 10.44 10.69 11.10 11.73
 10.00 10.68 10.86 11.03 11.29 11.71 12.34
 10.50 11.24 11.44 11.62 11.89 12.32 12.96
 11.00 11.79 12.02 12.21 12.49 12.93 13.58
Amines 7.00 6.90 6.76 6.59 6.39 6.18 6.02
 7.50 7.41 7.28 7.11 6.92 6.72 6.55
 8.00 7.91 7.79 7.63 7.44 7.25 7.08
 8.50 8.42 8.30 8.15 7.97 7.78 7.62
 9.00 8.93 8.82 8.67 8.49 8.31 8.15
 9.50 9.43 9.33 9.19 9.02 8.84 8.69
 10.00 9.94 9.84 9.71 9.55 9.37 9.22
 10.50 10.45 10.36 10.23 10.07 9.90 9.76
 11.00 10.95 10.87 10.75 10.60 10.43 10.29
Pyridines 4.00 3.82 3.64 3.46 3.25 3.01 2.70
 4.50 4.32 4.14 3.95 3.75 3.50 3.19
 5.00 4.82 4.64 4.45 4.24 3.99 3.68
 5.50 5.32 5.14 4.95 4.74 4.49 4.16
 6.00 5.82 5.64 5.45 5.23 4.98 4.65
 6.50 6.32 6.13 5.94 5.73 5.47 5.14
 7.00 6.82 6.63 6.44 6.22 5.96 5.63
 7.50 7.32 7.13 6.94 6.72 6.46 6.12
 8.00 7.82 7.63 7.43 7.21 6.95 6.60
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Table 9. pKa variation of analytes in methanol-water mixtures. 

 

  s
w ap K  at MeOH volume fraction of 

Family of analytes w
w ap K 0.1 0.2 0.3 0.4 0.5 0.6 0.7 0.8

Aliphatic carboxylic acids 2.00 2.15 2.32 2.50 2.72 2.96 3.21 3.45 3.62
 2.50 2.66 2.83 3.03 3.25 3.50 3.76 3.99 4.16
 3.00 3.16 3.35 3.55 3.78 4.04 4.30 4.54 4.70
 3.50 3.67 3.86 4.08 4.32 4.58 4.85 5.09 5.24
 4.00 4.18 4.38 4.60 4.85 5.12 5.40 5.63 5.77
 4.50 4.69 4.90 5.13 5.38 5.66 5.94 6.18 6.31
 5.00 5.19 5.41 5.65 5.92 6.20 6.49 6.73 6.85
Aromatic carboxylic acids    

with ortho-substituents 2.00 2.11 2.23 2.38 2.56 2.78 3.03 3.29 3.51
 2.50 2.62 2.76 2.93 3.12 3.36 3.63 3.91 4.15
 3.00 3.13 3.29 3.47 3.68 3.93 4.22 4.53 4.79
 3.50 3.65 3.81 4.01 4.23 4.51 4.82 5.14 5.44
 4.00 4.16 4.34 4.55 4.79 5.08 5.41 5.76 6.08
 4.50 4.67 4.86 5.09 5.35 5.65 6.01 6.38 6.72
 5.00 5.18 5.39 5.63 5.90 6.23 6.60 6.99 7.36

without ortho-substituents 2.00 2.08 2.17 2.28 2.41 2.56 2.73 2.87 2.91
 2.50 2.60 2.72 2.85 3.01 3.20 3.41 3.59 3.69
 3.00 3.12 3.26 3.43 3.62 3.84 4.09 4.32 4.47
 3.50 3.65 3.81 4.00 4.22 4.48 4.77 5.05 5.25
 4.00 4.17 4.36 4.57 4.83 5.12 5.45 5.77 6.03
 4.50 4.69 4.90 5.15 5.43 5.76 6.13 6.50 6.81
 5.00 5.21 5.45 5.72 6.04 6.40 6.81 7.22 7.59
Phenols 7.00 7.10 7.23 7.37 7.54 7.73 7.93 8.13 8.27
 7.50 7.61 7.75 7.90 8.07 8.27 8.48 8.68 8.83
 8.00 8.12 8.27 8.43 8.61 8.81 9.03 9.24 9.39
 8.50 8.63 8.78 8.96 9.15 9.36 9.58 9.79 9.94
 9.00 9.14 9.30 9.48 9.68 9.90 10.13 10.35 10.50
 9.50 9.65 9.82 10.01 10.22 10.44 10.68 10.90 11.05
 10.00 10.16 10.34 10.54 10.75 10.99 11.23 11.45 11.61
 10.50 10.67 10.86 11.07 11.29 11.53 11.78 12.01 12.17
 11.00 11.18 11.38 11.59 11.83 12.08 12.33 12.56 12.72
Amines 7.00 6.91 6.82 6.74 6.66 6.59 6.52 6.41 6.20
 7.50 7.41 7.32 7.23 7.15 7.08 7.00 6.89 6.68
 8.00 7.90 7.81 7.72 7.64 7.56 7.49 7.37 7.16
 8.50 8.40 8.30 8.21 8.12 8.05 7.97 7.85 7.64
 9.00 8.90 8.79 8.70 8.61 8.53 8.45 8.33 8.12
 9.50 9.39 9.29 9.19 9.10 9.02 8.94 8.82 8.61
 10.00 9.89 9.78 9.68 9.59 9.50 9.42 9.30 9.09
 10.50 10.38 10.27 10.17 10.07 9.99 9.90 9.78 9.57
 11.00 10.88 10.77 10.66 10.56 10.47 10.39 10.26 10.05
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Table 9 (continued) 
 

  s
w ap K  at MeOH volume fraction of 

Family of analytes w
w ap K 0.1 0.2 0.3 0.4 0.5 0.6 0.7 0.8

Pyridines 4.00 3.77 3.57 3.38 3.20 3.05 2.91 2.76 2.58
 4.50 4.27 4.06 3.86 3.69 3.53 3.39 3.24 3.06
 5.00 4.76 4.54 4.35 4.17 4.01 3.86 3.72 3.54
 5.50 5.25 5.03 4.83 4.65 4.49 4.34 4.19 4.01
 6.00 5.74 5.52 5.32 5.13 4.97 4.82 4.67 4.49
 6.50 6.24 6.01 5.80 5.61 5.45 5.30 5.15 4.97
 7.00 6.73 6.50 6.29 6.10 5.93 5.78 5.63 5.44
 7.50 7.22 6.98 6.77 6.58 6.41 6.26 6.10 5.92
 8.00 7.71 7.47 7.25 7.06 6.89 6.74 6.58 6.39

 

 

6. ESTIMATION OF THE DEGREE OF IONISATION AND VARIATION ON 

CHROMATOGRAPHIC RETENTION OF ANALYTES  

 

 The retention of acid-base analytes in RP-HPLC mainly depends on their 

hydrophobicity and ionisation degree (1-3, 6, 7, 9, 14, 50-53). Whereas the hydrophobicity of 

a substance is a property inherent to the own nature of the analyte, the degree of ionisation 

depends on both, analyte dissociation constant and mobile phase pH. As a general rule for 

analytes of similar hydrophobicity, the higher the degree of ionisation, the lower the retention. 

 For a compound that has a unique acid-base equilibrium (HAz-Az-1), ruled by an acidity 

constant (Ka), its ionisation degree (α ), i.e. the mole fraction of the ionised species, can be 

calculated by: 

 

pHp1

1
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1
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]A[
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−

+
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or 
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where Aα  is the ionisation degree of a neutral acid (z = 0) and HAα  corresponds to the 

ionisation degree of a neutral base (z = 1). Strictly, pH and pKa should be pHs
s  and a

s
s p K . 

However, we can use pHs
w  and a

s
w p K  values because a

s
w

s
wa

s
s

s
s ppHppH KK −=−  since 

s s s s
w s w a s apH pH p pK K δ− = − = . 

 Inserting the estimated values of both the analyte pKa and the mobile phase pH in Eq. 14 

or 15 we are able to predict the ionisation degree of an analyte in a particular mobile phase. 

Now we are capable of explaining the retention changes observed in the chromatograms of 

Fig. 1, in which two different buffering systems of initial aqueous concentration of 0.01 

mol·L-1 and pHw
w  8.00 prepared from dihydrogenphosphate/ /hydrogenphosphate and 

ammonium/ammonia were considered. The pKa values of the chromatographied acid-base 

analytes were relatively close to 8 (with their corresponding a
w
w p K  values in brackets (11, 

54)): 4-nitrophenol (7.15), 2-nitrophenol (7.23), 2,4,6-trimethylpyridine (7.43), 3-nitrophenol 

(8.36), 2-chlorophenol (8.56), N,N-dimethylbenzylamine (8.91), and 3-bromophenol (9.03). 

The hydrophobicities of these compounds were quite similar. Figure 4 shows the calculated 

ionisation degrees (Eqs. 14 or 15) for the analytes from their estimated pKa (Eq. 13) and 

mobile phase pH (Eq. 6 or 7) at several fractions of methanol. At 60% (v/v) of methanol the 
s

w pH  of the dhydrogenphosphate/hydrogenphosphate and ammonium/ammonia mobile 

phases were 9.51 and 7.59, respectively, and the s
w ap K  of the analytes in both mobile phases 

were, 8.10, 8.19, 6.19, 9.43, 9.65, 8.37, and 10.17, respectively. In case of pyridines and 

amines the ionisation degree is high when the pH of the mobile phase is lower than the 

analyte pKa ( BH B H+ ++ ), and in the rest of the cases (aromatic and aliphatic carboxylic 

acids and phenols) the ionisation is high when the pH is higher than the pKa 

( HA H A+ −+ ). 
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Figure 4. Variation of the ionisation degree of acid-base compounds with the addition of methanol to 

H2PO4
--HPO4

2- and NH4
+-NH3 aqueous buffers of pHw

w  8.00 and concentration 0.01 mol·L-1. Legend: 

( , ) 2,4,6-trimethylpyridine, ( , ) N,N-dimethylbenzylamine, ( , )  3-bromophenol, ( , ) 2-

chlorophenol, ( , ) 2-nitrophenol, ( , ) 3-nitrophenol, and ( , ) 4-nitrophenol. From ref. (44), 

with permission, © 2007 Elsevier. 

