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ABSTRACT 

We compute individual ion activity coefficients (IIAC) in aqueous NaCl, KCl, NaF, and KF 

solutions from explicit-water molecular dynamics simulations. Free energy changes are obtained 

from insertion of single ions―accompanied by uniform neutralizing backgrounds―into solution 

by gradually turning on first Lennard-Jones interactions, followed by Coulombic interactions using 

Ewald electrostatics. Simulations are performed at multiple system sizes and all results are 

extrapolated to the thermodynamic limit, thus eliminating any possible artifacts from the 

neutralizing backgrounds. Due to controversies associated with measurements of IIAC from 

electrochemical cells with ion selective electrodes, the reported experimental data are not widely 

accepted, thus there remains a knowledge gap with respect to the contributions of individual ions 

to solution nonidealities. Our results are in good qualitative agreement with these reported 

measurements, though significantly larger in magnitude. Specifically, the relative positioning for 

the activity coefficients of anions and cations matches the experimental ordering for all four 

systems. The work establishes a robust thermodynamic framework, without a need to invoke extra 

hypotheses, that sheds light on the behavior of individual ions and their contributions to 

nonidealities of aqueous electrolyte solutions. 
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INTRODUCTION 

Aqueous electrolyte solutions find widespread uses in diverse technological applications, 

and play key roles in many environmental1, 2, biological3, 4, and geological5, 6 phenomena. While 

experiments provide direct measurements of key properties such as salt mean ionic activity 

coefficients and solubilities, modeling and simulation efforts have helped us gain significant 

knowledge on various characteristics of these complex fluids. Furthermore, such studies offer the 

opportunity of exploring extreme conditions under which experiments would be cumbersome if 

not impossible.  

  Molecular simulation approaches―whether in the form of molecular dynamics (MD) or 

Monte Carlo (MC)―have long been used to describe the behavior of aqueous electrolytes and 

quantify their thermodynamic and transport properties, over wide ranges of concentrations and 

temperatures7-12. Simulations of thermodynamic and transport properties, as well as nucleation 

rates of aqueous electrolytes have been recently reviewed13. While prior molecular simulation 

studies have offered us a fairly comprehensive picture of the behavior of aqueous salt solutions, 

there are few simulation studies on activity coefficients of individual ions. Analyzing the 

contributions to solution nonidealities for individual ions is of great interest for understanding the 

kinetics of homogeneous reactions14, hydration thermodynamics15, 16, electric double layer16, and 

Donnan equilibria17, to name a few. Furthermore, individual ions are important in biological 

systems18 with a notable example being the Na⁺/K⁺-ATPase pump19, 20.  

One issue hindering broad development of a well-established framework to study and 

quantify individual ion activity coefficients (IIAC) has been the controversy around the 

experimental data reported in the literature. Measurements reported for IIAC―as opposed to mean 

ionic activity coefficients (MIAC)―are strongly debated, making them fall short of being a widely 
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accepted benchmark to which theoretical and simulation predictions could be compared. There 

have been significant efforts to design experimental methods for IIAC of 1:1 and 2:1 electrolytes21-

27. These measurements are conducted in electrochemical cells consisting of ion selective 

electrodes (ISE) and reference electrodes, which entail electrical potential jumps at the interface 

of sample and reference solutions. The following relationship holds between the potentials for the 

cell, ion selective electrode, reference electrode, and liquid junction potential (LJP), denoted by 

𝐸, 𝐸 , 𝐸   and 𝐸 ,  respectively25.  

 𝐸 = 𝐸 − 𝐸 + 𝐸  (1) 

The equation can be rearranged as25  

 𝐸 − 𝐸 = 𝐸 + 𝑆 ln 𝑎  (2) 

where 𝐸  is a combination of standard potential for the ISE electrode and the reference electrode 

potential, S is a general slope used in lieu of the Nernstian value (𝑅𝑇/𝑧 𝐹), where 𝑅, 𝑇, 𝑧  and 𝐹 

denote gas constant, temperature, the charge of single ion 𝑖, and Faraday constant, respectively; 

and 𝑎  is the activity of single ion 𝑖. 𝐸  and 𝑆, both considered independent of concentration, are 

obtained by performing experiments at high dilution where the activity coefficient of single ions 

can be estimated from the Debye-Hückel limiting law. The hindrance however is that the LJP is 

not directly measurable and is interconnected with the activity coefficients of single ions. For this 

reason, Henderson’s equation28, 29, its modifications30, 31, as well as a new analytical method25 have 

been proposed as alternatives to link the LJP to ion transference numbers, which themselves are 

functions of molar conductivity. Several extra thermodynamic assumptions and strategies are then 

utilized to calculate analytically the LJP and subsequently the activity coefficients of single ions25. 

Other experimental studies in the literature reporting IIAC for symmetric and asymmetric aqueous 

electrolytes32-38 have employed similar methodologies to obtain the LJP.  
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There are, however, discrepancies reported between data from different sources, even with 

respect to the relative positioning of IIAC for different ions. For instance, the Vera and Wilczek-

Vera group showed25 that the activity coefficients of Cl– in KCl lie above those of K+; an opposite 

trend compared to what was illustrated in NaCl. Measurements from Hurlen32, on the other hand, 

show essentially no difference between the IIAC for K+ and Cl–; and data from Dash et al.35 

demonstrate the opposite trend, illustrating that the activity coefficients of K+ are positioned above 

those of Cl–. Valiskó and Boda39 present a comparison between some of these data sets. The 

experimental measurements for IIAC have been strongly critiqued by Malatesta40-44 and Zarubin45-

47. They argued in several papers that due to the impossibility of directly measuring the LJP, the 

reported activity coefficients are the results of arbitrary conventions and alternate values could be 

obtained under different assumptions.   

