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Monochloramine is a widely employed agent in water treatment technologies. However, its utilization has
some drawbacks like the transformation of the active species into the undesired dichloramine. Although it
is more pronounced in acidic solutions, the features of this reaction have still remained largely unexplored
in the pH < 4 region. In this study the decomposition of monochloramine is examined under such conditions by using kinetic and computational methods. Fast kinetics measurements have convincingly
showed that the disproportion into dicloramine is relatively fast and can be studied without any interference from side reactions. By varying the pH, the deprotonation constant of monochloramine has been
determined by UV spectroscopy (Ka = 0.023 ± 0.005 M for I = 1.0 M NaClO4, and T = 25.0 °C).
Dichloramine formation via monochloramine disproportion was found to follow second-order kinetics.
The computations have provided the reaction mechanism and its free energy proﬁle in accord with the
proposed kinetic model. This involves the reaction between the protonated and unprotonated forms of
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monochloramine, with a rate constant k = 335.3 ± 11.8 M−1 s−1, corresponding to an activation free
energy barrier of 14.1 kcal mol−1. The simulations predicted a barrier of 14.9 kcal mol−1 and revealed a key
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short-lived chlorine-bridged intermediate which yields dichloroamine and ammonium ion through a
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deprotonation-coupled chlorine shift.

case of ammonia, various chloramines may form depending
on the chlorine dosage and pH.4

Introduction
Chlorination is the most extensively used disinfection method
to produce potable water all over the World. Chlorine is
involved in a hydrolytic equilibrium and the active form of the
disinfectant can be either Cl2 or HOCl.1
Cl2 þ H2 O Ð HOCl þ Hþ þ Cl

ð1Þ

In the presence of amino compounds, chloramines are
formed which may have significant secondary disinfection
eﬀects, and the toxicological impact of these compounds as
well as the byproducts formed during their decomposition is
of primary concern. In addition, the presence of chloramines
may lead to odor and taste issues in drinking water.2,3 In the
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NH3 þ HOCl Ð NH2 Cl þ H2 O

ð2Þ

NH2 Cl þ HOCl ¼ NHCl2 þ H2 O

ð3Þ

NHCl2 þ HOCl ¼ NCl3 þ 3H2 O

ð4Þ

The formation of chloramines reduces the eﬃciency of the
primary chlorination process because chloramines are less
reactive than chlorine or hypochlorous acid. However, they
survive longer in water pipes providing a secondary disinfection eﬀect and due to the lower reactivity, smaller amounts of
regulated disinfection byproducts are produced.5 For this
reason, dosing ammonia during chlorination processes leads
to the formation of monochloramine, and water plants are
able to comply with stricter environmental standards.6–8 There
are however, still concerns about the formation of strong carcinogens like N-nitrosodimethylamine (NDMA),9–15 or the possible violent decomposition of trichloramine at high concentrations according to eqn (5), a reaction that is also utilized in
breakpoint chlorination.4
2NCl3 þ 3H2 O ¼ N2 þ 3HOCl þ 3Cl þ 3Hþ

ð5Þ

Furthermore, the insertion of more than one chlorine atom
into ammonia should be avoided as the resulting di- and tri-
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chloramines lack the necessary oxidative ability and have lower
concentration thresholds for bad taste and odor.4 Under acidic
conditions ( pH ≈ 3–4), the acid catalyzed disproportionation
of monochloramine (eqn (6)) occurs, which is a relatively fast
process.16,17
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2NH2 Cl þ Hþ Ð NHCl2 þ NH4 þ