 

 

7. ESTIMATION OF CHROMATOGRAPHIC RETENTION OF IONISABLE 

ANALYTES  

 

 The pH and pKa models exposed above can be used to achieve quantitative 

information about the retention of weak acid-base analytes (Eq. 1). It is possible to predict the 

retention from both, the estimated buffer pH and solute pKa, and from the retentions of the 

pure acidic and basic forms of the analyte. These retention times can be measured in mobile 

phases with a pH at least two or three units lower and higher than the pKa of the analyte. In a 

recent paper (26), several drugs with known aqueous pKa were studied to test this retention 

time estimation model in acetonitrile-aqueous buffer mobile phases: diclofenac, ibuprofen and 

naproxen (nonsteroidal anti-inflammatory drugs), codeine (narcotic analgesic), trazodone, 

imipramine, nortriptyline and maprotiline (antidepressants). Fig. 5 shows the differences 

between the experimental and the estimated retention times at several measured aqueous pH. 

Generally, there is a very good correspondence between the estimated and the experimental 

retention times. Except for ibuprofen and imipramine, the average of the absolute error for all 

the analytes and studied pH values is less than 5%. These differences in retention times for 

imipramine and ibuprofen can be attributed to a mismatch between the chromatographically 
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obtained a
s

w p K  values and the estimated ones. We must take into account that when the 

difference in retention times of the neutral and fully ionised species is large, this pKa 

mismatch has a significant effect on retention estimation. When no experimental aqueous pKa 

value is available in the literature for a particular analyte, it is possible to resort to 

computational programs, e.g. SPARC (55) and ACD/Labs (56). The former is freely accessed 

through Internet, and the latter is embedded in the SciFinder ScholarTM 2006 data base 

research tool. 

 

 

 

 

 

 

 

 

 

 

 

Figure 5. Differences between the experimental and the estimated retention times at several measured 

pHw
w  (∆tR=tR

est-tR). Estimated retention times were calculated through Eq. 1, where a
s

w p K  were 

estimated from the literature a
w
w p K  values, and pHs

w  were estimated from measured aqueous pHw
w . 

Buffer aqueous concentration was, in all cases, 0.01 mol·L-1. Legend: ( ) trazodone, ( ) diclofenac, 

( ) codeine, ( ) naproxen, ( ) ibuprofen, ( ) imipramine, ( ) maprotiline, ( ) nortriptyline. From 

ref. (26), with permission, © 2006 Elsevier. 

 

 Sometimes it is not possible to measure both of the pure acidic and basic forms of the 

analyte, either because the required pH value is not recommended for the column (e.g. high 

pH values in silica based columns) or because the k value is too high and the solute can not be 

detected in a reasonable analysis time. In these cases it is recommended to resort to models 

able to infer the chromatographic behaviour of the analytes upon changes in the experimental 

factors. Once the models are built with data obtained from sets of experiments, molecular 

modelling or other approaches, they can be applied to predict the performance of new 

conditions (57). 
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8. CONCLUSIONS 

 

 When adding acetonitrile or methanol to an aqueous buffer to prepare a mobile phase, 

the pH of the hydroorganic mixture depends on the nature of the buffering species, the 

organic solvent content, and the aqueous pH and concentration of the buffer. Models have 

been developed to allow and accurate prediction of this pH change for several commonly used 

buffers in RP-HPLC (acetic, citric and phosphoric acid and ammonia systems) in acetonitrile-

water and methanol-water mobile phases. Both models cover initial aqueous concentrations 

between 0.001 and 0.1 mol·L-1, and organic solvent contents up to 60% in volume for 

acetonitrile and 80% for methanol. 

 The buffer capacity decreases when the organic solvent is added, due to the dilution 

effect of the mixture, and their maximum values shift together with the pKa variation of the 

buffer species. 

 Linear relationships have been also modelled between the pKa values of acid-base 

analytes in methanol-water and acetonitrile-water and their corresponding pKa values in 

water. The pKa variation depends on the nature of family of compounds, the aqueous pKa and 

the organic solvent content in the mixture. These linear relations have been established for the 

most common families of acid-base analytes: aromatic and aliphatic carboxylic acids, 

phenols, amines and pyridines. In acetonitrile-water these relations are applicable up to 60% 

in volume of organic modifier (100% for pyridines).  

From both the analyte pKa and the mobile phase pH, the analyte ionisation degree, which 

plays an important role in the chromatographic retention of acid-base compounds, can be 

easily calculated. Moreover, with the measured retention times of neutral and fully ionised 

species this approach is able to estimate the retention times of weak acids and bases at any 

hydroorganic pH. 
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Abstract

Nitromethane has several properties that make it an interesting solvent for capillary electrophoresis especially for lipophilic analytes that
are not sufficiently soluble in water: freezing and boiling points are suitable for laboratory conditions, low viscosity leads to favourable
electrophoretic mobilities, or an intermediate dielectric constant enables dissolution of electrolytes. In the present work we investigate the
change of electrophoretically relevant analyte properties – mobilities and pKa values – in nitromethane in dependence on the most important
experimental conditions determined by the background electrolyte: the ionic strength,I, and the pH. It was found that the mobility decreases
with increasing ionic strength (by, e.g. up to 30% fromI = 0 to 50 mmol/L) according to theory. An appropriate pH scale is established by the
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. Introduction

Although water is by far the most common solvent in
apillary electrophoresis (CE), it has the disadvantage that
ipophilic compounds may exhibit a low solubility in it, and
he amount of analytes dissolved often does not reach the
imit of detection. In such cases it is favourable to substitute
ater by aqueous–organic mixtures or organic solvents. It

s obvious that in some cases these solvent systems might
lso improve the separation selectivity (though the case can
e vice versa as well). Most probably the effect of organic
olvents on separation efficiency is overestimated, as has
een discussed in detail in a previous paper[1]. Methanol
nd acetonitrile are certainly the most common members of
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E. Kenndler)/+358 9 19150 253 (S.P. Porras).
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the class of organic solvents for solutions of analytes an
the constituents of the background electrolyte (BGE). H
ever, not only are these two solvents used in CE, but a
number of other protic or dipolar aprotic solvents (see,
ref. [2]).

Nitromethane (NM) has not been applied as solvent to
so far; only one recent application dealt with the separa
of chlorophenols in binary mixtures of water with NM[3].
However, NM is widely used, e.g. as extraction solvent o
a reaction medium. It has a broad application range in org
synthesis (e.g. pharmaceuticals, pesticides, fibres, etc
as stabilisation agent, e.g. for halogenated hydrocarbo
is also used as a fuel for high performance engines (e
drag racing) because of the low amount of air it need
burn. In addition, NM is also used for cleaning electro
circuit boards and in explosive industry. It should be no
however, that NM itself is not classified as an explosive
an explosive is formed only when it is mixed together w
inorganic nitrite[4].

021-9673/$ – see front matter © 2005 Elsevier B.V. All rights reserved.
oi:10.1016/j.chroma.2005.02.072
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For potential use in CE it has a number of interesting prop-
erties, e.g. its freezing (−28.6◦C [5]) and boiling (101.2◦C
[5]) points, its moderate relative permittivity (36.3 at 25◦C
[5]), low dynamic viscosity (0.614 cP at 25◦C [5]), and wide
pH range of at least 24 pH units (autoprotolysis constant,
pKauto≥ 24[6]). It should also be noted that NM is a solvent
where hetero- and homoconjugation[6–9] as well as ion pair
formation[10,11]might be present.

It is therefore the goal of the present work to investi-
gate the suitability of NM for CE. This investigation will
not be directed to a special application, from which of-
ten no general conclusions can be drawn. This work rather
deals with fundamental physicochemical parameters, which
describe the main electrolyte properties CE is based on.
Therefore, we consider the influence of the solvent on
the electrophoretic mobility and the acid–base properties
of electrolytes, being either analytes or constituents of the
BGE. We treat the influence of the solvent on the mo-
bility as function of the ionic strength by the extended
Debye–Ḧuckel–Onsager (DHO) conductivity theory. We fur-
ther prove the applicability of the Henderson–Hasselbalch
relation to nitromethane as solvent, describing the depen-
dence of the effective mobility on the pH and the pKa via
the degree of dissociation. Such dependence could give the
tool to establish a pH scale in nitromethane without the
use of an electrode for the pH measurement, avoiding in
t tion
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2.2. Reagents

Nitromethane (HPLC grade 96+%; the purity of the
lots used was 99.43%) was from Aldrich (Steinheim, Ger-
many). Analytes injected werep-nitrophenol (98%), pyrene
(99%, both Aldrich),p-toluic acid (4-methylbenzoic acid,
98%), p-chlorobenzoic acid (both EGA-Chemie, Stein-
heim, Germany), phenylacetic acid (99%, Fluka, Steinheim,
Germany), tetramethylammonium (TMA) chloride (97%,
Aldrich), tetraethylammonium (TEA) chloride (98%, Sigma,
Steinheim, Germany) and tetrabutylammonium (TBA) chlo-
ride (>97%, Fluka). BGEs were prepared with benzoic
acid (>99%, Fluka), tetramethylammonium benzoate (>98%,
Fluka) and tetrapropylammonium (TPA) perchlorate (>98%,
Fluka). Hydranal-Coulomat AD Karl Fischer reagent from
Riedel-de Häen (Seelze, Germany) was used for coulometric
titrations of the water content. All chemicals were used as
received. Water was double distilled from a quartz apparatus.

2.3. Procedures

Water uptake experiments were performed in two open
vessels containing 20 mL of pure nitromethane each, both
exposed to atmospheric moisture. One of these vessels was
subjected to gentle stirring with a magnetic bar. Relative hu-
midity during the measurements was 44± 2%, temperature
w ith a
R nd).

l an-
a ired
a
w sed
t nic
s hlo-
r ltra-
s

flow
m e, ani-
l iour.
P tion
c tion
o

3

d as
a rop-
e ab-
o gh
e low
v nip-
u that
h rties,
b e lit-
e s
his way the experimental bias introduced by liquid junc
otentials.

. Experimental

.1. Instrumentation

Capillary electrophoresis was carried out with an HP3DCE
nstrument (Hewlett-Packard, Waldbronn, Germany) u
hotometric diode-array detection (DAD) and a dual cell c

actless conductivity detector (CCD) mounted in the ca
ary cassette as described elsewhere[12]. DAD signals were
ecorded at 240, 254 and 340 nm.

