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Abstract: Utilizing the “ideal” ionic liquid salt bridge to
measure Gibbs energies of transfer of silver ions between the
solvents water, acetonitrile, propylene carbonate and dimeth-
ylformamide results in a consistent data set with a precision
of 0.6 kJmol� 1 over 87 measurements in 10 half-cells. This
forms the basis for a coherent experimental thermodynamic
framework of ion solvation chemistry. In addition, we define
the solvent independent peH2O

abs - and the EH2O
abs values that

account for the electronating potential of any redox system

similar to the pHH2O
abs value of a medium that accounts for its

protonating potential. This EH2O
abs scale is thermodynamically

well-defined enabling a straightforward comparison of the
redox potentials (reducities) of all media with respect to the
aqueous redox potential scale, hence unifying all conven-
tional solvents’ redox potential scales. Thus, using the Gibbs
energy of transfer of the silver ion published herein, one can
convert and unify all hitherto published redox potentials
measured, for example, against ferrocene, to the EH2O

abs scale.

Introduction

The (intrinsic) chemical potential m of a chemical entity is a
fundamental thermodynamic state function that reflects its
chemical environment (i. e., its bonding conditions, etc.) and
allows conclusions to be drawn about how this entity will react
to changes in this environment.[1] In two of the most important
reaction classes in chemistry, namely acid-base and redox

reactions, ions, that is, electrically charged entities, are involved.
Because of their charge, these entities are affected by electric
fields in addition to their chemical environment, and the
corresponding state function characterizing these entities is the
electrochemical potential ~m,[2] expressed as the sum of m and f,
the inner or Galvani potential of a phase. f is the sum of the
outer or Volta potential y and the surface potential c. The latter
is a property of a pure phase and is caused, for example, by
dipole orientations at the phase‘s surface. The real potential a,
defined as the sum of m and c, is also of some importance.

In addition, when dealing with electrically charged entities
some aspects must be considered that are absent for electrically
neutral entities or electrically neutral pairs of entities (e.g.,
electrolytes), for which m are observables. First and foremost, it
is impossible to prepare and analyze single ion solutions due to
the global electroneutrality condition.[3] For this reason, the
definition of pHS as � lg a(H+,S) referring to the activity a (which
is a m-based value) of the proton in the solvent S is accepted as
notional (S commonly refers to H2O and is omitted). A
measuring protocol is recommended for S=H2O that takes into
account the effect of counterions.[4] With the same reasoning
the Nernst equation, containing activities of the redox active
species, and thus, the standard hydrogen electrode (SHES) as
zero point of the redox potential scale, must also be regarded
as a notional definition of the electrode potential. Nevertheless,
the dependence on counterions does not imply that single ion
quantities such as the activity a are meaningless.[5,6] Experience
tells us that the effects of the counterions, for example, in the
case of strong acids, are not incisive. In the realm of infinite
dilution, these effects vanish leading to the definition of
standard states for solutes in solution.[7]
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Unfortunately, because this definition of standard states is
also used as reference for single ions, pH values and redox
potentials cannot be compared between different solvents,
since they differ in their zero points, and the relative position of
the zero points is usually unknown. The reason is that solute-
solvent and solvent-solvent interactions are still operative in
infinitely dilute solutions, and each solvent molecule interacts
differently with a solute molecule and with itself. Therefore,
each solvent comes along with an individual reference state,
which generally differs from reference states in other solvents.[8]

The remedy is a reference state that is valid for all phases and
the measurement with respect to this state would be conse-
quent. However, this endeavor is anything but simple because
it is intertwined with the definition of single electrode
potentials on the one hand, and with the procedure of
measurements on the other.

Trasatti summarized the knowledge of his time, and
identified different definitions, based on either ~m, a or m, all
bearing the same conceptual validity provided the physically
infeasible separation of chemical and electrical contributions is
tolerated, and the question is which one can be preferred in
terms of applicability.[9] Preferred by IUPAC is a definition that
integrates only principally measurable quantities, which results
in the definition including the real potential,[10] rather than the
chemical potential, although the latter is of greater general
interest, since it does not depend on “non-chemical” contribu-
tions such as surface potentials, but only on internal conditions.
If, for example, one would define the pH with a instead of m,
one would agree that the surface potential affects the acidity of
a medium, otherwise one would have to tolerate a disparity, in
case of the aqueous phase of about 3 pH units. The chemical
potential of a single ion, however, has so far been considered
unmeasurable. Although experimentally and theoretically deter-
mined values for the aqueous phase are reported, they are all
controversial and contain so-called extra-thermodynamic as-
sumptions. Hünenberger and Reif give an exhaustive overview,
and recommend for the standard Gibbs energy of the proton‘s
hydration � 1100.0 kJmol� 1 (which is equivalent to m⦵H�

(H2O)).
[11,12]

As reference state that is valid for all phases, we use the
electron‘s intrinsic chemical potential of the ideal electron gas
at 105 Pa and 298.15 K (i. e., m⦵e� (g,T):=0 kJmol� 1).[13] We defined
the unified peabs value of a medium as in Equation (1). Thus, we
effectively relate its potential to the reducity1 an electron gas
with the pressure p(e� ,g)=10� peabs bar provides to the medium.

peabs ¼ �
mabs e� ; Sð Þ

RT ln 10 (1)

Eabs ¼ peabs
RT
F ln 10 ¼ peabs � 0:05916 V at 298:15 K (2)

Eabs as given by Equation (2) essentially corresponds to
Trasatti’s m-based single electrode potential ET

[14] that can be
traced back to Kanevskii.[15] Analogously, the pHabs value was
defined by means of the proton‘s intrinsic chemical potential
with respect to the ideal proton gas at 105 Pa and 298.15 K as
reference state (i. e., m⦵H� (g,T):=0 kJmol� 1).[16] Hence, a medium
is as protonating as a proton gas with the pressure
p(H+,g)=10� pHabs bar. These gaseous reference states, although
hypothetical, are well defined and in accordance with IUPAC
recommendations.[7,12,17] Both scales were combined leading to
the protoelectric potential map (PPM), allowing the comparison
of acidity and reducity (i. e., reduction power or reduction
potential) between all isotropic and homogeneous media.[13]

The situation is illustrated in Figure 1, where the conventional
pHS and SHES scales are integrated to the unifying pHabs and
peabs scales constituting the PPM. Included is the EH2O

abs value,
which we define in the same manner as the pHH2O

abs value of a
medium,[18] Equation (3), to align the zero value (not the zero
point, that is, the reference state) of the peabs scale to the
SHEH2O scale. Hence, pe°abs(H

+/H2,H2O) is the peabs value of the
SHEH2O.

EH2O
abs ¼ peabs � pe�abs Hþ=H2;H2Oð Þð Þ

RT ln10
F ¼ peH2O

abs

RT ln10
F (3)

In this way, the EH2O
abs scale serves as a thermodynamically

well-defined link for the reducity in all media with respect to
the aqueous phase. Yet, this is still the theoretical and
conceptual level. The issue of experimental determination of
those values is incomparably more difficult.