ð6Þ

Earlier, it was established that the disproportionation of
NH2Cl is general acid catalyzed.18,19 While the reactivity of
monochloramine has been explored in the neutral pH region
( pH ≈ 6.5–8.4) in detail,19 the decomposition of this compound has not yet been investigated under more acidic
conditions.20,21 For instance, in ref. 18 the authors compiled a
detailed mechanism for the chlorination of ammonia on the
basis of previous literature results. The model includes equilibrium steps, substitution reactions by HOCl as well as disproportionation reactions of NH2Cl and several other reactions
between various chloramines. The validity of the model was
tested in the pH range of 6–8 at diﬀerent concentration ratios
of ammonia and HOCl. The study has convincingly demonstrated that the model is suﬃcient for phenomenological
description of the chlorination of ammonia. However, a
detailed mechanistic interpretation of the individual reaction
steps has not been given.
In this study we address the kinetics and mechanism of the
decomposition of NH2Cl using experimental kinetic and molecular modelling approaches. The experiments include highly
acidic conditions (from pH = 1). There are important reasons
to go beyond the environmentally relevant pH range: (i) to
obtain reliable results for chloramine chemistry, especially for
the chemistry of the protonated chloramine species, we need
to look into the kinetics at low pH where the protonated forms
can be accurately measured; (ii) for an accurate and general
kinetic model we need to include observations from a wider
pH-range covering low and high concentrations of all the relevant species; (iii) the results can also be of interest for designing or interpreting future experiments involving chloramine
chemistry either within or outside water treatment contexts. It
is important to emphasize that dichloramine is somewhat
stabilized under acidic conditions and its very slow formation
from monochloramine presumably begins already at neutral
pH. Under such conditions, the control of pH requires the use
of buﬀers which may trigger additional reactions path in the
decomposition of NHCl2.19 Earlier results on the rate constant
of the acid catalyzed reaction path were obtained by extrapolation considering various other reaction steps by modeling
water in distribution systems. This introduced uncertainties in
the estimated rate constants. In order to avoid any complications, buﬀers were not used in the present study and we
assume that the results obtained at low pH also valid under
slightly acidic – neutral conditions. In addition, this subject is
highly relevant with respect to predicting the fate of the
residual chloramine of drinking water in the acidic gastric
fluid.22 The decomposition was studied by the stopped-flow
method and the process was also modelled using ab initio
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molecular dynamics. In these calculations, water molecules
were included explicitly. As it has been shown earlier, when
the solvent plays a dual role, i.e. it is a reactant and solvating
medium, then a proper description of the reacting system
necessitates the use of explicit solvent models.23 These calculations are however computationally very demanding, thus we
limited the number of the simulations and also performed
static quantum mechanical calculations for additional
insights. The combination of experiment and theory provides
not only a plausible mechanistic picture for the disproportion
reaction but valuable feedback to the experimental work as
well. In particular, a new kinetic model has been derived from
the measurements with extended pH range and unfavorable
reactions could be excluded.

