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Abstract

Decreasing costs of renewable sources of electricity will increase the viability of
electrochemical processes in chemical manufacturing. To this end, improved
understanding of electrochemical N-H bond activation is essential to develop
electrochemical routes for nitrogen-containing chemicals. In this work, we investigate
electrochemical ammonia activation in acetonitrile, a prototypical non-aqueous solvent
for electro-organic syntheses. Non-aqueous environments are desirable for electro-
organic syntheses due to large electrochemical stability windows and high solubility for
organic products. We find that ammonia oxidation in acetonitrile proceeds through an
outer-sphere mechanism involving an initial electron transfer as the rate-determining step,
likely producing an ammonia radical cation. Density functional theory calculations explain
a low transfer coefficient and suggest possible subsequent reaction steps. Structural
factors involved in lowering of the transfer coefficient provide insights that are applicable

to wider range of small-molecule activation chemistries.



Introduction
Increased grid penetration of renewable energy sources and improved electrical storage
options are creating new opportunities for the electrification of the chemical industry. This
electrification allows for the replacement of traditionally carbon-intensive chemical
processes with systems that take advantage of the available renewable electricity sources
to reduce carbon footprints.” Ammonia has one of the largest global production rates by
volume; it is the key nitrogen-containing feedstock used to introduce nitrogen functionality
into a wide range of chemical products, including nitrogen-containing polymers such as
nylon and biochemicals such as amino acids.? Syntheses for these compounds generally
utilize ammonia in thermochemical reactions, relying on temperature and pressure as
driving forces. We are interested in developing the electrochemical analogue of these
oxidation reactions, which will ideally occur at more mild conditions, increasing modularity
and potentially decreasing unit costs. Electrochemical oxidation of ammonia in an
aqueous environment has been extensively studied for fuel cell applications;3 for electro-
organic synthesis, the narrow electrochemical stability window and limited solubility of
many organic molecules make water a less-than-ideal solvent. Non-aqueous
electrochemical ammonia oxidation removes these constraints, and previous work has
suggested that ammonia can be oxidized to nitrogen in a non-aqueous environment.%°
Electro-organic amination has been previously studied, providing understanding of
the mechanism and products from oxidation of various amines.'®-'® From these studies,
a general consensus has emerged that oxidation of an amine first removes an electron
to form a nitrogen radical cation in the rate determining step. For amines which bear an

a-hydrogen, deprotonation can occur, leading to a more stable carbon radical.’®



Alternatively, bond cleavage between the nitrogen and neighboring carbon can produce
a nitrogen radical and carbocation that will further react.'’-'” Depending on the amine
and the reaction conditions, bond cleavage and recombination of intermediates can result
in various products.’” While ammonia oxidation has been peripherally studied and
observed to result in nitrogen gas, previous research has not focused on the mechanism
of electrochemical ammonia oxidation in a non-aqueous environment.>'" Understanding
the mechanism and intermediates involved in ammonia oxidation is a key step toward the
usage of ammonia in electro-organic synthesis reactions to form products with carbon-
nitrogen bonds.

Here, we show that the mechanism of electrochemical ammonia oxidation in non-
aqueous media is analogous to that of amines, with some key differences intrinsic to
ammonia that differentiate it from amine oxidation. The mechanisms are similar in that
both ammonia oxidation and electrochemical amine oxidation proceed through an initial
rate-determining electron transfer, and both mechanisms are outer-sphere. The key
differences include the low transfer coefficient observed for ammonia oxidation and the
fact that the ammonia radical formed from the initial electron transfer cannot be stabilized
through breaking of a C-N bond or C-H bond at the a position; the nitrogen-centered
radical must react with a nearby molecule. We further investigate the rate-determining
step (RDS) with density functional theory (DFT) calculations that help explain the low

transfer coefficient and give thermodynamic context to the rate-determining step.



