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Experimental potentiometric unified pH (pHaps) scale is presented in 1,2-dichloroethane (1,2-DCE). The

scale was compiled using differential potentiometric measurements, carried out by pair-wise

comparisons between solutions. Aqueous standard buffer solutions were used as anchor points, so that
the obtained pH values are linked to (ie., are traceable to) the conventional aqueous pH scale and are

expressed as pngsO values. They are directly comparable to pH values in water in terms of the chemical

potential of the solvated proton. The “ladder” approach was used for data analysis and pHgfsO values

HH:0

were assigned to 19 solutions in 1,2-DCE, leading to a pH,,

scale spanning from —2.9 to 11.0. This is

the first time that successful potentiometric pH?,jSO measurements have been carried out in a solvent of

as low polarity as 1,2-DCE. The whole set of measurements, comprising a total of 85 ApH,ps values, has
a consistency standard deviation of 0.17 pH units. This is higher compared to the consistency standard
Received 18th November 2024, deviations reported in the literature for similar measurements in other solvents and reflects the

Accepted 23rd January 2025 experimental difficulties with potentiometric measurements in a low-polarity solvent. This result means

that potentiometric measurement of pHgfs0 values is possible in low-polarity solvents, and it is thus

DOI: 10.1039/d4cp04397a
expected that potentiometric pH;L}SO measurement is possible in most organic solvents, opening the

rsc.li/pccp possibility of experimentally connecting many solvents into the unified pH?,fSO scale.
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1. Introduction

The quantity pH is defined in terms of the activity of hydrogen
(H") ions in aqueous solutions." Because the measured
potential is linked to the activity of ions of interest in the
solution via the Nernst equation, pH measurement is usually
performed using potentiometry. The primary measurement
method of pH uses a hydrogen gas electrode that serves as
the H' ion indicator electrode to assign pH values to reference
solutions (e.g., certified reference materials). Routine pH mea-
surements performed in the laboratory are the secondary way of
measuring pH by using glass electrodes that are highly sensi-
tive to H' ions against a reference electrode.”

In dilute aqueous solutions pH measurement is typically
straightforward. However it becomes challenging and less reli-
able, when the acid concentration increases and especially if
non-aqueous solvents or solvent mixtures are employed.> The
standard state of the conventional pH scale in a solvent is
linked to the concentration of the H' ions in that solvent.
However, the H' ions are solvated differently depending on the
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nature of the solvent.>® This means that the thermodynamic
activity (chemical potential) of the solvated H' ions at the same
concentration in different solvents can be very different. As a
result, each solvent possesses its own unique pH scale," which
means that it is impossible to compare the conventional pH
values measured in different solvents. For example, measuring
a pH 7.0 in water means the solution is neutral while, in
acetonitrile, a pH 7.0 solution is (strongly) acidic.”

The recently introduced unified pH (pHaps) scale solves the
problem of non-comparability of pH values between different
solvents. The pH,ps scale uses an ideal proton (hydrogen) gas at
1 bar and 298.15 K as a reference point for the absolute
standard chemical potential of the proton for all media. Its
value is arbitrarily set to zero, because ‘‘ideal”” suggests that no
interaction occur between protons and any other species.®
When immersed in a solution, the chemical potential of a
proton changes (becomes negative) as it interacts with its
environment.

Direct pH,ps measurements against the proton gas at stan-
dard state conditions is not possible. Thus, an experimentally
accessible reference is needed. The most convenient reference is
the conventional aqueous pH scale. When pH,,s measurements
are referenced to the aqueous pH values they can be denoted as
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H,O0
pHabs

solvated proton in any solution with a certain pH

values. This means that the chemical potential of the

H,0

b value is

equal to the chemical potential of the solvated proton in an
aqueous solution with the same conventional pH value. Unified
acidities can be measured by comparing the pH values of two
solutions using differential potentiometry, a method in which
the potential difference between two glass electrodes submerged
in two different solutions is measured.’ Linking the measured
values to the aqueous pH scale as the reference is achieved by
comparing the pH,ps of unknown solutions to the pH of the
aqueous standard buffer solutions.