Direct measurements with respect to the particular gaseous
standard states would be the logical step towards the
experimental development of unifying scales. However, even
the a-based single electrode potential scale suffers from
intricate experimental difficulties, and the value obtained for
the aqueous phase (Eα(SHEH2O)=4.44 V)[10] has remained without
counterparts for other solvents so far. This is also true for the
m-based scales. Moreover, their values are more disputed due to
the extra-thermodynamic assumptions made. Therefore, instead
of performing such difficult and controversial methods for each
phase, it seems much easier to determine differences of Gibbs
solvation energies, that is, Gibbs transfer energies. But even in
this case, hitherto only methods based on extra-thermodynamic
assumptions were reported, although recently an assumption-
free method has been proposed, which has not yet been
realized in experiment.[5] In addition, however, for referencing
to the gas phase at least one Gibbs solvation energy as an
anchor point is needed. Nevertheless, since the relative
positions are preserved even if the anchor point shifts, the
determination of reliable Gibbs transfer energies is a very
worthwhile target. Therefore, we address here the decades-old
question of the direct measurability of the elusive Gibbs energy
of transfer ~trG(i, S1!S2) of a single ion i between the solvents

1We use the elementary steps electronation and deelectronation in their
strict sense, i.e., addition or removal of e� . Thus, a classically termed ‘oxidant’
is addressed as a ‘deelectronator’ and a ‘reductant’ as an ‘electronator’, if
only a single electron transfer as the elementary step takes place. This
particle based terminology is related to the acid-base picture, where the
terms deprotonation and protonation describe the transfer of a proton
between two partners, i.e., deelectronation is the electron-based equivalent
to a deprotonation. This terminology has been introduced in ref. 13 and 21.
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S1 and S2. We use as main anchor the Gibbs energy of the
proton‘s hydration experimentally assessed by Tissandier et al.
that is ~solvG°(H+, H2O)= � 1104.5 kJmol� 1 (EC� B convention).
This results in Eμ(SHEH2O)= Eabs(SHEH2O)=4.28 V.[12,19] However,
the preparation of electrically charged droplets with biased
metal needles is now feasible and new techniques using plasma
as gaseous electrodes might lead to new experimental evidence
in future.[20]

Methods

The activity a of the species participating in a reaction is
connected to the Gibbs energy of this reaction ~rG by the law
of mass action (and therefore to the chemical potentials μ of
these species). If a reaction is divisible in an electronation[21]

(reduction) and de-electronation (oxidation) partial reaction,
~rG is connected to the electric potential difference Ecell of an
appropriate electrochemical cell by Equation (4).

DrG ¼ � nF Ecell (4)

n is the electron number of the cell reaction and F is the
Faraday constant. The transfer of a silver ion Ag+(solv,S) from
one solvent S1 to another S2 can be described by Equation (5),
with Equations (5a) and (5b) being the electronation and de-
electronation partial reactions.

Agþ solv; S1ð ÞDAgþ solv; S2ð Þ (5)

Agþ solv; S1ð Þ þ e� gð ÞDAg sð Þ (5a)

Ag sð ÞDAgþ solv; S2ð Þ þ e� gð Þ (5b)

Similar equations can be derived for any ionic species i.
Thus in principle, simply the measurement of the electrical
potential difference EI of the electrochemical cell I is suited to
determine the Gibbs energy of transfer ~trG(Ag

+, S1! S2) of the
silver ion.

AgZ is a silver salt with the counterion Z � , whose influence
on EI is amongst others the subject of this article. Ag(s) is solid
silver and is therefore an indicator electrode, which under our
conditions is selective to silver ions. A single vertical bar
represents a phase boundary. The double dashed vertical bar
represents a liquid-liquid junction at which the generally
occuring potential drop, the liquid junction potential (LJP), is
assumed to be nonexistent. This assumption, however, is not
justified accross typical junctions.[22] Consequently, a single
dashed vertical bar representing a liquid junction along with
the LJP would be the correct representation of cell I, and the
cell potential then reads as in Equation (6).

Figure 1. a) The redox system Ag+(solv)/Ag(s) in H2O and in a hypothetical solvent Sh in the presentation of the conventional pHS and SHES scales at
a(Ag+,S)=1. The zero points of these scales cannot be discriminated due to the standard states used. They are defined analogously by the infinitely dilute
solution of the proton. Nevertheless, the zero points are inevitably different, as each solvent has individual properties; in other words, the standard states are
solvent dependent. Thus, the intersolvent comparison of acidity and reducity (reduction power) is not possible. The start of an arrow, (the arrow represents an
observable) indicates the zero point of the respective scale. The end of the arrow indicates the standard potential value ES°. In this example, Ag+ seems to be
less de-electronating (oxidizing) in Sh than in H2O. b) The same systems and the system H+(solv)/H2(g) (red line) represented in the PPM. The unifying standard
states are defined as the ideal electron gas (peabs 0) and the ideal proton gas (pHabs 0) at standard conditions. The Gibbs energy of hydration ~solvG°(H+,
H2O)= � 1104.5 kJmol� 1 [19] is the only anchor[12] used to tie the standard states to the solvent water and thereby to pHabs and peabs, respectively. The relative
position of the redox systems in the different solvents can easily be identified. This is due to the knowledge of Gibbs energies of transfer ~trG°(i, H2O!Sh) of
an ion i from H2O to Sh on the one hand, and due to the unifying standard state serving as a zero point that is valid for all solvents on the other. The transfer
energies (indicated by dotted arrows) are the key magnitudes for the realization of an experimental PPM. However, these are elusive quantities so far
accessible only with the help of extra-thermodynamic assumptions (see below). In this example, it follows that Ag+ is indeed more de-electronating in Sh than
in H2O. Note that both dotted red arrows are equivalent, indicating the Gibbs energy of transfer of the proton from water to Sh. If one of the elusive transfer
quantities were known, the other could be determined in a thermodynamic cycle. The pHH2O

abs value is equivalent to the pHabs value being aligned to the zero
value of the pHH2O scale,[18] EH2O

abs is defined by Equation (3).
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EI ¼ �
DtrG Agþ; S1 ! S2ð Þ

F þ Ej (6)

Ej is the magnitude of the LJP. It must not be confused with
c, the potential drop across the boundary of a pure phase to
vacuum (air). The LJP results from a non-equilibrated state at
the junction, in which flows of particles (dissolved and solvent
species) and forces (chemical and electrical potential differ-
ences) are mutually dependent and lead to a steady state. Its
description demands the implementation of non-equilibrium
thermodynamic principles. Applying the Onsager reciprocal
relations, the generally accepted Equation (7) results.[23]

LJP ¼ Ej ¼ �
1
F

ZS1

S2

X

i

tri dmi (7)

μi are the chemical potentials of all species of the
considered system and tri are their reduced transference
numbers reflecting their mobilities.[24] At constant pressure and
temperature the μi correspond to the Gibbs energies of
solvation, and the integral sign means that these quantities
must be known on both sides of the junction, which in the case
of μi means ~trG(i, S1!S2). Indeed, one is faced with a vicious
circle, because the quantity one wants to determine is needed
to calculate the LJP.[2,25] It is therefore unsurprising that no case
is yet known for which these quantities have been accurately
determined. For this reason, Equation (7) is often – erroneously
– considered to be “outside of thermodynamics”. However, the
determination of Gibbs energies of transfer of single ions could
so far only be performed with the help of extra-thermodynamic
assumptions, that is, reasonable (and apparently justified)
assumptions that cannot be proven by any thermodynamic
method.[11] This implies that the uncertainty of the given Gibbs
transfer energy values could not be determined exactly but
could only be estimated.