Materials and methods
Chemicals
The measurements were carried out using chloride-free
NaOCl solutions which were prepared as described earlier.24,25
According to our earlier observations, the chlorination reactions
are markedly aﬀected by the presence of chloride ion under
acidic conditions. This is due to the formation of Cl2 in an equilibrium process involving HOCl, because chlorine has the tendency to react with amines much faster than HOCl. The experiments include highly acidic conditions (from pH = 1). The ionic
strength was set to 1.0 M using NaClO4 which was prepared by
reacting Na2CO3 and HClO4 (Reanal).26 On the basis of the transition state theory,27 we can conclude that the selected 1.0 M
ionic strength has only very limited eﬀect on the kinetics of the
reaction of two NH3Cl+ ions. The monochloramine solutions
were prepared with analytical grade NH4SO4 (Spektrum 3D). All
stock solutions and samples were prepared with water obtained
from a Milli-Q RG (Millipore) purifying system.
Instrumentation
Iodometric titrations were made with a Metrohm 721 Tinet
Titrino titrating unit equipped with a Metrohm 6.0202.000
platinum combination electrode. The pH of the samples was
measured with a Radiometer PHM 85 Precision PH meter
equipped with a Metrohm 6.0234.000 combination glass electrode. The read out of the pH meter was converted to pH =
−lg[H+] according to the method of Irving et al.28
Spectrophotometric measurements were made with a Lambda
2S UV/VIS (PerkinElmer) spectrophotometer. Fast kinetic
experiments were made with an SX-18MV (Applied
Photophysics) stopped-flow instrument. Rate constants were
obtained by fitting the average of at least three kinetic runs
using a non-linear least squares method (see ESI† for details).
Fast time dependent spectra were constructed from the individual kinetic traces obtained at various wavelengths by using
the dedicated software of the stopped-flow instrument. The
kinetic traces were fitted with the controlling software of the
stopped-flow instrument. Nonlinear least-squares data fitting
was made with the program package OriginPro 2018b.29
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Computational details
For the static calculations, we used the Gaussian09 software
package,30 and the B2PYLP exchange correlation functional
with empirical dispersion corrections including Becke–
Johnson damping (D3BJ).31,32 This functional is of double
hybrid type containing MP2 correlation and is commonly used
as a benchmark for other DFT functionals due to its good
performance.33–37 The 6-311+G(d,p) all-electron basis was used
for every atom.38–40 To account for solvation in the static calculations, the implicit SMD solvent model41 was employed. For
the energy profiles obtained by static calculations the implicit
solvent model was further augmented with explicit solvent
molecules (microsolvation). The structures were always optimized in the solvent cavity. To verify the validity of the minima
and TS structures, vibrational analysis and intrinsic reaction
coordinate (IRC) calculations were performed. The discussions
are based on Gibbs free energy diﬀerences.
The periodic model employed for the molecular dynamics
simulations is shown in Fig. 1. It contains 128 water molecules, two monochloramines (MCAs) and one or two
additional protons. The extra protons were initially placed on
the nitrogen atoms to have protonated monochloramines
(HMCAs) accounting for the MCA + HMCA and HMCA +
HMCA reactions. All the molecules are situated in a cubic box
with an edge length of 15.820 Å in accord with the expected
density of the system. In the calculations the box is replicated
in every direction using periodic boundary conditions. The
simulations were carried out using the Quickstep method as
implemented in the CP2K software.42 We have used the PBE
functional with the D3 dispersion corrections.43 A hybrid
Gaussian-plane wave (GPW) scheme was employed, where the

Fig. 1 A snapshot from the equilibrium geometry of the reactant state
of the MCA + HMCA system in the periodic cubic box. The concentrations are the following: c(H2O) = 53.68 M, c(MCA) = 0.84 M, c(H+) =
0.42 M. Note that an order of magnitude change in the concentrations would change the calculated free energy barriers by only
∼1.4 kcal mol−1.
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valence electrons have been described by the TZVP basis set of
CP2K, whereas the electron densities were expanded over a
plane-wave set with 400 Ry cutoﬀ.44,45 The atomic cores were
described by the GTH pseudopotentials.46–48 NVT ensembles
at 300 K were simulated using the CSVR thermostat.49 The
integration time step was 0.5 fs. Details of the employed free
energy methods50,51 can be found in the ESI.†

Results and discussion
Upon mixing appropriate aliquots of (NH4)2SO4 and HOCl
solutions, monochloramine (NH2Cl) is immediately formed
which is stable for an extended period of time under slightly
alkaline condition, λmax = 243 nm. The titration of this solution with perchloric acid is associated with characteristic spectral changes in the UV region. Two new absorbance bands
appear in the acidic region (below pH 5) at 294 and 220 nm
which are assigned to the formation of NHCl2 and NCl3,
respectively (Fig. 2).52,53 It should be added that the sole
purpose of these experiments was to demonstrate the formation of these species. Dosing the titration solution at
diﬀerent time intervals does not allow to draw conclusions
regarding the kinetics of the related reactions. As the titration
proceeds, the irreversible decomposition of NCl3 becomes
increasingly important and leads to the decay of the characteristic UV band at 220 nm.
Earlier it was proposed that chloramines convert of into
each other in equilibrium processes.54 However, the back-titration of the acidic solution with NaOH does not yield the original amount of NH2Cl indicating that irreversible reactions
also occur in this system (see also ref. 18). Presumably, one of
these processes is the decomposition of NCl3, however other
auto decomposition reactions can also play a role in the slow
decay of the concentration of NH2Cl.19 It was assumed before
that dichloramine may reform monochloramine or react with
excess ammonia.19 However, these reactions are not relevant