Using pH:ESO for the comparison of solution acidity between
different media will lead to a better understanding of how pH
influences processes in catalysis, liquid chromatography, sus-
tainable energetics, and the rationalization of acid-base pro-
cesses in different solvents. These advantages would be
especially evident in solvents with low polarity where pH scales
have not been established. There are several reasons why it is
valuable to study strong acids in solvents of low polarity. One of
them is that it allows for the investigation of compounds’
behaviour in an environment that exerts less influence on their
physical and chemical properties as compared to polar sol-
vents. Moreover, it enables to mimic real processes in chemical
and pharmaceutical industries, which are to a large extent
carried out in non-polar media."®"* Low-polarity solvents have
weak ability of solvating ions, including the H" and therefore,
the highest acidities should be achievable in such solvents.'*"*
1,2-dichloroethane (1,2-DCE) is an inert low-polarity solvent
with negligible basicity. Despite its low polarity, 1,2-DCE has a
high polarity for a chloroalkane (relative permittivity, & =
10.36)." This polarity, together with overall good solvating
ability of 1,2-DCE is sufficient to dissolve many polar and ionic
compounds at measurable concentrations, making it a suitable
solvent for studying acids and superacids.'*

In the past, pK, (and linked to them also pH,,s) measure-
ments of acids in 1,2-DCE were performed using UV-vis spectro-
photometric titration.'*'* The pK, scale in 1,2-DCE is relative,
meaning that the pkK, values have been measured against a
reference acid (picric acid with pK, arbitrarily taken as 0), not
against the protonated solvent, and a direct experimental
comparison of the actual acidities (in terms of H' activity) of
solutions using potentiometric approach has not been per-
formed in 1,2-DCE or any other low-polarity solvents. Thus,
this study aimed to measure the pH,p of acidic buffer solutions
prepared in 1,2-DCE using differential potentiometry and to
establish a connection between the obtained pH,,s values and
the conventional aqueous pH scale, allowing direct comparison
in terms of the chemical potential of the solvated proton.

2. Experimental
2.1. Chemicals

1,2-Dichloroethane (1,2-DCE) was of analytical grade and was
dried with 3 A or 4 A molecular sieves for at least 24 h to reduce
the water content down to less than 5 ppm. Phosphazene base
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P1-t-Bu-tris(tetramethylene) (98%), triflic acid (TfOH, 99%), picric
acid (=>98%), styphnic acid (>98%), bromothymol blue (>98%),
bromocresol green (>98%), tetracthylammonium chloride (Et,NC,
>99%, dried under vacuum prior to usage), tetrabutylammonium
nitrate (Bu,NNO;, >99%), tetrabutyl-ammonium hydrogen sulfate
(Bu,NHSO,, >99%), ammonium formate (>99%), ethanol (abso-
lute, >99.8%), acetonitrile (>=99%) and the ionic liquid, triethylpen-
tylammonium  bis(trifluoromethanesulfonyl)imide  ([Nyj,5 [NTY,],
99%) were sourced commercially. The remaining compounds used
in this study were the same as in previously published works."®

2.2. Experimental setup

Two types of setups were used, differing by the configuration of
the salt bridge (Fig. 1). The first setup included two half-cells
connected at the bottom by a capillary tube which served as the
salt bridge. The salt bridge electrolyte was first dispensed in the
capillary tube before adding the solutions in the half-cells for
the measurement. The second setup had its salt bridge separate
from the half-cells. The salt bridge is made of glass with ends
fitted with PEEK capillary tubes with internal diameter
0.13 mm to ensure slow release of the salt bridge ionic liquid
to the half-cells. Both setups had large and small versions as
shown in Fig. 2.

The differential potentiometry setup corresponds to electro-
chemical cell (1):

glass electrode 2|solution 2 |[Ny,5][NTf,]||solution 1|glass
electrode 1 (1)

The ionic liquid, [N,;,5][NTf,], serves as the salt bridge
electrolyte in the setup. [N,,,5][NTf,] has been found to be a
suitable salt bridge electrolyte because it can cancel the liquid
junction potentials at both ends of the salt bridge due to its
near identical diffusion and solvation properties of the anion
and cation.’

Metal solid contact glass electrodes were the same as used in
ref. 18. Standard aqueous pH buffers (pH 4.01, 7.00, 10.01) with
uncertainty of 0.02 pH unit from Mettler Toledo were used in
the calibration of the glass electrodes. A Radiometer K401
saturated calomel reference electrode was used as a reference
electrode in calibration measurements. Using aqueous solutions

Setup 1 Setup 2
Metal solid Salt bridge
contact glass
electrodes
Half-cell \ i / Hatfocell

) ) o”v}o

PEEK capillary tubes
3

Salt bridge (ID 0.13 mm)

Fig. 1 Diagram of the salt bridge setups.
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is in this case acceptable because the differential potentiometry
measurements utilize only the slopes of the electrodes that are
not expected to differ between different solvents.® The potential
difference between the glass electrodes immersed in the solu-
tions was measured using an electrometer/high resistance meter
(Keysight B2987A, California, USA) controlled by the Quick IV
Measurement Software.