The most common of these assumptions shall be described
briefly, as we believe they best reflect reality hitherto, and we
discuss them with regard to our results below. They are, first,
the TATB assumption, in which the Gibbs transfer energy of the
electrolyte TATB is assumed to be shared equally by the cation
[TA]+ and the anion [TB]� . Thus, the transfer energy of a single
ion i can be measured by using the electrolyte [TA]i or i[TB],
depending on the sign of charge of i ([TA]+ = tetraphenylarso-
nium; [TB]� = tetraphenylborate). Second, the n-LJP assumption,
in which LJPs are assumed to be negligible. Third, the Fc
assumption, in which the redox potential of the redox pair Fc+

(solv)/Fc(solv) (Fc= ferrocene=Fe(η5-C5H5)2) is assumed to be
solvent independent. Detailed descriptions of these methods
including their comparisons can be found in the
literature.[25,26,27]

Many attempts were undertaken to split the sum of
Equation (7) into different parts to reach an equation that is
simpler for interpretation and calculation. Probably the most
elaborated model is given by Izutsu, who proposed the three-
component breakdown, specifically in the context of different

solvents on either side of the liquid junction.[28,29] At this point it
is sufficient to note, that Izutsu’s part A accounts for differences
in relative activities and mobilities of the involved ions. Part B
originates from different Gibbs solvation energies of the ions,
and part C is assigned to solvent S1-solvent S2 interactions (see
details of the Izutsu model on p. 6 f in the Supporting
Information). We adopt this notation to facilitate the discussion.

To overcome the LJP problems, we recently suggested a
procedure to determine Gibbs transfer energies of single ions
ΔtrG°(i, S1!S2) without extra-thermodynamic assumptions.[30]

This procedure contains a sub-step that aims to determine each
part C of both LJPs in cell II (see below) using a method
proposed by Alfenaar, et al.[31] However, our reassessment of
Equation (7) showed that this step cannot be performed with
the proposed method in the special case of ionic liquids (for
details, see the Supporting Information). By contrast, exper-
imental evidence for the cancellation of parts A and the
ineffectiveness of parts B for S2 being water and S1 being
acetonitrile (AN) were demonstrated.[32] These statements will
be expanded below.

Outline

To approximate the doubly dashed bar of electrochemical cells
similar to cell I, a salt bridge (SB) is commonly used involving
two LJPs, which are assumed to cancel each other for large
parts.

A SB filled with [N2225][NTf2], the “ideal” ionic liquid (IL)
amyltriethylammonium bis(trifluoromethanesulfonyl)imide, is
used in cell II to determine the Gibbs transfer energies of silver
ions.

The superscripts m and n refer to different (monovalent)
counterions Z� . The IL [N2225][NTf2] is special, as it has been
shown that the (self-)diffusion coefficients, and thus the
mobilities, of its cation and anion are the same, both in pure IL
and in very good approximation also in the solvents inves-
tigated here (p. 26 in the Supporting Information).[32] To account
for this, we call this IL “ideal”. Truly ideal would be an IL, in
which the constituting ion mobilities are identical in itself and
in all media. The cell potential EII is given by Equation (8).

EII ¼ �
DtrG Agþ; S1 ! S2ð Þ

F
þ Ej;1 þ Ej;2 (8)

As demonstrated above, calculating Ej,1 and Ej,2 according to
Equation (7) is not possible in practice. However, our analysis
shows that it is feasible to measure the sum Ej,1+Ej,2=xII within
the realm of exact thermodynamics, rather than the individual
Ej.

Consequently, it is irrelevant whether the salt bridge
constitutes a thermodynamic device. The main requirement is
that the individual Ej values are constant, which we show here
by empirical means. As a result of this constancy, a consistent
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set of data for single ion transfer is obtained, to our knowledge
for the first time. In this way we have created an “ideal” SB as
envisaged by Bates:

“The ideal salt bridge would always generate the same
diffusion potential, or, better still, no difference of potential, across
the liquid junction, Bridge Soln. X no matter what the
composition or pH of solution X might be.”[33]

The knowledge of xII is a prerequisite for the determination
of ΔtrG (i,S1!S2) by means of cell II. If xII were zero, cell II would
directly give ΔtrG (i,S1!S2). If xII were non-zero but constant, the
obtained Gibbs transfer energies would be known less
accurately. However, a consistent data set would be available,
because each S1/S2 pair gives rise to an individual, but constant
xII. Parker et al. used electrochemical cells similar to cell II, but
with conventional SBs, that is, electrolytes dissolved in solvents,
to establish the n-LJP assumption.[34] These cells contain
solvent-solvent interactions, thus part C of the LJP. For one S1/
S2 pair, xII might be constant, but a series of measurements are
very unlikely to generate a consistent data set, because differ-
ent solvent-solvent interactions occur for each pair Si/Sj. It is
therefore crucial, whether or not part C is operative when using
the “ideal” ILSB, as with an IL in the SB, the direct contact
between each pair Si/Sj is avoided completely.

With an intricate method, Izutsu determined that part C is
certainly not negligible in most solvent pairs. In particular, at
the H2O jDMF junction (DMF=dimethylformamide) he eval-
uated the LJP part C as more than 100 mV.[29] Cox et al. also
found significant changes of cell potentials, ascribable to
individual LJPs, of more than 100 mV in case of using
formamide, water or methanol as solvent in one half-cell
instead of aprotic solvents.[35] They could correlate these
contributions with the mutual heats of solvation of the solvents.
Here we show, particularly by the use of water and DMF as
solvents in one half-cell, that in an arrangement as in cell II,
obviously no such solvent-solvent interactions occur between
S1 and S2, as there is no boundary between these solvents, thus
part C is zero. We further show that the LJP values of all the
individual S j IL junctions are constant with a standard deviation
σ. This allows to evaluate consistent Gibbs energies of transfer
between two solvents S1 and S2. The consistency standard
deviation σ is demonstrated by a statistical analysis.

