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General introduction

Background of this work

The definition of pH

pH is the most widely used measure for the acidity of solutions. Accurate pH measurements
are indispensable in many facets of our life and environments. The notional defiditbn

pH, which is widely accepted nowadays, is
pH = —logay- (1)

whereay- is the activity of hydrogen ions. However, the single ion activity can not be mea-
sured without an extrathermodynamic assumption. The reason for the necessity of an ex-
trathermodynamic assumption is illustrated in the following example.

Suppose that we have a cell,

I Il 1]
Pt| H,,aq. H,CI- | SB| aq. H, CI7, H, | Pt (A)

where SB denotes a salt bridge. The cell voltdfjas given by,

1
E = ABsg+ — In aIH (2)

+

whereAEsg is the diference between the two liquid junction potentials formed on both sides

of the salt bridge andy,. is the activity of H in phasex (« is either phase | or lll). IAEsg
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is negligibly small, it is possible to know the ratio of the activities offtbm E. Conversely,
if the ratio of the activities of H on both side of the aqueous solutions is determined, it is
possible to know the éierence in the liquid junction potentials from eq (2).

When the concentration of ‘*Hin one of the phases is lower than 0.1 mmol-dnthe
following Debye-Hiickel limiting lav is applicable to calculate the activity deient of
ions

logy; = —0.5112 VI (3)

wherez is the charge on the iamandl is the ionic strength. Once the valueajf. in either
phase | or Ill is known, they, in the other phase can be calculated from the measured
E value. For this procedure of the estimate of the single-ion activity, the liquid junction
potential (LJP) between the salt bridge and an agueous phase, | or lll, is required to be
constant. The single-ion activity can thus be estimated resorting to two extrathermodynamic
assumptions, that is, the constant LJP and the Debye-Huckel limiting law.

The single-ion activity can also be estimated by use of a HarnetPebkt is believed to

be a cell without a liquid junction. The Harned cell is represented as

I Il [l v
Pt | H,, standard bfiier, CI | AgCl | Ag (B)

Even the Harned cell, the composition of the electrolyte solution in the vicinity of the Pt
electrode and that in the AygCl electrode is not strictly the safhéecause the solution

on the left-hand side is saturated with,Hvhile the solution around the right is not with

H, but with AgCI. In pH determination by use of a Harned cell, it is assumed that the LIP
does not exist. The activity céiecient of chloride ions is needed to determine the activity of
hydrogen ions in a sample solution in the pH determination by use of a Harned cell. To date,
the Bates-Guggenheim conventiotihat is an extrathermodynamic assumption is adopted

for the estimation of the activity céigcient of CI” in a solution (see below).
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In practice, the unknown pH value (giHof a sample solution is determined in the fol-

lowing manner’

F
m(Ex - Eg) (4)

pHy = pHs -
where pH is the assigned pH value of the standaréféusolution F is the Faraday constant,
Ris the gas constant, afdis the absolute temperature. In equation &),andEs are the
values of cell voltages of the following pH cell with the electrodes immersed in the unknown

sample solution (X) and the standardieum solution (S), respectively.

I Il 1] \Y, vV VI
standard bfier (S) or
Pt | H,, sample solution (X) salt bridge KCl(sat. or3.5M) AgCl Ag ©

In eq 4, it is assumed that the LIP between a salt bride and a sample solution (X) is the
same as that between a salt bridge and a standd&iel §8). Moreover, it is assumed that the
leakage of substances constituting the salt bridge from junction part causes no change in pH

of the sample solution (X).

Determination of pH values of primary standard buffers

To determine pH values of lfier solutions used as primary pH standards, IUPAC recom-
mends the method based on a Harned cell which consists of a hydrogen electrode and a
silver-silver chloride electrode as a primary mettothe standard potential & of the cell

(B) where phase Il containing only HCI is determined separately from a Harned cell. The
molality of chloride ions is known from the composition of the cell solution. Hence unam-

biguous values of the quantitya(:yc-), that is,— log(ay+yc)-) are obtainable by use of cell

(B).
(E-E°)F

RTinio Flo9mer 6

p@n+ycr) = PlynMysyer) = — 109y Mysycr-) =
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whereyy+ andyc- are the activity cogicients of hydrogen and chloride ions, respectively,
andmy- andmg- are the molalities of hydrogen and chloride ions, respectively. The value of
log(an+ycr-)°, that is, logéy+yc-) at zero chloride molality is determined by linear extrapo-
lation of measurements by use of a Harned cell with at least three added molalities of sodium
or potassium chloride. For the solutions of low ionic strengith 0.1 mol kg?), the activity
codficient of chloride ions may be calculated with reasonable accuracy from Debye-Huickel

(D-H) equation?
AVT
1+ Bavl

whereA andB are constants which vary with the temperature and dielectric constant of the

logyer = - (6)

solvent and a is the ion size parameter introduced to take account of the mean distance of
closest approach of the ions. Bates and Guggenheim suggested,thattionic strengths

not exceeding 0.1 mol kg can be calculated by equation (6) wia = 1.5 kg2 mol~1/?,

which is called as Bates-Guggenheim convenfid®y use ofyg,., that is,yc- at zero chlo-

ride molality calculated by adopting Bates-Guggenheim convention=g(-) of a bufer

solution is obtained from

PH = pay: = p(@q+ycr)® + 09y (7)

Table 1 lists the typical values of pH determined by use of a Harned cell for seven primary
standard bffers at O~ 50°C.2

In IUPAC Recommendations 2062he sources of uncertainty in the use of the Harned
cell are mentioned. The assumptions based on electrolyte theories are used in the method for

determination of pH by use of a Harned cell at the following three points:

i. The Debye-Hickel theory is the basis of the extrapolation procedure to calculate the

value for the standard potential of the silver-silver chloride electrode

ii. Specific ion interaction theory is the basis for using a linear extrapolation to zero chlo-

ride

ii. The Bates-Guggenheim convention sets the valugédh Debye-Hiickel equation used

for the calculation of2,_ as 1.5 k¢/?> mol-Y/2 for any electrolytes.

o
CI
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Table 1: Typical values of pH for primary standards at 80 °C.?

Temperature5C
Primary standards 0 5 10 15 20 25 30 35 37 40 50
Sat. potassium hydrogen 3,557 3552 3549 3548 3547 3.549

tartrate (at 25C)
0.05 mol kg* potassium 3.863 3.840 3.820 3.802 3.788 3.776 3.766 3.759 3.756 3.754 3.749

dihydrogen citrate
0.05 mol kg* potassium 4.000 3.998 3.997 3.998 4.000 4.005 4.011 4.018 4.022 4.027 4.050

hydrogen phthalate
0.025 mol kg disodium 6.984 6.951 6.923 6.900 6.881 6.865 6.853 6.844 6841 6.838 6.833
hydrogen phosphate
0.025 mol kg* potassium
dihydrogen phosphate
0.03043 mol kg* disodium 7.534 7.500 7.472 7.448 7.429 7.413 7400 7.389 7.386 7.380 7.367
hydrogen phosphate
0.008695 mol kg potassium
dihydrogen phosphate

0.01 mol kg* disodium 9.464 9.395 9.332 9.276 9.225 9.180 9.139 9.102 9.088 9.068 9.011
tetraborate

0.025 mol kg sodium 10.317 10.245 10.179 10.118 10.062 10.012 9.966 9.926 9.910 9.889 9.828
carbonate

These assumptions are sources of uncertainty in the estimation of the activity of hydrogen
ions by use of a Harned cell. IUPAC recommends an estimate of the uncertainty of 0.01 (95
% confidence interval) in pH associated with the Bates-Guggenheim convention. In addition,
the experimental uncertainty for pH measurement by use of a Harned cell is of the order of

0.004. We need to consider these uncertainties for an accurate determination of pH.

The roles of KCl salt bridge

The validity of eq (4) rests on the assumption that replacement of the standimddmlution

by a sample solution causes no change in both the magnitude and sign of the LJP between
the salt bridge and the sample solution in contact with it. T8wEmonstrated in 1895

that a concentrated KCI solution (up to 0.1 moldjmearly canceled out the LIP between

two electrolyte solutions of ¢fierent compositions. Since then, a concentrated KCI solution
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has been used as a salt bridge that eliminates the LJP in electrochemical measurements.
However, a concentrated KCl salt bridge (KCISB) does not always work satisfactorily. There
are intrinsic problems in a KCISB that hamper accurate measurements of pH, which have

remained unsolved to date.

The limitations of KClI salt bridge

The problems in a KCISB are (1) the imperfect elimination of the LJP (for example of sample

solution, low ionic strength solutions, the strong acid and alkaline solutions, blood, and sea
water), (2) the contamination of a sample solution due to the dissolution of the KCI solution

from the junction part, (3) clogging of the junction, and (4) th@idulty of the miniaturiza-

tion of the reference electrode equipped with a KCISB. The problems in pH determination

of low ionic strength solutions, the strong acid and alkaline solutions, blood, and sea water

are summarized below.

The pH determination of low ionic strength solutions

The accurate pH measurements of rain water and fresh water are of decisive importance
for geochemistry and environmental science. From the 1970s to the 1990s, intensive studies
were conducted to accurately determine pH values of low ionic strength solutions. However
it turned out to be dficult to estimate accurately pH values of low ionic strength solutions
with potentiometric pH measurement based on the KCISB. The main reason offibaltyi
is the LIP between a KCISB and low ionic strength sample solutigfi§he LIPs between
a saturated KCl solution and low ionic strength solutions estimated by Piékaedt listed
in Table 2. The LJPs at 1®mol dn2 of all solutions listed in Table 2 are about 6 mV which
equal to about 0.1 pH.

Whereas an LJP is not thermodynamically measurable and so is pH, it is possible to
estimate pH values of dilute mineral acid solutions becausefiicgntly dilute solutions
mineral acids are fully dissociated and D-H theory is applicable to estimate their activity
codficients.

Metcalf showed that the error in pH determination of 600l dnT? sulfuric acid solu-

tions using a glass electrode in combination with a reference electrode with a concentrated
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Table 2: Liquid junction potentials between dilute solutions and a saturated KClI

solution at 25 C in millivolts.2®

Equimolar Na Potassium

acetater acetic hydrogen Sodium
Molarity acid phthalate acetate HCI KOH KCI
1072 3.20 3.49 3.23 2.85 1.92 2.78
1073 4.15 4.06 4.21 3.97 3.22 3.93
10 5.00 4.87 5.27 4.77 4.48 5.02
10° 5.80 5.78 6.29 5.69 5.75 6.10
10°° 6.72 6.71 7.23 6.70 6.88 7.07

KCISB was 0.055+ 0.05 pH (positive biag: two standard deviationg. Metcalf concluded

that the source of the flierence between the experimental and theoretical pH values was the
LJP between a concentrated KCISB and dilute solutions and put out, “Further progress in
this field seems limited by the non-availability of technological innovations which provide
highly reproducible liquid junction errors or minimize temperature equilibration errors in pH

probes”?°

In addition, the clogging of the junction part of the reference electrode due to the precip-
itate as AgCl causes errors in the measured pH vat&J he clogging more readily occurs
and the performance of a salt bridge is interfered more seriously as the ionic strength of
sample solutions becomes low. It is reported that the errors of measured pH values because

of ill-behaved KCISBs can amount to the level ranging from 0.1 to 0.8 pH%#it®

Another source of the error in pH is an increase in the ionic strength of a sample solu-
tion due to the leakage of the concentrated KCI solution from the liquid junction part of the
KCISB. Though the degree of the change in pH depends on the type of the junction, the sam-
ple volume, and the time of the contact of the sample solution through the junctioiftabie e

of the leakage of KCI should be more appreciable in the case of a glass combination elec-
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trode, in which the junction is positioned in close proximity of the hydrogen ion-responsive
glass membrane. Such errors resulting from the LIP and the change in the ionic strength due
to the dissolution of the concentrated KCI are inescapable problems, as long as a KCISB is

used.

The LJP between a KCISB and strongly acidic and alkaline solutions

The LJPs between a KCISB and strongly acidic and alkaline solutions are large to give
rise to an uncertainty in the interpretation of measured pH values. Bate$ eteglorted
that the residual liquid junction potential (RLJP) amounted to 1.8 mV (equal to 0.03 pH
unit) and 3.6 mV (equal to 0.06 pH unit) at pH value below 2 and above 10. It is expected
from the following simple qualitative considerations that the high mobility of hydrogen and
hydroxyl ions are responsible for the LIPs at alkaline and acidic ends of the pH scale. The
LJPs at various solutions saturated KCI solution interfaces calculated from the Henderson
equatiort® are large in the solutions having the gredfatience between the mobility of the
cation and anion, e.g., 1 mol dfKOH : -6.9 mV and 1 mol dm? HCI : 14.1 mV?° (The
LJP is inner potential of a saturated KCI solution referred to that of an aqueous solution).
Table 3 summarizes the values of LIJPs between a saturated KCI solution and a variety of

aqueous solutions calculated by Batés.
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Table 3: Liquid junction potential€;, between solution X and saturated KCl solu-
tion calculated from limiting ionic mobility values by the Henderson equation at 25

oC 29

Solution X, concentration (mol dm) Ej (mV)
HCI, 1 14.1
HCI, 0.1 4.6
HCI, 0.01 3.0
HCI, 0.01; NaCl, 0.09 19
HCI, 0.01; KClI, 0.09 2.1
KCI, 0.1 1.8
KH3(C,04)s, 0.1 3.8
KH3(C204)2, 0.05 3.3
KH3(C204)7, 0.01 3.0
KHC,04, 0.1 2.5
KH phthalate, 0.05 2.6
KH, citrate, 0.1 2.7
KH- citrate, 0.02 2.9
CH3COOH, 0.05; CHCOONa, 0.05 24
CH3COOH, 0.01; CHCOONa, 0.01 3.1
KH2POy, 0.025; NaHPOy, 0.025 19
NaHCG;, 0.025; NaCOs, 0.025 1.8
NaCOs, 0.025 2.0
NaxCO;s, 0.01 2.4
NagP0Oy, 0.01 1.8
NaOH, 0.01 2.3
NaOH, 0.05 0.7
NaOH, 0.1 -04
NaOH, 1 -8.6
KOH, 0.1 -0.1
KOH, 1 -6.9
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The pH determination of blood

The accurate pH measurements of blood and plasma are an indispensable part of clin-
ical diagnosis. In the potentiometric pH measurement of an isotonic saline media of ionic
strength,| = 0.16 mol kg, such as blood plasma, with a glass combination electrode
equipped with a KCISB, the LIP between a KCISB and the isotonic saline media causes er-
rors amounting to 0.03 - 0.05 pH unit.Bates reported that the RLJP, that is thatence
of two LJPs at the interface between primary standattiebsi and KCISB and that at the
isotonic saline media and KCISB, can be nearly eliminated by matching the ionic strength
of the standard Iier solution to that of the clinical sampf However, there still seems to

remain unknown contributions due to the RLJP to measured pH values.

The concentrated KCI solution leaked from junction part contaminates the blood sam-
ples and bring about the precipitate of blood protein. To avoid this problem, S&napie
Maas*?33 studied the use of 0.16 mol dfNaCl as a salt bridge. Maas et%3*showed
that pH values determined by use of 0.16 mol-@mNacCl salt bridge were lower by 0.1 pH

unit than that by use of a saturated KCISB.

The pH determination of sea water

Although pH of sea water is an important parameter for oceanographic séfeftbgre
are the problems on the procedure of measurement and the question for the interpretation of
measured pH8 The main problem is the uncertainty of LJP between a concentrated KCISB
and sea watet® The ionic strength of sea water is about 0.7 mol&rButler et al. reported
the error caused by the LJP in the pH scale based on dilute standBeddmiution amounted
to ca. 0.1 pH® The error is eliminated by use of the referencédusolutions whose compo-
sition and ionic strength are similar to those of sea witéfHowever, Bates-Guggenheim
convention is not reliable but no methods except a complicated and less accurate Pitzer equa-
tion*3-4°for activity codficients evaluation have been available at high ionic strength solu-
tions. Moreover, the reference fiiers with the diferent ionic strength are needed because
the ionic strength of sea water in estuarine region has a gradient. However, in practice, the

procedure becomes unacceptively complicte.
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lonic liquid salt bridge

A new type of salt bridge made of a moderately hydrophobic ionic liquid (ILSB) recently
proposed®Cis superior to KCISBs, in that the solubility of the ionic liquid (IL) employed

for ILSBs is less than 1 mmol dr and the principle of cancelling out the LIP between a
sample solution and the inner solution of the reference electrode is based on the partition of
the IL into the sample sid®. The principles and performance of the ILSB are summarized

below.

The principles of ionic liquid salt bridge

If the distribution equilibrium is established at the interface between an IL composed of the
moderately hydrophobic cation and anion and an aqueous solution (W), the LJP between IL
and W is governed by the distribution potential determined by the standard Gibbs energy of
transfer of each ion between IL and W. When the transfer of ions in W to the IL is negligibly
small, the distribution potential determined by the partition of the IL between the IL and the

aqueous solution (W) is described¥y*->2

1 IL->W.0 Lowoy  RT i:L+7XV—
AYIY(p = E(AYI\_IGU,A* - AYIYGtr,CJr + E In 7\(/;\17’2_— (8)

whereAls is the inner potential of W referred to that of the IL, aifiG, "*° andAlY G,
are the standard Gibbs energy of transfer of the catidi &8d the anion (A) constituting
the IL from IL to W, respectively, angt- andy)" are the activity coicients of the ions (&
C* and A7) in the phases IL and W. The standard ion-transfer potential between IL and W is
defined by
1

ALY, = —Z—FAWG&?W’O (9)

wherez is the valence of the ionic specieslf the second term on the right side of the

equation(8) is negligible, the distribution potential is represented in term¥ ot by
1
ALY = S(ALGC. +ALSR) (10)

The LJP between IL and W is thus determined by partition of ions constituting the IL

and independent of the composition and concentration of electrolytes in W, provided that
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the dissolution of the electrolytes in W into to the IL is negligible. If such an IL is inserted
two electrolyte solutions of élierent compositions, the LJP between these two electrolyte
solutions would be féectively canceled out becauad’s values at both sides of the ILSB
have the same magnitudes but with opposite signs. Therefore, an IL can be used as a salt
bridge.