There have been a number of prior theoretical and simulation works that aim to obtain IIAC 

for aqueous electrolyte solutions. Theories employed for the calculation of IIAC include an 

extended version of Debye-Hückel (EDH)48, hypernetted chain approximation (HNC)49, mean 

spherical approximation (MSA)14, 50, and symmetric Poisson-Boltzman14, among others. 

Molecular simulation-based approaches, on the other hand, have been predominantly performed 

in implicit solvent, by utilizing variations of the primitive model (PM) for electrolytes in 

conjunction with MC simulations. The PM model considers ions as hard spheres placed in a 

dielectric continuum in lieu of explicit water molecules. Svensson and Woodward51 utilized 

Widom’s test particle method52 to calculate chemical potentials and activity coefficients of 

individual ions for 1:1, 2:2, and 2:1 electrolytes, using this approach. Their method was later 

adopted by Lund et al.53 for the activity coefficients in sea water. Sloth and Sørensen49, 54, 55 

employed PM models with ions of both equal and unequal sizes to calculate chemical potentials 
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and activity coefficients of single ions and compared results to the HNC approximation. 

Lamperski56 reported calculations for MIAC and IIAC using PM models with grand-canonical 

Monte Carlo (GCMC). Malasics and Boda57 later improved this approach using a faster-

converging algorithm. Valiskó and Boda39 calculated the IIAC by combining the contributions of 

ion-ion and ion-water interactions to the total excess chemical potentials. The ion-ion term was 

obtained from GCMC simulations with PM models using experimental Pauling radii, while the 

ion-water term was calculated from Born’s treatment of solvation58. Furthermore, they considered 

a concentration-dependent 𝜀  with a polynomial function fitted to experimental data. In a more 

recent study, Abbas and Ahlberg59 used MC simulations with PM to calculate IIAC and MIAC of 

several aqueous salts at elevated temperatures, with a concentration-dependent 𝜀 , adopted from 

Buchner et al.60.  

Although implicit-water simulations are computationally inexpensive, they do not include 

information on solution structure and ion hydration. Despite obtaining reasonable agreement 

between MIAC values from implicit-water simulations and experiments, they typically 

underestimate the chemical potentials by several orders of magnitude. By contrast, explicit-water 

simulations, do include information on the structure of solutions in the presence of water and 

circumvent the problems associated with assumptions about the concentration dependence of the 

relative permittivity, as 𝜀  is an outcome of the simulations. However, there have only been a few 

studies to date on activity coefficients or hydration free energies of individual ions from explicit-

water simulations. Zhang et al.61 presented the “(electro-)chemical potential difference” for Na+, 

K+, and Cl– in aqueous NaCl and KCl solutions. This quantity is defined as a combination of 

chemical and electric contributions. The first contribution―in which we are most interested―is 

attributed to the activity of single ions whereas the second portion is due to a potential jump at the 
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water/air interface. The activity coefficients are calculated from a replica-exchange variation of 

thermodynamic integration method62, using several combinations of force field parameters for 

ionic species and water models. The models investigated include AMBER63, CHARM64, 65, 

OPLS66, and Dang9567 for electrolytes in conjunction with SPC/E68 and TIP3P69 water models. 

Joung et al.70, performed MD simulations for a number of alkali halide salts and calculated MIAC 

and solvation free energies at low salt concentrations, up to ~ 0.5 𝑚, using the SPC/E68 water 

model in conjunction with the Joung-Cheatham63 force field for the ionic species.  

Our focus in the present study is to develop a thermodynamically consistent framework to 

compute IIAC by simulation. These shed light on contributions of individual ions to solution 

nonideality, with particular interest to their relative positionings with respect to each other. The 

activity coefficients of individual ions for four aqueous alkali halide salts are obtained from 

explicit-water molecular dynamics simulations as the difference of the corresponding total 

chemical potential (𝜇 ) from an infinite dilution reference state (𝜇 ). The 𝜇  values are calculated 

from the Helmholtz free energy difference for insertion of a single ion into an aqueous salt solution. 

Such an insertion is carried out slowly by first placing a ghost particle into the solution, followed 

by turning on its Lennard-Jones and Coulombic interactions in stepwise manners. Full Ewald 

summations under periodic boundary conditions are performed for the electrostatic energy 

calculations and charge neutrality is achieved at all stages by a uniform countercharge to that of 

the added ion. We carry out multiple simulations at each concentration and extrapolate to infinite 

system size in order to eliminate any artifacts due to the uniform countercharge.  

  The rest of the article is organized as follows. In Methods, thermodynamics background, 

mathematical relations, and simulation details are discussed, and the framework is outlined in 

detail. In Results and Discussion, the simulation results are presented and comparisons are made 
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with experimental data, as well as with prior simulation predictions from the literature, followed 

by Conclusions. Furthermore, Supporting Information (SI) entails additional graphs and tables to 

complement the results and discussions.  