Results

To compute the consistency σ, we assembled a network of half-
cells. From these, cell II was built in 87 different combinations
with the solvents S1 and S2 being water (H2O), acetonitrile (AN),
propylene carbonate (PC) and DMF. The latter were chosen as
solvents, which dissolve silver salts AgZ readily and thus are
expected to give stable potentials. In addition, part C of the LJP
was reported to be maximal for the water-DMF junction.[29] It
was, therefore, of interest to find out, if this contribution C was
relevant in our setup. The concentrations of the redox active
salt AgZ used were set at 0.1, 1.0 and 10.0 mmol L� 1 and thus
we expected the behavior of the dissolved ions to be almost
ideal. As a control, we always implemented the MSA model[36]

to approximate the activity coefficients of the half-cell electro-
lytes, and we found only small deviations (max. 2 mV) for the
MSA corrected ΔtrG°(Ag+, S1!S2) values (see p. 31 f in the
Supporting Information).

Choice of Z– anions for AgZ

Six different Z � anions were used as counterion for the silver
cation (Figure 2). They span the range from rather small and
stronger coordinating [NO3]

� , [BF4]
– to the medium sized [SbF6]

�

and triflate [OTf]� (Tf=SO2CF3), the larger triflimide [NTf2]
� and

the huge, almost ideally non-interacting [PF]� (= [Al{OC-
(CF3)3}4]

� ). The use of different counterions revealed only a
minor influence on the cell potential. We deduce that the LJP is
mainly determined by the ions of the IL. In any case, if
systematic dependencies on, for example, the counterions’ size
or coordination capability would exist, they increase the
absolute magnitude of the consistency σ of the assembled
network of half-cells and this would eventually indicate the
inapplicability of the approach for a large σ value.

Network of half-cells

Hitherto, only the measurements between H2O and AN in cell II
were published.[32] Figure 3 shows the entire assembled network
(all primary data are included in the Supporting Information, p.
31 ff). Mathematically, the network represents an overdeter-
mined system, that is, a system of equations with more
equations than unknowns. The approximate solution can be
found by the method of least squares. We use an established
procedure, the result of which gives an optimized value for
each unknown with an individual residue for each equation and
an overall uncertainty expressed as σ.[38] The consistency
standard deviation s, successfully used to build consistent pKa

scales with a similar approach,[39] is essentially equivalent to σ
(see p. 29 f in the Supporting Information). σ represents an

Figure 2. Volumes and electrostatic potentials (plotted on an area of
constant electron density of 0.01 e Å � 3) of the Z � anions used in this work
as counterions for the Ag+ ion. The data were obtained from DFT
calculations (RI-BP86/def-TZVP). The ionic volumes were obtained by
optimizations with COSMO and scaled by using the equation
V� =1.031 V� ,calc+4 Å3 (for more details see ref. [37]).

Chemistry—A European Journal 
Research Article
doi.org/10.1002/chem.202200509

Chem. Eur. J. 2022, 28, e202200509 (5 of 13) © 2022 The Authors. Chemistry - A European Journal published by Wiley-VCH GmbH

Wiley VCH Donnerstag, 07.07.2022

2240 / 249581 [S. 66/74] 1



estimate of the above-mentioned uncertainty of the constancy
of xII, and hence of the constancy of the individual LJPs.

The results of our network analysis and additional literature
data are summarized in Table 1. ΔtrG°(Ag+,S1!S2) values were
obtained from the optimized half-cell values 1, 2, 3 and 9
according to Figure 3 with both half cells having a concen-
tration of 1 mmolL� 1. The quoted values obtained with different
extra-thermodynamic assumptions (TATB, n-LJP and Fc) are
discussed and compared to our results in a separate section
below. The σ value for the entire network of 87 measurements
over 10 half-cells is essentially the rms and was found to be
6.3 mV.

Interference with IL-constituting ions

In the course of this work we observed two cases, where the IL-
constituting ions interfere with components of the analytes.
These cases present limitations of the method and are
inappropriate to be included with the network and the
accompanying statistical analysis. They are rationalized in the
following:

Low solubility of [N2225][NTf2] in S: We observed with half-cell
4 (c(AgZ)=10 mmol L� 11; S=H2O) – only if assembled with
Ag[NTf2] – deviations in the order of 20–40 mV to all the other
salts. The reason is the rather low solubility of [N2225][NTf2] in
water, which is only 1.7 mmolL� 1 (as determined by NMR

Figure 3. Sketch of the network of the half-cells, indicated by red digits 1…10, with the solvents S=H2O, AN, PC and DMF at different AgZ-concentrations (c)
in mmolL� 1 and with different Z� anions (indicated by colors; Tf=SO2CF3, [PF]= [Al{OC(CF3)3}4]). Overall 87 measurements over 10 half-cells were performed.
Each arrow between two points of the network symbolizes one distinct implementation of cell II. The starting point of the arrows is the right half-cell and the
endpoint the left half-cell. The numbers in the circles superimposed on the arrows are the measured potential differences of cell II EII in mV with the respective
salts AgZ (encoded by colors). Some values are averages. Eopt is the optimized potential value with respect to half-cell 1 as the right half-cell obtained by the
network analysis (see text).

Table 1. Optimized values ΔtrG°(Ag+, S1!S2) as obtained from the network analysis. All energies [kJmol� 1 (molL� 1 scale)]. The range of individually
measured values is given where available. Columns 5, 7 and 9 refer to recommended values obtained with extra-thermodynamic assumptions.[a]

S1 S2 This work TATB[40] n-LJP[34] Fc[40–42]

Opt. Range Rec. Range Rec. Calc.[b,c] Rec. Range

AN H2O 25.1 (24.9–25.5) 23.2 (19.2–31.4) 17.1 17.7[b,c] 37.1 (31.4–39.4)
H2O PC 15.9 (16.3–16.6) 18.8 (� 11.7–22.1) 22.3[a,c] 21.2[b,c] 8.6 –
AN PC 41.0 (39.7–41.8) 42.0[c] – 39.4 38.9[b,c] 45.7[c] –
DMF H2O 21.3 (21.8–21.9) 20.8 (13.1-41.8) 13.1[a,c] 11.9[b,c] 31.1 (27.4–31.1)
AN DMF 3.8 (3.9–4.3) 2.4[c] – 4.0 5.8[b,c] 6.0[c] –
DMF PC 37.2 (36.5–37.0) 39.6[c] – 35.4[a,c] 33.1[b,c] 39.7[c] –

[a] TATB: ΔtrG°(TA+)=ΔtrG°(TB� ) for all S; n-LJP: neglection of LJPs; Fc: ΔtrG°(Fc)=ΔtrG°(Fc+) for all S. These are discussed below. [a] Reference solvent AN;
[b] reference solvent methanol; [c] calculated from the given column values (in case of [b] with additional values from Table V in ref. [34]), that is, not
directly measurable (TATB and Fc methods) or measured (n-LJP method).
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analysis in D2O). According to the law of mass action the
maximum allowed [N2225]

+-concentration in this particular half-
cell 4 is as low as about 0.3 mmolL� 1. Thus, the partition of the
IL ions, concomitant with the associated LJP value, at this
particular 4 j IL boundary is different from the other H2O j IL
boundaries in the network. This is generally expected, if
solubility product restrictions play a role. Specifically, if one of
the ILSB ions and the counterion of the electroactive ion (here:
Ag+) are identical (here: [NTf2]

� 1) and the IL has a limiting ion
solubility lower than the concentration of the analyte (here: 0.3
vs. 10 mmolL� 11).