However, it dose not mean that any IL can be used as a salt bridge. First, to avoid inter-
ference by hydrophilic cations and anions likely to be present in the aqueous solatjans,
must be away from,'¢° of those ions, that is, be close to zero. Second, the IL has a certain
but not excessive solubility in water. When the interface between an IL and an aqueous phase
(W) is polarized, the phase boundary potential between IL and W is easy to shift due to the
interference of ions in W. The charge-transfer resistance at zero cuRrejitis represented

by53

Roc expl e (AR - Alad)| = —— (11)

2RT VKW
whereKY is the solubility product of CA in W. The polarizability is, thus, inversely propor-
tional to the square root &Y or to the solubility of the IL. The phase boundary potential
is susceptible to the interference due to the ions in W as the solubility of IL to W becomes
low. On the other hand, in practice, the low solubility of IL to W has advantage in terms of
life time of ILSB and contamination of sample solution due to the dissolution of an ILSB.

Therefore, we need to set the solubility of IL to W up as 0.1 - a few mmoPfdth

The performance of ionic liquid salt bridge

Kakiuchi and Yoshimatsu showed the LIP between 1-methyl-3-octylimidazolium
bis(trifluoromethanesulfonyl)amide §@imC,C;N) and aqueous solutions was stable at the
0.001 - 0.5 mol dm? aqueous solution¥’. The structure of gnimC,C;N is given in Fig. 1.

The GmimC,C;N salt bridge showed a stable LJP upon contact witprs0! dnt2 aqueous
solution#® However, when the ionic strength of the sample solution is lower than 0.1 mmol
dm3, the junction potential betweeng@imC,C;N and an aqueous solution of either HCI,
LiCl, NaCl, or KCI deviates from the value determined by the partition gfniiinC,C;N

in W.*8 This deviation is mainly ascribable to theffdision potential in W that accompa-
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1-Methyl-3-octylimidazolium (Cgmim®)

O\\S//O o\\S /o
F3C/ \N'/ \CF

3
Bis(trifluoromethanesulfonyl)amide (C;C1N")

Figure 1. Structure of €nimC,C;N

nies the dissolution of £nimC,C;N. The magnitude of the ffusion potential becomes
non-negligible when the ionic strength is significantly lower than the solubility of the IL.
Sakaida et al. recently proposed an IL that consists of tributyl(2-methoxyethyl)phosphonium
(TBMOEP) and bis(pentafluoroethanesulfonyl)amidg@aN~) for an ILSB suitable to low

ionic strength sample®. The structure of TBMOEPAC,N is given in Fig. 2. Sakaida and
Kakiuchi determined the single-ion activities of lnd CI independently up to 0.5 mol
dm HCI by inserting TBMOEPG@C,N salt bridge in the middle of a Harned céfi.The
geometric mean of the single-ion activities of EInd Ct agreed with thermodynamically

reliable mean activity values of HCI determined with a Harned cell.

An ILSB may give a solution of the problems in miniaturization of the reference elec-
trode. An ILSB is readily gelled by use of poly (vinylidene fluoride-co-hexafluoropropylene)
(PVAF-HFP)%® The structure of PVdF-HFP is given in Fig 3. The all solid-state reference
electrode is realized by the gelled IL including AgClI coated directly witiA&g-| electrode

which works also as an inner solutiéh.
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C4H9

| /CH3
C4H9_ F|)+\/\O

C4Hg

Tributyl (2-methoxyethyl) phosphonium (TBMOEPY)

AV} \V4
/NN

C2F5 CzF5
Bis(pentafluoroethanesulfonyl)amide (C,CoN)

Figure 2: Structure of TBMOEPLL,N

//>T/
CF3

Poly(vinylidene fluoride-co-hexafluoropropylene) (PVdF-HFP)

Figure 3: Structure of PVdF-HFP

The contribution of ILSB to the pH determination

The basis of KCISB which has formed the backbone of the pH determination over a cen-

tury is not necessarily well-established. Many problems remain unresolved because of non-

availability of a devise alternative to a KCISB. The ILSB the one that can give solutions to
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those problems. It is expected that a new basis of pH determination is constructed by the
ILSB. Reexamination of pH data accumulated for nature water may lead to a new horizon
in environmental science. The accurate determination of single-ion activities can bring about
new developments in electrochemistry and solution chemistry.

However, no systematic study of pH determination of low ionic strength solutions has
been made by use of an ILSB. It is not known how accurately pH, that is, single-ion activity
of H*, in low ionic strength solutions can be estimated by use of an ILSB. In addition, the
LJPs between an ILSB and standardfbusolutions, blood, or sea water and the influence of

buffer substances or electrolytes in blood and sea water on the LJP have not been investigated.

Outline of this work

In chapter 1, it is shown that values of the activity of hydrogen ions in 20 4206 dnT3

H,SO, solution are accurately estimated by use of the ionic liquid salt bridge (ILSB), made
of TBMOEPGC;N, sandwiched by two hydrogen electrodes. The experimental pH values
were in good agreement within 0.01 pH with those calculated with the Pitzer motibe
source of the small fierence between measured and calculated pH values can be explained
by the residual dfusion potential due to the dissolution of TBMOERGN in the H,SOy
solution (W) and the resultant increase in the ionic strength of W.

However, this type of cell based on the hydrogen electrode is inconvenient in practical
use. In chapter 2, the author showed the activities of the hydrogen ions in the 2@m200
dm H,S0O, solution could be estimated accurately and reliably by use of glass combina-
tion electrodes equipped with TBMOERGN salt bridge-type reference electrode. A glass
combination electrode equipped with an ILSB gives a solution to the problem intrinsic to the
pH measurement of low ionic strength samples based on a KCISB.

The pH values assigned to standardiéusolutions by use of Harned cells include an
uncertainty associated with the Bates-Guggenheim conventiomchapter 3, the author
proposed a new method to determine the activity of hydrogen ions in phosphate standard
buffer solutions by use of an electrochemical @With an ILSB*474%%0sandwiched by

two hydrogen electrodes. In this method, pH determination is made based on the activity of
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hydrogen ions in dfticient dilute sulfuric acid solutions to apply the Debye-Huckel limiting
law.* Therefore, this pH determination is more reliable than the pH determination by use
of a Harned cell in combination with Bates-Guggenheim convention. The experimental pH
values at 0.01 - 0.05 mol k§ phosphate kiiers were in good agreement within 0.013 pH
with those calculated with the Pitzer mod@The diference between the experimental and
theoretical pH values at 0.01 - 0.075 molFkgvas smaller than that obtained using a Harned
cell. The pH determination by use of an ILSB has potential to be a better alternative to that by

use of Harned cell in estimating the activity of hydrogen ions in phosphélertsolutions.

In earlier studies conducted to examine the performance of ILSBs, temperature was al-
ways 25°C. What is required for application of an ILSB to potentiometric pH measurement
is an ILSB that maintains the LJP constant over a wide range of temperature. In chapter 4,
the author investigated the performance of TBMOE®EI salt bridge at 5 - 60C. The ac-
tivities of hydrogen ions in 0.025 mol k§equimolal phosphate Ifier solutions containing
potassium dihydrogen phosphate and disodium hydrogen phosphate were estimated by use
of the TBMOEPGC;N salt bridge, sandwiched by two hydrogen electrodes at 5€6The
experimental pH values at 5 - 8C were in agreement within 0.02 pH with those determined
by use of a Harned cell. The results confirm that a pH combination electrode equipped with
the TBMOEPGC;N salt bridge is applicable to pH determination in the temperature range
between 5 and 6€C.

In chapter 5, the author showed the interference by ions in aqueous solution (W) of the
LJP between an ILSB and W. The stability of a/AgCl reference electrode equipped with
a gelled ionic liquid, @nimC,C;N, as a salt bridge, was examined by the potentiometry
of pH standard solutions. The reproducible and systematic deviation of the potential of the
IL-type reference electrode in the phthalate pH standard amounted to 5 mV. The deviation is

ascribed to the partition of the hydrogen phthalate in tgai@C,C;N.

The solubility of TBMOEPGC;N is lower than GmimC,C;N. Therefore, it is expected
that TBMOEPGC;N salt bridge is susceptible to the interference by ions in W. THeebu
solutions?6%-9 of the ionic strength) = 0.16, which has compatibility with biological

fluids, for the potentiometric pH measurement of blood and biological fluids have been em-
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ployed. In such high ionic strength, Bates-Guggenheim convention is no longer applicable.
In chapter 6, the author investigated the stability of TBMOEPLI salt bridge in reference
buffer solutions that have been used for pH measurement of physiological solutions. The
experimental pH values determined by the ILSB were closer to the pH values determined by
an Harned cell than by use of KCISB at 1:3.5 phosphate and 1:3 Tifisrlaolutions. How-
ever, experimental pH values of 1:2 HEPES and 1:2 TES were greater than that of KCISB.
In cyclic voltammograms for 1:2 HEPES and 1:2 TES in contact with a TBMOQERN,
the negative end of polarized potential window (ppw) shifted to more positive potentials
than that of ppw in the cyclic voltammogram for NaCl in contact with the TBMOERQ.
From the results of voltammograms, the PBP between the IL and 1:2 HEPES or 1:2 TES
Is expected to shift to the positive direction and then the measured pH values will decrease.
The expected direction of the shift of pH values at 1:2 HEPES and 1:2 TES is consistent with
the results obtained from potentiometric measurement. The shift of measured pH values by
use of a TBMOEPEC,N salt bridge at 1:2 HEPES and 1:2 TES seems to be due to the
interference by the anions in fbar solutions.

Chapter 7 concludes my study on application of ionic liquid salt bridge to accurate de-

termination of pH and summarizes the remained problems and scope for future studies.
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Chapter 1

Determination of the Activity of

Hydrogen lons in Dilute Sulfuric Acids
Using an lonic Liquid Salt Bridge
Sandwiched by Two Hydrogen Electrodes

1.1 Introduction

pH is the most widely used measure for the acidity of solutions, whose notional deftiition
IS
pH = —log ay- (1.1)

whereay- is the activity of hydrogen ions. Accurate pH measurements are indispensable
in many facets of our life and environments. For geochemistry and environmental science,
it is of decisive importance to measure accurate pH values of fresh waters. However, it is
difficult to measure pH of dilute aqueous solutions such as rain water and surface water with
potentiometry using a glass electrode and a reference electrode with a concentrated KCI salt
bridge (KCISB)322 Many studies conducted in 1970s-1990s ascribed thiicalty to the
reference electrod&*11.12.16.19.21.2pn these foregoing studies, it has been established that

the best way of verifying the accuracy of pH measuring systems is to measure the pH values
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of aqueous dilute mineral acids, whose pH can be accurately calculated by the Debye-Hickel

(D-H) limiting law.

Metcalf showed that the error in pH determination of 680l dnT? sulfuric acid solu-
tions using a glass electrode in combination with a reference electrode with a concentrated
KCISB was 0.06+ 0.05 pH (positive bias: two standard deviationsy. The major source
of the error was ascribed to the non-negligible liquid junction potential (LJP) at the contact
of the concentrated KCI solution with the sample solutibAnother possible source of the
error in pH is an increase in the ionic strength of a sample solution due to the leakage of the
concentrated KCI solution from the liquid junction part of the KCISB. Though the degree
of the change in pH depends on the type of the junction, the sample volume, and the time
of the contact of the sample solution through the junction, theceof the leakage of KCI
should be more appreciable in the case of a combination type glass pH electrode, in which
the junction is positioned in close proximity of the glass membrane. Such errors resulting
from the LJP and the change in the ionic strength due to the dissolution of the concentrated

KCl are unescapable problems, as long as a concentrated KCISB is used.

A new type of salt bridge made of a moderately hydrophobic ionic liquid (ILSB) re-
cently proposeth2 is superior to KCISBs, in that the solubility of the ionic liquid (IL)
employed for ILSBs is less than 1 mmol dfrand the principle of cancelling out the LIP
between a sample solution and the inner solution of the reference electrode is based on the
partition of the IL into the sample sid®. However, when the ionic strength of the sample
solution is lower than 0.1 mmol drfy, the junction potential between the ILSB that consists
of 1-methyl-3-octylimidazolium bis(trifluoromethanesulfonyl)amidgrf@nC,C;N) and an
aqueous solution of either HCI, LiCl, NaCl, or KCI deviates from the value determined by
the partition of GmimC,C;N in W.?” This deviation is mainly ascribable to theffdision
potential in W that accompanies the dissolution gi@nC,C;N. The magnitude of the dif-
fusion potential becomes non-negligible when the ionic strength is significantly lower than
the solubility of the IL. Sakaida et al. recently proposed an IL that consists of tributyl(2-
methoxyethyl)phosphonium (TBMOEPand bis(pentafluoroethanesulfonyl)amidg@eN ")

for an ILSB suitable to low ionic strength sampF&s.
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This chapter describes that the activity of the hydrogen ions in dilute sulfuric acids can
be accurately estimated using a TBMOEREN salt bridge sandwiched by two hydrogen
electrodes and that the TBMOERGN ILSB can dfectively cancel out the LJP between
the two dilute sulfuric acid solutions of fierent concentrations. The results is encouraging
in that the use of the ILSB sandwiched by a proper reference electrode and a glass electrode
opens the way for accurate determination of pH of low ionic strength samples and single ion

activities in aqueous solutions, in general.

1.2 Experimental

1.2.1 Reagents

Tributyl(2-methoxyethyl)phosphonium chloride (TBMOEPCI) was synthesized by adding
tributylphosphine (Kanto Chemical Co., Inc. 98 %) to chloroethylmethylether (Tokyo Chem-
ical Industry Co., Ltd. 98 %) at 70C with stirring the mixture for 7 days under nitrogen
atmospheré? The mixture was then washed five times with hexane and vacuum stripped to
remove any volatiles.

TBMOEPGC;N was prepared by mixing equimolar amounts of TBMOEPCI and hydro-
gen bis(pentafluoroethanesulfonyl)amide (Central Glass Co., Ltd. 70 % aqueous solution)
in methanol. TBMOEPEC,N was washed 25 times with MilliQ water to remove halide
impurities. After the 15th washing, Clvas not detected when a few drops of a AgN\§0-
lution were added to the supernatant solution. TBMOEER® was then purified by column
chromatography’ TBMOEPGC;,N was saturated with MilliQ water before potentiometric
pH measurements using the TBMOEMGN salt bridge. Because the acidity of hydrogen
bis(trifluoromethanesulfonyl)amide is stronger than HNOC,C,N~ is presumably not pro-
tonated in contact with aqueous dilute sulfuric acid solutions employed in the present study.

Aqueous sulfuric acid solutions of sixfterent concentrations, 20, 50, 100, 150, 200, and
500 x 10°® mol dnT3 were prepared by diluting with MilliQ water a standardized sulfuric
acid solution, which was certified to be (5.800.01) x 102 mol dnT3 by coulometric

titration with the NaOH solution (Nacalai Tesque, Inc., Japan). A 68Dx 10-° mol dnv3
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H,SO, solution was prepared by adding 5.80.03 ml of (5.00+ 0.01)x 1072 mol dn13
H,SO, to a 500.00+ 0.25 ml flask and diluting to a final volume of 5@00.25 ml with
MilliQ water at 20.0°C. (20.0+ 0.12), (50.0+ 0.3), (100+ 0.6), (150+ 0.9), and (200
1.2)x 10 mol dn13 H,SO, were prepared by adding 20.60.02, 50.00+ 0.03, 100.00t
0.05, 150.0G- 0.06, and 200.0& 0.07 ml of (500+ 3) x 10°® mol dn7 H,S0O, to a 500.00
+ 0.25 ml flask and diluting to a final volume of 5@00.25 ml with MilliQ water at 20.0C,
respectively.

The hydrogen electrodes were prepared by electrolysis of platinum foils of about 10 mm
square for about 5 min at 30 mA cfin a 3.5 % (gL) solution of chloroplatinic acid (Nacalai

Tesque, Inc.) containing 0.005 %[y lead acetate trinydrate (Nacalai Tesque, Iffc.)

1.2.2 Methods

The electrochemical cell employed is represented as

I | 1 Y Y,
o M
Pt | 500umol dn® ' TBMOEPGC,N ' x umol drr | Pt
H,SO, : : H,SO, (A)
| |
‘ ‘

The single dashed vertical bars indicate the interfaces between the ILSB and the aqueous so-
lutions (Il and 1V). Figure 1.1 illustrates the structure of the U-type glass cell used for poten-
tiometry. It consists of the two hydrogen electrode compartments and the TBM{QERC

salt bridge.



Figure 1.1: lllustration of the electrochemical cell using a ILSB sandwiched by two hydrogen
electrodes. 1: glass tube for introducing hydrogen gas; 2: hydrogen electrode; 3: glass tube
for exhausting hydrogen gas; 4: silicon rubber stopper; 5: U-type glass cell; 6zr860

dm 3 H,SOy; 7: x umol dnm? H,SOy; 8: TBMOEPGC,N



The cell voltageE, i.e., the potential of the right-hand-side terminal referred to that of
the left in the cell (A), was measured with an electrometer (Advantest, R8240) with a GPIB
interface. The sampling interval was 1 min. The cell was immersed in a water bath main-
tained at 25.0: 0.1 °C. Each of the two hydrogen electrodes was supplied with hydrogen
gas (99.9995 %), which was generated by a hydrogen gas generator (Horiba Stec, OPGU-
7100), at the rate of two to three bubbles per second from a jet about 1 mm in diameter during
measurements. The gas was passed through a saturator containing the same solution as the
one in the hydrogen electrode compartment before it entered the cell.

The value ofE was measured at 20, 50, 100, 150, and 20®! dn3 H,SCO, in phase
IV in cell (A). The measurement at each concentration g®, was repeated three times.
After each measurement, both $0, solutions in phases Il and IV in cell (A) was drained
and the U-type glass cell and two platinum electrodes were washed with MilliQ water three
times. The measurement for each concentration 8@ was completed in a day and it
took 5 days to complete all measurements. EHwas recorded for 1 h after the hydrogen
gas was passed in cell (A) for 1 h. The averag&ofalues recorded in the last ten min at

each measurement was employed to estimate the pH value.

1.2.3 Experimental pH Values of Dilute Sulfuric Acids

An unknown pH value of sulfuric acids (gHin IV in cell (A) is written by

F
RTIn10

pH, = pHs - (E-E) (1.2)

where pH is the pH value of the 50@mol dnT> H,SO;, solution in Il in cell (A), andE;
is the sum of two LJPs on both sides of the ILSB in cell (K)js the Faraday constant,
R is the gas constant, afdis the absolute temperature. The value of dHcalculated by

Y+ Y arr-
the following procedure. The values ofﬁk@ysoz_) and In(Hy %
4 HS!