METHODS  

We select four aqueous electrolyte solutions, namely NaCl, KCl, NaF, and KF for the 

calculation of IIAC. MIAC values for these salts are available from prior molecular simulation 

studies in explicit water63, 71-76. For each salt, we perform simulations at several concentrations up 

to the experimental solubility limit at 298.15 K and 1 bar. A combination of SPC/E water model68 

and Joung and Cheatham (JC) force field parameters for ions63 is used for the simulations, while 

the usual Lorentz-Berthelot combination rule is utilized for the cross interactions. While this model 

combination underestimates experimental solubilities13, the degree of supersaturation at the 

experimental solubility limit is sufficiently small so that no artifacts from nucleation and 

precipitation of salt crystals are observed in any of the simulations. The chemical potential of 

individual ions (𝜇 ) in monovalent aqueous salts can be expressed by  

 𝜇 = 𝜇 + 𝑅𝑇 ln 𝑚 𝛾  (3) 

where 𝜇  is the Henry’s law reference state chemical potential at infinite dilution; 𝑚  is the 

concentration of the individual ion 𝑖 in dimensionless molality, equal to that of salt in the case of 

monovalent solutions; and 𝛾  is the activity coefficient of ion 𝑖. Following Eq. 3, the activity 

coefficients of the individual ions can be calculated from the difference between the chemical 

potential at a finite concentration (𝜇 ) from that at the infinite dilution reference state (𝜇 ).  

Mester and Panagiotopoulos72, 77 previously showed that chemical potentials of aqueous 

salts can be calculated accurately from free energy difference for inserting a pair of ions into 

solution by gradually turning on their Lennard-Jones and electrostatic interactions. We undertake 
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a similar approach here with the difference that a single ion is inserted into solution in lieu of an 

ion pair. In principle, adding a single ion into solution will lead to a non-neutral simulation box. 

However, when using Ewald summations of electrostatic interactions under periodic boundary 

conditions, a uniform neutralizing background is included that renders the overall system 

electrically neutral. This added background charge does not exert any forces on the system charges 

and thus does not alter the dynamics of the ensemble78. In the thermodynamic limit, which is 

reached by extrapolating the simulation results to infinite system size, perturbations to the 

Hamiltonian of the system and hence any corresponding artifacts vanish. As a result, a 

thermodynamically feasible pathway can be established for the calculation of IIAC. This approach 

overcomes complications arising in the calculation of IIAC at the expense of additional 

computations to extrapolate the results to infinite system size. A number of other strategies 

previously undertaken in the literature to overcome such an issue include adding a correction term 

to the chemical potential obtained from standard Widom’s test particle method55, simple charge 

rescaling51, and the multi-particle method in the GCMC approach51.                

At each concentration for a given salt, we consider separate sets of simulations, each 

containing a neutral solution with a specified number of water and salt molecules. A single cation 

or anion is then gradually inserted. The reference concentration for the IIAC thus obtained is 

considered to be the midpoint before and after insertion79. For instance, starting from a system 

containing 5 ion pairs and 5500 water molecules, the midpoint concentration is obtained as 5.5 salt 

“molecules” per 5500 water molecules, or 0.056 𝑚, where 𝑚 is the molality in mol salt / kg H2O. 

 The chemical potential of the solution after adding a single ion 𝑖 can be expressed as the 

summation of excess and ideal contributions:  

 𝜇 = 𝜇 + 𝜇  (4) 
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The ideal gas chemical potential (𝜇 ) can be obtained from  

 
𝜇 = 𝜇 + ln

𝑘𝑇𝑁

𝑃 ⟨𝑉⟩
 

(5) 

where the standard chemical potential 𝜇  is taken from the NIST-JANAF tables80; standard 

pressure is considered 1 bar; ⟨𝑉⟩ denotes the average volume and N is the number of  ion pairs 

obtained as the midpoint value before and after ion insertion. The excess chemical potential for 

adding a single ion from the ideal gas state into the solution can be obtained from the Helmholtz 

free energy difference as 

 𝜇 =
𝜕𝐹

𝜕𝑁
≈

Δ𝐹

Δ𝑁
 (6) 

Due to the strong electrostatic interactions, insertion of single ions is carried out slowly. 

Specifically, Lennard-Jones (LJ) and electrostatic interactions are expressed as functions of a 

coupling parameter (𝜆 for LJ and 𝜙 for Coulombic), as in previous studies by Panagiotopoulos and 

coworkers72, 77, 79, 81. LJ interactions are turned on first with 21 windows with 𝜆 equally spaced in 

the range of [0,1]. While turning on LJ interactions, a soft-core “shifted” potential is applied to 

avoid discontinuity. These are then followed by gradually turning on the Coulombic interactions 

in 21 equally spaced windows in the 𝜙 parameter. The free energy difference in each step is 

obtained using Bennet’s acceptance ratio (BAR)77, 82. The excess chemical potential is then 

calculated from  

 𝜇 = 𝜇 ,
,

+ 𝜇 ,
,  (7) 

where 𝜇 ,
,  and 𝜇 ,

,  are excess chemical potentials for inserting the single ion 𝑖 in the solution 

attributed to the LJ and Coulombic (Coul) interactions, respectively.  
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The uncertainties in excess chemical potentials are calculated from block averaging after 

initial NVT and NpT equilibrations, followed by discarding another 2 ns of the production runs. 