Methods

Ammonia oxidation experiments were run in a two-compartment cell separated by a
Celgard polypropylene separator, (Figure S1) with reaction conditions chosen to be
similar to previous non-aqueous oxidation of ammonia® and primary amines.'" The
electrolyte was anhydrous acetonitrile with tetrabutylammonium tetrafluoroborate
(BusNBF4) as a supporting salt; the electrolyte was saturated with ammonia gas by
bubbling through the electrolyte prior to use in electrochemical experiments. The working
electrode (anode) was a polished, planar glassy-carbon planar electrode, and the counter
electrode (cathode) was a platinum foil. A leak-free Ag/AgCI reference electrode was
used as a pseudo-reference. Calibration of the pseudo-reference was performed using
ferrocene (Figure S2).

DFT calculations were performed using Gaussian 16 using the B3LYP functional
and a 6-31++G*™ basis set. Reorganization energies were calculated by following the
procedure previously reported in the literature and are further detailed in the
Supplemental Experimental Procedures.'® Solvation free energies were calculated using

the C-PCM"9:20 model with Bondi radii.??



Results

Confirmation of Ammonia Oxidation

In this work, we explore electrochemical ammonia oxidation at a glassy-carbon working
electrode in anhydrous acetonitrile with tetrabutylammonium tetrafluoroborate (BusNBF4)
as supporting electrolyte (see Experimental Procedures). Verifying that oxidation currents
arise from ammonia oxidation as opposed to solvent oxidation is essential before we can
draw any mechanistic conclusions. Cyclic voltammetry (CV) of both an ammonia
saturated electrolyte and an electrolyte without any ammonia demonstrates a significant
increase in Faradaic current in the presence of ammonia (Figure 1). To rule out the
possibility that there is an electrochemical reaction involving acetonitrile oxidation in the
presence of ammonia, we conducted the same experiment with and without ammonia
using tetrahydrofuran as the solvent and observed similar results (Figure S3).
Furthermore, gas chromatography (GC) of the reactor effluent reveals that the only
detectable gaseous product is nitrogen gas, an expected product of ammonia oxidation
(Figure S4b). The calculated Faradaic efficiency (FE) for nitrogen production is 70 £ 14%.
While this FE is below unity, meaning Faradaic current could be going to products other
than nitrogen, the chromatographic results indicate that nitrogen is the major product from
the ammonia oxidation. In this work, we will use the total current to represent the rate of
electrochemical ammonia oxidation since the current that does not go to dinitrogen gas
will not affect our conclusions (see Supplemental Experimental Procedures for further

discussion). These conclusions are in agreement with previous ammonia and amine



oxidation studies, including those which used Differential Electrochemical Mass

Spectrometry (DEMS), which indicate that N2 is the sole product.>"!
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Figure 1. Evidence that current is from ammonia and not oxidation of the acetonitrile
solvent. Electrolytes are anhydrous acetonitrile with 0.2 M BusNBF4 saturated with
ammonia. Nitrogen quantification data at various currents were used to obtain the
average N2 FE of 70 + 14% (see Figure S4 for details on gas chromatograph
calculations). Ammonia oxidation also occurs in THF (Figure S3).

Rate Law Determination

By varying their concentration, we determined the reaction rate dependence on four
relevant species: ammonia, water, hydroxide ions, and protons (Figure 2). When the
logarithm of the current is plotted against the logarithm of species concentration, the rate
of ammonia oxidation is first-order in ammonia and zeroth-order in all other species,

leading to the following rate law:

Twm, < [NHs] (1)
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Figure 2. The ammonia oxidation reaction is first order in ammonia and zeroth-order in
other species at relevant conditions. The current as a function of concentration at three
different potentials is determined for ammonia (A), water (B), protons (C), and hydroxide
ions (D). These experiments were run in anhydrous acetonitrile with 0.2 M BusNBF4 as

supporting electrolyte.

The order dependence of current on hydroxide concentration becomes positive at
high hydroxide concentrations due to hydroxide oxidation since a similar rise in current at
high hydroxide concentrations is still observed in the absence of ammonia (Figure S5).
We cannot explore the region of very high proton concentration (> ~0.01 M) because
ammonium salts are not very soluble in acetonitrile, and high concentrations lead to the

ammonium salt precipitating out of solution.