) at a given value oy

s

were calculated using the method proposed by Pitzer &8 alhereyy: andy_,

L] ')’qua
are the activity coficients of hydrogen ion, hydrogensulfate, and sulfate, respectively, and
my+ IS the molality of hydrogen ion. When the ionic strength of a solution is so low that

the D-H limiting law® is valid, yx- is equal toy,, . Then from the values of Inf.y_, )
4 4
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Yo+ Vg
and In( 4
yH

) given by the Pitzer model, it is possible to calculgte. Although 500umol

so;

dm3is too high to apply this approximation, we calculajgd based on the assumption that
vh+ IS equal tOVqu and obtained 0.9584. Then, the value ofspH- logyy:my- is 3.033.
Instead, if we use the D-H limiting lawy- = 0.9566 and pl = 3.034. The diference,
0.0018 inyy-+, corresponds te-0.05 mV in E, which is within the experimental error in
the presenE measurements. To calculate the activity of hydrogen ions, the molarities of
sulfuric acids at 20.0C were converted to the molalities using the densities obtained by the
extrapolation of the known densities of sulfuric acids at 2€.@s a function of the molarity.

34 1f the ILSB works ideally,E; is null and the equation (1.2) reduces to

FE
RTIn10

pH, = pH, - (1.3)

The pH, value obtained by the equation (1.3) is hereafter denoted gs pH

1.3 Results and Discussion

1.3.1 Comparison of Experimental pH Values with Theoretical Values

Based on Pitzer and D-H Models

Figures 1.2 - 1.6 show the time dependenc&dbr 1h at 20 - 20Qumol dnT3 H,SO, in
IV in cell (A), respectively. The excursion & in 1 h was within 0.30 mV (equal to about
0.005 pH) in each run and the standard deviatiok e@fas 0.05 mV for all measurements.
However, three independent runs fluctuated around their own values and the pooled standard
deviation of the average values was 0.67 mV.

Table 1.1 lists the concentration o080, in molality, the molality of H, my-, the cor-
responding ionic activity cdicient, yy-, the experimental pH value, pkl and calculated
pH value, pHa, for 20, 50, 100, 150, and 2Q@mol dnT3 H,SO,. The value of pk, was
obtained from the averade value for each measurement. Thé&5 % confidence interval
of pHex for the triplicate measurements at each concentration is also given in Table 1.1. The
pH.a values were calculated from the molal concentration baHd the corresponding ionic

activity codficient as is the case of gHThe average p§l values were in good agreement
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with the pH, for all concentrations of k50, examined, but the average gHvalues were
always higher than the correspondingphtalues by 0.001 to 0.009 pH unit or 0.06 to 0.5
mV in E. The diterence between the experimental and theoretical pH values determined us-
ing TBMOEPGC;N salt bridge is smaller by one order of magnitude than KGfSBand

the standard deviation of the experimental pH values using TBMQERCsalt bridge is

also smaller than those obtained with KCISBThe ILSB thus measures more accurately
the activity of hydrogen ions in a dilute sulfuric acid than KCISB. However, the experimen-
tal pH values are still higher than the corresponding theoretical values by 0.001 to 0.009 pH
unit; the experimental pH values are positively biased by this amount. Two possible reasons
for the diference between measured and theoretical values in Table 1.1 areftiséodi
potential due to the étierent mobilities of TBMOEP and GC,N~ in the SO, solution

and the increase in the ionic liquid strength of th€58) solution due to the dissolution of

TBMOEPGC;N.
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Figure 1.2: Time dependence Bffor 1 h at 20umol dnT3 H,SO, solution in cell (A).
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Table 1.1: The experimental and calculated pH value of 20 4206l dnT3 H,S0,.

Molarity Molality Mean pHy
of HySOy of HySOy My + 95 % confidence
JumoldnT®  /umol kgt / umol kgt Yhe PHcal interval PHex-PHeal

20 20.06 40.04 0.9910 4401 4.4190.021 0.009
50 50.15 99.85 0.9860 4.007 4.0080.018 0.001
100 100.30 198.87 0.9804 3.710 3.7130.026 0.003
150 150.45 297.12 0.9762 3.538 3.5430.020 0.005
200 200.59 394.67 0.9727 3.416 3.4210.029 0.005

1.3.2 Hfect of the Diffusion Potential on Experimental pH Values

When the transfer of the ions in W into the IL is negligibly small, the LIP between the IL

and the aqueous solution (W) is described5

1 . . RT, Ye:vYn
AYI\_/¢ = E(AWGLII’_,A—W’O - AYXGL'I:0+W’O) + E In W—'IDI\_ + ¢\(;Yﬂ: (14)
YeVa-

whereAls is the inner potential of W referred to that of the Wy'G, ' *"° andAG,- ™"

are the standard Gibbs energy of transfer of the catidi &8d the anion (A) constituting

the IL from IL to W, respectivelyy- andy!¥ are the activity coficients of the ions (i

C* and A") in the phases IL and W, angl). is the difusion potential in W due to the
different mobilities of C and A” in W. Here, ¢ is referred to the electrostatic potential

in W at the interface between the IL and W. In the right hand side of the equation (1.4),
the first and second terms represent the distribution potential determined by the partition of
TBMOEPGC;N. In E;, the sum of two LJIPs at the interface between Il and Ill and that at
[l and IV, the two distribution potentials are canceled out provided that the second term on

the right side of the equation(1.4) is negligible. THes then represented by
Ej = ¢t — Sair = Mg (1.5)

whereg)l and¢/? are the difusion potentials in 50@mol dnT H,SO, andx umol dnm3

H,SOy, respectively.
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Since the concentration of 80, is uniform in W, the Henderson equatitnfor the

diffusion potential is written by

¢\c?ilff (UTBMOEP+ — Uc,con-
UremoEep: + Uc,coN-

RT | C%MOEPCZCZN (UrmoEP+ + Uc,CoN-) + Uk Gy + 2Usq2;Cso§- 16

T Un+C+ + 2Usp-Cscz- (1.6)

whereu; andc; are the mobility and the molarity of ioni & TBMOEP*, C,C,N~, H, SO}[),
respectively, anafy,oepa.c,n S the solubility of TBMOEPGC,N and 200umol dnr?.28
The values ofigyoep anduc,c,n- at 200umol dnv2 are 2.58x10°* and 2.66x107* cn?
st V1,28 respectively, andiy. and Usg- at 20 - 200umol dnt? H,SO, were estimated
according to the procedure reported previouélffhe values ofuy:, Uscz-, andAg¢Y. are
given in Table 1.2. When theffect of the difusion potential of TBMOEPZZ,N in W is

taken into account, the experimental pH value, pk$ described by

pH = pH; - m(E — A (1.7)

The values of p, for 20 - 200umol dn3 H,SO, are given in Table 1.2, together with those
of pH,,-pH.a. The diference between the experimental and theoretical pH values becomes

smaller by taking account of the possible contributiodg§/ to E;.

Table 1.2: The ffect of the difusion potential due to the dissolution of

TBMOEPGC;N on experimental pH values.

Molarity of Up+ Uscp-

HoSOs/ umol dnr® /enP stV Jem? stV Agle/mV pHy  pHo-pHea

20 3.61x10°  4.13«10™* -0.199 4.407 0.006
50 3.5%10°  4.11x10* -0.086 4.007 0.000
100 3.5%10°  4.0810* -0.041 3.712 0.002
150 3.55x10°  4.06x10°* -0.024 3.543 0.005
200 3.54<10°  4.04x10°* -0.016 3.421 0.005
500 3.4810°  3.9810* - - -
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1.3.3 Hfect of the Change in lonic Strength Due to the Dissolution of
TBMOEPC,CoN

Second, we consider théfect of the finite solubility of the IL in the aqueous phase (W) on
the activity of hydrogen ion. In the present study, we did not attempt to determine the actual
concentration of TBMOEPC,N in the aqueous phases. But, in the present measurement
of pH using cell (A), the dissolution of TBMOERC;,N in W can change the ionic strength

of W, and in turn change the activity of hydrogen ions in W. When th8® solution is
saturated with TBMOEP4C;N, the ionic strengths of W(ll) and W(IV) would increase by
200umol dnm3. The resultant pH values in W(Il) and W(IV), gidnd pH,, were calculated

by
FE

RTIn 10 (1.8)

PHz, = pH, -
The values of p,, pHg,, and pH,-pH,,, are given in Table 1.3. The fiierence between

the experimental and theoretical pH values decreased by allowing for the change in the ionic

strength in W, assuming that phase 1V is saturated with TBMOER.

Table 1.3: The fect of change in the ionic strength due to the

dissolution of TBMOEPGC,;N on experimental pH values.

Molarity of
HzSOs / pmol dnr® - pH, pHz, PHg,-PHC,
20 4.406 4.412 0.006
50 4.010 4.009 -0.001
100 3.712 3.714 0.002
150 3.540 3.544 0.004
200 3.418 3.422 0.004

Taking account of bothféects, we may write pl§ as

pHN/ — pH/S _

ex

(E - Adyia) (1.9)

F
RTIn10
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The values of pl, and pHy- pH.,, for 20 - 200umol dn13 H,SO;, are given in Table 1.4,

where one can see that thétdrence between the experimental and theoretical pH values is

0.001+ 0.003 in the concentration range between 20 andu206! dn 3.

Table 1.4: The ffects of the dfusion potential and
change in the ionic strength due to the dissolution of

TBMOEPGC;N on experimental pH values.

Molarity of
H,SOy / umol dnr®  pH PHex-PH;,
20 4.408 0.002
50 4.007 -0.003
100 3.713 0.001
150 3.544 0.004
200 3.421 0.003

1.4 Conclusions

The activities of hydrogen ions in 20 - 2@@nol dnT3 H,SO, solution have been reliably
estimated using the ILSB sandwiched by two hydrogen electrodes. In other words, the as-
sumption of the cancelling out the LIP between the two sulfuric acid solutions by use of
TBMOEPGC;N ILSB is valid to the extent of within 0.003 pH unit or 0.2 mV. The ILSB
is a better alternative to the KCISB in estimating the activity ofifl dilute aqueous solu-
tions. The accurate pH determination of low ionic strength solutions would be feasible by
combining an ILSB-equipped reference electrode and a glass electrode.

An immediate and practical consequence of the ILSB is perceived in pH monitoring in
environmental chemistry and geochemistry. What is of more general importance envisaged
from the present results is that a well designed ILSB enables us to reliably estimate single

ion activities in electrolyte solutions even at higher ionic strengths.
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Chapter 2

Potentiometric Determination of pH
Values of Dilute Sulfuric Acids with
Glass Combination Electrode Equipped

with lonic Liquid Salt Bridge

2.1 Introduction

It is difficult to estimate accurately the activity of hydrogen ions in dilute agueous solu-
tions by potentiometry with a concentrated KCl salt bridg€.Metcalf reported that the
error in the case of the measurements ofus@ol dnt3 H,SO, by use of a glass combi-
nation electrode equipped with a KCI salt bridge was 0.858.05 pH (positive bias:

two standard deviation$) The main reasons of theffitulty are the liquid junction poten-

tial (LJP) between a KCI salt bridge (KCISB) and an aqueous solution and the increase
of the ionic strength in the aqueous solution due to the dissolution of the KCI solution
from the junction part. A new salt bridge composed of a moderately hydrophobic ionic lig-
uid (IL) can solve the problems intrinsic to KCISB%1® Especially, the ionic liquid salt
bridge (ILSB) that consists of the cation and anion with similar mobility in aqueous so-

lution (W), e.g. tributyl(2-methoxyethyl)phosphonium bis(pentafluoroethanesulfonyl)amide
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(TBMOEPGC;N), shows a very stable LJP upon contact with a dilute aqueous soltfon
In chapter 1, it was demonstrated that the activities of hydrogen ions in 20r260dnT>
H,SQO, solution could reliably be estimated within 0.01 pH by use of a TBMOERN salt
bridge sandwiched by two hydrogen electrodes.

However, hydrogen electrodes have weak points in practical use, e.g., long time required
for equilibration, dificulty in handling, and interference by redox active substances. A glass
electrode has been widely accepted as a hydrogen-ion-responsive electrode instead of a hy-
drogen electrode. A pH glass electrode combined with an ILSB-type reference electrode
would make pH measurements in low ionic strength solutions much more accurate, faster
and easier. In the case of pH measurement with a glass electrode, the calibration with pH
standard bfiers is required.

In this chapter, it will be shown that the activities of the hydrogen ions in the 20 - 200
umol dntT3 H,SO, solution can be estimated more accurately and reliably by use of glass
combination electrodes equipped with TBMOERKEN salt bridge-type reference electrode.

The glass combination electrode with the ILSB-type reference electrode allows us to obtain
accurate pH values of low ionic strength solutions with the same procedure as has been used

in conventional glass electrodes with KCl-type reference electrode.

2.2 Experimental

2.2.1 Reagents

The TBMOEPGC,N was obtained from Kanto Chemical Co., Inc. and used without further
purification. The sulfuric acids of five fierent concentrations, 20, 50, 100, 150 and 200
umol dn3, were prepared according to the procedure described in chaptex phthalate
standard solution (0.05 mol k§KHCgH,4O,4, pH = 4.008+ 0.015 at 25C) and a phosphate
standard solution (0.025 mol kgKH,PO, + 0.025 mol kg* Na,HP Oy, pH=6.865+ 0.015

at 25C) were obtained from Kanto Chemical Co., Inc. A 0.05 molkgjtrate bufer solution

(pH = 3.776 at 25C) was prepared by dissolving 11.41 g of KE§Hs0O; (Kanto Chemical
Co., Inc. 99 %) in pure water and diluting it to 1.08@.0004 dm.?° TBMOEPGC,N was
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gelled by dissolving 8 g of P(VdF-HFP) and 0.008dRBMOEPGC;N in 0.1 dn¥ acetone.

The mixture was dried to remove acetone for one week at room temperature to obtain a disk-
shaped membrarté.The ring-shaped membrane, whose outer diameter, inner diameter, and

thickness were 12 mm, 5 mm, and 2.5 mm respectively, was cut out from the disk-shaped

membrane.

2.2.2 Methods

Figure 2.1 illustrates the structure of a combination electrode which consists of a glass elec-
trode and a reference electrode equipped with a gelled TBMQECsalt bridge. The
ring-shaped membrane of the gelled IL was mounted with a silicone O-ring to the cylindrical
body of the combination electrode. In the ILSB-type reference electrode, the inner cell was
composed of an A@\gCl electrode in a 0.1 mol dm KClI saturated with a TBMOEP,N

and AgCI. In the glass electrode, the inner cell was composed of ahgll electrode in

a 0.1 mol dm? KClI saturated with an AgCl and 0.04 mol dirKH,PO, + 0.16 mol dnt®
NaHPO,. The AgAgCI electrodes were prepared according to the procedure reported pre-
viously.?? The pH responsive glass sticks were prepared by melting the mixture of §0SiO
30Li,0, 0.1S¢03, 0.9Y,03, 3L&03, 2Cs0, 2BaO and 2T#0s (in mol%) and pouring the
melted mixture over a Ni board. A stem glass with a pH responsive glass membrane was pre-
pared by melting the pH responsive glass stick and sticking it, in the shape of a hemisphere
whose diameter and thickness were 3.5 mm and 0.2 mm respectively, on the top of the stem

glass.
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Figure 2.1: lllustration of the pH electrode combined with the glass electrode and the refer-
ence electrode equipped with the gelled TBMOEREAN salt bridge. 1: lead wire; 2: cap;

3: cylindrical plastic body; 4: 0.1 mol dm saturated with an AgCl and a TBMOEBRGN;

5: 0.1 mol dm? KClI saturated with an AgCl and 0.04 mol d&rKH,PO, + 0.16 mol dnt®
NaHPQOy; 6 and 6: Ag/AgCl electrode; 7: gelled TBMOEPRSLC;N; 8 and 8: silicon O-ring;

9: hydrogen-ion-responsive glass membrane; 10: stem glass.
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The electrochemical cell with the glass electrode and the ILSB-type reference electrode

employed for the pH determination is represented as

I I 11l | v \% VI
0.1 mol dnT* KCI | pH standards
Ag | AgCl saturated with ! gelled or glass (A)

TBMOEPGC,N ' TBMOEPGCN ' x umol dnT® | electrode

and AgCl

The single vertical bar indicates the phase boundary, and the single dashed vertical bar
indicates the liquid junction between two electrolyte solutions fiedent compositions.

The cell voltageE, i.e., the potential of the right-hand-side terminal referred to that of
the left in cell (A), was measured with a pH meter (Horiba, Ltd., F53) at a sampling rate of
0.3 Hz. The measurements Bffor three sets of sample solutions of the same composition
with three pH meters were performed in parallel. Three polypropylene containers containing
0.02 dni sample solution (V in cell A) were set in a water bath kept at 256.0.1 °C.

The combination electrodes were first rinsed with MilliQ water, and then dipped into the
container for potentiometric measurements. Cell A was calibrated with two pH standard
buffers before the measurement of each concentration, 80 Two sets of pH standard
buffers employed for the two point calibration were (1) the phosphafterband the citrate
buffer and (2) the phosphate fiier and the phthalate Her. E in the phosphate liter was

first measured before the otherftar.

The E values in a sulfuric acid solution were measured for 15 min in each measure-
ment. The measurement Bfin each concentration of sulfuric acid solutions was repeated
five times. The electrodes were dipped into a beaker containing 0.08/lhQ water and
stirred gently for 10 s before pH measurements. The electrodes were washed three times
with different MilliQ water. The water wetting the electrodes after the washing was wiped

off with Kimwipes®. For pH measurements of,B0, solutions, after the washing with wa-
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ter, the electrodes were further washed for 10 s with the sasB©}solution as the sample

solution in order to remove completely the water adhered to the surface of the electrodes.
Measurements of two concentrations of sulfuric acid solutions with three sets of electrodes
were completed in one day, and it took 3 days to complete all measurements for 20 - 200

umol dn3 H,SO, sample solutions.

2.2.3 Experimental pH Values of Dilute Sulfuric Acids

When cell (A) is calibrated with a standardfter, pHs, an unknown pH value of }$0,

solutions, pH, in V in cell (A) is written by??

[Eex — Es — (Ejixy — Ej)]F

RTIn10 (2.1)

pHx = pHS -

whereE., andEs are the readings of the pH electrode for th&B)y solution and the standard
buffer whose pH values are ptand pH, respectivelyEj andE;s) are the LIPs at ILSB

| X umol dnT3 H,SO, and ILSB| the standard kier solution interfacess is the Faraday
constant,R is the gas constant, and is the absolute temperature. Glass electrodes may
exhibit the pH response smaller than the theoretical v&ién 10/F volts per pH unit?42°

The safest procedure is to use the operative Nernst slopehich is obtained from the

two-point calibration of the electrode.