The final trajectories are divided into several uncorrelated blocks, over which the mean and 

standard errors specify the final quantities and associated uncertainties, respectively. We determine 

that blocks are uncorrelated by computing the autocorrelation function83 for potential energies.  

System size effects attributed to the implementation of Ewald summations under periodic 

boundary conditions have been studied by Young and Panagiotopoulos79, who obtained a linear 

relationship of the chemical potentials with inverse simulation box length. Following this, we 

obtain the chemical potentials at the thermodynamic limit at each concentration, by carrying out 

simulations at multiple system sizes and extrapolating versus 1/𝐿:  

 𝜇 (𝐿) =
𝑎

𝐿
+ 𝜇 (∞) (8) 

The excess chemical potential at infinite size is then added to the ideal gas contribution, resulting 

in total chemical potential at the thermodynamic limit. The uncertainty for the excess chemical 

potential at infinite system size is calculated through instrumental weighting (1/𝜎 ), where 𝜎  is 

the standard error for each excess chemical potential data 𝑖. We report one standard deviation as 

the uncertainty associated with the intercept of a fitted line.  

We use GROMACS version 2019.684 to carry out the MD simulations. At each window, 

we perform a 200 ps equilibration run in the NVT ensemble. This is then followed by a 2 ns NpT 

run using a leap-frog integrator at 298.15 K and 1 bar. Production runs are then performed with 

duration varying as per the number of particles in the simulation box, in the range of 10 – 40 ns. 

For the canonical and isothermal – isobaric ensembles at 298.15 K, the Nosé – Hoover 

thermostat85, 86 is used with the coupling constant of 1 ps, and the time step for the MD runs are 

selected 2 fs. The cut-off for the Lennard-Jones interactions and the real space cut-off for the 
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electrostatic interactions are selected as 1 nm. Standard long-range corrections are used for the  LJ 

interactions by assuming a homogeneous system beyond the cut-off distance with pair correlation 

function equal to unity. In the NpT ensemble, the Parrinello–Rahman barostat is used at a pressure 

of 1 bar with a coupling constant of 2 ps. Particle mesh Ewald summations are used for the 

electrostatic interactions with the Fourier-space grid of 0.1 nm, a sixth order interpolating function, 

and a relative tolerance of 1×10-6.  

 Henry’s law chemical potential is often calculated by replacing ln 𝛾 in Eq. 3 with an 

empirical expression, which itself is a function of molality. The result for the chemical potential 

at the lowest concentration, obtained from MD simulations, would then be fitted to Eq. 3 to 

calculate the 𝜇 . Such an approach has been pursued in previous studies with various empirical 

expressions, including among others, the Davies equation87. In the present study, we undertake 

two different approaches to obtain the reference state chemical potentials. The first approach is 

similar to the one described above but only considering the Debye-Hückel limit expression for the 

activity coefficients, in lieu of common empirical equations. The expression for chemical potential 

at infinite dilution can be rearranged as  

 𝜇 = 𝜇 − 𝑅𝑇 ln 𝑚 + 𝐴𝑅𝑇 𝑚  (9) 

where the ln 𝛾  is replaced by −𝐴 𝑚  at infinite dilution limit; A is the Debye-Hückel parameter 

defined as 

 𝐴 =
𝑞 2𝑁 𝜌

8𝜋(𝜀 𝜀 𝑘 𝑇) /
 (10) 

𝑁  is the Avogadro’s number, 𝜌  is the density of the solution, 𝜀  is vacuum permittivity and 𝜀  is 

relative permittivity of the solution. Though the experimental value for the relative permittivity of 

water is 78.4988, that of the SPC/E68 water has been previously calculated77 to be 73 and hence we 
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use the latter value to obtain the parameter 𝐴 for consistency. Accordingly, the 𝜇  can be obtained 

by inserting the simulation results for 0.019 𝑚 into Eq. 9. We refer to this approach as enforcing 

the Debye-Hückel Slope (DS). 

In the second approach, we calculate 𝜇  without enforcing the simulation results at infinite 

dilution to pass along the Debye-Hückel slope. One can rearrange the expression for excess 

chemical potential as  

 𝜇 = (𝜇 − 𝜇∘) + 𝑅𝑇 ln 𝑚 + 𝑅𝑇 ln 𝛾(𝑚 ) − 𝑅𝑇 ln
𝑁𝐾𝑇

𝑝∘⟨𝑉⟩
 (11) 

At infinite dilution, the above equation can be reduced to  

 𝜇 = (𝜇 − 𝜇∘) − 𝑅𝑇 ln
𝜌 𝑅𝑇

𝑝∘
− 𝐴𝑅𝑇 𝑚  (12) 

where 𝜌  is the density of pure SPC/E68 water calculated in a system containing 5500 water 

molecules, and ln 𝛾 is replaced by −𝐴 𝑚  when approaching infinite dilution. Note that such an 

expression for ln 𝛾 is exact in the limit of infinitely high dilution. We can therefore establish a 

linear correlation between 𝜇  and √𝑚, from which 𝜇 ,  can be obtained by extrapolating a 

number of low-concentration simulation results to the limit of √𝑚 → 0. As such, the y-intercept 

of the extrapolation gives the summation of the first two terms on the right-hand side of Eq. 12, 

from which 𝜇  can be calculated. Since the chemical potentials that are extrapolated to infinite 

dilution have already been extrapolated to infinite system size, we refer to this approach as Double 

Extrapolation (DE).    