Solubility of [N2225][Z] in S: In half-cell 4, assembled with
Ag[PF], the measurements also deviate by about 25 mV. Yet,
[N2225][PF] is virtually insoluble in H2O. Thus, upon diffusion of
the IL cation into the half-cell, [N2225]

+ is withdrawn by
precipitation of [N2225][PF] changing its flux and the steady state
at the phase boundary, and hence the LJP value. Again, this is
generally expected, if solubility product restrictions play a role
and specifically here, if the ILSB cation and the counterion
(here: [PF]� 1) of the electroactive cation (here: Ag+) form a salt
insoluble in the solvent of the analyte (here: water).

We also have indications for a third case, where the
solubility of Ag[NTf2] is too low in one of the half-cell solvents.
Even if the Ag[PF] salt is well soluble, Ag[NTf2] is in low polarity
solvents such as oDFB (1,2-difluorobenzene) virtually insoluble,
and in a metathesis reaction with [N2225][NTf2] from the ILSB,
continuously soluble [N2225][PF] and the insoluble solid Ag[NTf2]
is formed. Thus, through formation of the insoluble salt, the
electroactive ion Ag+ in S is constantly removed from solution
and thus the potentials are continuously shifting during the
measurements.

All three cases present – rather special – limitations to the
described “ideal” ILSB set up. But currently, we see a huge
range of solvents and salts that can be investigated with this
method. We point out that this method fails, if it is used to
determine Gibbs energies of transfer from molecular solvents
into ionic liquids, and we refer to the work of Matsubara et al.
in this regard, who extended the TATB assumption for this
particular purpose.[43]

Discussion

First, we turn to the consistency of the assembled network
before comparing the results from Table 1 to the Gibbs transfer
energies assessed with extra-thermodynamic assumptions.
Then we use the optimized values in a unified, solvent
independent redox scale.

Consistency of the assembled network

One of the main findings of this work is that the xII=Ej,1+Ej,2

are consistently constant within 6 mV or 0.6 kJmol� 1. From this,
one can deduce some important insights:

α: The LJP at each S j IL junction, although unknown in
magnitude, is constant within the rms of 6 mV.

β: In a very good approximation, the LJP at all S j IL junctions
depends exclusively on the IL ions. The LJPs are remarkably
insensitive against changes of the ionic strength of the electro-
lyte solutions (due to migration of IL ions into the half-cells)
and against the flow of solvent into the ILSB. We continue to
investigate the reason for this behavior.

γ: S1-S2 interactions are absent. In this context, we stress that
the inclusion of DMF into the network would otherwise give
completely different results, since direct H2O jDMF junctions
were described by extraordinarily high contributions of H2O-
DMF interactions and the LJP at their boundary to be
>100 mV.[29] In particular, σ would be much higher.

δ: The experimental determination of xII becomes possible, at
least in principle.

We return to Equation (7), and use the following assump-
tions and simplifications:

i. The change of t and μ is linear with the solution composition
through the phase boundary.

ii. The charge in cell II is exclusively balanced by the IL ions,
since the molar concentration of the IL ions in the IL itself is
2.9 molL� 1 – exceeding by far the concentrations of the redox
active electrolyte in the investigated solutions.

iii. The diffusion of solvent molecules of the solvent Si into the
ILSB does not contribute to the LJP, since experiments with
deliberately added Si into the ILSB are without effect (see also
the Supporting Information of ref. [32]).

Both, ii and iii comply with above point β. Thus, the index of
summation in Equation (7) applied on the liquid junctions of
cell II reduces to i= [N2225]

+, [NTf2]
� (i¼6 Ag+, Z� , S1, S2). Then

Equation (7) results in an equation [Eq. (S6)] complying with
Izutsu’s Part B-equation[29] and with Kakiuchi’s result for H2O j IL
boundaries.[44] It can be brought in accord with Equation (6)
from Cox et al.[35] if

iv. the transference numbers of the IL ions are equal through-
out the whole cell II. This is reasonable as evidenced by DOSY
NMR spectroscopy measurements of the diffusion coefficients
of the IL ions in the particular solvents (see p. 26 in the
Supporting Information).

With this simplification one can go further and state, if the
Gibbs transfer energies of cation and anion of the salt bridge
electrolyte are equal:

v. xII of cell II is negligible.
xII can be determined by experimental means using suitable

ionic systems and Gibbs transfer energies of the corresponding
electrolytes. This follows from the fact that the LJPs in cell II are
consistently constant. In this way, the assumptions iv and v can
be tested. From our perspective, this is a milestone towards the
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assumption-free Gibbs transfer energy determination of single
ions.

Computation of an expectation value for xII

To support our observation of a constant or even vanishing xII,
we evaluated xII by means of quantum chemical methods, since
the full experimental determination is sophisticated and
exceeds the scope of this work. Hence, the above simplifications
i to iv allow to provide Equation (9) for both, the determination
as well as calculation of xII (its derivation is given in the
Supporting Information).

xII � F ¼
1
2DtrG

� Nþ2225; S1 ! S2
� �

�
1
2DtrG

� NTf�2 ; S1 ! S2
� �

(9)

Yet, quantum chemical computations of the Gibbs solvation
energies of monatomic ions such as Ag+ or H+ are tedious and
the results are not very reliable, and at least the first solvation
shell must be explicitly taken into account.[45] The electric
charge is focused on a small volume, which gives rise to strong
ion-dipole interactions. In addition, specific interactions can
lead to coordination compounds; consider, for example, the
affinity between silver and oxygen or nitrogen donor atoms. For
the computation in such cases, parameters must be found to
account for accordingly. Delocalized polyatomic ions, with
(almost) no “prominent” sites, for example, when atoms of high
electronegativity are screened by adequate numbers of other
atoms, are in our view less demanding on the solvation model
used. The structure of the considered ions is therefore crucial:
An even and broad charge distribution in combination with a
weak coordination ability allows the use of electrostatic
dielectric continuum models like CPCM[46] without extensive use
of empiric parameters that describe specific interactions with
the solvent molecules. Considering that our electrolyte ions
[N2225]

+ and [NTf2]
� almost ideally qualify for this purpose, they

appear predestined for quantum chemical computations.
Hence, computations with ORCA 5.0.1[47] at the rather sophisti-
cated DLPNO[48]-CCSD(T)/def2-QZVPP[49] level of theory were
performed (see the Supporting Information). DLPNO-CCSD(T)
calculations with a large basis set such as def2-QZVPP are
considered as the gold standard of computational chemistry.
Solvation was implicitly considered at the DLPNO-CCSD(T) level
by specifying the CPCM[46] solvation model, a new implementa-
tion only introduced in the last ORCA revision[47] (Table 2).