,_ Es—Es
pHs, — pHs,”’
whereEgs, andEg, are the pH cell voltages for the fiars pH;, and ph,, respectively. When

(2.2)

k' is used, eq (2.1) is represented by

Eex — Es — (Ejy — Ejs)

pH, = pHs - k (2.3)
If the ILSB works ideally,Ejy is equal toEjs) and eq (2.3) reduces to
Eex—E
pH, = pHs — = — (24)

k/
The pH, value obtained by eq (2.4) is hereafter denoted as.pH
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2.3 Results and Discussion

2.3.1 Time Courses of at Different Concentrations of Sulfuric Acids

Figure 2.2 exemplifies the time dependenc&afi one of the combination electrodes for 15

min at phosphatec), phthalate {) and citrate 1) buffers. E reached a steady value after

1 min for the three biliers. The change ik from 1 min to 15 min after the start of the
measurements was within 0.3 mV for all cases. The operative Nernst slope was calculated
with the two values oE after 15 min for the phosphate and citrate standards, or the phosphate
and phthalate standards from eq 2.2. Figure 2.3 exemplifies the time depend&rfoe b5

min at 20 (), 50 (), 100 @), 150 (¢ ) and 200 &) umol dnT3 H,SO,. The change in the
values ofE from 1 min to 15 min after starting the measurements was within 0.2 mV for all

cases of measurements of$0;.

200
ESDDDDDDDDDDDDDDDDDDDDDDDDDDDDDDDDDDDDDDDDDD*
AAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAA
170 | f
> 140 i .
E 110! |
S~~~ | |
X 80 | |
50 | f
20 | :
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_10 (|> | | | | |
0 5 10 15

f/ min

Figure 2.2: Time dependence Bffor 15 min at pH standards in cell (A). Phosphatg, (

phthalate £) and citrate 1) standard solution.

25



220

7AAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAAA7

200 gnononooooouooooooonnoooo»uoooouoa

0000 0000000000000000000000000000000000000CH

180 | *

LISANNNNANNNANNANNNNANNANNDNNNNNANNANNNNDNNNNNNNNNNNN I

160 ¢ f

E/ mV

000000000000 0000000000000000e00e0000000000

1400 w
0 5 10 15

f/ min

Figure 2.3: Time dependenceBffor 15 min at 20 - 20umol dnt3 H,SO, solutions in cell

(A). 20 (0), 50 (»), 100 @), 150 (o ) and 200 &) zmol dnt3 H,SO.

2.3.2 Comparison of pH Values Deduced from eq (2.4) with Theoretical

Values

Table 2.1 lists the molality of 50Oy, the molality of H', my, the corresponding ionic activity
codficient,yy+, the operative Nernst slopk, the calculated pH value, gkl and the exper-
imental pH value, pk, for 20, 50, 100, 150 and 2Q@mol dnT3 H,SO,. The average of the
values ofk’ obtained for each of three sets of electrodes is given in Table 2.1. The value of
pHex Was obtained from thg& value after 15 min. The average of gtat each concentration

of H,SO, was calculated from fifteek values obtained from the measurements with three
sets of electrodes. The 95 % confidence interval of,dbr fifteen measurements at each
concentration is also given in the 7th column in Table 2.1. Thgypdlues were calculated

by the Pitzer and Debye-Hiickel models as described in chagter 1.

Metcalf showed that the pH value of %Mol dnT3 H,SO, measured by use of a glass
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combination electrode equipped with a KCI salt bridge was 40605 pH (average pH
value + two standard deviation$) This average value is positively biased by 0.053 from
the calculated value of 4.007. The present result in Table 2.1 at then®0dnT3 H,SO,
solution, 4.030+ 0.003, is closer to the calculated value, and the 95 % confidence inter-
val of the experimental pH values is smaller by one order of magnitude thahabi@ined
with the KCISB-type. The TBMOEPC,N salt bridge-type combination electrode thus es-
timates more accurately the activity of hydrogen ions based on the operational definition of
the practical pH value in a dilute sulfuric acid than the KCISB-type combination electrode.
In the present study, the averagecpMalues (Table 2.1) showed a positive bias to the
corresponding pH, values by 0.005-0.032 pH unit. Two possible factors that can give rise
to this bias are the ffusion potential due to the slightftBrence between the mobility of
TBMOEP* and GC,N~ in the SO, solution and an increase in the ionic liquid strength of
the H,SO, solution due to the dissolution of TBMOERGC;N.

Table 2.1: Experimental pH values obtained with the two point calibration by use of

the phosphate and citrate standards and calculated pH value of 2@r00InT3

H,SOy.
Molarity Molality Mean pHy
of H,SOy of H,SOy My + 95 % confidence
Jumoldnm®  /umolkg™? /umolkg™® yu K/V PHecal interval PHex-pHeal

20 20.06 40.04 0.9910 0.05910 4.401 4.433.011 0.032
50 50.15 99.85 0.9860 0.05909 4.007 4.02®.003 0.023
100 100.30 198.87 0.9804 0.05924 3.710 3.418.003 0.008
150 150.45 297.12 0.9762 0.05905 3.538 3.54@.004 0.006
200 200.59 394.67 0.9727 0.05913 3.416 3.420.002 0.005

2.3.3 Hfect of Diffusion Potential on Experimental pH Values

If the two distribution potentials at the ILSBH,SO, and ILSB| phosphate standard solution

interfaces are canceled out, the experimental pH valug, Bxpressed by
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Eex - ES - ¢\é\|lﬂ-‘
kr
wheregy. is the difusion potential due to the dissolution of IL from the ILSB>mumol

pH, = pHs - (2.:5)

dm3 H,SQ, solution and is referred to the electrostatic potential in the bulk sample solution
phase. The diusion potential in the phosphate and citrate standard solutions has been ne-
glected in eq 2.5 because the ionic strength of the standard solutions is much higher than the
solubility of the IL in W.*® The values of. in dilute H,SO, solutions® have been calcu-

lated from the Hendarson equatiéhThe pH,, and pH,,—pH., are given in Table 2.2. When

the dfect of the difusion potential of TBMOEPZC,N in the H,SO, due to the dissolution of
TBMOEPGC;N is considered, the experimental pH values are closer to the corresponding

theoretical pH values by 0.001 - 0.003 than those in Table 2.1.

Table 2.2: Hect of the difusion potential and the change in the ionic strength due

to the dissolution of TBMOEPSC,N on experimental pH values.
Molarity of

of HoSOy

Jumoldmr3 gW/mV pH.  pHe  PHacPHea  PHexPH  PHacPH,

cal

20 -0.199 4.406 4.430 0.029 0.027 0.024
50 -0.086 4.010 4.028 0.021 0.020 0.018
100 -0.041 3.712 3.718 0.008 0.006 0.006
150 -0.024 3.540 3.543 0.005 0.004 0.003
200 -0.016 3.418 3.421 0.005 0.003 0.003

2.3.4 Hfect of Finite Solubility of IL in W

The theoretical pH values, (i are calculated taking account of the 2680l dn® increase
of the ionic strength in the $50, solution due to the dissolution of TBMOERG,N.’
pH,, and pH,—pH., are also given in Table 2.2. Thefidirence between the experimental

and theoretical pH values is thus smaller by 0.002 - 0.005 than that in Table 2.1. The values
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of pHg,—pH;, for 20 - 200umol dnt3 H,SOy are also given in Table 2. When botfests

are taken into account, theftirence between the experimental and theoretical pH values is

smaller than by 0.002 - 0.008 than that in Table 2.1.

2.3.5 Uncertainty of pH of Primary Standard Solutions

The values of pkl in Table 2.2 are still higher than the theoretical values by 0.003 - 0.024.

A possible reason for the remainingfference between the experimental and theoretical
value is the uncertainty of 0.01 in pH values assigned to the primary standards associated
with the Bates-Guggenheim conventi&t?’ This uncertainty dose not arise when the pH
determination for an unknown sample solution is performed based on the pH value of a

sufficiently dilute aqueous solution as given in chapté? 1.

2.3.6 Uncertainty in Calibration of Glass Electrodes in Combination

with ILSB - Equipped Reference Electrode

The deviation of about 0.01 pH unit remains even if the uncertainty of pH values assigned
to pH standards is taken into account. There are two possible factors for the remaining dif-
ference. First, the operative Nernst slokg,obtained at the two point calibration may not

be the same as that obtained at the measurement of Bé,Holution. Second, the LJP
between the ILSB and the standardileu solution may shift due to the specific interaction
between the hydrogen or dihydrogen phosphate ions and TBM@ERCor the hydrogen

or dihydrogen citrate ions and TBMOERG,N.

2.3.7 Hfect of Hydrogen Phthalate lons on Two Point Calibration with

a Phthalate Buffer
The experimental pH values, plhn, Which were obtained in the two point calibration with
the phthalate standard fber instead of the citrate standardfeu are given in Table 2.3. The

operative Nernst slopeképh), obtained by the two point calibration with the phosphate and

phthalate standard Hers for the pH measurements of 20 - 2000l dnt3 H,SO, solutions
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are listed in Table 2.3. These values obtained are higher by-0@A3 pH unit than those
with the citrate bffer for all concentrations of §60,. The diference is ascribed to the
positive shift of the LIP between the TBMOEREGN phase and the phthalate standard due

to the dissolution of hydrogen phthalate ions into the IL pi&SEhe values ok . listed

(ph)
in Table 2.3 are larger than the theoretical Nernst slope, 59.16 mV & .28hen the shift

of the LIP between the TBMOERGC,N phase and the phthalate standard is positive, the
value oszph) is larger than the theoretical Nernst slope. When the theoretical value, 59.16
mV, is used at the estimate of pfgw value in 20umol dnt?® H,SO, solution instead of
59.75 mV, the value of pH ) is 4.439, and is nearly consistent with the value obtained in
the two point calibration with the citrate fier, 4.433. The increase of p{gn) can thus be
explained by the positive shift of the LIP due to the dissolution of hydrogen phthalate ions
into the IL phase. Although the phthalate standarffdsus used more widely all over the

world as a primary standard on the lower side of pH scale than a citrate, the citfi@eidu

recommended in the pH determination with TBMOEREN - based reference electrodes.

Table 2.3: Experimental pH values obtained with the two point calibration by

use of phosphate and phthalate standards.

Molarity of Mean pHyn)
H,SQO, / umol dnt3 kfph) /V 95 % confidence interval  plpnyPHcal

20 0.05975 4.464+ 0.005 0.063
50 0.05983 4.047+ 0.004 0.040
100 0.05981 3.745+ 0.003 0.035
150 0.05975 3.570+ 0.003 0.032
200 0.05974 3.444+ 0.007 0.028
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2.4 Conclusions

By use of the combination electrode that consists of a glass electrode and a reference elec-
trode equipped with the gelled TBMOERG,N salt bridge, the activities of hydrogen ions

in 20-200umol dnT3 H,SO, solution were determined based on the two-point calibration of

the electrode. The combination electrode enables us to determine more accurately pH of a
dilute aqueous solution on the basis of the operative pH definition than those by use of pH
electrodes in combination with KCI-type reference electrode. The ILSB-based glass combi-
nation electrode gives a solution to the problem intrinsic to pH glass combination electrodes
equipped with a KClI salt bridge in determination of pH of low ionic strength samples, which
are to be commonly measured in geochemistry, environmental science, and certain branches

of industry and commerce.
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Chapter 3

Reexamination of the pH Values Assigned
to Aqueous Phosphate Bffers Used as a

Primary Standard for pH Determination

3.1 Introduction

pH is the most widely used measure for the acidity of solutions. Accurate pH measurements
are necessary in many facets of our life and environments. The notional defiditidapted

internationally is

pH = —logay+ (3.1)

whereay- is the activity of hydrogen ions. However, the single ion activity can not be mea-
sured without an extrathermodynamic assumption. In practice, the pH value of unknown
sample solutions is determined based on the pH value assigned to the starftiarddiu-
tions3

The pH values of primary standardfter solutions are determined by use of the elec-
trochemical cell, known as a Harned cell, which consists of a hydrogen electrode and a
silver-silver halide electrod&? and is believed to be a cell without a liquid junction. In this
method, the activity cd&cient of halide ions in the bier solution should be known to de-

termine the activity of hydrogen ions. For the solutions of low ionic strenigih @.1 mol
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kg™?), the activity codficient of chloride ion may be calculated from Debye-Hiickel (D-H)

equatiorf as a reasonably approximation:

AVI
1+ BaVl

whereA andB are constants which vary with the temperature and dielectric constant of the

logycr = - (3.2)

solvent and a is the ion size parameter introduced to take account of the mean distance of
closest approach of the ions. Bates and Guggenheim suggested,thattionic strengths

not exceeding 0.1 mol kg can be calculated by equation (3.2) wih = 1.5 kg"/? mol-1/2,

which is called as Bates-Guggenheim convenfi@ates estimated the uncertainty associ-
ated with this estimation of the activity ciieient of halide ions to be 0.01 pH unit on the

pH determination of 0.025 mol k§ equimolal phosphate Hi@r solution® The values of pH
determined based on the pH values assigned to standfiest balutions by use of a Harned

cell in combination with Bates-Guggenheim convention thus bear the uncertaint9.ofl

pH unit (95 % confidence intervaf).

This chapter describes a new method to determine the activity of hydrogen ions in phos-
phate standard Iier solution by use of the electrochemical éedlith an ionic liquid salt
bridge®-1! (ILSB). In this method, pH values of fier solutions is determined based on the
activity of hydrogen ions in a sticient dilute sulfuric acid solution, to which the Debye-
Hickel (D-H) limiting law? is reliable to deduce the activity ciieient of changed species
assuming that the LIPs between the ILSB and the dilyt&(y solution and that between
the ILSB and a bfier solution are negligible. This method of pH determination of fidvu
solution is expected to be more reliable than the pH determination by use of Harned cells in
combination with Bates-Guggenheim convention.

The author will show that the activity of the hydrogen ions in equimolal phosphé#ierbu
solutions containing potassium dihydrogen phosphate and disodium hydrogen phosphate can
be accurately estimated by use of an ILSB that consists of tributyl(2-methoxyethyl)
phosphonium bis(pentafluoroethanesulfonyl)amide (TBMOERBR) sandwiched by two
hydrogen electrodes. In other words, the TBMOEELN salt bridge canféectively cancel
out the LIP between the 20nol dnT3 H,SO, solution and the equimolal phosphateftien

solution. The results suggest that the pH determination by use of an ILSB has potential to
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become the more exact method than conventional pH determination by use of Harned cells

in combination with the Bates-Guggenheim assumption.

3.2 Experimental

3.2.1 Reagents

The TBMOEPGC,N was obtained form Kanto Chemical Co., Inc. and washed 25 times
with MilliQ water to remove halide impurities. After the 15th washing, @las not de-
tected when a few drops of a AgNGolution were added to the supernatant solution.
TBMOEPGC;N was then purified by column chromatograpghyl BMOEPGC,N was sat-
urated with MilliQ water before potentiometric pH measurements. Because the acidity of
hydrogen bis(trifluoromethanesulfonyl)amide is stronger than gN@,C,N~ is presum-

ably not protonated in contact with the aqueous dilute sulfuric acid solution and phosphate
buffer solutions employed in the present study. The<3ID° mol dnv3 sulfuric acid solu-

tion was prepared according to the procedure described in chaptégdimolal phosphate
buffer solutions of seven fierent molality, 0.01, 0.0175, 0.025, 0.0375, 0.05, 0.075, and 0.1
mol kg, were prepared by weighing KRO, (99.6 %), NaHPO, (99.5 %), and MilliQ wa-

ter. KH,PO, and NaHPO, were obtained from Kanto Chemical Co., Inc. and used without
further purification. NgHPO, was dried for two hours at 11T before the preparation of
phosphate Mitier solutions. Hydrogen electrodes were prepared according to the procedure

described in chapter 1.

3.2.2 Methods

The electrochemical cell employed is represented as
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| [ | 1l | \Y v
H21 : : HZ:
Pt | 50umol dnt3 ' TBMOEPGC,N ' phosphate fer | Pt

solution (A)

|
H,SO, |
|
|
|

The single dashed vertical bars indicate the interfaces between the ILSB and the aqueous
solutions (Il and 1V). The configuration of a U-type glass cell for cell (A) was the same as
what we reported previouslyThe cell voltageE, i.e., the potential of the right-hand-side
terminal referred to that of the left in the cell (A), was measured with an electrometer (ADC
Corporation, 8252) with a GPIB interface. The sampling interval was 1 min. Each of the two
hydrogen electrodes was supplied with hydrogen gas (99.9995 %), which was generated by
a hydrogen gas generator (Horiba Stec, OPGU-7100), at the rate of two to three bubbles per
second from a jet about 1 mm in diameter. The hydrogen gas was passed through a saturator
containing the same solution as the one in the hydrogen electrode compartment before it

entered the cell.

E was measured at 0.01, 0.0175, 0.025, 0.0375, 0.05, 0.075, and 0.1 thphkgphate
buffer solutions in phase IV in cell (A). The cell was immersed in a water bath maintained
at 25.0+ 0.1°C. The measurement at each molality of the phosphafietwas repeated
ten times. The measurement at each molality of phosphdiertaolutions was completed in
three days and it took 21 days to complete all measurements. After each measurement, both
50 umol dnT3 H,S0O, solution and phosphate fiar solution in phases Il and IV in cell (A)
was drained and the U-type glass cell and two platinum electrodes were washed with MilliQ
water three times. The values Bfwere recorded for 1 h after the hydrogen gas was passed
in cell (A) for 1 h. The average dE values recorded in the last ten min at each measurement

was employed to estimate the pH value.
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3.2.3 Experimental pH Values of Equimolal Phosphate Bffer Solu-

tions

An unknown pH value of phosphatefber solutions (pk) in IV in cell (A) is written by

F
m(E - E) (3.3)

pHx = pHS -
where pH is the pH value of the 5@mol dnT3 H,SQ, solution in Il in cell (A), andE; is
the sum of two LJPs on both sides of the ILSB in cell (R)is the Faraday constarmR,is the
gas constant, anflis the absolute temperature. The value of pH25°C was calculated by

the following iterative procedure. We have the dissociation equilibrium

HSQ, = H" + SC~ (3.4)
Myy+ N\ Y+ Y -
KZ:( s )( " ) (3.5)
m4804 ’stoi

wheremy:, Mysg;, andmso‘zl_ are the molalities of the hydrogen ion, hydrogen sulfate, and

sulfate, respectively. In eq. (3.5),,., andy_, are the activity coféicients of the
4

Yooy ?
hydrogen ion, hydrogen sulfate, and sulfate, respectitelyis the dissociation constant
and the value at 25C**is 0.0105. Firstmy. was obtained as the quadratic solution of the
equation (3.5) by the substitution ohisq; = 2m — my-, M- = My — M, wherem s the
molality of sulfuric acid solution, <'atn(y}H+stoZ /7303— = 1 to the equation (3.5). The activity
codficients of each ionic specieg, (i = H*, HSQ;, and SG") was calculated with the ionic
strength of the sulfuric acid solution in the molality scaldrom the Debye-Hickel limiting

law®

logy; = -0.51082 VI (3.6)

wherez is the valence of the ion When the dierence betweeK, and the dissociation

constant recalculated fromy andy; (i=H*, HSQ;, and S"), K, was greater than 18,
yH+ySO‘2‘_
7Y,

Y Vs . .
) to Ké/( Hy % ) in the equation (3.5).