Preparation of solutions and all measurements involving
1,2-DCE solutions were carried out in an argon-filled glove box.
The atmosphere inside the glove box was kept at a temperature
of (25.0 £ 0.2) °C, with a moisture content of less than 0.1 ppm.

2.3. Preparation of equimolar buffer solutions in 1,2-DCE

The solutions prepared in 1,2-DCE were nearly equimolar
buffer solutions, where the molarity of the acid and its anion
are approximately the same. The compounds were selected
based on their pK, values in 1,2-DCE from a previous published
data.">"*

A 0.667 mM solution of each compound, the free acid (with
most compounds) or its salt (with HCl, HNO; and H,SO,), was
prepared with a total volume of 40 mL. The process began by
accurately weighing the appropriate amount of each compound
into a 4 mL glass vial. The compound was then dissolved by
adding 3 mL of 1,2-DCE to the vial and transferred to a reagent
bottle. The vial was rinsed four times with additional 3 mL
of 1,2-DCE to achieve a cumulative volume of 15 mL. Then,
4.16 mg of phosphazene base P1-t-Bu-tris(tetramethylene) or
2.00 mg of triflic acid, depending on the compound used, was
weighed and dissolved similarly with 3 mL of 1,2-DCE, repeated
five times before transferring the solution to the reagent bottle
containing the compound. Finally, an additional 10 mL 1,2-
DCE was added to bring the total volume of the solution to
40 mL and the molar concentrations of the acid and its salt
approximately 0.333 mM. The compounds used as free acids

SETUP 1

H,O
abs
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(most compounds) were mixed with the phosphazene base
while the compounds used as salts of acids (Et,NCI, BuyNNO;
and Bu,NHSO,) were mixed with triflic acid to obtain solutions
with nearly equal concentrations of the acid and its anion. The
resulting buffer solutions were expected to be approximately
equimolar and thus have pH values near the pK, values of the
acids. Solutions with remaining undissolved salts were left
overnight in the glove box before being used to achieve com-
plete dissolution.

2.4. Differential potentiometric measurements

In the case of setup 1, approximately 200 uL of the [N,,,5][NTf;]
ionic liquid was carefully transferred to the capillary tube. Care
was taken to avoid bubbles inside the capillary, and the ionic
liquid was safely secured by glass beads resting on each of the
tube openings (see photo in Fig. 2). Bubbles in the capillary led
to unstable potential readings. The glass beads prevented the
ionic liquid from leaking into the solutions. In the case of setup
2, the ionic liquid was added when necessary. Around 6 mL to
10 mL of each solution was added to each half-cell depending
on the setup used. In the case of setup 1, it was important to
add the solutions to the half-cells simultaneously to prevent the
ionic liquid from flowing out of the capillary. The electroche-
mical cell containing the solutions was then placed inside a
Faraday cage to prevent electromagnetic interference during
potential measurements. Thereafter, the glass electrodes were
placed carefully in each cell.

The potential difference values were recorded at an interval
of 10 seconds for at least an hour or as long as needed to
observe stable readings. The selection of the time interval for
data analysis was based on extended measurements, aiming to
achieve a duration where the reading exhibited the best possi-
ble stability. The most stable 15-minute data was utilized,
and the data points within this timeframe were averaged.

measurement of solutions in 1,2-DCE.
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The criteria of suitability were standard deviation of the readings
less than 1 mV, and the slope or drift should be at most 4 mv h™*.

2.5. Development of pH,,s scale in 1,2-DCE

The measured average potential difference is divided by the
average slope of the glass electrodes to obtain the ApH, values
between solutions and these values were used to build the
ladder. The “ladder approach” was used to get the assigned
PHaps for the solutions from the directly measured ApHaps
values. Least-squares minimization was performed using
Microsoft Excel’s solver function to minimize the sum of

squares of the difference between the assigned pH;fso values

and the experimental ApHiZSO values.’