Within the limitations of the method, the calculated transfer
energies of the two independent ions from S1 to S2 in Table 2
are the same within less than �0.2 kJmol� 11. Thus, the
calculated xII is smaller than 1 mV. It would be audacious to
claim that the computational results prove that the accuracy
(trueness) of our data is <1 mV for any of the solvent
combinations considered. On the other hand, a quite conserva-
tive interpretation of these results is that this possibility cannot
be completely excluded. Due to the ions’ structure, electrostatic
effects are expected to dominate, while other non-electrostatic
effects are almost unimportant. Therefore, we interpret the

results to reasonably reflect reality, thus supporting assumption
v.

Magnitude of the consistency σ and quality of the transfer
energies

Equation (8) completely describes the potential difference of
cell II, including all interactions occurring in the cell. Thus, any
variation of a parameter results in a changed cell potential. And
the effects of these changes are statistically represented by the
σ value. It does not matter whether the causes of these effects
are known in detail. When σ is small, that is, no large effects are
observable, simplifications can be made (see points ii and iii
above). In this section we discuss how the magnitude of the σ
value might originate, but again, since σ is small, so are the
effects discussed. Accordingly, the impact of partition equilibria
(of the silver salt) is not completely excluded and other effects –
which compensate the effects of such equilibria – could be
present. The use of different counterions, however, indicates
that these effects are small, otherwise σ would be larger. This
also is true for S1� S2 interactions, which we claimed above as
being absent. Although it is hard to imagine indirect S1� S2
interactions that are operative across the entire salt bridge one
could argue with that. However, already our experimental
uncertainty, which according to a conservative evaluation
amounts to 7–8 mV (see the Supporting Information), may
completely explain the σ value. In addition, the implementation
of the MSA model to approximate the activity coefficients of
the half-cell electrolytes[32] leads to small deviations (max. 2 mV)
for the ΔtrG°(Ag+, S1!S2) values. The σ values are essentially
independent of any MSA correction; a comparison is given in
the Supporting Information (p. 31 f). Finally, all effects not
considered (known or unknown) contribute to the observed
standard deviation. Similarly, all deviations from ideality (known
or unknown) contribute to an experimentally determined
activity coefficient.

Two necessary, but on their own insufficient criteria can be
offered to assess the quality of the ionic Gibbs transfer energy
values. First, the values obtained for cations and anions must
display the (in principle) measurable transfer energy of electro-
lytes resulting from their combinations. Second, the values for a

Table 2. Values of ΔtrG° of the IL ions [N2225]
+ and [NTf2]

� for the transfer
from S1!S2 as obtained from calculations at the DLPNO-CCSD(T)/def2-
QZVPP level of theory including the CPCM solvation method. xII was
calculated with Equation (9). Transfer energies in kJmol� 1 (molL� 1 scale).[a]

S1 S2 ΔtrG°/kJmol� 1 xII/mV
[N2225]

+ [NTf2]
�

AN H2O � 3.28 � 3.10 � 0.90
H2O PC 0.58 0.54 0.24
AN PC � 2.69 � 2.57 � 0.66
DMF H2O � 3.05 � 2.87 � 0.93
AN DMF � 0.23 � 0.24 0.03
DMF PC � 2.46 � 2.33 � 0.69

[a] The relative permitivities of the solvents for the CPCM method were
ɛr=35.688 (AN), 78.355 (H2O), PC (64.92) and 37.219 (DMF).
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specific ion have to be consistent, that is, the sums of the
individual transfer energies between the individual solvents
have to nullify. The TATB and Fc methods cannot provide the
consistency criterion for a specific ion. With reference to our
model system with Ag+ as electroactive ion, this is evident,
because practically only one value for the solubility of a salt of
Ag+ (i. e., AgTB) in each solvent is available due to reliability of
solubility measurement, and only one value of E°(Ag+/Ag)
versus E°(Fc+/Fc) for each solvent is available. Conversely,
electrochemical cells can be built up with different half-cells.
Thus, any solvent can be measured more than once and a
network analysis becomes possible.

Comparison to the n-LJP assumption

A discussion of the principal differences between the n-LJP
assumption and our method is given in the Supporting
Information of ref. [30]. The ratio m/n between measured values
m and unknowns n, that is, the number of half-cells, of a
network is a criterion for the reliability of the results. We applied
the network analysis on the values obtained with the negligible
liquid junction potential assumption (n-LJP) of Alexander
et al.[34] It gives a modest m/n=29/15=1.9 with the consistency
standard deviation σ of 1.0 kJmol� 1. Unfortunately, the network
topology of Alexander et al.[34] (who only measured either the
Ag+ transfer to AN or to methanol) is unsuitable for generating
the sum of the four solvents investigated in our work. By
contrast, in our ILSB-network with the excellent m/n ratio of
88/10=8.8 and a consistency standard deviation σ of
0.6 kJmol� 1, the result is more reliable and the consistency is
higher. Table 1 displays the agreement of our values with the n-
LJP values for measurements without the protic solvent water,
where the authors of ref. [34] estimated an uncertainty of about
40 mV or 4 kJmol� 1 (the interested reader is referred to p. 7 in
the Supporting Information, where this topic is discussed in
more detail). It also displays the disagreement with the
measurements involving water. This, on the other hand, is
consistent with the authors’ statement that higher uncertainty
is to be expected for those measurements. In addition, all n-LJP
values are afflicted with solvent-solvent interactions, Parts C,
which is not the case in cell II. Hence, our values for aqueous
half-cells are as reliable as all the other values, excluding the
identified limitations of the method described above.

Comparison to the TATB assumption

Equation (9) manifests that the conclusion v effectively is an
electrochemical TATB assumption with an IL as electrolyte.
Indeed, the results of both methods collected in Table 1 are
quite similar, indicating the soundness of the underlying idea.
Nevertheless, our optimized values differ by up to 2.4 kJmol� 11

from the values compiled in an IUPAC-review.[40] Two reasons
might account for this discrepancy. First, the TATB assumption,
that is, ΔtrG°([TA]+)=ΔtrG°([TB] � ) for all S, is heavily
discussed.[41,50] Experimental[51] as well as theoretical[52] indica-

tions suggest that specific interactions of the phenyl rings of
the [TB]� ion with the water molecules lead to asymmetric
hydration of [TA]+ and [TB]� . Particularly, [TA]+ is considered to
be less solvated in water than [TB]� . This, in turn, would mean
for cationic Gibbs energy transfer values from water to non-
aqueous solvents determined with the TATB method too
positive values, that is, the absolute values would be biased. In
Table 1 those values indeed are more positive than the values
obtained with the ILSB method. We observe that, within [N2225]

+

and [NTf2]
� , neither phenyl rings – with their sp2 C� H bonds

able to form weak hydrogen bonds – nor any other specific
molecular sites are present that would support the formation of
short-range directed interactions with solvent molecules lead-
ing to asymmetric solvation. Therefore, we expect that all
residual interactions between IL ions and solvent are essentially
very weak and hence negligible (see also the computed data in
Table 2).