Fig. 2 The titration of a monochloramine solution with standardized
HClO4. The spectra were recorded in the pH = 6.94–2.44 range. cMCA =
1.245 × 10−3 M, T = 25.0 °C. The diﬀerent colors correspond to diﬀerent
pH values. Chloramines decompose under acidic conditions and the
spectra do not correspond to equilibrium mixtures.
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the dead-time of the stopped flow method under acidic conditions. Thus, we attribute this eﬀect to the protonation of MCA.
NH2 Cl þ Hþ Ð NH3 Clþ
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Ka ¼

½NH2 Cl½Hþ 
½NH3 Clþ 

ð7Þ

The initial absorbance after the jump, Ai, can be expressed
as follows


½Hþ =Ka
1
Ai ¼ εHMCA
c0
þ εMCA
ð8Þ
1 þ ½Hþ =Ka NH2 Cl
1 þ ½Hþ =Ka

Fig. 3 The conversion of monochloramine into dichloramine under
acidic condition. c0MCA = 1.967 × 10−3 M, [HClO4] = 1.934 × 10−2 M. The
spectra were constructed from individual stopped-ﬂow traces recorded
in 10 nm intervals. The spectra correspond to the following reaction
times in the order of decreasing absorbance at 243 nm and the increasing order of absorbance at 294 nm: 20, 40, 60, 80, 100, 120, 140, 160,
180, 200 s. I = 1.0 M (NaClO4), T = 25.0 °C.

under the conditions applied here. Thus, only the subsequent
slow conversion of DCA into TCA has significance, which proceeds for several hours (Fig. S1 in ESI†). To explore the conversion of various chloramines into each other, kinetic measurements were performed. The time resolved spectra (Fig. 3)
obtained after the acidification of an MCA solution indicates
the rapid formation of DCA. Fig. 3 also features a well-defined
isosbestic point, proving that side reactions do not interfere
with the main process on a timescale of a few minutes.
The kinetics of the formation of DCA from MCA was systematically studied at 250 and 300 nm by the stopped-flow
method. Slightly alkaline solutions of MCA were mixed with
perchloric acid solutions to set diﬀerent pH values for the
reaction.
As shown in Fig. 4, the kinetic traces feature a sudden
initial absorbance drop (ΔA) which is consistent with an extremely fast reaction completed within the mixing regime of the
experiment. It is well known that proton transfer reactions
proceed at a diﬀusion-controlled rate and complete within

Fig. 4 A typical stopped ﬂow trace of the conversion of MCA into DCA
at 250 nm. c0MCA = 1.664 × 10−3 mol dm−3. I = 1.0 M (NaClO4), T =
25.0 °C.
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where εHMCA and εMCA are the molar absorbances of the
protonated and deprotonated forms of MCA, and Ka is the
acid dissociation constant from eqn (7). As shown in Fig. 5,
this equation provides an excellent fit of the experimental
data and the estimated values of the parameters are Ka =
0.023 ± 0.005 M εHMCA = 85.1 ± 10.6 M−1 cm−1; εMCA =
226.2 ± 5.0 M−1 cm−1. Although the formation of the protonated form of MCA was hypothesized earlier19 the corresponding deprotonation constant has not been determined before.
The transformation of MCA into DCA was followed by monitoring either the decay of MCA (250 nm) and the formation of
DCA (300 nm). The reaction is a second order process and
fitting the traces with the appropriate rate expression yields
the pH-dependent pseudo-second order rate constant, kapp. As
shown in Fig. 6, the rate constants obtained at the two wavelengths agree reasonably well and kapp increases with decreasing pH. Such a characteristic pH profile implies that the protonated form of MCA is active in the reaction. In accordance
with the observations, we propose that the reaction proceeds
as given in eqn (9).
NH2 Cl þ NH3 Clþ ¼ NHCl2 þ NH4 þ
v ¼ k½NH2 Cl½NH3 Clþ 

ð9Þ

Theoretically, the reaction between two protonated MCA-s
may also be operative. However, the encounter of two positively
charged particles is not favorable and such a reaction path is
expected to be negligible for all practical purposes. The acid–