HSOZ HSO‘_1

my+ was recalculated by substitutingz/(

When the iterative calculation &, converged, pklwas obtained from
pHs = —logy,,, my- (3.7)

To calculate the activity of hydrogen ions, the molarities of sulfuric acids at 2D Were

converted to the molalities using the densities obtained by the extrapolation of the known
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densities of sulfuric acids at 20:C as a function of the molarit}® The values ofm:, y,..,
and pH in 50 umol dnT3 H,SO, solution at 25C are 99.85, 0.9857, and 4.007, respectively.
Assuming the ILSB works ideall¥; is null and pHy is determined by

FE

PR, = PH = Bin1o

(3.8)

The pH value obtained by the equation (3.8) is hereafter denoted gs pH

3.3 Results and Discussion

3.3.1 Time Course oft at Different Molality of Phosphate Bufer Solu-
tions at 25°C.

Figures 3.1 - 3.7 show the time dependencg& &br 1h at 0.01, 0.0175, 0.025, 0.0375, 0.05,
0.075, and 0.1 mol kg phosphate Wiier solutions in 1V in cell (A) at 25C, respectively.

In each run, the excursion & in 1 h was within 0.6 mV (equal to about 0.01 pH), with two
exceptions, 0.01 mol kg phosphate hiier solution (1.23 and 0.75 mV). Except these two

cases, the average of excursion in 1 h for all measurements was 0.26 mV.

3.3.2 Comparison of Experimental pH Values Obtained by Use of ILSB
with Calculated pH Values or pH Values Obtained by Use of a
Harned Cell.

Figure 3.8 shows the average of experimental pH valogH.x, obtained from the average

of E values for 0.01, 0.0175, 0.025, 0.0375, 0.05, 0.075, and 0.1 méldtmpsphate kiier
solutions and the error bar show85 % confidence interval of the experimental pH values

for ten measurements. The dashed-dotted line and solid line in Fig. 3.8 are the pH values
calculated by Partanen and Minkkin€rfrom the Hiickel modél and Pitzer equatiotf
respectively. They used the values determined by Pitzer and Maydayathe parameter
values,g, in the Pitzer equation. F@ values in Pitzer equation, the values suggested by

Pitzer and Silvestéf and Pitzer and KirfP were used in their calculation.
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Bates previously reported pH valdfesbtained by use of the following cell

| [ m v
Pt| H,, KH,PO,, NaHPO,, NaX | AgX | Ag  (B)

where X= Cl (»), Br (0), or | (e), when ion size parameter, &, isB= 1.3). Those pH
values are also given in Fig. 3.8. The dashed lines indicate pH Vatitained from cell

(B) where X= CI, when & is assigned the extreme values of 3 (lower dashed line) and 8
(upper dashed line) in Fig.3.8. When the values of & are 3 and 8, the valBésoé 1.0 and

2.6, respectively. In the 0.01 - 0.075 mol®ghosphate kifier solutions, the experimental

values, pHy, lie in the range of the upper to lower dashed lines obtained.

Pabababatatadatatal

" 9.0909
g + )

X Patadas
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E/mV

0 10 20 30 40 50 60

¢t/ min
Figure 3.1: Time dependence Effor 1 h at 0.01 mol kg* equimolal phosphate Ifier
solutions in cell (A).O : 1st measurement, : 2nd measuremertj : 3rd measuremens, :

4th measuremena : 5th measuremenss : 6th measuremeny, : 7th measuremens, : 8th

measuremen® : 9th measurement, : 10th measurement.
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Figure 3.2: Time dependence Bffor 1 h at 0.0175 mol kgt equimolal phosphate Ifier
solutions in cell (A).O : 1st measurement, : 2nd measurement; : 3rd measuremens, :

4th measuremena : 5th measuremenss : 6th measuremeny, : 7th measuremens, : 8th
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Figure 3.3: Time dependence Bffor 1 h at 0.025 mol kgt equimolal phosphate Ifier
solutions in cell (A).O : 1st measurement, : 2nd measuremertj : 3rd measuremena, :

4th measuremena, : 5th measuremenss : 6th measuremeny, : 7th measuremens, : 8th

O °.
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measuremen® : 9th measurement, : 10th measurement.
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Figure 3.4: Time dependence Bffor 1 h at 0.0375 mol kgt equimolal phosphate Ifier
solutions in cell (A).O : 1st measurement, : 2nd measurement; : 3rd measuremens, :

4th measuremena : 5th measuremenss : 6th measuremeny, : 7th measuremens, : 8th

measuremen® : 9th measuremeny, : 10th measurement.
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Figure 3.5: Time dependence Bffor 1 h at 0.05 mol kg' equimolal phosphate Ifier
solutions in cell (A).O : 1st measurement, : 2nd measuremertj : 3rd measuremena, :
4th measuremena, : 5th measuremensy : 6th measuremend, : 7th measuremens, : 8th

measuremen® : 9th measurement, : 10th measurement.
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Figure 3.6: Time dependence Effor 1 h at 0.075 mol kgt equimolal phosphate Ifi@er
solutions in cell (A).O : 1st measurement, : 2nd measurement] : 3rd measuremena, :
4th measuremenk, : 5th measuremens : 6th measuremeny, ;. 7th measuremens, : 8th

measuremen® : 9th measurement, : 10th measurement.
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Figure 3.7: Time dependence Effor 1 h at 0.1 mol kg* equimolal phosphate Ifier so-
lutions in cell (A).O : 1st measurementy : 2nd measurement] : 3rd measuremens, :
4th measuremenk, : 5th measuremens : 6th measuremens, : 7th measuremens, : 8th

measuremen® : 9th measuremeny, : 10th measurement.
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Figure 3.8: Experimental pH values) obtained by use of the ILSB, pH values obtained by
Harned cells with silver chloridea(, silver bromide 1), and sliver iodide €) electrodes,

and calculated pH values obtained from the Hiickel equation (dashed-dotted line) and Pitzer
equation (solid line) at 0.04 0.1 mol kg equimolal phosphate ifier solutions. The dashed

lines indicate the course of the curve of pH values for & values of 8 (upper line) and 3 (lower

line).
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Figure 3.9 shows the flerence between pkivalues ©) obtained by use of the ILSB and
the calculated values with Pitzer equation. Th€edences between the pH values obtained
by Harned cells with silver chlorider], silver bromide ), or sliver iodide ¢ ) electrodes
and the calculated values with Pitzer equation are also given in Fig.3.9. The average values
of pHex Obtained by use of the ILSB at 0.01 - 0.075 motkghosphate hiier solutions are
closer to calculated values with the Hiickel and Pitzer equation by about 0.01 than the values
obtained by use of Harned cell at the values of & of 3 and 8. The pH determination by use
of a Harned cell has the uncertainty ascribed to the estimation of the value of the ion size
parameter and the kind of halide ion at the reference electrode in the Harned cell. On the
other hand, the pH determination by use of an ILSB does not have such uncertainty because
a pH value is estimated based on the activity of hydrogen ions whicHiisieat dilute to
apply the D-H limiting law. The experimental values obtained by use of the ILSB has the
dispersion of 0.003 0.021 pH unit (95 % confidence interval). In Fig. 3.8, the experimental
pH values including the error bar which shows 95 % confidence interval lie in the range of
the upper to lower dashed lines obtained by use of a Harned cell atQ0175 mol kg*
phosphate Witier solutions. The method by use of an ILSB can more accurately determine

the activity of hydrogen ions in the phosphatdtbusolution than by use of Hanred cell.

However, the values of pldare higher by 0.01 pH than the calculated values obtained
from the Pitzer equation at 0.010.075 mol kg! phosphate Miier solutions. Taking account
of the difusion potential of TBMOEPSC,N and the increase of ionic strength in shol
dm H,S0O, solution due to the dissolution of the TBMOEREGN, ’ the diference between
the experimental and calculated values is larger than that without taking into account. The
effects of the dtusion potential of TBMOEPZC,N and the increase of ionic strength in
50 umol dnt3 H,SQ, solution can not explain the fierence between the experimental and

calculated values.

A possible reason for the ftierence between the experimental and calculated values is
the diference of two distribution potential at the interface between Il and Il and that at Il
and IV in cell (A). When the transfer of the ions in W to the IL is negligibly small, the

distribution potential determined by the partition of the IL between the IL and the aqueous
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solution (W) is described I3y+2?

1 RT, yiyl
w WAILSW,0  AWAIL-W,0 c+YA
ALg = E(AILGU,A* A Gy )+ 5F n v (3.9)

whereAs is the inner potential of W referred to that of the WYG, *"° andAYG,- ™"
are the standard Gibbs energy of transfer of the catidi &8d the anion (A) constituting
the IL from IL to W, respectivelyy- andy!¥ are the activity coficients of the ions (i
C* and A") in the phases IL and W. The two distribution potentials at the interface between
[I'and IIl and that at 11l and IV are not canceled out because the second term on the right
side of the equation(3.9) is not negligible when thedence of the ionic strength between
the aqueous solutions in Il and IV phase is grédf¢ is expected to decrease as the ionic
strength of the phosphatefer solution is high because the ion size of TBMOE®larger
than that of GC,N~, and hence pk will shift to the positive direction. The expected increase
of pHex is consistent with the results given in Fig. 3.9. Assuming that the values of ion size
parameter, &, for TBMOEPand GC,N~ are 0.5 nm and 0.4 nm, respectively, the values
of YEvoee andyg . - were calculated from the D-H equation for the ionic strengths of
0.01~ 0.1 mol kg*. The values oRT/2F In(y& \-/¥{emoep) Calculated withyYL, co.
andy‘é‘gCZN, for the ionic strengths of 0.02 0.1 mol kg* are given in Fig.3.10. The value
of RT/2F In(y¢ o - /¥¥smoee) @t 0.1 mol kg* is -0.23x 107° V (0.004 pH), therefore, the
measured pk is expected to increase by 0.004 pH. This shift ofpean explain somewhat
the diference between measured and calculated pH values at the 0.025 Thél kg0.1
mol kg™t) phosphate bitier, however the diierence still remains.

Another two possibilities are considered. First is the changgin. However, this is un-
likely because the upper deviation of experimental pH values from calculated values (dashed-
dotted line and solid line) is seen even at lowered ionic strength examined and the magnitude
of the diterence dose not depend on théfeuconcentration.

Second is the uncertainty of the calculated pH values with the Pitzer equation. Although
the date of the uncertainty in Pitzer equation for the phosphdterbs not available, Spitzer
et al. reported the uncertainty of pH values calculated with the Pitzer equation for 0.05 molal
solution of acetic acid in KN@medium?3 From their report, we can estimate the uncertainty

of a pH value calculated with the Pitzer equation for that solutios 891 pH unit (95 %
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confidence interval) at 0.1 mol kyionic strength. We need to consider the uncertainty of
Pitzer equation at ionic strength exceeding 0.1 mofkghich is corresponding to the ionic
strength of 0.025 mol kg phosphate hifier solution.

The pHy value at 0.1 mol kgt is higher by 0.05 pH than the calculated pH value. Accord-
ing to the concept of mixed potential for the phase boundary potential across two immiscible
electrolyte solutiong*?5the deviation in this direction may be caused by the interference by

cations in the phosphate fer solution or by anions in IL phase.
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Figure 3.9: Diterence between experimental pH valugdbtained by use of the ILSB and
the calculated pH values with the Pitzer equation at 8.011 mol kg equimolal phosphate
buffer solutions. Diference between pH values obtained by Harned cells with silver chloride
(), silver bromide ), or sliver iodide ¢ ) electrodes and the calculated pH values with
the Pitzer equation. The dashed lines indicate the curve of tfexetice between pH values
for a values of 8 (upper line) or 3 (lower line) and the calculated pH values with the Pitzer

equation.
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3.4 Conclusions

The activities of hydrogen ions in 0.01 - 0.05 molkgquimolal phosphate Hier solution

have been reliably estimated using the ILSB sandwiched by two hydrogen electrodes. In
other words, the assumption of the cancelling out the LJP between the dilute sulfuric acid
solution and phosphate fhar solution by use of TBMOEPL,N salt bridge is valid to the
extent of within 0.01pH unit or 0.6 mV. The pH determination by use of an ILSB is exact and
can be a better alternative to that by use of Harned cell in estimating the activity of hydrogen

lons in phosphate Ister solutions.
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Chapter 4

Determination of the Activity of
Hydrogen lons in Phosphate Bifer by
Use of lonic Liquid Salt Bridge at 5-60°C

4.1 Introduction

A new type of salt bridge made of a moderately hydrophobic ionic liquid (ILSB) recently
proposed is superior to KCI salt bridges (KCISBs), in that the solubility of the ionic lig-
uid (IL) employed for ILSBs is less than 1 mmol dfrand the principle of cancelling out

the liquid junction potential (LJP) between a sample solution and the inner solution of the

reference electrode is based on the partition of the IL into the samplé side.

In chapter 3, it was demonstrated that the assumption of the cancelling out the LJP be-
tween the dilute sulfuric acid solution and phosphat@dnsolution by use of TBMOEPLC,N
salt bridge was valid in the pH determination phosphat@ebsolution at 25C. In previ-
ous studies conducted to show the performance of ILSBs, temperature was alvi@y$ 25
What is required for application of an ILSB to potentiometric pH measurement is an ILSB

that maintains the LJP constant over a wide range of temperature.

This chapter describes that the activity of the hydrogen ions in phosphiéte bontain-
ing 0.025 mol kg* potassium dihydrogen phosphate and 0.025 mol Bgodium hydrogen
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phosphate can be accurately estimated by use of a TBM@EMRsalt bridge sandwiched

by two hydrogen electrodes at 5 - 60 and that the TBMOEPL;N salt bridge canféec-
tively cancel out the LJP between the/gfiol dnt3 H,SO, solution and equimolal phosphate
buffer solution at 5 - 60C. The results suggest that a pH combination electrode equipped

with the TBMOEPGC;N salt bridge is applicable to pH determination at 5 60

4.2 Experimental

4.2.1 Reagents

The TBMOEPGC;N was obtained form Kanto Chemical Co., Inc. and purified according
to the procedure described in chapter 3. Thex5D° mol dnT3 sulfuric acid solution and
the hydrogen electrodes were prepared as described in chap®e025 mol kg! equimolal

phosphate Wtier solution was prepared according to the procedure described in chapter 3.

4.2.2 Methods

The electrochemical cell employed is represented by

| I 1] v Vv

HZ! H2|
Pt| 50umol dnt3 ' TBMOEPGC,N i phosphate hifier | Pt

H,SO, solution (A)

The single dashed vertical bars indicate the interfaces between the ILSB and the aqueous
solutions (Il and 1V). The configuration of a U-type glass cell for cell (A) was the same as
what we reported previousR/The cell voltageFE, i.e., the potential of the right-hand-side

terminal referred to that of the left in the cell (A), was measured with an electrometer (ADC
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Corporation, 8252) with a GPIB interface. The sampling interval was 1 min. Each of the two
hydrogen electrodes was supplied with hydrogen gas (99.9995 %), which was generated by
a hydrogen gas generator (Horiba Stec, OPGU-7100), at the rate of two to three bubbles per
second from a jet about 1 mm in diameter during measurements. The gas was passed through
a saturator containing the same solution as the one in the hydrogen electrode compartment
before it entered the cell.

The cell was immersed in a water bath maintained at5001 °C, 15.0+ 0.1°C, 25.0
+0.1°C, 35.0+ 0.1°C, 45.0+ 0.1°C, and 60.0+ 0.1°C. The value ofE was measured
at 0.025 mol kg! phosphate hiier solutions in phase IV in cell (A) at each temperature.
The measurement at each temperature was repeated five times. The measurement for each
temperature was completed in two days and it took 12 days to complete all measurements.
After each measurement, both ptol dnt3 H,SO, solution and phosphate fiar solution
in phases Il and IV in cell (A) was drained and the U-type glass cell and two platinum
electrodes were washed with MilliQ water three times. Eneas recorded for 1 h after the
hydrogen gas was passed in cell (A) for 1 h. The averadewaiiues recorded in the last ten

min at each measurement was employed to estimate the pH value.

4.2.3 Experimental pH Values of Equimolal Phosphate Bffer Solution

An unknown pH value of phosphatefer solutions (pK) in IV in cell (A) is written by

pHx = pHs - (E - Ej) (41)

RTIn10

where pH is the pH value of the 5@mol dnT3 H,SO, solution in Il in cell (A), andE;

is the sum of two LJPs on both sides of the ILSB in cell (K)js the Faraday constant,
Ris the gas constant, andis the absolute temperature. The value of piH5 - 60°C are
obtained from molality of hydrogen ions and the corresponding activitfficaent calculated
from the Debye-Hiickel (D-H) limiting lafras the procedure described in chapter 3. In the
calculation of pHs at 5 - 6€C, the dissociation constant of sulfuric acid solution at 5 2G0

is calculated from the following equatién

In K, = -14.0321+ 28252/T 4.2)
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To calculate the activity of hydrogen ions, the molarities of sulfuric acids at 2D Were
converted to the molalities using the densities obtained by the extrapolation of the known
densities of sulfuric acids at 20:C€ as a function of the molarit}? The constants of D-H
theory, A, and values ofny, y,,, ionic strength in the molality scalé, and pH in 50 umol
dm3 H,SQO, solution at 5 - 60C are listed in Table 4.1. If the ILSB works ideall, is null

and the equation (4.1) reduces to

FE
RTIn10

pHx = pHs - (43)

The pH; value obtained by the equation (4.3) is hereafter denoted gs pH

Table 4.1: Constants of the Debye-Huckel theory and the valugs, ofiy, |, and
pHs in 50 umol dnT23 H,SO, solution at 5-60C.