CCD signals were processed by a Hewlett-Pac
5900E dual channel A/D converter. Data collection f
etectors was performed with ChemStation software.
oated fused-silica capillaries (Composite Metal Serv
lkley, UK) of 25 �m I.D.× 375�m O.D. were used. Tot
apillary length was 58.5 cm, and effective capillary leng
or normal/short end-injection were 50.0/8.5 cm (DA
3.4/15.1 cm (CCD, cell 1) and 44.9/13.6 cm (CCD,
). The capillary cassette was thermostatted at 25◦C with

orced air-cooling. Samples were hydrodynamically inje
t 50 mbar for 4 s. The applied positive voltage was 29,88
set at 30 kV), as averaged from the recorded voltage si

The water content of pure nitromethane and BGEs
easured with a coulometric Karl Fischer titrator (756
oulometer, Metrohm, Herisau, Switzerland).
as 21.7± 0.3◦C. These parameters were measured w
otronic Hygroskop DV-2 meter (Bassersdorf, Switzerla
The BGEs used to measure the mobilities of severa

lytes at different pH were prepared by mixing the requ
mount of benzoic acid (pKa of 19.5 at 25.0± 0.3◦C [6])
ith tetramethylammonium benzoate in NM. The BGEs u

o determine the mobility of the analytes at varying io
trength were prepared from tetrapropylammonium perc
ate. All BGEs were degassed after preparation in an u
onic bath.

Several neutral solutes were tested as electroosmotic
arkers (pyrene, phenanthrene, naphthalene, benzen

ine and pyridine) and they all exhibited the same behav
yrene was finally selected due to its high molar extinc
oefficient in a range of wavelengths used for UV detec
f the analytes.

. Results and discussion

Despite nearly not used so far, NM can be considere
suitable solvent for CE due to its favourable thermal p
rties (its melting and boiling point allow its use under l
ratory conditions), its relative permittivity (which is hi
nough to dissociate electrolytes in solutions), and its
iscosity favourable for fast analysis and comfortable ma
lation of the solutions. One possibly restrictive aspect
as to be considered as well is related to its optical prope
ecause it absorbs light in the UV range. According to th
rature the UV cut-off is 380 nm[5] (the cut-off is defined a
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Fig. 1. Electropherogram of (A) tetraalkylammonium cations: TMA, TEA and TBA obtained with contactless conductivity detector (CCD). BGE: unbuffered,
30 mmol/L tetrapropylammonium perchlorate. (B) Neutral analytes: (1)p-nitrophenol; (2)p-chlorobenzoic acid; (3)p-toluic acid; (4) pyrene; obtained with
UV absorbance detection at 240 nm. BGE: unbuffered, 20 mmol/L TMA chloride. Sample components 1, 2 and 3 are injected from the short end, sample 4
from the normal end of the capillary. Experimental conditions: uncoated fused silica capillary, I.D./O.D. 25/375�m, total length 58.5 cm, effective lengths for
normal/short-end injection 50.0/8.5 cm (DAD), 43.4/15.1 cm (CCD). Temperature 25◦C. Voltage +30 kV.

the point where the absorbance in a 1.0 cm light-path-length
cell against dry air is 1.0). However, this absorptivity does
not exclude its use as solvent in CE (as will be shown below)
and because conductivity detection is not interfered by the
optical behaviour of the solvent. Note that the use of the con-
ductivity detector extends not only the applicability range of
the solvents, but also that of the potential components for the
background electrolyte: UV absorbing BGE components can
be applied without any restriction. Note also that the conduc-
tivity detector has a further advantage being able to detect
non-UV absorbing analytes. Its disadvantage in many cases
is related to the tendency for triangulating peaks, which has
the cause in the relatively high analyte concentrations often
needed for detection (the same holds, by the way, for indirect
UV detection).

An example for an electropherogram obtained in NM with
such separands is given inFig. 1A. It shows the separation of
tetraalkyammonium ions in a non-buffered BGE consisting
of tetrapropylammonium (TPA) perchlorate. Tetramethyl-
ammonium (TMA) and tetraethylammonium (TEA), both
exhibiting a higher mobility than TPA, give positive peaks,
whereas tetrabutylammonium (TBA) gives a negative one due
to its lower mobility. A second example (Fig. 1B) demon-
strates the possibility of UV detection at 240 nm even with
this light-absorbing solvent. Separation was carried out in a
non-buffered salt solution (20 mmol/L TMA+Cl−), in which
t lytes
a soci-
a is in-
j rm

indicate that complex formation with the chloride ion of the
BGE due to heteroconjugation is the cause for their charge
(for detailed discussion, see Ref.[13]). This phenomenon
will be discussed below in more detail.

3.1. Mobility, ionic strength, viscosity

The actual mobility of the ions (i.e. the mobility of the
fully charged ion at a certain ionic strength) depends on the
ionic strength. According to the extended DHO theory this
dependence is formulated for a monovalent 1:1 electrolyte
as

µact,i = µ0,i −
[

8.204× 105

(εT )3/2
µ0,i + 4.275

η(εT )1/2

]

×
√

I

1 + 50.29a(εT )−1/2
√

I
(1)

whereµact,i is the actual mobility,µ0,i the absolute mobility
(i.e. the mobility of fully charged ion at zero ionic strength),
ε the relative permittivity,T the absolute temperature,η the
dynamic viscosity (in Pa s or cP) anda is the ion size param-
eter or distance of closest approach (inÅ). All mobilities are
in 10−9 m2 V−1 s−1.

It can be seen from Eq.(1) that the decisive solvent-related
p mic
v in-
fl ne,
a ated
he analytes should not be ionised by protolysis (the ana
re very weak acids). However, although being not dis
ted, they are migrating as anions (note that the sample

ected from the short end of the capillary). Their anionic fo
hysical properties are the relative permittivity and dyna
iscosity. In order to obtain an insight into the extent of the
uence of the ionic strength on the mobility in nitrometha
nd to compare it with other solvents, we have calcul
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Fig. 2. Theoretical reduction of the mobility,µ, as a function of ionic
strength, I, in several solvents according to the extended DHO the-
ory (Eq. (1)). For all solvents a hypothetical absolute ion mobility of
40× 10−9 m2 V−1 s−1 and a distance of closest approach of 5Å was taken.
Temperature 25◦C. Abbreviations: ACN, acetonitrile; MeOH, methanol,
NM; nitromethane, DMF;N,N-dimethylformamide; W, water; DMSO,
dimethylsulfoxide; PC, propylene carbonate; FA, formamide.

the decrease in mobility according to Eq.(1) with solvent
data taken from ref.[5]. For simplicity the calculation was
carried out for hypothetical ions with an absolute mobility
of 40× 10−9 m2 V−1 s−1 and 5Å as distance of closest ap-
proach (we neglect at this stage that a particular ion will ex-
hibit different absolute mobilities in the different solvents).

The relative reduction of the absolute mobility increases
with ionic strength (Fig. 2) as predictable by Eq.(1).
Only considering monocharged 1:1 electrolytes (for higher
charged ions Eq.(1) has to be extended; moreover, the effect
is much larger) the following conclusions can be drawn from
the plots. The decrease in water is not very pronounced as
it reaches, e.g. atI = 50 mmol/L, not more than 15% com-
pared to infinite dilution. This is in fair agreement with prac-
tical daily experience. The influence is less than for water
in case of formamide (FA), dimethyl sulfoxide (DMSO) and
propylene carbonate (PC), but a much higher effect is pre-
dicted for acetonitrile (ACN), methanol (MeOH) andN,N-
dimethylformamide (DMF). NM behaves rather similar to
MeOH, and thus the reduction of the mobility with ionic
strength is much more pronounced here than in water.

The theoretical dependence ofµ onI was examined exper-
imentally for three permanent monovalent ions, TMA, TEA
and TBA. TPA could not be used as analyte because it was
a constituent of the BGE (TPA perchlorate). The resulting
mobilities decrease nonlinearly for ionic strength between
2

Fig. 3. Experimental actual mobilities,µact,i , of tetramethylammonium
(TMA), tetraethylammonium (TEA) and tetrabutylammonium (TBA) as a
function of ionic strength. Temperature 25◦C. Relative standard deviation
for the measurement of the mobilities (n= 3) was typically 0.4%. Solid lines
are fitted curves according to Eq.(1).

as seen from the fitted curves in the figure. We can therefore
conclude that the mobility dependence onI follows quite well
the extended DHO theory.

Extrapolation of the curves toI = 0 leads to the absolute
mobilities, which are given inTable 1. They range between
37.2 and 51.1× 10−9 m2 V−1 s−1. Although the indetermi-
nate error for measurement of the mobility is only in the range
of about 1%, the absolute mobility is possibly more biased
due to the asymptotic nature of the extrapolation to zeroI.
Parametera, the distance of closest approach, can also be
derived from the curve fitting. The resulted values are be-
tween 4 and 7̊A in the case of the selected analytes, which
are realistic concerning the sizes of the ions.

Moreover, the obtained absolute mobilities match well to
the ones expected from Walden’s rule (Table 2). This rule
states that the product of dynamic viscosity and absolute mo-
bility is constant (ηµ0,i = const) at a certain temperature, in-
dependent of the solvent. Although not well obeyed by the
smallest ion (TMA), the rule is followed very well especially
by the largest ion (with the lowest charge density): for TBA
Walden’s products agree in such different solvents as NM,
ACN, MeOH and FA within 5% relative, despite the viscosi-
ties vary nearly by a factor of 10.

In the measurement of the mobilities, the capillary cas-
sette was thermostatted at 25◦C. Temperature increase due
to Joule heating does not play a role under the working con-
d A

T
A po-
l

S

T
T
T

T
.5 and 75 mmol/L (seeFig. 3). The data match to Eq.(1),
itions (at 30 kV, the typical current for 10 mmol/L TM

able 1
bsolute mobilities,µ0,i , of tetraalkylammonium ions obtained by extra

ation of the fitted curve according to Eq.(1) to zero ionic strength

olute µ0,i (10−9 m2 V−1 s−1)

etramethylammonium (TMA) 51.1± 0.4
etraethylammonium (TEA) 46.1± 0.5
etrabutylammonium (TBA) 37.2± 0.3

= 25◦C.
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Table 2
Product of absolute ionic mobility,µ0,i , and dynamic viscosity,η, of the solvent (Walden product) of the tetraalkylammonium ions in different solvents

Solute µ0,iη (10−12 N V−1)

NMa NMb ACNb MeOHb FAb Waterb

Tetramethylammonium 31.4 34.69 33.44 39.31 43.94 40.94
Tetraethylammonium 28.3 30.32 30.14 34.56 35.73 29.66
Tetrabutylammonium 22.8 21.67 21.81 22.28 22.38 17.84

T= 25◦C. For error seeTable 1.
a This work; viscosity 0.614 cP[5].
b Calculated from conductivities taken from[19] and viscosities from[5]. Viscosities: NM, 0.614; ACN, 0.341; MeOH, 0.551; FA, 3.302; water, 0.8903 cP.

benzoate BGE was 2.5�A; for 75 mmol/L TPAClO4 it was
17.5�A), because no significant changes of the mobilities
were observed when repeating the measurements with lower
applied voltages (20 and 10 kV).