Second, and perhaps more relevant is the fact that the
tabulated TATB values are effectively combinations of inde-
pendent investigations obtained with different methods that
were subjected to a more or less arbitrary weighting,[40] that is,
most are not pure TATB values. For example, the value for the
transfer of Ag+ from H2O to AN consists of a weighted mean of
eighteen values (four weighted with 1, nine with 0.5, three with
0.2, two with 0.1) obtained with six different methods (inter alia
two n-LJP and four ferrocene values). Nine of them are TATB
values (with one exception all are even more positive than the
tabulated value (!), and their scatter is about 30 kJmol� 11;
Table 1), four weighted with 1, four with 0.5 and one with 0.2.
In addition, Marcus adjusted some of the other values by up to
15 kJmol� 1 without giving details on the criteria. Hence, the
recommended “TATB values” were arbitrarily processed, thereby
introducing a distortion between individual values, that is, a
relative bias. These two aspects lead us to prefer the results of
the method presented here. Nevertheless, our optimized values
listed in Table 1 lie within the typically given uncertainty of the
TATB method of 6 kJmol� 1.[53]

Comparison to the ferrocene assumption

Mainly for pragmatic reasons, the IUPAC recommended the use
of Fc+/Fc as a reference redox system in non-aqueous media in
1984,[54] although it had been known that the results obtained
with the ferrocene assumption, that is, ΔtrG°(Fc)=ΔtrG°(Fc+) for
all S, differ considerably from the TATB and the n-LJP values.[55]

With the ferrocene assumption, the solvent dependent electro-
static terms of the Gibbs solvation energy of the Fc+ ion are
neglected.[56] This term increases with the permittivity of the
solvents.[26] Moreover, quadrupole-solvent dipole interactions
occur in the Fc-molecule.[57] Measurements of the partial molar
entropy difference between Fc and Fc+ ions in different
solvents indicate specific ion-dipole interactions.[58] In particular,
for water the discrepancies are high, possibly because of
hydrogen bonds.[59] Under discussion are also ion pairing and
formation of Fc-Fc+ units.[60] Eventually, the redox potential of
Fc+/Fc has been confirmed as being solvent-dependent and
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related to the solvent’s permittivity.[61] To account for these
problems, the Fc+/Fc values quoted in ref. [41] contain electro-
static contributions as well as effects due to preferable
orientation of solvent dipoles towards solutes. This is described
with a pre-existing electric field, the so-called “intraphase
potential” ξ. However, the given values rely on some quantum
chemical calculations as well as on some estimates, inter alia of
the surface potential χ of a phase and of ξ.

Despite all these efforts to improve the method, the
differences to the quoted TATB, n-LJP and our values are still
high. To our conviction, the Fc+/Fc values are inferior to our
optimized values given in Table 1 that, using assumption v and
the above discussion (almost) equal ΔtrG (Ag+,S1!S2).

Prospects for the method and unifying EH2O
abs redox scale

Any electrochemical half-cell can be included as a node of an
extensive network, analysis of which yields a consistent data
set, if the individual S j IL boundaries are constant. Therefore, we
currently continue this work with additional half-cells contain-
ing further solvents but also additional redox systems, partic-
ularly anionic ones, to arrive at xII. If it turns out that the xII are
constant (by experimental evidence) and negligible (by compu-
tational or experimental evidence), then the measured data are
true Gibbs transfer energies. If it turns out that the xII are only
constant but not negligible, they can be processed if the xII are
known. In any case, that is, even if the xII remain unknown, a
consistent data set of Gibbs transfer energies is obtained, which
enables a unified scale to be built.

With the data set obtained in this work, such a unified scale
can already be constructed. Any observed potential value of a
redox system present in one of the investigated solvents S
measured with respect to the system Ag+(S)/Ag(s) can be
implemented into the unified EH2O

abs scale (Table 3) or also the full
two-dimensional PPM (Figure 1). In addition, values measured
with respect to those systems can be implemented as well and
so forth. This eventually leads to a manifold of reducities
(reduction potentials) of redox systems that can be compared
between solvents, and – including measurements with the
hydrogen electrode – acidities of acid-base systems.

For example, Table 3 includes, among others, the redox
system Fc+(solv, S)/Fc(solv, S) that was measured directly (S=

AN, DMF) or via the redox system H+(solv, S)/H2(g) (S=PC) with
respect to the redox system Ag+(solv, S)/Ag(s). This redox
system is recommended by the IUPAC as reference system and
enables one to connect all values referred to Fc+/Fc to the
unified EH2O

abs scale. For example, the value of E°’AN=1.21 V of the
recently presented strong de-electronator “phenazineF” (the
radical cation salt of perfluoro-5,10-bis(perfluorophenyl)-5,10-
dihydrophenazine)[62] was measured in AN with the redox
system Fc+/Fc as reference. Applying the entry Fc+/Fc (S=AN)
in Table 3 (+0.48 V) on the measured value gives E�0H2O

abs =1.21+

0.48=1.69 V. Thus, its de-electronation power can easily be
identified as being as high as that of the system Au+/Au(s) in
H2O.

[63]

In addition, a great many tabulated redox potential data
can be integrated into the unified EH2O

abs scale using a similar
approach. In the S.I., we exemplarily did work out relations for
the photoelectrochemically relevant tris(2,2’-
bipyridine)ruthenium(II) ion [Ru(bipy)3]

2+ that undergoes seven
heterogeneous one-electron transfer reactions, depending on
the solvent.

Thus, all redox potential data, self-measured or documented
can be tied to the EH2O

abs scale with the values collected in Table 3,
and can be unifyingly compared with each other over solvent
boundaries. As the values of Table 3 were measured within one
solvent, they are free of LJPs. However, some of the used cells
were constructed with reference electrode compartments in
one way or another, thus it is not entirely excluded that they
may contain diffusion potentials (at most a few tens of
millivolts). An extended version of Table 3 can be found in the
Supporting Information, which contains some more redox
systems along with details and comments.

Yet, all values included with Table 3 have to be used with
the awareness that, as long as the xII are not determined
experimentally, they are assumed as zero (assumption v), as
supported by our quantum chemical computations (Table 2).

Table 3. A selection of redox systems including some common reference
systems in the realm of unified reducity linked to the EH2O

abs (Ag
+(solv, S)/

Ag(s)) values from this work. The physical state of the species is “solvated
in the solvent S” (solv,S), if not otherwise stated (g=gaseous, s= solid).
Note, that some authors did not specify E° but E°’ or E1/2. Cc=

cobaltocene=Co(η5-C5H5)2.

Redox system EH2O
abs /V S Ref.