Outer-Sphere Mechanism

In aqueous environments, ammonia oxidation proceeds via an inner-sphere mechanism,
adsorbing on metals like iridium and platinum to react.?>2®> However, amine oxidation in
a non-aqueous environment is known to follow an outer-sphere mechanism.’®1% We
compared the reaction rate for ammonia oxidation on glassy carbon to that on platinum.
The Tafel slope on glassy carbon is 183 £+ 6 mV/dec and the Tafel slope on platinum is
192 + 3 mV/dec (Figure 3). These values are the same to within error, indicating that the
reaction has the same rate-determining electron transfer step for both mechanisms.
Additionally, the magnitudes of the current responses are similar (within a factor of two).
Because ammonia exhibits similar reaction rates on platinum and glassy carbon, it is
unlikely that the nature of a surface catalytic site is responsible for dictating oxidation
activity. Thus, the oxidation of ammonia likely proceeds through an outer-sphere

mechanism.?425
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Figure 3. Comparison of ammonia oxidation on platinum and glassy carbon via Tafel
analysis. The Tafel slopes are nearly identical and the current responses are sufficiently
similar that the reaction is likely outer-sphere and independent of electrode material.
Further discussion of the Tafel regime and the curvature is given in Figure S6.



Ideally, comparison of rates at a wider range of electrode materials would further
prove that the mechanism is outer-sphere. However, many metals oxidize or form
passivating layers under these conditions, making them unsuitable for comparison. The
difference in reaction rates between platinum and glassy carbon may be due to slight
surface variations that affect the reaction plane distance relative to the electrode surface.
Marcus theory predicts that an outer-sphere reaction is independent of the electrode
identity in the case of an adiabatic electron transfer, but in the case of a non-adiabatic
electron transfer, a thin surface film or a passivating layer can cause significant variations
in the intrinsic rate constant, leading to differences in activity on various metal surfaces.?®

In studies of amine oxidation in non-aqueous electrolytes, the first electron transfer
has been determined to be the rate-determining step (RDS).1".1%.16.27 |f we assume that
the first electron transfer is rate-limiting, we could determine the corresponding transfer

coefficient. The Tafel slope at standard conditions is related to the transfer coefficient

as:%®
mV mV
59— ——
— dec dec
mTafel ~ T a n+Bq (2)

Here, n is the number of electron transfers before the RDS, q is the number of electrons
transferred during the RDS, a is the transfer coefficient, and g is the symmetry factor. If
the first, single electron transfer is rate limiting, then n = 0 and g = 1, resulting in a = S.
Normally, when g = % the Tafel slope for a first-electron-transfer RDS is 120 mV/dec.
However, higher Tafel slopes are possible with smaller values of 8 and the corresponding
value of a. In this case, the high Tafel slope on glassy carbon (183 £ 6 mV/dec) indicates
a transfer coefficient of 0.32 + 0.01. The rationale behind this low transfer coefficient is

10



explored below, and it is a unique feature for ammonia oxidation in non-aqueous solvents
that is not observed for amine oxidation for which the transfer coefficients are typically

near 0.5.1%

Electron Transfer vs. Concerted Proton-Electron Transfer

Although the Tafel slope shows that the RDS is an initial electron transfer, it does not
indicate whether a proton is lost simultaneously in a concerted proton-electron transfer
(CPET). Accordingly, two possible reactions could serve as the RDS: an electron transfer
(ET) to produce an ammonia radical cation (ET, Equation 3) or a concerted proton-
electron transfer to produce a neutral amino radical (CPET, Equation 4).
NH; - NH;" + e~ (3)
NH; > NH, + e~ + H* (4)
A kinetic isotope experiment can help distinguish between the two possibilities. The
current response from deuterated ammonia (NDs) is very similar to regular ammonia. A
linear potential sweep reveals that the kinetic isotope effect (KIE, or ratio of the current
with NHs to ND3), is 1.3 £ 0.1. Visually, the linear sweeps look almost identical (Figure
4). This small KIE could be due to factors peripheral to the molecular mechanism, such
as small shifts in the equilibrium potential or exchange current density. However, a lack
of KIE, although generally a good test of whether a proton transfer is involved, is not a
guarantee that a CPET process does not occur; unit KIEs can lead to false negatives.?®
To further support the ET mechanism, we can follow a simple thought experiment

exploring the fate of the proton in a supposed CPET mechanism. We assume that the
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ammonia would act as the proton acceptor in a hypothetical CPET because ammonia is
present at high concentrations (0.8 + 0.1 M, Figure S7) and is significantly more basic
than any other molecule in the electrolyte. Because ammonia is likely the proton acceptor,
a CPET mechanism would be more accurately written as second-order in ammonia
(Equation 5).