It should be mentioned that a strong functional effect ofI
on µ has the consequence that the separation efficiency, ex-
pressed by the ultimate plate number,Nult, is also strongly
affected by the ionic strength, and is always decreased.Nult

considers the limiting case that only longitudinal diffusion
is the source of peak broadening. It depends on the ratio
of mobility and diffusion coefficient of the analyte. Both pa-
rameters are correlated at zero ionic strength according to the
Nernst–Einstein relation, resulting in the well-known equa-
tionNult = 19.46zU, wherez is the charge number of the ion,
andU is the voltage. Note that at infinite dilution all sol-
vents should have the same ultimate plate number (for a given
voltage). However, the ionic strength dependence of the dif-
fusion coefficient and mobility is not the same. As at finite
electrolyte concentrations the mobility is decreased by both,
the relaxation effect and the electrophoretic effect, but the
diffusion coefficient only by the relaxation effect, the former
parameter is more reduced with increasing ionic strength than
the latter. As a consequence plate number is always lost at
finite ionic strength compared to the case withI = 0, and it can
be predicted that the reduction will be as more pronounced
as stronger a functional dependence ofµ on I is. This aspect
i pers
[ s of
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ions have different mobilities a charge separation is produced
and a liquid junction potential is generated. This potential is
strongly affected by the nature of the solvent at both sides of
the membrane. If the solvent is the same in the filling refer-
ence solution and in the external solution this contribution is
ideally cancelled, because then it has the same magnitude in
calibration and in pH measurement. Consequently, the same
solvent as in the sample should be used in the reference so-
lution and in the calibration solutions in order to minimize
the liquid junction potential effect. This means that, in the
present case, the glass electrode had to be adapted with a re-
liable NM reference filling solution, and the preparation of
trustworthy pH standard solutions with an accurately known
and stable pH. However, such special glass electrodes are
hard to maintain, and the solutions might not be stable under
the habitual working conditions in a chemistry laboratory,
especially under atmospheric moisture.

An alternative for the problematic use and maintenance
of the glass electrode is the application of a buffer com-
posed from an acid with known pKa in the given sol-
vent, and its conjugated base, mixed at defined ratios. The
Henderson–Hasselbalch equation (with activity correction)
allows then calculating the pH of a solution from the compo-
sition of the buffer according to

p

(
aHA

)

w p
t ,
t te
b e
a ion
p that
t pt is
t n
s

zoic
a l-
a tant
t stant
i on,
a ntra-
t -
l
t n
s discussed in detail for various solvents in previous pa
1,2,14]. In practice (at ionic strengths of several tenth
mol/L) NM should be a less favourable solvent than w
hen the separation efficiency is considered.

.2. pH scale and effective mobilities

By the aid of the commonly used glass electrode the p
erived from the difference in the electrochemical respon
H-sensible electrodes, e.g. according to pH= pHst + (E −
st)F/RT ln 10, whereE is the cell potential of the samp
f a certain pH,Est the standard cell potential of a buffer
nown pHst,F the Faraday constant andR is the gas constan

In a normal glass electrode, the electric contact betw
he glass sensitive membrane electrode and the refe
lectrode is produced through the external solution by m
f a porous material, normally a frit. A low current is

ablished when the ions of the internal reference filling s
ion and the external solution migrate across the frit. If th
H = pKa − log
aA

(2)

here pH is the pH value in the organic solvent scale,Ka
he dissociation constant of the buffering acid–base pairaHA
he activity of the acid andaA is the activity of the conjuga
ase of the acid. Strictly speaking, Eq.(2) considers only th
cid–base equilibria, not parallel or side equilibria like
airing or homo- and heteroconjugation. It is obvious

he requirement for applying a pH scale with this conce
he knowledge of the accurate pKa of the acid in the give
olvent.

Using this concept, we established a pH scale with ben
cid (with the known pKa of 19.5 [6]) and its tetramethy
mmonium salt in different proportions. Keeping cons

he salt concentration at 10 mmol/L led to the same con
onic strength in all electrolytes. The activity of the ani
A, was calculated from the product of the anion conce
ion, cA, and the activity coefficient,fi . The latter was calcu
ated from− logfi = (Az2

i I
1/2)/(1 + aBI1/2) according to

he extended theory of Debye and Hückel, taking the mea



X. Subirats et al. / J. Chromatogr. A 1079 (2005) 246–253 251

Fig. 4. Measured effective mobilities,µeff,i , vs. the pH of the BGE. The
BGE consisted of tetramethylammonium benzoate (10 mmol/L) and ben-
zoic acid at different proportions. The pH was calculated by means of the
Henderson–Hasselbalch equation (Eq.(2)), corrected for the activity of the
buffer anion. Relative standard deviation for the measurement of the mobili-
ties (n≥ 3) was typically 0.7%. Temperature 25◦C. Solid lines are the fitted
curves according to Eq.(3).

distance of closest approach as 5Å. AandBare the appropri-
ate parameters for NM. The activity coefficient for the ionic
strength of 0.010 mol/L was then 0.737. The activity of the
molecular acid, HA, was taken equal to its concentration.

Considering this activity correction, the pH scale was
shifted by−0.13 units compared to the concentration-based
scale. Agreement with the Henderson–Hasselbalch condi-
tions in this solvent system was proved for four different
compounds, for which the effective mobilities were deter-
mined as a function of the pH.

These effective mobilities,µeff,i , are depicted inFig. 4. In
the same figure the curves are obtained by fitting the data to

µeff,i = µact,i

1 + 10pKa−pH (3)

which gives the effective mobility as a function of the pKa of
the analyte and the pH of the solution. Fittings were carried
out taking a value of zero for the analyte mobility at pH lower
than 14 (which is more than three pH units smaller than the
pKa of the samples, see below). It can be concluded that
the fitted mobility versus pH curve is well followed by the
measured data points for all analytes.

This agreement is rather surprising when taking into
account that strong homoconjugation occurs in NM (see
Ref. [6]; for a detailed discussion, see e.g.[15]). In fact,
a f l
( nce
b L).
I s ho-
m and
t pect
t eing
h ost
p it due
t for

a given initial concentration ratio of HA and A-, homocon-
jugation would change the pH. Consequently, the mobilities
determined in a buffer with given initialcHA/cA should not
match to Eq.(3). It is seen inFig. 4that in fact they do, which
leads us to conclude that for the BGE under discussion ho-
moconjugation does not play the role it should according to
literature data.

Heteroconjugation data are not available from the litera-
ture for the analytes and buffer constituents depicted in the
plots inFig. 4. We think that we can exclude heteroconjuga-
tion between these specific analytes and benzoate, because
the mobilities match very well to the curves when values of
zero are taken forµ at low pH. If heteroconjugation would
play a role, finite (negative) values for the mobilities at low
pH would otherwise lead to a better match.

It is, however, evident that in our system heteroconjuga-
tion takes place under other conditions, which follows from
the electropherogram shown inFig. 1B. In this case, chloride
as constituent of the BGE forms anionic heteroconjugation
complexes with the neutral analytes, which are thus elec-
trophoretically separated.

Note that neither homo- nor heteroconjugation influences
the ionic strength of the BGE.

3.3. pKa values
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rather high homoconjugation constant,K , of 5620 L/mo
logKf = 3.75)[6] has been reported for the present refere
uffer acid, benzoic acid (water content of NM 5 mmol/
t is known that an increase in water content decrease
oconjugation due the competition between the water

he acid molecules in hydrogen bonding. We can thus ex
hat under the present conditions with a water content b
igher than 5 mmol/L the effect of homoconjugation is m
robably less pronounced, whereas we cannot quantify

o the lack in supporting data in the literature. Anyway,
Although the analyte mobilities are well following the
ed curves (Fig. 4), only for p-chlorobenzoic acid the pKa
erived from curve fitting is identical with the literature d
Table 3). For the other analytes the deviation between
alues and those given in the literature (determined by p
iometric method using a glass electrode[6]) is between 0.
nd 1.3 units. This is noticeable because the literature pKaval-
es for both, the reference acid and the analytes, are rep
y the same authors (see citations given in ref.[6]), and it is
ssumed that the data is measured under identical exper

al conditions. An explanation for the pKa difference migh
e the occurrence of secondary equilibrium, which shifts
easured mobilities of some analytes and thus the pKa val-
es. Again, this is hard to confirm due to lack of the litera
ata for such equilibria. However, the difference between
Ka values and published data is even much smaller tha
Ka discrepancy found in some cases for an individual
eported in the literature (see the compilation of Izutsu[6]).

able 3
Ka values of neutral acids in NM derived from the measured mobilitie
unction of the pH

olute pKa Literature
pKa [6]a

pKa in water
[20]

-Nitrophenol 18.74± 0.03 20.1 7.14
henylacetic acid 19.04± 0.03 20.1 4.31
-Toluic acid 19.14± 0.02 19.95 4.37
-Chlorobenzoic acid 18.81± 0.01 18.8 4.00

iterature values for NM and water are given for comparison.T= 25◦C.
a Water content 5 mmol/L.
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The difference in pKa values,�pKNM−W
a = pKNM

a −
pKW

a , of the carboxylic acids inTable 3between NM and wa-
ter is 14 units (for phenol, it is 11.6 units only). This total shift
is much larger than for methanol, and slightly smaller than
for acetonitrile.�pKNM−W

a is connected to the stabilisation
of the acid–base equilibrium, in particular to the stabilisation
of the individual particles involved in the equilibrium in the
two solvents (we have discussed about these concepts in a
number of previous works (see, e.g.[2,16,17]) and readers
are referred to these papers and to the literature cited therein).
For the present analytes and buffer acid, which are of type
HA, the particles are the proton, the anion and the molecular
acid. The standard free energy of transfer,�G0

t , is related
to �pKNM−W

a by basic thermodynamics.�G0
t for the pro-

ton is 95 kJ mol−1 from water to NM[18]. Positive value
means that NM is less basic than water (it is even less basic
than ACN, which has a�G0

t for the proton of 46.4 kJ mol−1

[18]). The contribution of the proton destabilization in NM
to the pKa shift is accordingly 4.0 pKa units. Unfortunately,
data for�G0

t of molecular acids is scant; only for acetic acid
data could be found, not for the analytes. However, for acetic
acid the pKa shift is similar (from 4.76 in water to 20.5 in NM
[6]). For acetate�G0

t is positive (56 kJ mol−1 [18]), which
allows the conclusion that anionic carboxylates are desta-
bilised in NM. The contribution of acetate on the pKa shift
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Fig. 5. Water content of pure nitromethane exposed to atmospheric moisture
as a function of the time of exposure. Relative humidity 44± 2%, tempera-
ture 21.7± 0.3◦C.

less than 2%, and after 24 h the curves flattened at contents
lower than 3%.