Directly measuring the pH of 1,2-DCE solutions against
standard pH buffers is challenging because water contamination
on the non-aqueous solutions could significantly change the pH
of the solutions. Thus, “bridging solutions” were used to link the
1,2-DCE scale to the conventional pH scale. The two bridging
solutions were 10 mM ammonium formate solution in absolute

ethanol and acetonitrile/pH 4 formate (60:40) solution with

H,O

. values of 8.88” and 5.98,'° respectively. These

bridging solutions were selected based on their known pH?bst

values and their suitability for use inside the glove box. These
solutions were then both measured against 1,2-DCE solutions
inside the glove box and against standard pH buffer solutions
(outside of the glove box). The assigned prszs0 values of the 1,2-
DCE solutions were then obtained by performing the least-
squares minimization and setting the standard pH buffers
(4.01, 7.00 and 10.01) as anchor points, as explained in ref. 9.

reported pH

3. Results and discussion

3.1. Optimization of cell setup

The electrochemical setup used for the pHﬁfso measurement
was previously used for polar organic solvents like ethanol,
methanol and acetonitrile and their mixtures with water.>"®
The 1,2-DCE solvent used in this work is characterized with very
low water content and non-polar properties. It is the first time
to measure the pH?ﬁSO in a solvent of this low polarity using
potentiometric method, thus, it required some changes to the
setup to facilitate better measurement of pH in the new
medium.

Two setups with altogether four different salt bridge (SB)
configurations were investigated for pH?bzsO
(Fig. 2). SB1 was the larger version of the first setup where
the salt bridge is built-in with the half-cells. When performing
ApHZLZSO measurements using this setup, no stable readings
could be recorded. [Ny,,5]|[NTf,] was found to be highly mis-
cible with 1,2-DCE and it was difficult to prevent the mixing of
the ionic liquid and solutions while the measurement was on-
going. This problem was also observed in the study of Heering
et al."® When solutions containing high amounts of organic
solvent were measured, it was observed that: (1) no distinct
liquid junction formed or (2) there were visible droplets in the

measurement
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junction region. Some of the measured 1,2-DCE solutions were
yellowish in color and during the measurements, the salt bridge
electrolyte also turned yellowish. High drift was observed in
those measurements. As a result, setup SB1 was considered
unsuitable for obtaining reliable results.

While measurements with setup SB1 encountered signifi-
cant challenges, such as occasional absence of clear liquid
junction and uncontrollable mixing of the ionic liquid with
the solutions, SB2 employed an alternative approach. In this
smaller version of the first setup, glass beads were placed at the
bottom of the half-cells to slow the mixing process. As a result,
stable results were obtained. However, careful handling of the
electrochemical cell was still necessary. Even slight disturbance
could dislodge the glass beads off from their positions at the
bottom of the half cells and lead to unstable readings during
the measurements. Moreover, even with extended measure-
ment duration it was often impossible to obtain stable reading.
Instead, the reading initially stabilized but then began to drift,
indicating an interaction between the solution and the salt
bridge electrolyte. SB2 was therefore also considered unsuitable
for this work.

Given the challenges of getting stable measurements with
setup 1, a second configuration, with SB3 and SB4, was intro-
duced (Fig. 2). Unlike SB1 and SB2, where the built-in salt
bridge connected the half-cells from the bottom, SB3 and SB4
employed a separate salt bridge with endings fitted with PEEK
capillary tubes (0.13 mm internal diameter). The capillary tube
endings are immersed in each half-cell ensuring an electro-
chemical connection during potentiometric analysis. The ionic
liquid in this setup flows out very slowly, ensuring that the salt
bridge always contains fresh ionic liquid.

SB3 featured an H-shaped salt bridge, similar to the one
used in the study of ideal ionic liquid salt bridge electrolyte by
Ermantraut et al. (2018)."” However, a drawback of this setup is
that the salt bridge releases the ionic liquid too rapidly. Since it
was originally designed for a system that uses larger volumes of
solutions, the use of smaller volume of solution in this study
leads to a relatively high rate of release of the salt bridge
electrolyte into the half-cells. To address this, a similar smaller
n-shaped salt bridge connection (SB4, Fig. 2) was implemented
instead. Setup 2 with SB4 enabled faster switching between
measurements, used less ionic liquid and yielded more stable
measurement results, both in terms of standard deviation and
drift. The measurements with this setup can be extended to five
hours as demonstrated in this study to obtain stable reading
without sudden drift changes. The majority of the pr]jSO
measurements in this study were conducted using the SB4
setup. Some measurements were made with SB2 and SB3.