Ag+/Ag(s) 0.964 PC this work
Ag+/Ag(s) 0.799 H2O [63]
I2/I
� 0.620 H2O [63]

Ag+/Ag(s) 0.579 DMF this work
I3
� /I� 0.540 H2O [64]

Ag+/Ag(s) 0.539 AN this work
Fc+/Fc 0.483 AN [65]
Fc+/Fc 0.445 PC [66]
Fc+/Fc 0.431 DMF [67]
H+/H2(g) 0.413 AN [68]
Fc+/Fc 0.400 H2O [69]
H+/H2(g) 0.369 PC [70]
I2/I
� 0.373 AN [64]

I2/I
� 0.364 PC [64]

SCEH2O 0.241 H2O [71]
AgClH2O 0.197 H2O [71]
I3
� /I� 0.163 AN [64]

I3
� /I� 0.135 PC [64]

Me10Fc
+/Me10Fc 0.109 H2O [72]

H+/H2(g) 0.000 H2O [63]
Me10Fc

+/Me10Fc � 0.027 AN [72]
Me10Fc

+/Me10Fc � 0.049 DMF [72]
Me10Fc

+/Me10Fc � 0.050 PC [72]
H+/H2(g) � 0.189 DMF [68]
Cc+/Cc � 0.85 PC [73]
Cc+/Cc � 0.87 AN [74]
Cc+/Cc � 0.87 DMF [73]
Cc+/Cc � 0.96 H2O [74]
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Conclusion

We conclude our findings using the notation of Izutsu: for cell II,
one has to consider Parts A, B and C of LJPS1 and LJPS2 caused
by each electrolyte AgZ and [N2225] [NTf2] (= SB). The results
published earlier were:[32]

I. Parts AAgZ and Parts BAgZ are ineffective (therefore, we use
Equation (S4)).

II. Parts ASB cancel.
The results of this work are:

III. Parts BSB most likely cancel out to a large extent, or
completely (assumption v).

IV. Parts C are not present.
In terms of Equation (7), the conclusion reads alternatively:

V. The liquid junction potentials Ej,1 and Ej,2 are determined
exclusively by the IL ions, and are therefore constant in
magnitude (although unknown).

VI. Their sum xII=Ej,1+Ej,2 is probably very small, measurable in
principle, and can be reasonably assumed to be negligible
(assumption v).
Thus, based on these findings, the “ideal” ILSB method is

virtually free of LJP contributions, and delivers the currently
most accurate experimental Gibbs energies of transfer of a
single ion. In contrast to other methods, the consistency is high
and was shown by a solid statistical analysis to be 0.6 kJmol� 1

resulting from the compilation of 87 values measured over 10
half-cells between four solvents. Being free from direct solvent-
solvent interactions, the “ideal” ILSB provides considerable
advantages over other methods, also due to the nontoxicity of
the IL used, in contrast to the picrates used by Alexander
et al.[34] Furthermore, with a suitable anionic redox system, the
thermodynamically rigorous determination of the LJP’s contri-
bution of cell II is possible. Considering the small difference of
our results to the quoted TATB values, the xII are small or –
accepting the results of the computation with the CPCM model
as an approximation – even zero. Thus, we recommend the use
of this “ideal” ILSB setup to determine Gibbs energies of
transfers of single ions. We note that this IL is commercially
available with the company IoLiTec.

Last, not least we have shown that all redox potential data,
self-measured or documented and measured in one of our four
investigated solvents, can be unified to the EH2O

abs scale with the
values collected in Table 1 or 3. They can be compared with
each other even over solvent boundaries. Ongoing work will
considerably increase the number of solvents available.

Experimental Section
Electrochemical measurements were carried out under argon by
using standard Schlenk techniques with self-built half cells and a
salt bridge with PEEK capillaries (125 μm diameter) at both ends.
This setup was built up in a Faraday cage. EII of all measurements
were obtained from open-curcuit-potential experiments using the
potentiostat VMP3 (Bio-Logic Science Instruments) controlled by a
computer through the software EC-Lab (V 11.21, Bio-Logic Science
Instruments). Ag wires (MaTecK, 99.99%) were used as working and
counter/reference electrodes.

Uncertainty: The measurement error due to inaccuracies in the
concentration and dilution errors was calculated to be 5–6 mV. For
this, the experimental steps for the preparation of each half cell
solution (preparing the stock solution by weighing the silver salt
and adding the solvent, dilution to the desired measurement
concentration) were analyzed and assigned with an adequate error.
For reasons of simplicity the resulted error was obtained by adding
the maximum possible error of each experimental step. Errors can
only be estimated for (solvation)-concentration cells since no
absolute values can be calculated. Therefore, the estimation of the
measurement error is based on the change of expected MSA values
by variation of the concentration. Together with the inaccuracy of
the potentiostat of about 2 mV the overall uncertainty is assumed
to be about 7–8 mV in all measurements.

Chemicals: Ag[BF4] (ChemPur, 99%), Ag[OTf] (Sigma-Aldrich, 99+

%) and Ag[SbF6] (AlfaAesar, 99%) were used as purchased. Ag[NTf2]
was prepared according to literature[75] by mixing Ag2CO3 and
H[NTf2], which was obtained from Li[NTf2] (Sigma-Aldrich) and
H2SO4.

[76] Ag[PF] was synthesized by reacting AgF with Li[PF].[77]

[N2225][NTf2] was obtained by mixing Li[NTf2] and [N2225]Br by a small
variation of the procedure from literature namely extracting the IL
with dichloromethane. [N2225]Br was synthesized by mixing freshly
distilled NEt3 and 1-Bromopentane (Merck,�98%).

NMR spectra were recorded on a BRUKER Avance 200 MHz, a
BRUKER Avance III HD 300 MHz or a BRUKER Avance II+ 400 MHz
WB spectrometer. 1H NMR chemical shifts are reported in ppm (δ)
relative to tetramethylsilane (TMS) and referenced using the
chemical shifts of residual protio solvent resonances (CD2Cl2: δ=

5.32 ppm, CDCl3: δ=7.26 ppm). Data analysis was performed using
Bruker TOPSPIN 3.2 software.

The DOSY NMR spectra for propylene carbonate and dimeth-
ylformamide were recorded on a Bruker AVANCE II+ 400 MHz NMR
spectrometer with a 5 mm TBO probe head with a z axis gradient
coil with a maximum gradient strength of 50 G/cm� 1. Measure-
ments were performed at 298 K in 5 mm NMR tubes with J. Young
valves using a stimulated echo sequence.

The DOSY NMR spectra for D2O and acetonitrile were recorded on
a BRUKER Avance DSX 500 spectrometer equipped with a Diff30
gradient unit and BAFPA-40 amplifier. Measurements were re-
corded at 297�2 °C using the “diffSte” pulse program. The
standard error of the resulting diffusion measurements is estimated
to be about 5%, including temperature fluctuations.

The spectra were processed with the TOPSPIN 3.2 and 3.6.1
software. After Fourier transformation and baseline correction,
diffusion coefficients were calculated by exponential fits with the
T1/T2 module of TOPSPIN.
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