2NH; > NH) + e~ + NH} (5)

However, from the previous order dependence studies, we know that the ammonia
order dependence is first-order, not second-order (Figure 2a). Our DFT calculations
suggest that Equation 3 has a standard state equilibrium potential of 1.77 V vs the
Computational Hydrogen Electrode (CHE), and Equation 4 has standard potential of 2.09
V vs CHE (Table S5). Equation 5, as suspected, is more thermodynamically favorable,
having a standard state potential of 1.11 V vs CHE. Our thought experiment following the
proton from a CPET thus results in either an acetonitrile-solvated proton (Equation 4), a
possibility that is thermodynamically unfavorable, or a second-order reaction with respect
to ammonia (Equation 5), an experimentally disproven mechanism. Thus, we can say
with reasonable confidence that the RDS involves an ET and not a CPET.

As mentioned previously, the RDS for electrochemical oxidation of amines in non-
aqueous solvents is the initial electron transfer, and previous studies have determined
that this initial electron transfer does not involve a concerted proton transfer, matching

our findings for the RDS of ammonia oxidation. 015
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Figure 4. Determination that the RDS is an ET and not CPET through a KIE test. The
current response to a linear potential sweep shows a KIE of 1.3 £ 0.1, indicating that the
mechanism is likely not CPET. Electrolyte was anhydrous acetonitrile with 0.2 M BusNBF4
and scan rate was 5 mV/s.

Discussion

Overall, the electrochemical oxidation of ammonia can be well-understood from our
experimental results—the only reactant is ammonia, the reaction is outer-sphere, and the
RDS is an initial removal of an electron. One remaining, unexplained phenomenon is the
transfer coefficient (¢ = 0.32 + 0.01) being significantly lower than 0.5. To understand

why the transfer coefficient is low, we can draw on Marcus theory for outer-sphere

electron transfers.

Reorganization energies and transfer coefficients

Marcus theory gives an expression for the activation energy and the transfer coefficient:?

2
F(¢p—¢0)
By = Eqo (R0 - 1) (62)
_A(Fp=00) _ \* _ 1, FA(p=00)>  Flp=¢o)
Ea_4( i 1) R 2 (6D)



— _1dEa _ _1(F(@=¢o) _
a= Fdp 2( p) 1) (6¢c)

In these equations, A is the solvent reorganization energy, E,, is the activation energy
of the reaction at zero applied potential, ¢ is the applied potential, ¢, is the equilibrium

potential of the reaction, and F is Faraday’s constant. The activation energy (Equation
6a) can be expressed in terms of the reorganization energy using the relation E, =%

(Equation 6b).22  Additionally, because the rate of reaction obeys an Arrhenius
relationship, a potential ¢ > ¢, (for an oxidation reaction) must be applied to lower the
activation energy and increase the current. The effect of a large reorganization energy (A1)
on the current is twofold. First, as the reorganization energy increases, higher
overpotentials (¢ — ¢,) must be applied to lower the activation energy (Equation 6b,
Figure 5a). Second, when these high overpotentials are applied, the transfer coefficient
decreases (Equation 6c¢). In general, the change in transfer coefficient with increasing
potential is not significant if relatively small overpotentials (~100 mV) can drive the
reaction, resulting in a transfer coefficient near 0.5. However, when the reorganization
energy increases significantly and high overpotentials are required to compensate and
lower the activation energy, the measured transfer coefficient will decrease significantly

(Figure 5b). This argument can be seen by combining Equations 6b and 6c to show find

that a = \/% Thus, for a fixed activation energy and therefore a fixed current, as the

reorganization energy increases, the transfer coefficient decreases.