RESULTS AND DISCUSSION 

For each concentration, we run separate simulations for inserting a cation and an anion into 

solutions with 500, 1500, 2500, and 5500 water molecules with the number of salts varying as per 
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the concentration in molality. The exception is for the lowest concentration at 0.019 𝑚, where we 

examine only three system sizes with 1500, 4500, and 7500 water molecules to avoid exceedingly 

demanding computations at the largest system size. The SPC/E68+ JC63 model parameters used in 

our simulations are listed in Table S1 in the SI. A systematic study on the dependence of simulation 

results on various force fields is not within the scope of the current article. We will however 

demonstrate, by comparing our results to those in the literature, that such a dependence is unlikely 

to be significant.  

Combining the chemical potentials calculated from insertion of a single cation and its 

counterion should be equivalent to the chemical potential corresponding to the insertion of a 

cation-anion pair. Figure S1 in SI shows the total chemical potentials obtained from combining 

the contributions of individual ions. Our simulation results match those reported by Mester and 

Panagiotopoulos72, 77 using pair insertion, except for KF which was not investigated in the prior 

study. Although we later present a comprehensive analysis on the system size dependence of 

chemical potentials, we only show in this graph the results related to the smallest system sizes 

studied, i.e., 1500 water molecules for the lowest concentration and 500 for the rest. That is to be 

consistent with the study of Mester and Panagiotopoulos72, 77 wherein they did not consider the 

system size effects. Numerical values for the chemical potentials are listed in Tables S2-S35 of the 

SI.   

As discussed earlier, we extrapolate simulation data for the excess and total chemical 

potentials to infinite system size. One such example is shown in Figure 1 where the excess 

chemical potentials for adding a single Na+ (top panel) and a single Cl– (bottom panel) into separate 

NaCl solutions at 0.019 𝑚 are extrapolated versus inverse simulation box length to infinite system 

size. Numerical values for these two extrapolations are listed in Table S2 in the SI. As can be seen 
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from the table, 𝜇  values for Na+ and Cl– in the thermodynamic limit illustrate a shift of, 

respectively, +0.78 and +0.97 kJ/mol when compared to the results at the lowest system size. These 

shifts translate to 0.31 to 0.39 difference in the calculated IIAC for these two ions, respectively, 

which is somewhat significant, thus establishing the need for the system size extrapolation. Tables 

S2-S35 in the SI contain details of all extrapolations to the thermodynamic limit for all four salts.  

 

Figure 1. Extrapolation to infinite system size of simulation results for the excess chemical potentials, μex, 
of adding a single Na+ (top) and Cl–  (bottom) ion into aqueous NaCl solutions at overall salt concentration 
of 0.019 𝑚. Solid lines represent linear fits and shadings denote one standard deviation for the fitted lines. 
Error bars are only shown when larger than the corresponding symbol size. 

Figure 2 shows the excess chemical potentials versus square root of molality at 298.15 K 

and 1 bar. Each simulation point is the result of extrapolation to infinite system size as discussed 

above. The top and middle panels depict the contributions of LJ and Coulombic interactions, 

respectively, while the bottom panel shows the total excess chemical potential. The LJ portions 

(μ , ) demonstrate monotonic increases with increasing concentration, signifying that turning on 

these interactions between the inserted ion and solution species becomes relatively more 

unfavorable at higher concentrations. Furthermore, it can be seen that the magnitude of μ ,  is, 
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as expected, greater for larger species. It appears however that the LJ contribution for each single 

ion does not vary significantly from one aqueous solution to another. For instance, μ ,  values 

for Cl– in NaCl versus KCl show almost no differences at low to moderate concentrations and 

exhibit only slight deviations at the highest molalities. The middle panel shows the Coulombic 

portion of the excess chemical potentials (μ , ) for ionic species in different aqueous solutions. 

 

Figure 2. Simulation results for the excess chemical potentials, μex (kJ/mol), of adding a single ion into 
aqueous solutions at 298.15 K and 1 bar versus √𝑚, where 𝑚 is the molality (mol salt / kg H2O). Top: LJ 
contribution; Middle: Coulombic contribution; Bottom: total. Symbols denote ion types,  Na+ (+), Cl– (☐), 
K+(✕) , F– (○). Colors denote the salt solution, NaCl (green), KCl (purple), NaF (red), and KF (blue). A 
slight horizontal offset is applied, when needed, to avoid overlapping symbols, in which case smaller x-
values are the correct ones.  
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𝜇 ,  values for Cl– are more negative compared to those for Na+ and K+. This indicates that the 

placement of Cl– around water molecules is more favorable compared to Na+ and K+, despite the 

larger size of the anion. Between the two cations, K+ displays―as anticipated―smaller negative 

contributions due to its lower charge density. In both aqueous NaCl and KCl solutions, 𝜇 ,  

values for Cl– are the same up to ~2 𝑚, elucidating the similarity of Coulombic interactions in the 

presence of various counterions at low concentrations. F– exhibits the largest Coulombic 

contributions out of all the ions with a discernable difference in magnitude with 𝜇 ,  for Cl–, 

attributed to the smaller size of the F– ion over Cl–.  