It is clear that the content itself does mean anything if
not related to the possible extent of changes in the properties
of the analytes and the BGE constituents. One of the most
important influences is on the pKa values. The prediction
of the detailed pKa shift with water content is not easy to
make because the pKa values do not linearly depend on the
composition of the mixed aqueous–organic media. However,
it can be assumed that the influence of small amounts of water
will be smaller when�pKNM−W

a is small. For the carboxylic
acids inTable 3, �pKNM−W

a is about 14 units. Under the
(unrealistic) assumption that the pKa shift is a linear function
of the water content, the decrease of the pKa values in NM
would be about 0.14 pKa units per % water. It is expected that
in reality the decrease is much more pronounced at the side of
low water concentrations, because there the slope of the pKa
versus % water curve is normally steeper. However, when the
analytes and the reference acid taken for the adjustment of
the pH are both neutral acids (of type HA), their behaviour
is similar. This means that the change will result in an only
parallel shift of the data. For accuracy reasons the change
of the pKa values should be taken into account even for an
uptake of say few tenth % water in NM, which might not be
exceeded when some care is taken on the protection of the
solvent. Although in this case the shift of few tenths pK units
i
d
w the
e

4

has
c hilic
c this
s accordingly 3.2 pKa units. Both effects contribute to t
eduction of the acidity in NM compared to water, but t
annot fully explain the total shift. The remaining contri
ion must come from the better stabilisation of the mo
lar acid in NM compared to water. It is expressed by
igher solubility of the relatively lipophilic organic acids
M.

.4. Water uptake

Organic solvents have an intrinsic trend to be hy
copic. This has to be taken into account because u
ormal analytical laboratory conditions there is no pro

ive anhydrous atmosphere to prevent from the uptak
ater. As the water content can change the propertie
rganic solvents, it is important to control at least roug
ow much water the solvent takes up from the laborator
osphere. For this purpose the water concentration of

tored in an open vessel was measured as a functi
ime of exposure under conditions of a typical labora
nvironment.

It was found that the water content of freshly opened
as lower than 0.03%, in agreement with the specifica
f the manufacturer. As seen inFig. 5, the water conten

ncreases when the solvent is exposed to laboratory air
lear that the increase is stronger in the stirred than in
on-stirred vessel. However, the content was less than
all water concentrations are given in % w/w) within ab
.5 h, independently whether the solvent was stirred or
fter 5 h of exposure the content reached 1%, after 10 h i
a
s perhaps lower than the difference in pKa data taken from
ifferent sources (see, e.g.[6]), its fluctuation with varying
ater concentrations can lead to a low reproducibility of
lectrophoretic behaviour.

. Conclusions

Nitromethane as solvent in capillary electrophoresis
ertainly the advantage over water that it dissolves lipop
ompounds much better. The behaviour of electrolytes in
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solvent can be well described by the models developed for
electrochemistry and solution chemistry. Consequently, the
decrease of the actual mobility with increasing ionic strength
follows the dependence formulated by the extended theory
of DHO. The establishment of a pH scale using BGEs with
different ratios of an acid and its salt leads to a good agree-
ment between effective mobility and pH according to the
Henderson–Hasselbalch equation for the selected experimen-
tal conditions. This is surprising because the expected homo-
conjugation should alter the pH scale.

Conjugation clearly takes place in NM. This is docu-
mented by the high values of the homoconjugation constants
published in the literature. Also, it is demonstrated in the
present work by the separation of neutral analytes upon com-
plex formation with chloride from the BGE.

The pKa values of the analytes are shifted by about
11–15 units compared to water. Interestingly they are even
levelled in NM: whereas the maximum difference in pKa be-
tween the phenolic analyte and the carboxylic acids is more
than +3 units in water, it is−0.4 units in NM.

Although the optical properties of NM may restrict its
use in CE, it is still possible to measure analytes with UV
detection. With the conductivity detector no such restrictions
exist.
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Comparison of methanol and acetonitrile as
solvents for the separation of sertindole and its
major metabolites by capillary zone electrophoresis

Sertindole (1-[2-[4-[5-chloro-1-(4-fluorophenyl)-1H-indol-3-yl]-1-piperidinyl]ethyl]-2-
imidazolidinone), an atypical antipsychotic drug, was separated by capillary electro-
phoresis from its two main metabolites norsertindole and dehydrosertindole. The low
solubility of the analytes in water (octanol-water partition coefficient is about 105) is
overcome by the use of methanol (MeOH) and acetonitrile (ACN) as solvents for the
background electrolyte (BGE). Mobilities were measured in BGEs with defined pH in a
broad range. It was found that in MeOH the mobility of the analytes is mainly governed
by acid–base equilibria, whereas in ACN other reactions like ion pairing and homo-
conjugation play a pronounced role and lead to a complex pattern of the mobility as
function of the pH. However, separation can be obtained in less than 10 min in both
solvent systems.

Keywords: Capillary zone electrophoresis / Homoconjugation / Metabolites / Mobility / Non-
aqueous solvents / Sertindole DOI 10.1002/elps.200500056

1 Introduction

Sertindole (Serlect, 1-[2-[4-[5-chloro-1-(4-fluorophenyl)-
1H-indol-3-yl]-1-piperidinyl]ethyl]-2-imidazolidinone, SRT)
is a new nonsedating atypical antipsychotic drug with
high selectivity for dopaminergic neurons in the meso-
limbic system [1], which has shown efficacy against both
positive and negative symptoms of schizophrenia [2].
Sertindole also has affinity for adrenergic [3] and ser-
otonergic receptors [4]; in particular, it is a serotonin
5-HT2C receptor inverse agonist [5] like clozapine (the
parent drug of the atypical antipsychotic class), and this
can contribute to therapeutic and side effects [6].

Sertindole was withdrawn from the market during 1999
because of QT interval prolongation observed in some
patients [7]. Subsequently, however, no association with
an excess of cardiac or all-cause mortality [8] was found
during sertindole treatment. Thus, the European Agency
for the Evaluation of Medicinal Products (EMEA) has re-
evaluated the drug in September 2002 and concluded
that it could be re-introduced, provided that the maximum

dose is reduced to 20 mg/day, extensive ECG monitoring
is carried out before and during treatment, and extensive
contraindications and warnings for patients at risk of car-
diac dysrhythmias are added to the patient information
sheets.

Apart from cardiac side effects, sertindole appears to be
well tolerated and to be associated with a very low inci-
dence of extrapyramidal side effects [9], which are the
most worrisome side effects of classical antipsychotics
(such as chlorpromazine and butyrophenones). Other
side effects of sertindole include weight gain, rhinitis and
possibly male sexual dysfunction [2].

Sertindole is metabolized by hepatic cytochrome P450
(CYP) enzymes, namely by CYP2D6 and CYP3A4 iso-
forms [10], resulting in the formation of dehydrosertindole
and norsertindole [11], which are the main plasma metab-
olites. The structures of the compounds are shown in
Fig. 1.

Only a few analytical methods have been reported for the
determination of sertindole and metabolites in plasma or
serum, based on HPLC in combination with spectro-
photometric detection [12, 13] or with different mass
spectrometric techniques [13–15] mainly for screening
purposes [16–18].

From Fig. 1 it can be seen that the analytes comprise
several nitrogen atoms in their molecules, one of
them, that in the piperidine ring, forming a secondary
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Figure 1. Structures of sertindole, dehydrosertindole and
norsertindole.

(norsertindole) or a tertiary amino group (sertindole and
dehydrosertindole). These groups are moderately basic,
and can thus be protonated at not too high pH. This
property makes the analytes accessible to electrophoret-
ic separation. However, the compounds possess low
aqueous solubility due to their high lipophilicity – sertin-
dole has a log P in the range of 5 [19] – and thus the
detection limit by UV absorbance detection is hardly
reached. This restriction can be overcome by applying
organic liquids as solvents for the background electrolyte
(BGE). From the several candidate solvents, methanol
(MeOH) and acetonitrile (ACN) have, besides other
advantages, the advantage of being not UV-absorbing in
the wavelength range of interest; both have a UV cutoff at
about 200 nm. They were therefore used in the present
work. Although these solvents have a similar dielectric
constant (MeOH 32.66, ACN 35.94) [20], they behave very

differently concerning their solvation properties. MeOH is
a protic solvent with pronounced hydrogen bonding abil-
ity, whereas ACN is a dipolar, aprotic solvent. MeOH is
able to solvate both cations and anions (although less
than water) and ACN has a very poor solvation ability for
both types of ions (especially for anions). MeOH is slightly
less basic than water, ACN is many orders of magnitude
less basic (see, e.g. [21]). Their autoprotolysis constants
are 16.91 (MeOH) and 32.2 (ACN) [20]. It is the goal of the
present work to investigate the electrophoretic behavior
of the analytes in these two different solvents. The paper
does not deal with the applicability of the results to the
bioanalysis of the compounds in body fluids; this will be
the topic of future work.