Temperature;C Al ¥, My /umolkg? I /umol kg™ PHs
5 0.4952 0.9861 100.07 149.99 4.006
15 0.5026 0.9859 99.97 149.80 4.006
25 0.5108 0.9857 99.85 149.55 4.007
35 0.5196 0.9855 99.69 149.24 4.008
45 0.5291 0.9852 99.50 148.85 4.009
60 0.5448 0.9849 99.12 148.09 4.010

4.3 Results and Discussion

4.3.1 Time Course ofE at Equimolal Phosphate Bufer Solution at 5 -
60°C.
Figures 4.1 - 4.5 show the time dependenc& éér 1 h at 0.025 mol kgt phosphate hiier

solutions in IV in cell (A) at 5.0, 15.0, 25.0, 35.0, 45.0, and 600 respectively. In each

run, the excursion ok in 1 h was within 0.8 mV (equal to about 0.013 pH), with three
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exceptions, 5C (1.53 and 1.62 mV) and 18 (1.27 mV). Except these three cases, the

average of excursion in 1 h for all measurements was 8.822 mV.

DAANANAA,
A8 DABMADABNNRANNANNNDNN NN NN NN DNANDAANLR,

E/mV

10 20 30 40 50 60
t / min
Figure 4.1: Time dependence Bffor 1 h at 0.025 mol kgt equimolal phosphate Hier so-

lutions in cell (A) at 5°C. O : 1st measurement, : 2nd measurement; : 3rd measurement,

e : 4th measuremeni : 5th measurement.
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Figure 4.2: Time dependenceBfor 1 h at 0.025 mol kgt equimolal phosphate Iffier solu-
tionsin cell (A) at 15°C. O : 1st measurement, : 2nd measurement; : 3rd measurement,

e : 4th measuremeni : 5th measurement.
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Figure 4.3: Time dependenceBfor 1 h at 0.025 mol kgt equimolal phosphate Iffier solu-
tions in cell (A) at 35°C. O : 1st measurement, : 2nd measurement; : 3rd measurement,

e : 4th measuremeni : 5th measurement.
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Figure 4.4: Time dependenceBfor 1 h at 0.025 mol kgt equimolal phosphate Ifier solu-
tions in cell (A) at 45°C. O : 1st measurement, : 2nd measurement; : 3rd measurement,

e : 4th measuremeni : 5th measurement.
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Figure 4.5: Time dependenceBfor 1 h at 0.025 mol kgt equimolal phosphate Ifier solu-
tions in cell (A) at 60°C. O : 1st measurement, : 2nd measurement; : 3rd measurement,

e : 4th measuremeni, : 5th measurement.
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4.3.2 Comparison of Experimental pH Values Obtained by Use of ILSB
with Those Values Obtained by Use of Harned Cells.

Figure 4.6 shows the experimental pH values, (oHex, Obtained from the average &
values for 0.025 mol kg phosphate hifier solutions at 5 - 60C and the error bar shows
95 % confidence interval of pifor the five measurements. Bates previously reported pH

values obtained by use of the following Harned c2ill.

| Il Il A\
Pt | Hy, KH,PO,, NaoHPO,, NaCl | AgCl| Ag (B)

The pH valuest) determined by the Harned cell are also given in Fig. 4.6.

Figure 4.7 shows the flerence between pklvalues () and those values by use of the
Harned cell at 0.025 mol k¢ phosphate hbiier solutions at 5 - 60C. The average values
of pHey Obtained by use of the ILSB are agreement within 0.02 pH unit with pH values
determined by use of the Harned cell. Except for°@) the diterence between the pH
values and pH values determined by use of a Harned celloplgl was nearly constant.
This suggests that TBMOERC;N salt bridge works satisfactorily over a wide range of
temperature.

It is reported that the calculated pH values with Pitzer modelgpéte higher by 0.004
~ 0.01 pH unit than that obtained by use of the Harned cell at3D °C.*® Therefore, the
pHex values are higher by 0.0030.01 pH unit than the p§. The dfects of the dtusion
potential of TBMOEPGC,N and the increase of ionic strength in Gtol dnt3 H,SO,
solution can not explain thefikerence between the pkalues and pk, values as discussed
in the chapter 3.

A possible reason for the fierence between the experimental and calculated values is

the diference of two distribution potential at the interface between Il and Ill and that at Il
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Figure 4.6: Experimental pH values)obtained by use of the ILSB and pH values obtained
by a Harned cellrf) at 0.025 mol kg* equimolal phosphate Hier solutions at 5 - 66C.

and 1V in cell (A). A}'¢ decreases when the ionic strength of the phosphaertsolution is
high because the ion size of TBMOER larger than that of &,N~, and hence pH shifts
to the positive direction. The expected increase afypsiconsistent with the results given in

Fig. 4.7 except for the pH value at 8G.
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Figure 4.7: Diference between experimental pH values obtained by use of the ILSB and pH
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values obtained by a Harned cell at 0.025 mol'kequimolal phosphate ifier solutions at

5-60°C. ApH =

pHex - pHHarned
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4.4 Conclusions

The activities of hydrogen ions in 0.025 mol®gequimolal phosphate Hier solution at 5 -

60 °C have been reliably estimated using the ILSB sandwiched by two hydrogen electrodes.
In other words, the assumption of the cancelling out the LIP between the dilute sulfuric acid
solution and phosphate fhar solution by use of TBMOEPL,N salt bridge is valid to the
extent of within 0.02 pH unitor 1.2 mV at 5 - 6€C. Combination electrodes equipped with

an ILSB is applicable to pH determination at 5 - 6D
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Chapter 5

Stability of a Ag/AgCl Reference
Electrode Equipped with an lonic Liquid
Salt Bridge Composed of
1-Methyl-3-Octylimidazolium
Bis(trifluoromethanesulfonyl)

amide in Potentiometry of pH Standard

Buffers

5.1 Introduction

Recently, a new salt bridge using a hydrophobic ionic liquid has been propdssdcn al-
ternative to the conventional KCI salt bridge (KCISB). The ionic liquid salt bridge (ILSB)
is promising for solving most problems inherent to conventional KCISB, such as the con-
tamination of samples, the requirement of frequently renewing the KCI solution, clogging

of the junction, and the dependence of the liquid junction potential (LJP) on the type of
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junction? The ILSB has distinct advantages over the KCISB in potemtiometric measure-
ments of the pH, for which it has been known that problems associated with the conventional
KCISB hamper accurate pH determinatiohéIn potentiometric pH measurements using a
glass electrode and a reference electrode, a pH cell should be calibrated using pH standards,
such as phosphate, phthalate, and borafietsibefore a measureméttA salt bridge that
shows a stable liquid junction potential between a salt bridge and a pH standard over time is
desirable when one standard is replaced by another.

In this chapter, we gelled an ionic liquid, 1-methyl-3-octylimidazolium bis(trifluorometh-
anesulfonyl)amide (£nimC,C;N), to form a disk and mounted it on a cylindrical plastic
tube membrane holder for examining the stability of the potential with respect to a double
junction-type reference electrode equipped with a KCISB. We will demonstrate that the ILSB
shows a stable potential in pH standardfers, and meets the requirements for a reference
electrode, except for the case of the phthalatéshbuvhere hydrogen phthalate ions interfere
with the phase boundary potential (PBP) across the Ii8Bhalate bffer interface. We will
show that an ILSB made of 1-methyl-3-hexylimidazolium bis(pentafluoroethanesulfonyl)amide
(CemimC,C;N) can reduce the shift of the PBP across the Il$Bthalate bffer interface

by the partition of the hydrogen phthalate ions.

5.2 Experimental

5.2.1 Reagents

1-Methyl-3-octylimidazolium bis(trifluoromethanesulfonyl)amide;@mC,C;N) was ob-
tained from Nippon Synthetic Chemical Industry Co., Ltd. Poly (vinylidene fluoride-co-
hexafluoropropylene) (PVdF-HFP, average MW 40,000) was obtained from Aldrich.
1-methylimidazole ¥ 98 %) and 1-Chlorohexane were obtained from Wako Pure Chem-
ical Industries, Ltd., and Sigma Aldrich Co., respectively. An agueous solution (0.7 mass
fraction) of the acid form of bis(pentafluoroethanesulfonyl)amide &8 > 99 %) was
obtained from Central Glass Co., Ltd. 1-Methyl-3-hexylimidazolium chloridgmi@Cl)

was synthesized according to the method of Gordon &t lay. mixing 1-methylimidazole
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and 1-Chlorohexane at 12Q for 19 h. The crude £€nimCl, a yellowish and viscous liquid,
was washed with ethyl acetate under reflux five times, after which volatile trace impuri-
ties were removed with a vacuum pump. To prepagmi@C,C,N, equimolar amounts of
CsmimCl and an aqueous solution of KGN were mixed in methanol. Methanol was then
removed with an evaporator, and HC| was extracted in water from remaining liquid (a mix-
ture of GmimC,C,N and HCI) by use of a dichloromethane-water two-phase system. The
washing was repeated 15 times, untit @las not detected when a few drops of a AgNO
solution were added to the supernatant solution. Tdmei@C,C,N obtained was dried under
vacuum.

A phthalate standard solution (0.05 molkd<{HCgH,O,, pH = 4.01+ 0.05 at 25°C),
a phosphate standard solution (0.025 mot*kgH,PO, + 0.025 mol kg* Na,HPOQ,, pH =
6.86+ 0.05 at 25°C), and a borate standard solution (0.01 mol'k§a,B,0; - 10H,0, pH
= 9.18+ 0.05 at 25°C) were obtained from Horiba, Ltd (150-4, 150-7, and 150-9). The
0.05 mol kg* citrate bufer solution (pH 3.78 at 25C)*! was prepared by dissolving 11.41
g of KH,CgHs0O7 (Kanto Chemical Co.,Inc. 98 %) in pure water and diluting it to 1.@00
0.0004 dm. A 3.33 mol dnT® potassium chloride solution (Horiba, 300) was used. Other
Chemicals were of reagent grade.

CsmimC,C;N was gelled by dissolving 8 g of P(VdF-HFP) and 0.008 @mimC,C;N
in 0.1 dn? acetone and evaporating acetone in the mixture for two weeks at room temperature

to obtain a disk-shaped membratte.

5.2.2 Methods

Evaluate the IL-Type Reference Electrode Equipped wigmiéhC, C,N Salt Bridge

Figure 5.1 illustrates the structure of an ionic liquid-type reference electrode equipped
with gelled GmimC,C;N. In the IL-type reference electrode, a disk-shaped membrane of
the gelled ionic liquid, whose diameter and thickness were 12 mm and 1 mm, respectively,
was mounted with a silicone O-ring to the cylindrical body of a reference electrode. The
inner cell was composed of an AggCl electrode in a 3.3 mol dmM KCI aqueous solu-

tion. The AgAQCI electrode was prepared by immersing a 0.8 mm diameter silver wire
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Figure 5.1: Schematic view of the ionic liquid-type reference electrode. 1, lead wire; 2, cap;
3, plastic tube; 4, 3.3 mol drmi KCI aqueous solution; 5, A8gCl electrode; 6, O-ring; 7,

gelled ionic liquid; 8, cylindrical cap

in molten AgCl at 480 C, and drying it at room temperature. The resistance of the gelled
CsmimC,;C;N membrane obtained by measuring the resistance between the ionic liquid-type
reference electrode and the /Ag/Cl electrode in a 3.3 mol dm KCI aqueous solution with

a resistance meter (ADC Corporation 8340A) was aboutl®® ohm.

Schemes 1 and 2 show the electrochemical cells that we employed to evaluate the IL-type
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and KCI-type references, respectively.

| [ | R V. Y VI Vil
33 ' 33 ' pH 3.3
Ag/AgCl | mol dnt® " moldn? ' standard| gelled moldmi | AgCl/Ag (A)
KCI  KCI i solutions| IL KCl
Il |
Scheme 1.
| [ S | VAR, Vi
Il | |
33 ' 33 ' pH ! 33
Ag/AgCl | mol dnt3 ' mol dnr3 ' standard’  mol dm? | AgCl/Ag (B)
KCI  KClI i solutions:  KCl
i | |
Scheme 2

The left-half cells (phase | and II) in the entire cells (A) and (B) were composed of
double junction-type reference electrodes (Horiba, Ltd. 2565A); the right-half cells in cells
(A) and (B) were composed of an IL-type (Fig. 5.1) and a ceramic junction-type (Horiba,
Ltd. 2060A) reference electrode, respectively. The double-dashed vertical bar indicates
a liquid-liquid junction between two electrolyte solutions of the same composition, and the
single dashed vertical bar indicates a liquid-liquid junction between two electrolyte solutions
of different compositions.

The cell voltageE, i.e., the potential of the right-hand-side terminal referred to that of
the left in cell (A) or (B), was measured with a pH meter (Horiba, Ltd. F55) at a sampling
rate of 0.1 Hz. A beaker containing a sample solution was set in a water bath kept at 25.0

0.1°C for the potentiometry with cell (A) or (B). The electrodes were first rinsed with MilliQ
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water, and then dipped into a beaker for a potentiometric measuremerit gfrell (A) or

(B) was measured for 3 min in each measurement. Phase IV in cells (A) and (B) was changed
in the following order: phosphate, phthalate, citrate, and borate. A series of measurements
was repeated three times. The electrodes used for the measurements were washed for ten

seconds with MilliQ water after a measurement in each solution.

Examine of the Influence of the Interference by lons in W
Scheme 3 shows the electrochemical cell that we employed to examine the influence of

the interference by the partition of the hydrogen phthalate (MPHL phases.

0.01 mol dm?

| |
| |
1 1
| |
Ag/AgCI CsmimCl | CsmimGC,C,N 10.01 mol dm® KCI | AgCl/Ag (C)
| |
| |
| |

or GgmimCl 1+ or GmimC,C;N 1 + x mol dnT3 KHPh
(Wrer) (IL) (W)
Scheme 3.

The thermal-electrolytic type of silver-silver chloride electrode was employed in Scheme
3. The base for the silver-silver chloride electrode was a helix of platinum wire about 7 mm in
length and about 2 mm in diameter, sealed in a tube of Pyrex glass. The bases were cleaned in
warm 6 mol dm? nitric acid and a thick paste of silver oxide99.99 % Sigma-Aldrich Co.)
and water was applied to each helix. The electrodes were suspended in an electric furnace
heated to about 500C and allowed to remain there for 10 min or until they are completely
white. A second layer of silver was formed in a similar manner with a slightly thinner paste
to make the surface smooth. Each silver electrode was mounted in a cell of modified U-tube
design and electrolyzed in a 1 mol dirhydrochloric acid for 45 min at a current 10 mA.
Cesmim* and Gmim™* in W, are the potential-determining ions that assure the stable PBP
between the IL and the )i/ phases. The cell voltage, i.e., the potential of the right-hand-side

terminal referred to that of the left in the cell ((, was measured with an electrometer
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(ADC Corporation R8240) with a GPIB interface. The structure of the U-type glass cell for

potentiometric measurements is shown in Fig. 5.2.

I

/

8

Figure 5.2: lllustration of the electrochemical cell using a ILSB sandwiched by two silver-
silver chloride electrodes. 1: Pt wire; 2: Pyrex glass tube; 3: silver-silver chloride; 4: silicon
rubber stopper; 5: U-type glass cell; 6: 0.01 mol-d@smimCl or GmimCl; 7: 0.01 mol
dm=3 KCI + x mol dn2 KHPh; 8: GmimC,C,N or CgmimC,C;N.

The U-type glass cell was set in a water bath kept in 25@.1 °C. The value ofE
was measured at 0, 0.001, 0.005, 0.01, 0.05, 0.1, and 0.2 nmdl gmassium hydrogen
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phthalate (KHPh) in phase 1V in cell (C). The measurement at each concentration of KHPh
was repeated three times. After each measurement, both solutions in phase Il and IV in
cell (C) were drained, and U-type glass cell and twgAgfC| electrodes were washed with

Milli-Q water three times.

5.3 Results and Discussion

5.3.1 Time Course ofE at pH Standard Buffers

Figure 5.3 shows the time dependenceEdior 3 min in four bufers. E reached a steady
value after 3 min for all cases. The change in the values afas within 0.3 mV in a few

minutes after starting the measurements for the fottiebst

The values oE after 3 min in a series of measurements are given in Fig. 5.4. The results
of the same measurements using a ceramic junction-type reference electrode are also shown

in Fig. 5.4.

The variation ofE in Fig. 5.4 is ascribed to the variation of the LIP between the KCI
solution (phase Ill) and each fiar (phase V), and that of the PBP between the IL (phase V)
and the bffer (phase V). The variation of the LIP between the KCI solution and edtdrbu
is known to be within 0.01 pH or 0.6 mV at 2&.2 The PBP between the IL (phase V) and
the buter (phase IV) is determined dominantly by the distribution potential by the partition
of the cation and anion constituting the IL between the IL and an aqueous solution, when the
ionic strength of the aqueous solution contacting with the IL is higher than 1 mmol dm
3 We therefore presume that the variatione®fn cell (A) was caused by the distribution
potential of the IL between the IL and afiier solution. In Fig. 5.4E in the phthalate Wiier
is lower than that in other Itfer solutions by 4 mV. In contrast, the chang&imas less than
1 mV in the citrate standard, whose pH was close to that of the phthalate standard. The small
change inkE in the citrate standard indicates that the specific chandgeadserved only in

the phthalate kier depends not on the pH, but on the composition of the solution.
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Figure 5.3: Time dependence Bfin cell (A) for 3 min in a phosphate standard, a phthalate
standard, a borate standard, and a citrate standard. Double circle, a phosphate standard; filled

circle, a phthalate standard; filled square, a borate standard; open triangle, a citrate standard.