The bottom panel in Figure 2 depicts the total excess chemical potential (𝜇 ) for individual 

ions versus √𝑚, calculated by combining the LJ and Coulombic contributions.  Due to the large 

scales of ordinate in the figure, changes in excess chemical potentials for each salt versus 

concentration are hard to distinguish, as the figure is rather meant to show the gaps between 𝜇  

quantities in different salts. The apparently small concentration dependence of 𝜇  values still 

results in large changes when converted to MIAC and IIAC. Figure S2 in the SI demonstrates, as 

an example, the excess chemical potentials versus concentration for Na+ and Cl− in aqueous NaCl. 

As illustrated, insertion of a single Na+ into solution becomes progressively less favorable with 

increasing concentration. On the other hand, such an insertion for Cl− initially becomes more 

favorable with increasing concentration, before showing a minimum around 1.5 𝑚, followed by 

an upward trend at higher concentrations.  

It can be seen from Figure 2 that the gap between 𝜇  for Na+ and Cl– in NaCl is much 

narrower compared to that between K+ and Cl– in KCl. Furthermore, K+ is showing smaller 

negative values for 𝜇  compared to Na+, signifying that solvation of the former cation is relatively 

more unfavorable in water compared to the latter. We may thus deduce that the gaps between 𝜇  
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for Na+ and Cl− are smaller than those between K+ and Cl−, as the former cation has a tendency 

toward hydration, while the latter is more drawn toward its counterion rather than water. Further  

analysis of radial distribution functions (RDFs) for the pair of anion-cation in the two aqueous 

solutions also confirms this argument. As shown in Figure 3, the pair correlation function of Na+– 

Cl– (top panel) demonstrates a smaller first peak, known as the contact ion pair (CIP), followed by 

a larger second peak, illustrating the solvent separated ion pair (SSIP). In the RDF of K+–Cl– 

(bottom panel), there exists a pronounced first peak (CIP)―interpreted as stronger “ion 

association”―followed by a smaller second (SSIP) peak, as opposed to the NaCl solution where 

SSIP configurations are dominant9. These observations are consistent with prior simulation results 

in the literature9, 77, some of which have been performed with different combination of force fields. 

These confirm that the cation in NaCl has a hydration tendency, while insertion of Cl− is even 

more favorable. Thus, the gaps between the excess chemical potentials of the cation and anion are 

relatively low. In KCl, on the other hand, due to strong ion association, the cation is more drawn 

to its counterion rather to water. The cation therefore has less tendency to be placed near water 

molecules which leads to lower negative numbers for the corresponding 𝜇 . As such, one expects 

larger gaps between excess chemical potentials of K+ and Cl− in KCl. Finally, we observe that the 

gaps between 𝜇  of the anion and cation in KF are larger than those in NaF, similar to the trends 

previously illustrated for KF versus KCl. It must however be noted that the correlation between 

the gaps and liquid microstructure may be force field dependent. As such, systematic analyses are 

needed with various force fields to draw a more certain conclusion, which would be the subject of 

future studies.    
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Figure 3. Pair correlation function, g (r), of Na+ – Cl– (top panel) and K+ – Cl– (bottom panel) in aqueous 
NaCl and KCl, respectively, both at salt concentration of 4.9 𝑚.  

The reference state chemical potentials (𝜇 ) are obtained from two separate approaches, 

DS and DE, as explained earlier. Both values are listed in Tables S36-S39 of the SI. Note that in 

the second approach (DE), the chemical potentials at the three lowest concentrations―0.019, 

0.056, and 0.167 𝑚―are extrapolated linearly versus √𝑚 to infinite dilution. Figure S3 of the SI 

demonstrates, as an example, two such extrapolations to infinite dilution for Na+ and Cl– in 

aqueous NaCl. From this point onwards, we only present and discuss IIAC and MIAC results using 

the DS method, which provides more accuracy. We first discuss the results for MIAC, since values 

are available in the literature and the pertinent experimental data are well established. Figure 4 

shows the MIAC values, calculated from the contributions of individual ions, versus √𝑚 for the 

four solutions studied. Our calculated MIAC values almost match perfectly with those reported by 

Young and Panagiotopoulos79 using a pair insertion method, with both studies taking into account 
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the system size effects – these earlier results are not shown in the figure for clarity. Mester and 

Panagiotopoulos77, on the other hand, did not extrapolate results to infinite system size; however, 

their predictions are still in good agreement with this work within the statistical uncertainties, as 

shown in the figure. Simulation results for all four salts compare reasonably well with the 

experimental data of Robinson and Stokes89 at low concentrations before deviating at higher 

concentrations. This is attributed to the limitations associated with classical non-polarizable force 

fields, as also observed in prior works72, 77, 79, 81.  

Having established that our approach, based on calculations for individual ions, gives 

overall activity coefficients (MIAC) in agreement to literature values, we now turn our attention 

to the activity coefficients of the individual ions (IIAC). Figure 5 shows our results and compares 

them to experimental data and prior simulations for other models. The top panel of Figure 5 shows 

the experimental data of Vera and Wilczek-Vera group25 fitted to polynomial functions. Simulation 

results from the present study are shown in middle panel and those reported by Zhang et al.61 are 

shown in the bottom panel. As can be seen from our simulation results, the gaps between IIAC of 

Na+ and Cl– are narrower whereas such gaps are larger between those of the cation and anion in 

KCl. Similarly, we observe that there is a significant gap between IIAC of K+ and F– in KF, as 

opposed to NaF where such gaps are shown to be narrower. From these behaviors―consistent 

with our previous arguments for excess chemical potentials―one may arrive at a similar 

interpretation that in salts with higher tendency for ion hydration, the gaps between the IIAC of 

anions and cations become narrower, whereas in solutions with stronger ion association, such gaps 

will render larger.  