2 Materials and methods

2.1 Chemicals

MeOH was from Fisher Scientific (Springfield, NJ, USA)
and ACN from J.T. Baker (both HPLC grade; Phillips-
burg, NJ, USA). BGEs were prepared from tri-
chloroacetic acid (TCA, puriss. p.a., Riedel-de Haën,
Seelze, Germany), TCA sodium salt (97%, Aldrich, Mil-
waukee, WI, USA), dichloroacetic acid (.99%, Riedel-
de Haën), potassium dichloroacetate (98%, Aldrich),
chloroacetic acid (.99%, Fluka, Buchs, Switzerland),
sodium dichloroacetate (98%, Aldrich), glacial acetic
acid (p.a., Merck), sodium acetate (.99%, anhydrous,
Fluka), perchloric acid (70%, aqueous solution, Fluka),
salicylic acid (99.7%, Sigma, St. Louis, MO, USA), sal-
icylic acid sodium salt (.99.5%, Sigma), phthalic acid
(puriss. p.a., Fluka) and oxalic acid (p.a., Merck,
Darmstadt, Germany). Tetramethylammonium chloride
(.98%, Fluka) was used to adjust the ionic strength.
Tetraphenylphosphonium tetraphenylborate (Selecto-
phore, Fluka) was used as internal standard for the
determination of the electrophoretic mobility, and
dimethyl sulfoxide (DMSO, .99%, Aldrich) as neutral
marker. Tetraethylammonium hydroxide (40%) was from
Fluka. The analytes used were sertindole (Lu 23–174),
norsertindole fumarate (Lu 25–073-F) and dehy-
drosertindole (Lu 28–092) in 1000 ppm methanolic stock
solutions; they were stored in the freezer. All were pro-
vided by H. Lundbeck A/S (Copenhagen, Denmark).

2.2 Apparatus

Capillary zone electrophoresis (CZE) was carried out in an
HP 3DCE instrument (Hewlett-Packard, Waldbronn, Ger-
many) using a photometric diode-array detector (DAD).
Uncoated fused-silica capillaries (Composite Metal Ser-
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vices, Ilkley, UK) of ID/OD 50/375 mm were used, with a
total length of 58.5 cm and effective length of 50.0 cm.
The capillary cassette was thermostated at 257C with
forced air-cooling. Samples were hydrodynamically
injected at 50 mbar for 1.5 s. The applied positive voltage
was 19 930 V, which was the average of the recorded
voltage signal when set at 20 kV. The typical currents in
the methanolic BGEs with 10 mM ionic strength were
about 5 mA, and in the ACN solutions with 5 mM ionic
strength they were between 2 and 5 mA depending on the
nature of the buffer.

2.3 Procedures

BGEs were prepared by mixing the required amount of
acid and conjugate base (the salt). When using MeOH as
a solvent for the BGE, the salt concentration of the buffer
was always 10 mM, keeping the ionic strength constant.
Due to the low solubility of salts in ACN their concentra-
tions had to be selected lower, namely at 5 mM. When it
was not possible to dissolve this amount of base (e.g., in
the oxalic acid buffer system), tetramethylammonium
chloride was added to the BGE to adjust the ionic
strength to 5 mM. To obtain a soluble conjugate base of
phthalic acid, tetraethylammonium hydrogenphthalate
was prepared by direct titration of a methanolic solution
of phthalic acid to the equivalent point with tetra-
ethylammonium hydroxide in water, followed by the
evaporation of the solvent in a rotary evaporator. All BGEs
were degassed after preparation in an ultrasonic bath,
and the running buffers were changed before each run.
Mobilities were measured at least in triplicate. To over-
come the problem of measuring a very small electro-
osmotic mobility at low pH for the determination of the
effective mobility of the analytes, tetraphenylphos-
phonium (F4P

1) was injected as an internal standard to-
gether with the drugs. F4P

1 has a permanent positive
charge, and its mobility is independent of pH at a certain
ionic strength. DMSO (0.05% v/v) was used as neutral
marker to determine the electroosmotic flow (EOF) in the
methanolic BGEs. Analytes were dissolved in methanolic
solutions, and prior to injection the samples were diluted
to the desired concentration with the corresponding BGE.

3 Results and discussion

The electrophoretic mobility is the primary analytical fea-
ture that determines separation selectivity and thus reso-
lution in CZE. Accordingly, independent of the solvent
used, the first parameter to be selected in CZE of weak
acids or bases is the pH of the BGE. In organic solvents,
however, this is a less trivial task than in water because of

the problem in defining an appropriate pH scale. In the
present work we have used an approach, which was
successfully applied in previous works, namely using
BGEs consisting of buffer acids with known pKa values in
the particular solvent (see [21] and the literature cited
therein). Buffer solutions are composed from different
ratios of the acid and its conjugated base (its salt), and the
pH is given according to the well-known Henderson–
Hasselbalch buffer equation

pH ¼ pKa � logðaHA=aAÞ (1)

where pH and pKa refer to their values in the aqueous or the
organicsolvent scale, andaHA and aA are theactivities of the
acid and the conjugate base, respectively. As usual, the
activity is defined as the product of the concentration of the
acid (cHA) or the conjugate base (cA), and its activity coeffi-
cient (gHA or gA). The activity coefficient of the neutral spe-
cies of the buffer system was considered equal to unity
(gHA = 1). Those of the ionic substances were calculated
from the extended Debye–Hückel theory as
�log gA ¼ ðAz2

i

ffiffi

I
p

Þ=ð1 þ aB
ffiffi

I
p

Þ, where A and B are the
Debye–Hückel constants in the respectivesolventsand zi is
the valency of the ion; for the ion size parameter a, the value
of 5 Å was taken. When the activity correction is taken into
account, the whole pH scale is shifted to slightly more
acidic values for the present type of buffers. It should be
noted that even under these well-defined conditions the
proper adjustment of the pH is hampered in solvents with
low or moderate relative permittivity, and/or in solvents
where the solvent molecule has low ability for hydrogen
bonding. The former solvent leads to an increased ten-
dency for ion pair formation, and the latter one is prone to
interactions called homoconjugation and heteroconjuga-
tion. Ion pair formation has been reported to take place in
both ACN and MeOH, but conjugation effects are much
more likely in ACN than in MeOH (see, e.g. [21]).

It is reasonable to cover an as wide as possible pH range
in the given solvent especially when absolute or actual
mobilities and the ionisation behavior of the analytes of
interest are not known. Even when pKa values of the ana-
lytes are known (or can be approximated), the pH range
investigated should preferably cover also the pH values
where the analyte ions are fully dissociated or protonated,
i.e., where the actual mobility is reached. However, often
the limiting factor for the selected pH range in organic
solvents is the availability of suitable buffer chemicals.
Unfortunately no data were found about the dissociation
constants of the present analytes, even in water. All ana-
lytes (Fig. 1) contain an aliphatic nitrogen in the piperidine
ring (the other nitrogens are less basic). Thus, we esti-
mated their pKa with regards to this group in aqueous
solution by means of the SPARC On-Line Calculator [22,

 2005 WILEY-VCH Verlag GmbH & Co. KGaA, Weinheim



3318 X. Subirats et al. Electrophoresis 2005, 26, 3315–3324

23]: the calculated pKa values are 7.96 for sertindole, 7.87
for dehydrosertindole and 10.39 for norsertindole. The
pKa values in MeOH and ACN were then estimated from
solvation parameters (see below).

Before going into a detailed discussion about the mobility
versus pH behavior in MeOH and ACN, problems asso-
ciated with the measurement of the EOF mobility should
be mentioned. It is clear that for the determination of the
electrophoretic mobility of the analyte the EOF mobility
has to be subtracted from the total mobility. It is relatively
easy to measure a large EOF mobility (at high pH), be-
cause then a neutral EOF marker can be detected within
an acceptably short time. However, at low pH where the
capillary surface has only low charge, the time required to
detect the EOF marker might be unacceptably long. This
can especially be a problem in organic solvents in which
the dissociation behaviour of the silanols of the capillary
wall is affected. In both MeOH and ACN, the pKa of silanol
– it is a weak acid – is shifted to higher values, which
means that a higher pH is needed for the ionization of the
capillary wall. Accordingly, at low or moderate pH the EOF
mobility might be rather low in these solvents; at very low
pH it can even be reversed (see, e.g. [24]). In such cases
alternative methods to measure the EOF mobility can be
applied, e.g., pressure-induced mobilisation as intro-
duced elsewhere [25, 26]. We have taken an internal

standard with known mobility at given ionic strength in the
particular solvent, namely F4P

1. We have controlled the
literature values in MeOH by determining the actual mo-
bilities of F4P

1 at high pH, where the EOF mobility was
measurable. In the methanolic system at ionic strength of
0.010 M, an average of the measured actual mobilities of
F4P

1 at pH values of 7.6, 8.6, 9.5 and 10.5 was
(31.8 6 0.2)1029 m2/V6s, which is relatively close to the
literature value of 32.861029 m2/V6s [27]. In the case of
ACN, the literature value of 47.7861029 m2/V6s for F4P

1

[27] was taken to determine the mobility of the analytes.

3.1 MeOH as solvent

Assuming constant solvation parameters, the pKa values
of the analytes in pure MeOH are estimated to be be-
tween 8.7 and 11.2 (see Table 1). This estimation is based
on the equation s

spKa ¼ 0:968w
wpKa þ 1:171 published in

[28]. s
spKa and w

wpKa are the acid dissociation constants of
the analyte in solvent S and water W. The used metha-
nolic BGEs with the final (activity corrected) pH values,
which should cover the pKa range of the analytes, are
listed in Table 2, together with the pKa values of the buffer
acids. The activity coefficient at 10 mM ionic strength in
MeOH is 0.706, which shifts the pH scale by ,0.2 units to
more acidic values.

Table 1. pKa values of the analytes

Analyte pKa

Water
calculated

MeOH
calculated

MeOH from
mobility

ACN
calculated

ACN from
mobility

Sertindole 7.96 8.9 9.4 14.6 15.7
Dehydrosertindole 7.87 8.7 8.9 14.5 16.5
Norsertindole 10.39 11.2 11.2 18.2 13.5

Data in water were calculated by computer software, in MeOH and ACN they were
calculated from solvation parameters with the data in water as basis. pKa values in
MeOH and ACN were alternatively determined from the effective mobilities by CE. For
details, see text.