3.2. pH,ps measurement results in 1,2-DCE solutions

The pH:ifso values of 19 different acidic buffer solutions in 1,2-
DCE were determined using differential potentiometry. Out of
the 215 potentiometric measurement series, 96 met the pre-
defined quality criteria: a standard deviation of less than 1 mV

and a drift of less than 4 mV h™' during at least 15 minutes.
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In addition, ApH,ps values from 11 of the measurement series
passing the standard deviation and drift criteria were additionally
removed because they resulted in ApH,,s values that deviated by

0.4 or more pH units from the difference of the pHSjSO

values of
their respective solution pairs. The removal process was carried
out one at a time after every least-squares minimization, starting
with the largest deviations, to ensure that only true outliers were
eliminated. These outliers might be due to a “potential locking”
phenomenon that we have observed with our setup on different
occasions, especially when measuring in non-aqueous solvents
under the conditions of low conductivity. Under such conditions
the measurement system occasionally “locks into” a potential
difference that is seemingly stable but is in fact noise and does
not correspond to the actual potential difference in the system.
The situation is worsened in the case the glass electrodes have
high impedance and if the connection cables (even though well
shielded) are long. The best remedy against this that we have
found is performing multiple overlapping ApH,,s measurements
and setting he quality control criteria described above for elim-
inating such measurements that are likely to be incorrect.

Fig. 3 shows the 1,2-DCE pH,,s ladder and the assigned

pHH'_;O

abs

values for the 19 acid compounds. After applying the
least squares minimization, the consistency standard deviation
of the pH ladder is used to evaluate the precision of the
measured ApH,ps values and the assigned pHi];[gsO values. For
the whole set of measurements, the overall consistency stan-
dard deviation is 0.17 pH units. This is higher compared to the

View Article Online
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values reported in literature for similar measurements. As an
example, for the pH,p,s measurements of mobile phases, the
consistency standard deviations of 0.14 pH units® and 0.09 pH
units'® have been obtained. The higher consistency standard
deviation is most likely due to the difficulty in getting stable
and consistent measurement readings in 1,2-DCE.

Altogether 14 ApH,ps measurement series were performed
between the buffer solutions of picric acid and styphnic acid for
quality control and validation. Both compounds were available
in large quantities and are stable in 1,2-DCE solvent. The pH,ps
difference of their buffer solutions 0.9 is neither too large nor
too small, which makes them suitable for quality control
solutions. The ApH,s results from the measurement series of
the picric acid-styphnic pair ranged from 0.68 to 1.21 pH units
with a mean value of 0.88 and standard deviation 0.13. This
result is significant and reflects the robustness and reliability of
the data, as the measurements were conducted consistently
over a period of more than a year.

3.3. Comparison with the previously obtained pH?bZSO values

The assigned pH:LZSO values from this study were compared to
those previously published by Paenurk et al.,'* as illustrated in
Fig. 3. The values from the current study are generally higher,
on an average by 1.05 pH units, with a maximum difference of
2.47 pH units. Additionally, the differences between the values
from this work and Paenurk et al.'® are not constant and
no clear trend was identified in the discrepancies between

H,0 H,0 H,0

Solutions PH,. PH., ApH Directly measured ApH

(Lit.)"* (Exp.) (Lit.-Exp.) abs

(4-CF,-CF )(C,F,)CHCN 9.6 11.0 -1.4 i PR
(C,F,)CH(CN)COOEt 9.8 10.9 -1.1 o .ii y 0:72 .69—1.29—0.
(4-CI-CF,)CH(CN)COOEt 9.5 10.5 -1.0 2 + 217
pH 10.01 standard buffer - 10.01  ----- —1 " 1.67 i 5
10 mM NH,HCO, in ethanol 8.97 8.9 0.0 o SN AN =S 5 3.80—4,
pH 7.00 standard buffer = - 70 - YR o
MeCN/pH 4 formate (60/40) 6.0"¢ 6.2 -0.2
CFCHICN), e 57 - —1.13 .01
Bromothymol blue 34 49 -15 i - iy
Hydrochloric acid 25 4.8 -2.3 —o63 1.96— 0.78—2.
Bromocresol green 25 4.2 -1.7 1.
pH 4.01 standard buffer = - 4.01 - 196—1 A= 1.
Picric acid 23 3.9 -1.6 —1 ot I 1 1.00—
Nitric acid 0.9 3.4 -2.5 * v
Styphnic acid 1.4 3.0 -1.6 o 1.48
(4-CI-CH-SO)NH e 25 - 1 :