Furthermore, our simulation results for activity coefficients of Na+ in NaCl solutions show 

positive deviations from the ideal solution, as opposed to those of Cl–, which display negative 
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deviations. The relative order, Cl– below Na+, signifies that the anion has more favorable 

interactions in aqueous NaCl solutions at high concentrations. The simulation results are in 

qualitative agreement with the experimental data25 illustrated in the top panel, in terms of the 

positioning of IIAC with respect to each other in all four salts. In other words, the activity 

coefficients of cations from both experiments and our explicit-water simulations are shown to be 

positioned above those of anions in NaCl and NaF, while such orders are reverse in KCl and KF. 

The magnitude of the activity coefficients from simulations are however up to factors of two to 

three larger than those from experiments. These discrepancies could be attributed to both the 

arbitrary analytical treatment of LJP in experiments―as discussed earlier―and the possible 

effects of artifacts in simulations. Also, it should be noted that deviations of simulation results at 

higher concentrations are in part related to the poor performance of the force field parameters 

employed, as seen previously for MIAC in Figure 4. 
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Figure 4. Mean ionic activity coefficients in aqueous NaCl, KCl, NaF, and KF solutions at 298.15 K and 1 
bar versus √𝑚, where 𝑚 is the molality (mol salt / kg H2O). Solid lines represent experimental data from89; 
dotted lines are the Debye-Hückel limiting slope. Simulation results from the present study are shown by 
colored triangles for NaCl (green), KCl (purple), NaF (red), and KF (blue). Black triangles denote prior 
simulation results from Mester and Panagiotopoulos72, 77. 

The orders for activity coefficients of the cation and anion in KCl are reverse relative to 

NaCl, indicating more favorable interactions for cation compared to the anion in KCl solutions. 

Similar trends are observed in aqueous KF where the activity coefficients of anions are positioned 

above those of cations. On the other hand, in NaF, the activity coefficients of Na+ lie above those 

of F–. Finally, in both KCl and KF the IIAC for K+ are positioned below those of anions, as opposed 

to the trends observed in NaCl and NaF.  
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These results reveal the subtle effects of solution structure on the ordering of IIAC in 

different salts. As such, one cannot easily predict the relative positioning of IIAC of anions and 

cations without conducting explicit-water simulations. Evidence for that includes limitations―and 

failure in some cases―of phenomenological models in predicting the correct positionings. There 

are several proposed such models in the literature that break down the intermolecular interactions 

into several additive contributions of different “physical” origins.  

In a recent study, Sun et al.90 have laid out several of these models and applied them to 

calculate the IIAC in a number of mono- and multi-valent aqueous electrolytes. For the ion-ion 

interactions, Sun et al90 utilized three different approaches, including electrolyte cubic plus 

association (e-CPA)91, EDH92, and MSA93. The Born treatment58 of solvation was used for the ion-

water interactions. Among the aqueous solutions investigated, three in particular are of interest for 

the present study including NaCl, KCl, and NaF. For example, in aqueous NaCl, the MSA + Born 

approach shows essentially no differences in quantities for the IIAC of Na+ and Cl–. On the other 

hand, the e-CPA―i.e., Debye-Hückel (DH) + Born―shows that the IIAC of Cl– are positioned 

above those of Na+. Finally, EDH + Born returns correct trends, showing that the IIAC of Na+ lie 

above those of Cl–.  

In KCl, EDH + Born produces wrong orders for the IIAC of K+ and Cl–, while e-CPA 

predicts essentially the same values of IIAC for both ions. MSA + Born returns correct trends, 

however, with almost no distinction between the values for IIAC of K+ and Cl–. Finally, in NaF, 

while EDH + Born results in almost no differences in values for IIAC of Na+ and F–, the other two 

approaches produce wrong trends. These inconsistencies underscore the shortcomings associated 

with models that do not explicitly account for the water molecules. In the absence of proper liquid 
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structure, one cannot correctly predict the contributions of individual ions to solution nonideality, 

and therefore correct orders for IIAC. 

As mentioned previously, Zhang et al.61 presented activity coefficients of Cl– in aqueous 

NaCl and KCl using several force field combinations. As demonstrated in the bottom panel in 

Figure 5, the activity coefficients of Cl– calculated by these authors using SPC/E68+AMBER63 and 

TIP3P69+AMBER63 are in good agreement with our simulation results. This confirms larger 

magnitudes for the activity coefficients of individual ions from explicit-water simulations 

compared to those obtained from the PM+MC approaches. Note that the “AMBER” model for 

ions used in the study of Zhang et al.61 is the same as “JC”. We kept their annotation “as-is” to 

follow the original notation. We further calculated Δ𝜇  in NaCl―defined as 𝜇 − 𝜇 ,  in the 

article published by Joung et al.70―in order to make another comparison of our results with 

explicit-water simulations in the literature. Our results agree reasonably well with the prior 

calculations, with a notable difference being the excess chemical potential of individual ions at 

infinite dilution. In the present study, we obtain 𝜇 ,  and 𝜇 ,  separately from the double 

extrapolation method― as -369.69 ± 0.14 and -371.66 ± 0.25 kJ/mol, respectively―while the prior 

study simply allocated half of the total excess chemical potential, calculated from the Debye-