5.3.2 Interference by the Partition of HPh in CgmimC1C;N

The reproducible drop dE in the phthalate kitier suggests that the partition of the hydrogen
phthalate (HPh) in CgmimC,C;N is non-negligible, and influences the PBP across the inter-
face between @nimC,C;N and the phthalate standard. The PBP between an IL and water is

constant, provided that the dissolution of the ions in W to the IL is negligible. The standard

0

ion-transfer potential of the HPhn the nitrobenzene-water two phase systetm%ljh,,

is -195 mV;** which is close to that of gnim* ion, ATG#2 i = -220 mV;* that is, the
hydrophobicity of the HPhis similar to that of @Gmim*. The dissolution of HPhinto the
ILSB in exchange for the transfer o C;N~, whoseAiz¢2 . \- = 114 mV'® from the ILSB

to the phthalate Wier is therefore likely to take place, causing a change in the PBP. From a
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Figure 5.4:E of IL-type and KCI-type electrodes after 3 min for measurements of pH stan-

dard solutions. open circle, IL-type; open square, KCl-type.

model'”18of the mixed potential for the PBP across the two immiscible electrolyte solutions,
it is expected that the PBP between the IL and the phthalaterbn!™ s = ¢pnma— diL,
wheregpnina andg,. are the inner potentials in the phthalatétbuand the IL, respectively,
shifts to the positive direction, and hen€an cell (A) shifts to the negative. The expected

direction of the shift oE is consistent with the results given in Fig. 5.4.

The variation inE of an IL-type reference electrode when one standaftebsgolution
was replaced by another was within 1 mV for the phosphate, borate, and citrate standards.
The standard deviation d@ for triplicate measurements of the same solution was 0.4 mV.

Figure 5.4 shows that the variation in the liquid junction potential of the ILSB is comparable
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to that of the KCISB, except for the case of the phthalate standard.

When a two-point calibration of a pH cell composed of a glass electrode and a reference
electrode with bffers having pH values of p and pH;, is made, the operative Nernst

slope K, is represented by

_ Es,—Es,
PHs, — pHs,

/

(5.1)

whereEs, andEg, are the pH cell voltage for liters pH;, and ph;,, respectively, referred to

the reference electrode. Practically, it may seem that the reproducible deviation of the PBP by
4 mV in the case of the phthalatefter can be taken into account by the calibration procedure

of the electrochemical cell. When the calibration is made &@ith the phthalate ier

(pH = 4.005) and the phosphatefter (pH= 6.865), the theoretical flerence irk is 169.20

mV. Assuming 4 mV deviation of the PBP at the |Ibuffer interface, we would read 173.2

mV for AE, and the calibration slope would be -60.56 myH. If a sample solution whose

pH value is 4.005, but with no partitioning of ions in the IL is measured with this cell, the
reading of a pH meter using this cell would give a value of 4.069. Whether the error of 0.064

pH unit is permissible depends on the purpose of the pH measurements.

One serious problem concerning HRhterference in an ILSB made ofs@imC,C;N is
that HPh replaces @C;N™ in the IL, and remains in the IL after contact of the ILSB with
a HPhr buffer. In this respect, the use of a citrateffiey, whose dissolution into the ILSB
is negligible, is highly recommended when the two-point calibration of the pH cell is made
before measuring an acid solution. It is expected that the HifRbarference in the ILSB is

reduced by positively shifting the standard transfer potentials of ions constituting the IL.

In Fig. 5.4, the ceramic plug-type KCISB showed dfset voltage of about 2 mV and
a slight drift with the repetition of the measurements. Moreover, this KCISB showed a
systematically lower value d in the borate bfier. The reason for this behavior is not clear

at this moment, but is likely to be ascribed to the ceramic pfug.
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5.3.3 Reduction of the Shift of the PBP Due to the Interference by lons
in W

Figure 5.5 exemplifies the time dependenceEdfor 15 min at O~ 0.2 mol dnt® KHPh

in IV and GmimCl in Il and GmimC,C;N in lll in cell (C). Figure 5.6 exemplifies the
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Figure 5.5: Time dependence®ffor 15 min at O~ 0.2 mol dn7® KHPh in IV and GmimClI
in Il and GmimC,C;N in Il in cell (C). ©: 0 mol dnT3, A : 0.001 mol dm?, o : 0.005 mol

dm=3, e : 0.01 mol dm?, a : 0.05 mol dm?®, m: 0.1 mol dn13, ¢ : 0.2 mol dnm3.

time dependence d& for 15 min at O~ 0.2 mol dnt® KHPh in IV and GmimCl in 1l and
CemimGC,CoN in 1l in cell (C). The excursion ok for 5~ 15 min was within 0.8 mV in each
run. As the concentration of KHPh was greater, the variatida fafr 0 ~ 5 min was greater.
The diference between the valuesbat each concentration of KHPh and the valu&ait
zero concentration of KHPh in 1V in cell (C) for 0.0010.2 mol dnt® KHPh is shown in

Fig. 5.7.
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Figure 5.6: Time dependence®ffor 15 min at O~ 0.2 mol dn7® KHPh in IV and GmimClI
in Il and GmimC,C,oN in il in cell (C). © : 0 mol dnT3, A : 0.001 mol dm?, o : 0.005 mol

dm=3, e : 0.01 mol dm?, a : 0.05 mol dm?®, m: 0.1 mol dn13, ¢ : 0.2 mol dn3.
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Figure 5.7: Diference between the valuestbht each concentration of KHPh and the value
of E at zero concentration of KHPh in IV in cell (C) for 0.0610.2 mol dn7® KHPh.
O : CgmimC,CiN, A : CsmimC,C,N.

Each point represents the average value of triplicate measurements over 15 min. The
values ofAE at GGmimC,C,N were smaller than those ag@imC,C;N in Fig. 5.7. Fig. 5.8
shows the standard ion-transfer potential of several ions in the nitrobenzene-water two phase
system. The standard ion-transfer potential between IL and Wefir@", A2 s 1S
greater than that of gnim*, ANG#2 .., and is away from that of HPh Therefore, from
a model of the mixed potential for the PBP across the two immiscible electrolyte solutions,
it is expected that the interference by the partition of HiHh CsmimC,C,N is reduced
compared with @nimC,;C;N. The expected decrease ME at GmimC,C;,N is consistent

with the results given in Fig. 5.7. Thus, we can reduce the shift of PBP due to the interference

by HPH in W by tuning theA[Y¢° of ions constituting the IL.
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Figure 5.8: Standard ion-transfer potential of several ions in the nitrobenzene-water two

phase system.

5.4 Conclusions

The variation of the liquid junction potential of the ILSB when one standaffébsolution

was replaced by another is within 1mV for phosphate, borate, and citrate standards and com-
parable to that of the KCISB, except for the case of the phthalate standard. The time course
of the potential of the IL-type is stable with a standard deviation of 0.4 mV in tifkeibu
solutions. The specific deviation of the PBP betwegmithC,C;N and the phthalate stan-

dard was observed. The partition of the hydrogen phthalatgnmr@C,C;N shifts the PBP
across the interface betweegn@@mC,C;N and the phthalate standard. If a citrate standard is
used instead of the phthalate, the ILSB works more satisfactorily as a salt bridge suitable to
potentiometoric pH measurements in an acidic pH range. The present test of the stability of
the ILSB equipped reference electrodes is based on the assumption that the double junction-
type KCISB reference electrode is stable within an errat 6f1 mV in pH standard Hiers,

the assumption of which may be questioned for a more critical evaluation of the stability of
ILSBs. The shift of PBP due to the interference by ions in W was reduced by tuning the

AV ¢° of ions constituting the IL.
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Chapter 6

Determination of the Activity of
Hydrogen lons in Buffers Used for pH
Measurement of Physiological Solutions

by Use of lonic Liquid Salt Bridge

6.1 Introduction

The accurate pH measurements of blood and plasma are an important indispensable part
of clinical diagnosis. In the potentiometric pH measurement of an isotonic saline media of
ionic strength,l = 0.16 mol kg, such as blood plasma, with a glass combination elec-
trode equipped with a KCI salt bridge (KCISB), the liquid junction potential (LJP) between

a KCISB and the isotonic saline media causes errors amounting to 0.03 -0.05 pHBatsis
reported that the residual liquid junction potential, that is tHéedeénce of two LIPs at the
interface between primary standardiless and KCISB and that at the isotonic saline media
and KCISB, can be nearly eliminated by matching the ionic strength of the stand&ed bu
solution to that of the clinical sampfeClinical chemists and biological researchers have
used the reference standard solutidhat the ionic strengthl, = 0.16, which has compati-

bility with biological fluids, for the potentiometric pH measurement of blood and biological
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fluids.

A new type of salt bridge made of a moderately hydrophobic ionic liquid (ILSB) recently
proposed?1¢is superior to KCISBs, in that the solubility of the ionic liquid (IL) employed
for ILSBs is less than 1 mmol dm and the principle of cancelling out the LJP between a
sample solution and the inner solution of the reference electrode is based on the partition of
the IL into the sample sid& An ILSB is expected to be useful on the pH measurement of
blood and biological fluids.

In this chapter, the author estimates pH of referend¢iebgolutions for pH measurement
of physiological solutions by use of ILSB made of tributyl(2-methoxyethyl)phosphonium
bis(pentafluoroethanesulfonyl)amide (TBMOE®EN), sandwiched by two hydrogen elec-
trodes at 25 and 37C. The author investigates the source of thiedeénce between the

experimental pH values obtained by the ILSB and pH values obtained by an Harned cell.

6.2 Experimental

6.2.1 Reagents

The TBMOEPGC;N was obtained form Kanto Chemical Co., Inc. and purified according
to the procedure described in chapter 3. The TBMOEPCI was prepared according to the
procedure described in chapter 1. The»500° mol dnT2 sulfuric acid solution and the
hydrogen electrodes were prepared as described in chapted.025 mol kg* equimolal
phosphate hitier solution was prepared according to the procedure described in chapter 3.
Tris(hydroxymethyl)aminomethane (Tris; 99 %), Tris-HCI (99 %)tris(hydroxymethyl)
methyl-2-aminomethanesulfonic acid (TES; 99 %)2-hydroxyethylpiperazin®'-2-etha-
nesulfonic acid (HEPES; 99 %), and NaHEPES (99 %) were obtained from Nacalai Tesque,
Inc. NaTES (99 %) was obtained from Sigma-Aldrich Co. All of these reagents were used
without further purification. The structures of Tris, TES, and HEPES are given in Fig. 6.1.
NaHPO, and NaCl were dried for two hours at 110 before the preparation of phosphate
buffer solutions. The Kier solutions were prepared by weighing thé&busubstances, NaCl,

MilliQ water. The bufer solutions studied had the following compositions, where the figures
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N-2-hydroxyethylpiperazing¥-2-ethanesulfonic acid (HEPES

Figure 6.1: Structures of Tris, TES, and HEPES

in parentheses are molalities:

1: 3.5 phosphate: KiPO, (0.005217), NgHPO, (0.018258), NaCl (0.1)
1:3 Tris: Tris-HCI (0.05), Tris (0.01667), NaCl (0.11)

1:2 HEPES: HEPES (0.02), NaHEPES (0.04), NaCl (0.12)

1:2 TES: TES (0.02), NaTES (0.04), NaCl (0.12)

The Tetraoctylammonium tetraphenylborate (TOcATPB) was synthesized as described else-
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where!® Sodium tetraphenylborete (NaTPB) was obtained from DOJINDO LABORATO-
RIES. LSOy, MgCl,, and LiOH were used without further purification. The hydrogen elec-

trodes were prepared according to the procedure described in chdpter 1.

6.2.2 Methods

Potentiometric Determination of pH

The electrochemical cell employed is represented by

I Il Il v \%

H21 H2a

| |
Pt | 50umol dn13 | TBMOEPGC;N | standard bfier | Pt (A)

H,SO, solution

The single dashed vertical bars indicate the interfaces between the ILSB and the aqueous
solutions (Il and 1V). The configuration of a U-type glass cell for cell (A) was the same as
what we reported previoush/. The cell voltageE, i.e., the potential of the right-hand-side
terminal referred to that of the left in the cell (A), was measured with an electrometer (ADC
Corporation, 8252) with a GPIB interface. The sampling interval was 1 min. Each of the two
hydrogen electrodes was supplied with hydrogen gas (99.9995 %), which was generated by
a hydrogen gas generator (Horiba Stec, OPGU-7100), at the rate of two to three bubbles per
second from a jet about 1 mm in diameter during measurements. The gas was passed through
a saturator containing the same solution as the one in the hydrogen electrode compartment
before it entered the cell.

The value ofE was measured at standardiien solutions studied in phase IV in cell (A)
at 25 and 37C. The cell was immersed in a water bath maintained at 25001 or 37.0
+ 0.1°C. The measurement at each standardebisolutions was repeated five times. The

measurement for each standardfeusolutions was completed in two days and it took 8 days
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to complete all measurements. After each measurement, betmél0dnT3 H,SO;, solution
and standard Hter solution in phases Il and IV in cell (A) was drained and the U-type glass
cell and two platinum electrodes were washed with MilliQ water three times.ETthas
recorded for 1 h after the hydrogen gas was passed in cell (A) for 1 h. The aver&ge of

values recorded in the last ten min at each measurement was employed to estimate the pH

value.

Cyclic Voltammetry for the Transfer of lons across the \\BInterface

The electrochemical cell employed for ion transfer voltammetry is represented as:

10 mM Li, SO,

50 mM 50 mM Tris-HCI

Ag | AgCl | 5mM NaTPB| TOCATB| or 60 mM HEPES LiOH | AgCl | Ag (B)

10 mM MgCb or 60 mM TES+ LiOH
(W2) (NB) (W1)

The potential of right-hand-side terminal with respect to the left is hereafter dendied as
The current], corresponding to the flow of the positive charge from W1 to IL is taken to be
positive. The AgAg,SO;, electrode was prepared by electrolysis in a 2 wt%3N2 aqueous
solution by use of a Ag wire as the anode. The configuration of the cell is illustrated in Fig.
6.2. A flat interface was made in a four electrode cell for voltammetry of ion transfer. The
area of the interface was 0.16 €rithe temperature of the cell was maintained at 28.0y
circulating water through the outer jacket of the cell. The potential drop across the polarized
liquid | liquid interface was controlled with a potentiostat (Hokuto Denko, HA1010mA1A).

A positive feedback method was applied for the iR-drop compensation.
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NN/

Water

Figure 6.2: lllustration of the electrochemical cell for cyclic voltammetry for the transfer of
ions across the NBV Interface. 1: glass jacket, 2: 50 mM NB TOcCATB in NB, 3: W1 (10
mM Li,S0O,, 10 mM Li,SO, + 50 mM Tris-HCI, 10 mM LSO, + 60 mM HEPES+ LIOH,

or 10 mM LiL,SO, + 60 mM TES+ LiOH), 4: W2 (5 mM NaTPB+ 10 mM MgCl), 5:
Ag/Ag,SO, electrode, 6: AGAQCI electrode, 7 and 8: Pt wires, 9: silicon rubber stopper.
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Cyclic Voltammetry for the Transfer of lons across the W Interface
The electrochemical cell employed for recording current-potential curves is represented

as.

0.12 mol kg* NacCl
10 mmol dnv3 or the bufer

Ag | AgCl | TBMOEPCI | TBMOEPGGC,N | + 0.12 mol kg* NaCl | AgCl | Ag (C)
(W2) (IL) (W1)

The cell configuration is given Fig. 6.3. The potential of right-hand-side terminal with
respect to the left is hereafter denotedEasThe current,l, corresponding to the flow of
the positive charge from W1 to IL is taken to be positive. Micropipettes were made from
borosilicate glass capillaries (G-1, Narishige, o/d.d. = 1.0 mm/ 0.6 mm ) by use of a
pipette puller (PC-10, Narishige). An optical microscope (BX-60, x200-x1000, Olympus)
was used to observe the tip of a pipette for determining the inner diameter of tiepimr
to an electrochemical measurement. A micropipette filled with the W phase was immersed
in the IL phase to form a micro liqujiequid interface. Electrochemical measurements were
made by use of a microelectrode potentiostat (HECS-972C, Fusou Electro Chemical System)
without Ohmic drop compensation. Cyclic voltammograms were recorded with a homemade

computer-controlled system.

6.2.3 Experimental pH Values of Standard Bdfer Solutions

An unknown pH value of standard fiar solutions (pk) in IV in cell (A) is written by

pHx = pHs - (E - Ej) (61)

RTIn10

where pH is the pH value of the 5@mol dnT3 H,SQ, solution in Il in cell (A), andE; is

the sum of two LIPs on both sides of the ILSB in cell (&)js the Faraday constarR is
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Figure 6.3: lllustration of the electrochemical cell for cyclic voltammetry. 1:/A%%I
electrode, 2: micropipette, 3: 10 mmol dtiTBMOEPCI, 4: bufer solution or 0.12 mol
kg~! NaCl, 5: TBMOEPGC;N, 6: glass jacket.

the gas constant, and is the absolute temperature. The value of piH25 and 37C are
obtained from molality of hydrogen ions and the corresponding activitfficaant calculated
from the Debye-Hiickel (D-H) limiting law? as the procedure described in chapter 3. In the
calculation of pHs at 37C, the dissociation constant of sulfuric acid solution at'@7is

calculated from the following equatiéh

In K, = -14.0321+ 28252/T (6.2)
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The constant of D-H theory in the D-H limiting law at 3C is obtained by the interpolation

of the known constants of D-H theory at 20, 25, 30, 35, 38, 40, an€45 To calculate the
activity of hydrogen ions, the molarities of sulfuric acids at 200were converted to the
molalities using the densities obtained by the extrapolation of the known densities of sulfuric
acids at 20.0C as a function of the molarity? The constants of D-H theorp, and values

of my., y,,,, ionic strength in the molality scalé, and pH in 50 umol dnr2 H,SO;, solution

at 25 and 37C are listed in Table 6.1. If the ILSB works ideally, is null and the equation
(6.1) reduces to

PH = PH, - RTF|r|1E 10 63)
The pH value obtained by the equation (6.3) is hereafter denoted gs pH
Table 6.1: Constants of the Debye-Huickel thedyand the values of
¥,..» Mg+, |, and pH in 50 umol dnT3 H,SO, solution at 25 and 37C.
t/°C A Yo My /umol kgt 1/ umol kg™ PHs
25 0.5108  0.9857 99.85 149.55 4.007
37 0.5216 0.9854 99.66 149.17 4.008

6.3 Results and Discussion

6.3.1 Time Course of at Standard Buffer Solutions at 25 and 37C.

Figures 6.4 - 6.7 show the time dependencé&dbr 1 h at 1:3.5 phosphate, 1:3 Tris, 1:2
HEPES, 1:2 TES Hter solutions in cell (A) at 25C, respectively and Fig. 6.8 - 6.11
show the time dependence Bffor 1 h at 1:3.5 phosphate, 1:3 Tris, 1.2 HEPES, 1:2 TES
buffer solutions in 1V in cell (A) at 37C, respectively. In each run, the excursiontoin

1 h was within 0.7 mV (equal to about 0.012 pH). The average of excursion in 1 h for all

measurements was 0.230.18 mV.
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Figure 6.4: Time dependenceBffor 1 h at 1:3.5 phosphate fiar solution in cell (A) at 25
°C.0: 1st measurement : 2nd measuremennt : 3rd measuremens, : 4th measurement,

A : bth measurement.
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Figure 6.5: Time dependence Bffor 1 h at 1:3 Tris bffer solution in cell (A) at 28C. O :

1st measurement, : 2nd measurement : 3rd measuremeng, : 4th measuremena, : 5th

measurement.
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Figure 6.6: Time dependenceBffor 1 h at 1:2 HEPES Hier solution in cell (A) at 25C.
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5th measurement.
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Figure 6.7: Time dependencelBffor 1 h at 1:2 TES bfier solution in cell (A) at 25C. O :
1st measurement, : 2nd measurement : 3rd measuremeng, : 4th measuremena, : 5th

measurement.
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Figure 6.8: Time dependencelBffor 1 h at 1:3.5 phosphate fiar solution in cell (A) at 37
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A : 5th measurement.
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Figure 6.9: Time dependenceBffor 1 h at 1:3 Tris bifer solution in cell (A) at 37C. O :
1st measurement, : 2nd measurement; : 3rd measuremeng, : 4th measuremena, : 5th

measurement.
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5th measurement.
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6.3.2 Comparison of Experimental pH Values Obtained by Use of ILSB
with pH Values Obtained by Use of Harned Cell or KCISB at 25
and 37°C.