0.64 3.00 3.05 2.76
3-NO,-C H,SO,NH-Tos 0.6 2.2 -1.6 1.:75 o gy
C,(CF,),CH(CN), -0.5 0.6 -1.1 Ay 5 o
Sulfuric acid 0.1 0.4 -0.3 .8 T
3-NO,-4-CI-C ,H,SO,NHSO,C H,-4-CI -0.3 -0.1 -0.2 " T
(3-NO,-C,H,SO,),NH -1.6 -0.6 -1.0 " 1. Py 1l =
3-NO,-4-CI-C.H,SO,NHSO,C H,-4-NO, -2.0 -1.4 -0.6 P 28— + 130 21— ¥
(3-NO,-4-CI-C H,SO,),NH -2.3 -2.0 -0.3 e i 1:50-1.86—
4-NO,-C,H,SO,CH(CN), -2.8  -29 0.1 + +

Fig. 3 pH!2° scale of solutions in 1,2-DCE and comparison against reported pH.2® values in the literature "8 Acid were used as equimolar buffer

solutions of the acid and its salt at 0.333 mM concentration (see the Experimental). Black arrows were used for the pH

H,0

abs assignment, red arrows were

left out due to systematic deviations (see the text) and the blue arrow denotes the average of the picric acid-styphnic acid measurement series

(altogether 14 series) as quality control system.
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the two sets of values. Several factors may account for the
discrepancies.

The reported pH!2° values from literature'* were obtained
from a spectrophotometrically measured pK, ladder which
thereafter was anchored to the computational pH;{fSO value of
the equimolar buffer solution of (CF;SO,),NH and its salt. The

pH;fso values of this work have been anchored to the experi-
mental pH values of aqueous buffer solutions. Thus, the
average systematic difference of 1.05 pH units can be consid-
ered a very good agreement, given how different are the origins
of the pH' 2 values.

In contrast to the absolute pHﬁfso values, the pH:leSO differ-
ences between the buffer solutions in this work and in the
literature'* are expected to be similar, as in both cases the values
are experimental. This is, however, not the case. The differences
vary and occasionally even the order of compounds varies. We
can think of three factors contributing to this situation.

First, among the challenges when working with very low
polarity solvents is their weak ability to solvate ions. In 1,2-DCE,
the acids do not simply dissociate. Instead, the effects of ion-
ion interactions, such as ion-pairing and aggregation, are
significant.® Aggregation is especially favoured if small ions
are involved. This is illustrated by the fact that HNOj;, H,SOy,,
and HCI buffer solutions in 1,2-DCE exhibit the highest relative
discrepancies between this work and the literature.'*

The second contributing factor, connected with the previous, is
the use of varying compound concentrations. The previous study
used concentrations in the range of n x 10> M, whereas this study
employed concentrations 7 x 10~ * M, which makes the solutions in
this study approximately 10 times more concentrated than those in
Paenurk’s work."* Higher concentrations in solutions can lead to
increase in ion-ion interactions, e.g. formation of higher aggregates
than ion pairs, and certainly have influence on the acidity of the
solution. Thus, the actual state of the ions in the solution is not
necessarily the same in this work and in the work of Paenurk et al.**

Third, the ionic liquid [N,,,5][NTf,] has been tested for its
ability to eliminate the liquid junction potential in a number of
solvents but only relatively polar ones, such as water, acetoni-
trile and methanol. We assume that when measuring potential
difference between dilute solutions (7 x 10~* M) in the same
solution then, given that the ionic strength of [Ny,5][NTf;] is
3.2 M and ionicity 0.95," the liquid junction potential should
be largely eliminated. Nevertheless, the ability of [Ny,,5][NTf,]
to eliminate the liquid junction potential in low-polarity sol-
vents like 1,2-DCE has not been directly investigated.

Conclusions

Measurement of pH?lfso values of solutions in low-polarity
solvent, 1,2-DCE, was successfully performed using differential
potentiometry. Based on 85 relative potentiometric measure-
ments, pHi{fSO values were assigned to 19 solutions in 1,2-DCE
ranging from —2.95 to 11.03. This research highlighted the
importance of the design of the potentiometric setup to ensure

This journal is © the Owner Societies 2025
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stable and reliable results. The assigned pH::[bzsO
study were generally higher than those reported in the literature
with no detectable trend in the discrepancies. These differences
likely result from the weak ion solvating ability of 1,2-DCE,
variations in solution concentrations, and the measurement
method employed (as opposed to computations used in previous
work). Moreover, the ionic liquid used in this study has not been
investigated for its ability to eliminate the liquid junction
potential in low-polarity solvents like 1,2-DCE. Despite these
challenges, the results indicate that potentiometric pH measure-
ment is feasible in low-polarity solvents, paving the way for
experimentally integrating many other solvents into the unified
PHaps scale.
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