Hückel theory to each ion.  
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Figure 5. Individual ion activity coefficients in aqueous solutions at 298.15 K and 1 bar versus √m, where 
m is the molality (mol salt / kg H2O). Top: Experimental data from25 fitted to polynomials. Solid and dashed 
lines represent the cations and anions, respectively, while colors denote the salt solution, NaCl (green), KCl 
(purple), NaF (red), and KF (blue). Middle: Simulation results from this study with symbols denoting ion 
types, Na+ (+), Cl– (☐), K+(✕) , F– (○), following the same color code as for the top graph. Bottom: 
Simulation results from Zhang et al.61 for ln γ : green and purple filled circles denote results in NaCl and 
KCl, respectively, with SPC/E68+AMBER63; green and purple filled triangles show results in NaCl and 
KCl, respectively, with TIP3P69+AMBER63. Short-dotted lines represent the Debye-Hückel limiting slope.  
 

CONCLUSIONS  

In this article, we obtained individual ion activity coefficients (IIAC) in several aqueous 

electrolyte solutions, namely NaCl, KCl, NaF, and KF, with explicit-water molecular dynamics 

simulations. Chemical potentials at each concentration were calculated from free energy change 

for insertion of a single ion into aqueous solution. We use the “slow growth” method and Bennet’s 
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acceptance ratio to obtain the free energy change by gradually turning on the Lennard-Jones and 

Coulombic interactions―in stepwise manners―between the inserted ion and solution 

constituents. The infinite dilution reference state (𝜇 ) was obtained using two approaches: one, by 

enforcing the simulation results at the lowest concentration studied to pass along the Debye-Hückel 

limiting slope, and the other by extrapolating the chemical potentials at several low concentrations 

to infinite dilution. The first approach, not surprisingly, results in more accurate 𝜇  values. The 

second approach―though entirely predictive without considering any extra parameters―results 

in satisfactory estimations for 𝜇 , with larger uncertainties which in turn would propagate to 

significant errors for the activity coefficients.  

Chemical potentials calculated from combining the contributions of individual ions agree 

well with those previously obtained from pair insertion method. This agreement demonstrates the 

consistency of the thermodynamic framework of the present study. Furthermore, breaking down 

the total excess chemical potentials into Lennard-Jones and Coulombic contributions elucidates 

the effects of physical forces of different nature on the overall nonideality of the solution.  

We compared the simulation IIAC results to reported experimental data, measured through 

electrochemical cells with ion selective electrodes, which are controversial due to several extra 

thermodynamic hypotheses employed to obtain them from the raw experimental measurements. 

Our simulation results are in qualitative agreement with the experimental data with respect to the 

relative positioning of IIAC of ions, however, they have significantly larger magnitudes. Such 

larger values for the activity coefficients of individual ions from explicit-water simulations have 

been previously observed in the literature. We show that the activity coefficients of individual ions 

strongly depend on solution structure in the presence of different counterions. One such example 

is the contribution of Cl– to solution nonideality in aqueous NaCl versus KCl. While the activity 
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coefficients of Cl– show negative deviations in the former solution, they illustrate large positive 

deviations in the latter aqueous salt. It appears that in solutions with more tendency for ion 

hydration, the gaps between IIAC for anions and cations become narrower. In aqueous salts with 

stronger “ion association”, on the other hand, such gaps would turn out to be larger and deviations 

from ideal solution become amplified. Tighter gaps are observed between the activity coefficients 

of anions and cations in NaF and NaCl, compared to KF and KCl. Furthermore, we observe in 

NaCl and NaF that the activity coefficients of Na+ lie above those for Cl– and F–, respectively, 

whereas in KCl and KF, the IIAC for both anions lie above the activity coefficient of K+.  

There are significant challenges in predicting the correct trends for IIAC of cations and 

anions in electrolyte solutions, when using phenomenological models, as demonstrated previously 

in the literature. Expressing the intermolecular interactions as combinations of different additive 

contributions leads to different orders in the activity coefficients, often resulting in disagreements 

with experimental data. Somewhat surprisingly, simulations using existing ion and water force 

fields in explicit-water simulations, without any adjustment of interaction parameters, are shown 

here to be able to obtain the correct ordering of the IIAC. 

More broadly, this work establishes a sound thermodynamic framework to describe the 

behavior of individual ions from an atomistic point of view and portrays their unequal 

contributions to solution nonideality. Future work could be directed toward complementing the 

current approach by conducting systematic investigations on the temperature dependence of 

individual ion activity coefficients, as well as pursuing calculations of IIAC in aqueous solutions 

of mixed salts and mixed-solvent electrolytes. 

We are currently undertaking a separate study wherein calculations of IIAC are pursued 

using implicit-water simulations with concentration-dependent relative permittivity. Such a study 
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will provide a framework to compare the implicit- and explicit-water simulations in predicting 

IIAC, and casts light on the ability of these two approaches in quantifying the thermodynamic and 

transport properties of individual ions in various aqueous electrolyte solutions.    
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