Table 6.2 and 6.3 list the experimental pH values,pfbr each bifer solution at 25 and 37
°C, respectively. Bates et &lreported the pH values obtained by use of the following two

types of cells for each Itter solution at 25 and 37C.

I Il 1 v
Pt | Hy, buffer solutions, NaC| AgC| Ag (D)

I I " v \Y
Hg | HeCl, | 3.5 mol kgt KCI | buffer solutions, H | Pt (E)

The pH values obtained by use of cell (D) and (E) at 25 and@7where the former is
denoted as pHineqgand the later is denoted as ghkg, are also given in Table 6.2 and 6.3,
respectively. The value of piiwas obtained from the averaBevalue for each measurement.
The £95 % confidence interval of pkifor the five measurements at eachtbusolution is
also given in Table 6.1. Although the pHvalues for 1:3.5 phosphate and 1:3 Tris at 25
and 37°C are closer to the pldneq Values than the pkdisg values, the pkk values for
1:3.5 phosphate and 1:3 Tris are lower by 0.015 - 0.037 pH than thegpklalues. The
difference between pklvalues and pHaimeq for 1:2 HEPES and TES is greater than that

between phﬂCISB and pH—Iarned
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Table 6.2: Experimental pH values obtained by use of ILSB and pH values by use

of a Harned cell or KCISB at referencefber solutions studied at Z%C.

Mean pHy
bufter +95 % confidence
solution PHuamed  PHkcise interval PHkcise—PHHarmed  PHex—PHHamed
1:3.5 phosphate 7.323 7.281 7.297% 0.004 -0.042 -0.026
1:3 Tris 7.746 7.685 7.709: 0.008 -0.061 -0.037
1:2 HEPES 7.805 7.764 7.763: 0.011 -0.041 -0.042
1.2 TES 7.758 7.714 7.680t 0.006 -0.044 -0.078

Table 6.3: Experimental pH values obtained by use of ILSB and pH values by use

of a Harned cell or KCISB at referencefber solutions studied at 3T.

Mean pHy
buffer +95 % confidence
solution PHuamed  PHkciss interval PHkcise—PHHarned  PHex—PHHamed
1:3.5 phosphate 7.297 7.267 7.282- 0.012 -0.030 -0.015
1:3 Tris 7.427 7.381 7.395: 0.015 -0.046 -0.032
1:2 HEPES 7.661 7.631 7.613: 0.008 -0.030 -0.048
1.2 TES 7.535 7.503 7.484: 0.017 -0.032 -0.051

6.3.3 Hfect of the Diffusion Potential and Finite Solubility of IL in W

on Experimental pH Values

If the two distribution potentials at the ILSBH,SO, and ILSB| standard bfier solution

interfaces are canceled out, the experimental pH valug, pd-xpressed by

(E + din) (6.4)

, F
PHex = PHs ~ mFn 0

wheregl.. is the difusion potential due to the dissolution of IL from the ILSB in &@ol

dm H,SO, solution and is referred to the electrostatic potential in the bulk sample solution
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phase. The diusion potential in standard Biar solutions has been neglected in eq 6.4 be-
cause the ionic strength of the standard solutions is much higher than the solubility of the IL
in W.4 The value ofp¥\". in 50 umol dn3 H,SO, solutions” have been calculated from the
Hendarson equatidfand is -0.097 mV at 25C. The pH, and pH,—PpHhameqat 25°C are

given in Table 6.4.

The value of pHs is calculated to be 4.011 at°Z5taking account of the increase
of ionic strength of 5Qumol dnT3 H,SQ, in Il phase in cell (A) due to the dissolution
TBMOEPGC,N into the HSO, solution. The pk, obtained from pHKrecalculated taking
account of the increase of ionic strength, pHand pH,— pHuamegare also given in Table
6.4. The pHy obtained taking account of botlffects of the difusion potential and increase
of ionic strength, pK;, and pH,— pHuameqare also given in Table 6.4. The fiHalues are
still smaller by 0.022 - 0.073 than the pkeqVvalues. The fects of the diusion potential
of TBMOEPGC;N and the increase of ionic strength in Aol dnT3 H,SO, solution due
to the dissolution of the TBMOEPC,;N is expected to be also small at 32.

Table 6.4: Hects of the difusion potential and the change in the ionic strength due

to the dissolution of TBMOEPL,N on experimental pH values at 26.

buffer
solution PHex PHe, PHex  PHex—PHhamed PHe—PHHamed  PHex—PHHarmed
1:3.5 phosphate 7.298 7.300 7.301  -0.025 -0.023 -0.022
1:3 Tris 7.710 7.712 7.713 -0.036 -0.034 -0.033
1:2 HEPES 7.764 7.766 7.767 -0.041 -0.039 -0.038
1:2TES 7.682 7.683 7.685 -0.076 -0.075 -0.073

6.3.4 Interference by lons in W

Cyclic Voltammetry for the Transfer of lons across the NBInterface
A possibility reason of the elierence between pidland pHyarmegat 1:3 Tris, 1:2 HEPES,
and 1:2 TES bfier solutions is the shift of the LIP between the ILSB and thHiebsolutions
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due to the partition of ions in Itfer solutions in the ILSB. We evaluated the hydrophobicity
of protonated Tris (Tri¢d*), HEPES, and TES. Figures 6.12 6.15 show voltammograms

for the transfer of ions across the NBV interface at the scan rate of applied voltage,

are 10, 20, 50, and 100 mVs respectively. Curves % 4 in Fig. 6.12~ 6.15 indicate
voltammograms at 10 mM L8O, 10 mM Li,SO; + 50 mM Tris-HCI, 10 mM LSO, +

60 mM HEPES+ 60 mM LiOH, and 10 mM LSO, + 60 mM TES+ 60 mM LiOH in W1

in cell (B), respectively. In Fig. 6.12 6.15, the curves 3 and 4 did not change compared
with the curve 1 except the shift of the location of polarized potential window (ppw), and no
ion-transfer current due to the transfer of ions in W1 across the¢ WBnterface appeared.
The width of ppw in the curve 2 was narrower than that of curve 1. Therefore, the shift of
the LIP between the IL and the 1:3 Trisflew, AY"¢ = ¢pur — ¢, Wheregn andgy are

the inner potentials in the Tris Her and the IL, respectively, due to the partition of THis

in IL may occur.
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Figure 6.12: Cyclic voltammograms for the 10 mME0, (Curve 1), 10 mM L3SO, + 50
mM Tris-HCI (Curve 2), 10 mM LiSO, + 60 mM HEPES+ 60 mM LiOH (Curve 3), and
10 mM Li,SO; + 60 mM TES+ 60 mM LiOH (Curve 4) in W1 in cell (B). The scan rate:

10 mV s, Arrows by the line indicate the direction of the scanning.
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Figure 6.13: Cyclic voltammograms for the 10 mM&0, (Curve 1), 10 mM L3SO;, + 50
mM Tris-HCI (Curve 2), 10 mM LiSO, + 60 mM HEPES+ 60 mM LiOH (Curve 3), and
10 mM Li,SO; + 60 mM TES+ 60 mM LiOH (Curve 4) in W1 in cell (B). The scan rate:

20 mV s. Arrows by the line indicate the direction of the scanning.
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Figure 6.14: Cyclic voltammograms for the 10 mME&0, (Curve 1), 10 mM L3SO;, + 50
mM Tris-HCI (Curve 2), 10 mM LiSO, + 60 mM HEPES+ 60 mM LiOH (Curve 3), and
10 mM Li;SO; + 60 mM TES+ 60 mM LIOH (Curve 4) in W1 in cell (B). The scan rate:

50 mV st. Arrows by the line indicate the direction of the scanning.
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Figure 6.15: Cyclic voltammograms for the 10 mM&0, (Curve 1), 10 mM LSO, + 50
mM Tris-HCI (Curve 2), 10 mM LiSO, + 60 mM HEPES+ 60 mM LiOH (Curve 3), and
10 mM Li,SO; + 60 mM TES+ 60 mM LIOH (Curve 4) in W1 in cell (B). The scan rate:

100 mV s, Arrows by the line indicate the direction of the scanning.

However, it is expected that the LIP due to the partition ofHtisn IL shifts to negative
direction, and then the measured pH value increases. The expected shift of pH value in 1:3
Tris is not consistent with the results given in Table 6.2 and 6.3. Tifierdnce between pk
and pHiarmegat 1:3 Tris can not be explained by the shift of the LIP due to the partition of
Tris-H* in IL. The shift of the location of ppw in curve 2 4 in Fig. 6.12~ 6.15 may be

ascribed to the change of potential of/Ag,SO, electrode.

Cyclic Voltammetry for the Transfer of lons across tha\W Interface

Figures 6.16- 6.18 show voltammograms for the transfer of ions across the micro liquid
| liquid interface supported at the tip of the micropipette wkea 4 um, the scan rates of
applied voltagey, are 20, 50, and 100 mV'5 respectively. Curves 4 3 in Fig. 6.16~
6.18 indicate voltammograms at 0.012 motkélaCl, 1:2 HEPES, and 1:2 TES in W1 in
cell (B), respectively.

The currents at 1:2 HEPES and 1:2 TES in W1 in cell (B) are larger than the NaCl solu-

tion at all studied scan rates. Two possible reasons for the increase of current is the transfer
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Figure 6.16: Cyclic voltammograms for the 0.12 mofkdNaCl (Curve 1), 1:2 HEPES
(Curve 2), 1:2 TES (Curve 3) in W1 in cell (B). The scan rate: 20 m¥ #rrows by the

line indicate the direction of the scanning.

of ions constituting the IL to W1 and the transfer of ions in W1 at 1:2 HEPES and 1:2 TES.
The negative end of ppw in curves 2 and 3 shifted to more positive potentials than that of
ppw in curve 1. Therefore, from a model of the mixed potefti&las mentioned in chapter

5, the LJP between the IL and the 1:2 HEPES or 1:2 TE8hW\"T, is expected to shift
positively. When the LJP between the IL and 1:2 HEPES or THE:bahifts positively, the
direction of shift in the cell voltage in cell (A) is positive, and then the pH values determined
with cell (A) decrease. The expected direction of shift of pH values at 1:2 HEPES and 1:2
TES bufers is consistent with the results obtained from potentiometry with cell (A). The
sources of negative currents may be HEPBSTES ions as well as the hydrogen phthalate

discussed in chapter 5.

The negative end at 1:2 TES shifted to more positive potential than that at 1:2 HEPES
except for the 20 mV 38 scan rate. This suggests the PBP between the IL and 1:2 TES
shifts more positively than that of 1:2 HEPES, that is, the measured pH values decrease. The

expected direction of shift in measured pH value is consistent with the experimental results.

From the voltammogram at 0.012 molRdNaCl in cell (B), the interface at the TBMOE-
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Figure 6.17: Cyclic voltammograms for the 0.12 mofkdNaCl (Curve 1), 1:2 HEPES
(Curve 2), 1:2 TES (Curve 3) in W1 in cell (B). The scan rate: 50 m¥ #rrows by the

line indicate the direction of the scanning.

80 20 40 100 160 220
E/mV

Figure 6.18: Cyclic voltammograms for the 0.12 mofkdNaCl (Curve 1), 1:2 HEPES
(Curve 2), 1:2 TES (Curve 3) in W1 in cell (B). The scan rate: 100 mV Arrows by the

line indicate the direction of the scanning.
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PG,C,;N and W is polarized due to the low solubility of TBMOERGN to W.28 Therefore,

the PBP between TBMOERC;N and W is susceptible to the interference by the ions in W.
On the other hand, in practice, the low solubility of IL to W has advantage in terms of life
time of ILSB. We need to tuna'¢° of ions constituting an IL and the solubility of the IL

for the pH measurement of physiological solutions.

6.4 Conclusions

The activities of hydrogen ions in 1:3.5 phosphate and 1:3 Trigebsgolutions have been
more accurately estimated by use of the TBMOEE salt bridge than by use of a KCISB.
However, experimental pH values of 1:3 Tris, 1:2 HEPES and TES are smaller than those ob-
tained by use of the Harned cell. In the case of 1:2 HEPES and TES flbeedce between

pH values obtained by use of the ILSB and Harned cell may be because the distribution po-
tential between ILSB and lfiier solutions shifts by the interference of the HEPBSTES

in buffer solutions. We need to optimizg'¢° of ions constituting an IL and the solubility

of the IL for the pH measurement of physiological solutions.
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Chapter 7

Conclusions

A liquid junction potential (LJP) always exists at the interface between two solutions of
different composition$:® In potentiometric measurement of pH, one needs to eliminate the
LJP or maintain it constant. A concentrated KCISB has been employed for this purpose over
a century’® However, the function of the KCISB is not always idédfFirst, the LIP is not
cancelled out by a KCISB, particularly when the ionic strength of a sample solution is low.
The intrinsic problems caused by flowing of a concentrated KCl solution in a sample solution
are remained unsolveld-2°In this work, the author examined fundamental properties of the
ILSBs and determined by use of an ILSB the activities of hydrogen ions in the aqueous
solutions which are not determined accurately with a KCISB . However, many problems
still remain unsolved. In this chapter, the fundamental properties of ILSBs and the results
of pH determination by use of the ILSB are summarized and the remaining problems in the

determination of single-ion activity of Hby use of an ILSB are discussed.

7.1 Fundamental Properties of ILSB and pH Determina-

tion by Use of an ILSB

As already mentioned, it is fficult to determine the activities of hydrogen ions in low ionic
strength solutions by use of a KCISB. In chapter 1, the activities of hydrogen ions in dilute

sulfuric acid solutions were estimated by use of TBMOE®LDI salt bridge within precision
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of + 0.03 pH unit £95 % confidence interval) and with accuracy that tiféedence between

the experimental and calculated pH values is 0.005 pH unit. The source of the remaining
difference between experimental and calculated pH values can be explained by the residual
diffusion potential due to the dissolution of TBMOEJGN in the SO, solution (W) and

the resultant increase in the ionic strength of W. This results will give the solution to the
problem which have not solved for a long time in geochemistry and environmental science.
The results showed the LIP betweefffisiently low ionic strength solution to apply D-H
limiting law and higher ionic strength solutions can be canceled out and opened the way to

determine accurately single-ion activity at higher ionic strength solutions.

Moreover, the activities of hydrogen ions in dilute sulfuric acid solutions were estimated
by use of a glass combination electrode equipped with TBMOERK salt bridge within
precision of+ 0.004 pH unit £95 % confidence interval) and with accuracy that théedi
ence between the experimental and calculated pH values is 0.015 pH unit. The glass combi-
nation electrode equipped with an ILSB allows us to obtain accurate pH values of low ionic
strength solutions with the same procedure as has been used in conventional glass electrodes

with KClI-type reference electrode.

pH values of primary standard fiar solutions are determined by use of the Harned
cell®® . This pH determination includes the uncertainty associated with the estimation of ion
size parameter of chloride ion. The author showed the possibility of a new pH scale by use of
an ILSB. Our method is based on the activity in théisient low ionic strength solution to
apply D-H limiting law. Therefore, this method based on an ILSB has the potential to deter-
mine exactly single-ion activity, once thought to be elusive and the subject of argumentation

to date31-3°

The problem that the LJP between the IL and the sample solution shifts when the sam-
ple solution includes hydrophobic ions was examined experimentally, and then the range in

application of ILSBs was revealed quantitatively.
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7.2 Remaining Problems and Scope for Future Studies

The cell voltage of the electrochemical cell with the ILSB sandwiched by two hydrogen
electrodes varied widely. The variation amounted to 0.6 - 1.2 mV (equal to 0.01 - 0.02 pH
unit). However, the dispersion of pH values measured by use of a glass combination electrode
equipped with a gelled ILSB was less than 0.01 pH unit. A possible reason for the variation
of the cell voltage is the change of the standard Gibbs energy of transfer of ions constituting
the IL due to the dissolution of water into the IL. In the gelled IL, the dispersion may be
decreased because the solubility of water decreases due to the hydrophobicity of a PVdF-
HFP. The improvement of dispersion of the cell voltage is expected by revealing the influence
of the dissolution of water into the IL.

The diference between the experimental and calculated pH values at 0.025 mhol kg
phosphate hier solutions which is primary liter recommended by IUPAC is about 0.01
pH unit. We need to illuminate the reason for th&etence and design new ILSB. More-
over, in order to apply the ILSB to determination of single-ion activity in the wide range of
concentrations, we need to clarify the reason for tlfieénce between the experimental and
theoretical pH values at higher ionic strength solutions.

For the inescapable dilemma between the single-ion activity and thé’c¥Rn ILSB
showed the way to escape from the dilemma in pH determination of low ionic strength so-
lutions. However, many problems remain unsolved in high ionic strength solutions and the
agueous solutions in which hydrophobic ions exist. We need to design the suitable ILSB to

each fields.
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