Table 2. Composition and pH of the buffers used in methanolic solutions

pH Acid pKa [33] Base

4.7 10 mM TCA 4.9 10 mM sodium trichloroacetate
6.1 10 mM dichloroacetic acid 6.3 10 mM potassium dichloroacetate
7.6 10 mM chloroacetic acid 7.8 10 mM sodium chloroacetate
8.6 1 mM chloroacetic acid 10 mM sodium chloroacetate
9.5 10 mM acetic acid 9.7 10 mM sodium acetate

10.5 1 mM acetic acid 10 mM sodium acetate

pKa values are for the buffer acids in MeOH. pH values are corrected by means of the
activity coefficient.
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Figure 2. pH dependence of mobility in MeOH for ser-
tindole (S), dehydrosertindole (DHS) and norsertindole
(NS). BGEs: see Table 2. Temperature, 257C.

Figure 3. Electropherograms of sertindole (S), dehy-
drosertindole (DHS) and norsertindole (NS) in methanolic
BGEs with 10 mM dichloroacetic acid/10 mM potassium
dichloroacetate, pH 6.1 (A) and with 10 mM acetic acid/
10 mM sodium acetate, pH 9.5 (B). Tetramethylphos-
phonium (F4P

1) was used as internal standard to deter-
mine the effective mobilities of the analytes. Experimental
conditions: 120 kV, 50/375 mm ID/OD uncoated fused-
silica capillary, 50.0 cm effective length and 58.5 cm total
length, 257C, wavelength of 224 nm and injection of
analytes (0.20 mg/g) at 50 mbar for 1.5 s.

In Fig. 2, the effective mobilities, meff,i, of the three analytes
are depicted, measured at different pH of the BGEs. They
are fitted as function of the pH to the equation

meff;i ¼
mact;i

1 þ 10pH � pKa
(2)

where meff,i is the mobility of a weak cationic acid at a cer-
tain ionic strength corrected by its ionization degree, and
mact,i is the actual mobility, i.e. mobility of the fully charged
analyte at working ionic strength. The pH is referred to the
BGE in the methanolic scale and the pKa is the acid dis-
sociation constant of the analyte in MeOH. In the
denominator of Eq. (2) the exponent is (pH - pKa), be-
cause the drugs are considered as cation acids
(BH1 = B 1 H1) under the present conditions.

It can be seen that the data match rather well to the fitted
curves, which means that mainly acid–base equilibria
determine the mobility. Some small deviations are, how-
ever, visible and this will be discussed later in this section.
The result of the fitting to Eq. (2) leads to two parameters,
the actual mobilities and the pKa values. The actual mo-
bilities obtained for dehydrosertindole, sertindole and
norsertindole were 19.9 (60.4), 19.6 (60.2) and 22.3
(60.4), all in 1029 m2/V6s, respectively. The pKa values
were 8.88 (60.05), 9.41 (60.04) and 11.2 (60.2).
Obviously, the confidence for the pKa value of norsertin-
dole is not as high as for the other two analytes because
of the lack of experimental points at pH higher than 11.
However, the aim of the present work is not the determi-
nation of the accurate pKa. In such a case it would be
preferable to have more data points in the range where
the degree of dissociation varies. In case of norsertindole,
this could be done, e.g., by using some diprotic car-
boxylic acid as buffering component (see [29]). Despite
this restriction, the agreement between the pKa values
calculated from solvation parameters and those derived
by CZE is remarkable; note that the computer calcula-
tions of the pKa values in the organic solvents are even
based on their approximation in water. For sertindole the
deviation is 0.5 units, for dehydrosertindole it is only 0.2
pKa units; for norsertindole the values are even identical.

It was found that at all applied pH values the analytes
were resolvable; their mobilities were different enough,
even at low pH. At pH 6.1 separation takes place
according to the actual mobilities, and dehydrosertindole
migrates close to sertindole (Fig. 3A), which is not sur-
prising due to the almost same size and the very similar
structure: the two compounds differ only by one double
bond in the five-ring (see Fig. 1). It is even more surprising
that this small difference leads to a different actual mo-
bility. At pH 9.5 separation is much better (Fig. 3B) as here
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the analytes are separated according to their effective
mobilities. Under all conditions analysis times were larger
than 10 min.

It is mentioned above that some small deviations of the
mobilities of the analytes from the theoretical pH curves
are seen (Fig. 2). This is especially visible for norsertin-
dole, which is, according to these data, the weakest cati-
on acid (the strongest base) of the analytes. Norsertindole
is protonated over a wider pH range than the other two
analytes, i.e. most of the measured mobilities are actual
mobilities; only at highest pH (.8.7) it seems to be par-
tially uncharged. A closer look on the data at lower pH
shows that the mobility values are not constant but are
actually slightly scattering. However, the scatter is larger
than the experimental error (the relative standard devia-
tions in all buffers in MeOH were typically less than 1%).
This might be due to equilibria other than protolysis of the
analyte, e.g., due to ion pairing between the analyte cati-
on and the BGE counterions. Obviously, when different
counterions are applied in the different buffers (like in the
present work), the degree of ion pairing at each pH might
be different. Unfortunately, there are no supporting data
available in the literature for ion association of the present
analytes and the BGE anions. However, the change in
mobility in Fig. 2 seems to be caused by ion pairing even
though the ionic strength of the BGE is the same at every
pH. This assumption is supported by the finding that, e.g.,
the actual mobilities of norsertindole are almost the same
at pH values 7.6 and 8.6 whereby in both cases the BGE
counterion is the same (chloroacetate). At the two lowest
pH values, with dichloroacetate (pH 6.1) and tri-
chloroacetate (pH 4.7) as counterions, the actual mobili-
ties of norsertindole are clearly different from those with
chloroacetate as BGE anion. Ion pair formation between
the analyte cations and the acetate ion might influence
the mobilities at the two highest pH as well.

Ion pair formation gives an explanation for the mobility
deviations in MeOH. This assumption is supported by
data published in previous works. There the BGE coun-
terions were acetate and perchlorate [30]. In that investi-
gation the cationic analytes were different. In more recent
work the effect of different counterions on the actual mo-
bilities of anionic analytes in MeOH was demonstrated
[31]. It was further observed that better agreement of the
measured mobilities and the theoretical mobility behav-
iour in MeOH is found when the BGE counterion is the
same at each pH value of the BGE [32]. However, with the
present experimental set-up this was not possible, but it
was already pointed out that the primary aim of the pres-
ent work is to find suitable separation conditions for the
analytes. For such purpose the data shown in Fig. 2 suf-
fice by far.

3.2 ACN as solvent

Although ACN is also a suitable solvent in CE, e.g., due to
its compatibility with the UV absorbance detector, it is
rather rarely used as pure liquid for the BGE. It is often
applied as a mixture with other solvents, e.g., with water,
MeOH, ethanol, propanol, acetic acid. One of the reasons
for this is that many potential BGE components are not
well soluble in ACN. This problem is especially pro-
nounced due to the fact that ACN poorly stabilizes
anions, in contrast to water, where all ions are stabilized
by hydrogen bonding. ACN molecules, however, are very
poor hydrogen bond donors [33]. The anion stability may
be enhanced by an additive capable of hydrogen bond
donation. A typical example of such a “solubilization
agent” is acetic acid, which is used occasionally at con-
centration as high as 1 mol/L (,6%) in CE. Note that such
a high concentration means that the solvent system has
to be considered as a binary system (ACN–acetic acid)
rather than a single solvent.

One problem upon application of ACN might lie in the wide
pH scale in this solvent, which covers more than 30 pH
units compared to about 14 U in water. Due to the low
number of potential buffer acids with known pKa values in
ACN, it is very difficult to cover the entire pH range here. It is
therefore helpful to get at least an idea about the magni-
tude of the pKa values of the analytes of interest. This was
done using the equation s

spKa ¼ 1:479w
wpKa þ 2:842 for

the pKa estimation in ACN found in the literature [28]. The
resulting acid dissociation constants are 14.6, 14.5 and
18.2 for sertindole, dehydrosertindole and norsertindole,
respectively. For this estimation procedure it was sup-
posed that all amines (primary, secondary and tertiary)
have more or less the same pKa shift in relation to water.
This is a pragmatic approximation (not based, e.g., on
QSAR).

The suitable BGEs, which cover the pH range where the
dissociation degree of the analytes varies, are given in
Table 3, together with the pKa values of the buffer acids;
note that perchloric acid is considered to be a strong
acid in ACN [34]. The pH of the BGEs was calculated by
the aid of the Henderson–Hasselbalch equation. Solubil-
ity problems were indeed observed for a number of
compounds, and for this reason we had to use ionic
strengths of as low as 5 mM. In case of oxalate even this
concentration was too high for complete dissolution, and
hydrogenoxalate at a concentration of 0.5 mM had to be
applied. For this BGE the ionic concentration was
adjusted to 5 mM with tetramethylammonium chloride. It
is clear that the rather low acid concentration limits the
buffer capacity. It can also result in peak triangulation by
electromigration dispersion, because this concentration
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Table 3. Composition and pH of the buffers used in solutions of ACN

pH Acid pKa [38, 39] Base

2.4 5 mM perchloric acid a) –
13.4 5 mM oxalic acid 14.5 0.5 mM hydrogenoxalateb)

14.2 5 mM phthalic acid 14.3 5 mM tetraethylammonium
hydrogenphthalate

14.7 50 mM dichloroacetic acid 15.8 5 mM potassium dichloroacetate
15.2 0.5 mM phthalic acid 14.3 5 mM tetraethylammonium

hydrogenphthalate
15.7 5 mM dichloroacetic acid 15.8 5 mM potassium dichloroacetate
15.7 50 mM salicylic acid 16.8 5 mM salicylate
16.7 5 mM salicylic acid 5 mM salicylate
17.6 0.6 mM salicylic acid 5 mM salicylate

a) Assumed to be a strong acid
b) Contains 4.5 mmol/L tetramethylammonium chloride
pKa values are for the buffer acids in this solvent. pH values are corrected by means of
the activity coefficient.

Table 4. Actual mobilities and their products with dynamic viscosity of the solvent, for sertindole, dehydrosertindole and
norsertindole, and the internal standard in MeOH and ACN

MeOH ACN

m (1029 m2/V6s) m6Z (10212 N/V) m (1029 m2/V6s) m6Z (10212 N/V)

Dehydrosertindole 19.9 11.0 32.7 11.2
Sertindole 19.6 10.8 33.5 11.4
Norsertindole 22.3 12.3 40.9 13.9
Tetraphenylphosphonium 31.8 17.5 47.8 16.3

Dynamic viscosity (cp or mPa6s): MeOH 0.551, ACN 0.341 [20]

is sometimes only about 50 times higher than that of the
analytes. The latter could not be reduced further due to
the necessary detectability.