14



N
o
m
®
N
o

-
o

04

-
N

0.3

Overpotential (V)
o
®

Overpotential (V)

o
P

©
=}

0.5 1.0 15 20 25 05 1.0 15 20 25
Reorganization Energy (eV) Reorganization Energy (eV)

Figure 5. Demonstration of how large reorganization energies lead to high overpotentials
and low transfer coefficients. According to Marcus kinetics, the activation energy (A) and
transfer coefficient (B) are functions of reorganization energy and overpotential. As the
reorganization energy increases, larger overpotentials are necessary to keep the
activation energy small, resulting in lower transfer coefficients.

Essentially, large reorganization energies combined with Marcus kinetics can lead
to low transfer coefficients because higher potentials are needed to lower the activation

energy (Figure 5). This effect has been observed in the context of dissociative electron

transfer, where a bond is broken at the same time as the electron transfers, and the

intrinsic activation energy can be described by E,, = “7#, which is equivalent to an

increase in the reorganization energy, where BDE is the bond dissociation energy.30:3!

Calculation of Reorganization Energy for Ammonia Oxidation

Finding the reorganization energy of ammonia oxidation experimentally requires careful
measurements of the reaction rate at various temperatures, from which the activation
energy can be determined, and such measurements are beyond the scope of this work.

However, we may compute the reorganization energy for ammonia oxidation. Theoretical
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reorganization energies are calculated using DFT according to the method of Ghosh et
al. by calculating the electronic internal reorganization energy (4;) and the solvent
reorganization energy (As). A, is calculated by assuming that the molecule is a point
charge in a spherical cavity of continuum solvent (Supplemental Experimental
Procedures).” The total reorganization energy is then the sum of the internal and solvent
reorganization energies. This method has been found to be accurate to within 0.1-0.2
eV."® Through this method, the reorganization energy for ammonia oxidation (Equation
3) was calculated to be 1.94 eV. This value is significantly larger than many
experimentally determined reorganization energies for common outer-sphere
reactions, 83233 such as that of ferrocyanide oxidation in water (1 = 0.99 eV),®® and
explains the low transfer coefficient observed in the ammonia oxidation reaction (Figure
5b).

The reason why ammonia oxidation has such a large reorganization energy is two-
fold. First, ammonia has a large internal reorganization energy (0.45 eV) because there
is a significant geometry change associated with the oxidation from trigonal pyramidal
ammonia to a trigonal planar cation radical (Figure S10). This value is the average of the
energy differences associated with the geometry change in both the oxidized and reduced
electronic states (further details in Supplemental Experimental Details), and is larger than
the known umbrella inversion barrier for ammonia (0.25 eV)3* due to the larger calculated
energy difference associated with a geometry change of the ammonia radical cation.
Second, ammonia is a small molecule, and the removal of an electron creates a change
in charge independent of molecule size. Since ammonia is so small, the surface charge

density is large, requiring significant rearrangement of the solvent to compensate and
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leading to a large solvent reorganization energy. These two factors combine to result in
an unusually high reorganization energy for ammonia oxidation and an apparent low
transfer coefficient. While Marcus theory can explain the apparent low transfer coefficient
in this system, other factors such as the electric double layer can also influence the
transfer coefficient. Although the double layer can theoretically cause significant
deviations in the transfer coefficient, these deviations are expected to be smaller in the
absence of surface-adsorption,3® as is the case for the outer-sphere electron transfer

reaction studied here.

Overall Reaction Mechanism

Since the rate-determining step of the ammonia oxidation mechanism is the first electron
transfer, our experiments do not determine the mechanism after the RDS. DFT
calculations reveal the thermodynamics of possible subsequent steps (Figure 6), an
exercise that helps guide future experiments where we hope to intercept intermediates to
generate other nitrogen-containing products. We constructed this thermodynamic
diagram on the basis of two ammonia molecules so that a second ammonia molecule
may act as a proton acceptor and to facilitate understanding of later steps in which these

molecules may couple together.