The analyte mobilities measured with the BGEs given in
Table 3 are shown in Fig. 4. A totally different picture is
obtained compared to the MeOH systems (Fig. 2): the
mobilities fluctuate strongly. Severe deviations from the
expected sigmoid curve are found. Several explanations
for the deviations can be suggested, most of them being
related to hydrogen bonding interactions (homoconjuga-
tion or heteroconjugation) and to ion pair formation reac-
tions in which either buffer components or analytes (or
both) are involved [35, 36].

Problems of the deviation of the pH from that derived by
the Henderson–Hasselbalch equation can be related to
effects connected to the poor ability of ACN to stabilise
anions. As the present analytes are cations, anion stabili-
sation plays a role only for the buffer components. When

Figure 4. pH dependence of mobility in ACN for sertin-
dole (m, n), dehydrosertindole (d s) and norsertindole
(n, u), and tetraphenylphosphonium (F4P

1) as internal
standard. BGEs consisting of either equimolar (full sym-
bols) or nonequimolar (open symbols) concentrations of
acid and salt (see Table 3). Temperature, 257C.
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the buffer anion (A2) is poorly stabilized by solvent mole-
cules, it tends to pair with other hydrogen bond donors in
the solution. In the present case A2 could interact by
hydrogen bonding with the neutral form of the acid (HA)
giving the product HA2

2 (this reaction is called homo-
conjugation). As a consequence, the concentrations of
both A2 and HA are decreased by the same amount. This
reduction of the initial concentrations may lead to a shift in
pH due to the fact that the ratio HA/A2 in Eq. 1 is affected.
Three cases can be differentiated:

(i) The initial concentrations of A2 and HA are identical.
Theoretically the pH is then not affected, even when
homoconjugation is present. However, buffer capacity of
the BGE is decreased.

(ii) The initial concentration of A2 is smaller than that of
HA. When A2 complexes with HA via hydrogen bond,
both concentrations are reduced, but the ratio HA/A2

increases and thus the pH of the solution is decreased.

(iii) The initial concentration of A2 is higher than that of HA.
Upon complexation of A2 with HA the ratio HA/A2

decreases and thus the pH of the solution is increased.

In cases (ii) and (iii) the pH of the BGE cannot be correctly
calculated from the Henderson–Hasselbalch equation
unless a correction for the degree of homoconjugation is
undertaken. As only very few homoconjugation constants
are available in the literature (see, e.g., [37]), we do not
take this complicated matter into consideration here (for
further discussion, see [35]), but we exclude those BGEs
which do not consist of equimolar concentrations of the
acid and the anion. When the mobilities are plotted versus
pH considering only these BGEs – indicated by the full
symbols in Fig. 4 – m versus pH approaches the sigmoid
shape better, especially at higher pH values. However, the
mobilities determined at low pH with perchloric acid as
BGE component seem to be too high when compared to
the other mobilities. One cause for this deviation could be
the second amino group of the analyte molecule, which is
partially protonated at low pH as well. This is plausible
due to the larger pKa shifts in ACN when compared to
solvents like MeOH. Therefore, a cation acid with very low
pKa (close to 0) in MeOH can be partially protonated at pH
around 2–3 in ACN.

Other reasons for the mobility deviations in Fig. 4 than
homoconjugation of the buffer acid are difficult to confirm
without supporting data. Thus, we make an only rough
approximation of the pKa values and the actual mobilities
of the analytes from the curves fitted to the full symbols in
Fig. 4. The resulting pKa values for dehydrosertindole,
sertindole and norsertindole are 16.5 (60.7), 15.7 (60.8)
and 13.5 (60.2), respectively; the actual mobilities are

32.7 (68.7), 33.5 (610.5) and 40.9 (62.9), respectively. It
is obvious that the reliability of these data is much lower
than that in MeOH.

We can see from Table 1 that the pKa values measured by
CZE deviate considerably from those estimated from lit-
erature [28], the latter being based on the approximation
of the aqueous pKa values obtained by the computer
software, followed by an estimation from solvation pa-
rameters. In the case of sertindole and dehydrosertindole
the pKa values are 1.1 and 2 units higher, and for norser-
tindole as much as 4.7 units lower than the calculated
ones. Taking into account the very approximate kind of
the measured pKa values, it is likely from the plots shown
in Fig. 4 that the present CE data give at least the correct
sequence of the pKa values.

It shouldbe pointed out that theBGEs, whichare seemingly
less feasible for an appropriate mobility versus pH deter-
mination, are nevertheless well suited for the separation of
the analytes. Indeed successful separationswere achieved
in perchloric acid solution, in 10 mM dichloroacetic acid/
dichloroacetate, in 5.5 mM oxalic acid/hydrogenoxalate
(with 4.5 mM tetramethylammonium chloride), in 5.5 and
10 mM phthalic acid/hydrogenphthalate and finally in 10
and 55 mM salicylic acid/hydrogensalicylate. In 55 mM

dichloroacetic acid/dichloroacetate and 5.6 mM salicylic
acid/salicylate, separations were not obtained; this was a
BGE in which the mobilities seem to follow reasonably well
the Henderson–Hasselbalch relation.

Two examples for the electropherograms of the analytes
in the ACN systems are given in Fig. 5, the one showing
separation according to the actual mobilities at low pH
and the other at high pH (in the range of their pKa values).
In the latter case a BGE (salicylic acid/salicylate) was
used, which is itself UV-absorbing. It can be seen that
analysis could be carried out in less than 6 min.

3.3 Comparison of the mobilities in the two
solvents

The simplest approach to compare the mobilities of a
certain ion in different solvents is based on Stokes law
and takes the difference in the frictional resistance into
consideration, which acts on an ion during electropho-
retic motion. It considers the ions as spherical particles
moving in a continuum and leads to the following relation
known as Walden’s rule

m0,iZ = const. (3)

where m0,i is the mobility of the fully charged ion at infinite
dilution (i.e. null ionic strength) and Z is the dynamic vis-
cosity of the pure solvent.
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Figure 5. Electropherograms of sertindole (S), dehy-
drosertindole (DHS) and norsertindole (NS) in BGEs with
ACN as solvent with 5 mM perchloric acid, pH 2.4 (A) and
with 5 mM salicylic acid/5 mM potassium salicylate,
pH 16.7 (B). Tetramethylphosphonium (F4P

1) was used
as internal standard to determine the effective mobilities
of the analytes. Experimental conditions as in Fig. 3.
Wavelength for detection: 200 nm (A); 224 nm (B).

Although this rule is formulated for limiting conditions,
namely for zero ionic strength, we apply it in the present
case to the actual mobility resulting from the fitting of
Eq. (2). This is done because the reduction of mobility in
an MeOH solution of 10 mM ionic strength and in a 5 mM

ACN solution in relation to the absolute mobility is about
the same. In both solvents the actual mobilities are ca.
22% lower than the absolute ones. This follows from the
extended Debye–Hückel–Onsager relation between mo-
bility and ionic strength (see, e.g., [36]). It can be seen
from Tab. 4 that the actual mobilities differ in the two sol-
vents by up to 90%, but the Walden products (Eq. 3), in
contrary, change by not more than 2–11%. This is a
strong indication that the movement is at least in main
parts governed by the frictional resistance of the solvent.
This result is not unexpected for the present large organic
ions with their low charge density.

4 Concluding remarks

It was demonstrated that MeOH or ACN are favorable
solvents for the analysis of lipophilic compounds that are
only very sparingly soluble in water. In the present case,
the limit of detection (at three times the standard deviation
of the baseline noise) of the analytes was about 0.3 mg/
mL, a concentration that is below the solubility in water.
Due to the low optical cut-off of the two organic solvents,
UV detection can be applied without problem.

It was tried to use BGEs with well-defined pH values by
applying buffers composed from an acid with known pKa

in the organic solvent and its salt at certain concentration
ratios. The pH of the electrolyte solution can then be cal-
culated according to the Henderson–Hasselbalch equa-
tion. The effective mobility of the analyte should follow the
pH of the BGE by the typical sigmoid function. In fact we
have found two extreme results.

In MeOH the mobility fitted very well to the theoretical
curve, indicating that the pH scale was established in an
appropriate way, and that the effective mobility is indeed
governed mainly by the acid–base equilibrium. In
remarkable contrast was the behaviour in ACN as solvent,
where a zigzag curve was obtained for the effective mo-
bility versus the pH. The situation is complicated here by
several potential sources of the deviations: (i) the low sol-
ubility of some buffer constituents, leading to a low ionic
strength and a low buffer capacity of the BGE; (ii) the more
pronounced homoconjugation tendency of the buffer
constituents and the analytes; (iii) perhaps a lower relia-
bility of the pKa values; (iv) the buffer acids, which had to
be taken due to the limited number of buffer candidates in
ACN, are probably less suited due to structural reasons.
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When the data of the questionable BGEs in ACN were
deleted, the interpretation of mobility versus pH became
more straightforward.

The mobility versus pH curves enabled the derivation of
the pKa values (from the inflection points) and the actual
mobilities (at low pH) of the analytes. Agreement of the
pKa values with those calculated by computer programs
was good for MeOH, although the calculation by compu-
ter software was based on the pKa in water derived from
structural features, followed by solvation parameters in
the organic solvents. In ACN the agreement between cal-
culated pKa values and those derived by CE was worse,
but we assume that the latter CE data are more reliable.

The sequence of the mobilities of the analytes, and
therefore the separation selectivity is different in MeOH
and ACN. In MeOH norsertindole is the analyte with the
highest mobility in all systems, which is expected due to
its smallest size and largest pKa value among all analytes.
In ACN, on the other hand, norsertindole exhibits lower
mobility than sertindole and dehydrosertindole at all
applied pH values. It has, by the way, also the smallest
pKa in ACN. However, a straightforward interpretation of
this finding will not be carried out due to the complex
structures of the analytes.

Separation of the analytes was obtained even in the pH
range where they exhibit their actual mobilities, although
the structural difference between sertindole and dehy-
drosertindole is marginal. At pH values in the range of the
pKa values of the analytes, separation is increased, and a
huge resolution in MeOH is possible within 10 min and in
ACN within 4 min.
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