17



L
I ¥
(&]
»n 2.5
>
> 1 NH; + NH, + Hg,, + &
.
ﬁ 2.0+ ) NG
D (NH; + NH™ " +e™ "~
1 T4 \ S o
’ S N SS
/ N N ® -
% 1 CL_} ///,/\ \\ \\\Q NH2.+NHZ+9- \‘\\NH3+1/2N2H4+H;oIv+e-
— oy N <0
= S —
-5 1.0 e Sy, -
L ’r \e\’b - N €y A
Z / et -7 . -7 =
Q 8 (\‘50<6/’/ 1 PR Tl
@ 0.5 I r o NH; +72N,Hg™ + e el Ty
-I ] //I/ o i §\\\\:\\ N
o .-~ i =
n 0.0 s L YaNH, +NH, +e
o
<

Reaction Coordinate

Figure 6. DFT-calculated free energies of potential intermediates and possible
mechanistic steps involved in the oxidation of ammonia. Actual kinetics and deviation
from standard state concentrations cause the experimentally determined RDS (yellow
path) and postulated next steps (blue path) to deviate from the path of strictly lowest
energy intermediates. Raw data and calculation details can be found in Tables S2, S3,
and S4. We have experimentally determined that the RDS follows the yellow-highlighted
path (ET).

The DFT calculations show that after the initial ET RDS (experimentally
supported), the ammonia radical cation can couple with another radical to form a
protonated hydrazine or can deprotonate with another ammonia molecule to form a
neutral amino radical. Due to the relatively high concentration of ammonia (0.8 £ 0.1 M)
and its pKa in acetonitrile (16.5),%¢ as well as the relatively low concentrations of the radical
cation because of its high reactivity,3” deprotonation will likely be the kinetically favored
next step, resulting in an amino radical. In addition to our DFT calculations showing the
thermodynamic favorability of the amino radical, experiments have found that the pK, of

the ammonia cation radical in water (pKas = 3-7) is significantly lower than the pKj of the

ammonium ion (pKa = 9.3),%3° further supporting the idea that the amino radical is
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present when the solution pK, is dictated by ammonia. Thermodynamically, the amino
radical then likely recombines with another amino radical to form hydrazine, which further
oxidizes to nitrogen gas, a process known to occur with fast kinetics in aqueous
environments.*%#4! Primary amine radicals have a lifetime of <0.2 ms, and ammonia and
amino radicals would be expected to live for even less time because they are less
stabilized and are known to couple at very fast rates; 37 this instability makes their direct
observation difficult. While we looked for evidence of hydrazine as an intermediate, due
to hydrazine’s significantly lower oxidation potential than ammonia (~1 V lower, Figure
S$8), any hydrazine produced would be rapidly oxidized and difficult to detect. While the
exact mechanistic steps connecting an ammonia radical cation to the final product are
beyond the scope of this work, previous research has found evidence that ammonia
radicals generated via other methods, such as irradiation of cobalt hexamine (lll) and
pulse radiolysis in water, react to become nitrogen gas.40:42-45

The thermodynamic equilibrium potential for ammonia oxidation in an acetonitrile
system with a buffer of known pKa has been previously calculated;3¢ our system is not
buffered, making the standard state thermodynamic equilibrium potential for
electrochemical conversion of ammonia to nitrogen difficult to calculate. Additionally,
because the oxidation of ammonia is irreversible, determining the thermodynamic
equilibrium potential experimentally is difficult. Although we do not know the exact
equilibrium potential, the DFT energy landscape indicates that we are likely operating at
a high overpotential relative to the thermodynamic potential of ammonia oxidation to
nitrogen gas. While this high overpotential would make an ammonia fuel cell impractical

and energy inefficient, it does not preclude the use of non-aqueous, outer-sphere
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ammonia oxidation for electro-organic syntheses, since valuable products and facile
synthetic routes can offset the economic penalties from energy losses due to large

overpotentials.

Conclusion

In this work, we show that electrochemical ammonia oxidation in acetonitrile occurs
via an outer-sphere mechanism in which the initial electron transfer is the rate-
determining step, likely producing an ammonia radical cation. This reaction depends only
on the concentration of ammonia in solution and produces nitrogen gas in the potential
windows explored. DFT calculations suggest that after the initial electron transfer, the
radical deprotonates and combines with another radical to form hydrazine before
eventually becoming nitrogen gas. DFT calculations also explain why the apparent
transfer coefficient for ammonia oxidation is so much lower than the expected value of
one-half. Overall, our mechanistic understanding of N-H bond breaking provides
foundational knowledge for future efforts aimed at using ammonia as an electrochemical

reactant in the synthesis of valuable nitrogen-containing organic compounds
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