Fig. 5 The initial absorbance as a function of pH: experimental
data (dots) and ﬁtted curve (red line) using eqn (4). c0MCA = 1.005 × 10−3
mol dm−3, I = 1.0 M (NaClO4), T = 25.0 °C.
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Table 1 Calculated reaction Gibbs free energies of the possible monochloramine disproportionation routes and intermediate steps

1
2
3
4
5
6
7
8

Fig. 6 The pseudo second order rate constant, kapp, as a function of
pH. Experimental results at 250 nm (red dots) and 300 nm (blue dots)
and the ﬁtted curve using eqn (10). I = 1.0 M (NaClO4), T = 25.0 °C.

base equilibrium between the two forms of MCA is established
at a diﬀusion-controlled rate, thus, eqn (7) should be treated
as a fast preequilibrium of reaction (9). Accordingly, the pH
dependence of kapp is given by eqn (10).
kapp ¼ k

½Hþ =Ka
ð1 þ ½Hþ =Ka Þ2

ð10Þ

The experimental rate constants can be fitted with eqn (10)
reasonably well (Fig. 6), yielding the following estimates
for the fitted parameters: Ka = 0.039 ± 0.003 M, k =
335.4 ± 11.8 M−1 s−1. Earlier, Jafvert and Valentine reported
kh = 2.5 × 107 M−2 h−1 for the third order acid catalyzed
decomposition of MCA.18 By converting our results, we obtain
kh = k/Ka = 3.1 × 107 M−2 h−1. Considering the diﬀerent experimental conditions in the two studies, the corresponding rate
constants are in excellent agreement.
The Ka values obtained from fitting the initial absorbances
and the kinetic data diﬀer somewhat. However, such a diﬀerence is still acceptable by considering the experimental limitations. A thorough statistical analysis of the fitting process
reveals that the extension of these studies to a more acidic pH
range would perhaps provide a better basis for estimating Ka.
However, at pH < 1.0 additional medium eﬀects contribute to
the overall process due to the relatively high acidity even at
constant ionic strength. It is noteworthy, that refitting the data
by fixing Ka at 0.023 M, yields only an about 10% smaller estimate for the rate constant, k = 296.9 ± 13.1 M−1 s−1. In other
words, the experimental studies provide appropriate description of the studied system. Nevertheless, theoretical studies are
expected to oﬀer a more detailed insight into the mechanism
of the decomposition of MCA into DCA. Therefore, we investigated theoretically the mechanism of the reaction in terms of
elementary steps and the associated free energy profiles.
First, we discuss the gas-phase calculations. Here we have
considered eight possible reactions which are collected in
Table 1 along with the calculated ΔGr values. For both the
MCA + HMCA and HMCA + HMCA reactions, the main pro-

This journal is © The Royal Society of Chemistry 2019

Reactant

Product

ΔGr
(kcal mol−1)

NH2Cl + NH3Cl+

ClH2N⋯Cl–NH3+
NH2Cl2+ + NH3
NHCl2 + NH4+
NH2Cl2+ + NH4+
ClH2N⋯Cl–NH3+ + H+
NH2Cl2+ + NH3 + H+
NHCl2 + NH4+ + H+
NH2Cl + NH3Cl+ + H+

+2.6
+19.4
−16.9
+1.9
+1.0
+17.8
−18.6
−1.7

NH3Cl+ + NH3Cl+

ducts are DCA and NH4+ in the thermodynamically favorable
routes (entries 3 and 7). The formation of the ammonium ion
can be identified as the driving force behind the disproportion. Indeed, comparison of the reactions with and without
NH4+ as product clearly supports this observation. There
are also other, thermodynamically accessible states, like the
Cl-bridged one (entries 1 and 5), which is a potential intermediate for DCA formation; or entry 8, which can be a viable
initial step in the HMCA + HMCA reaction to avoid the strong
coulombic repulsion between the two HMCAs. In fact, as we
show later, the calculations could not locate other route for
reaction (8).
Chemical intuition and also our results indicate that the
disproportion involves a Cl-bridged dimer intermediate.
Subsequent intramolecular Cl migration yields a NH2Cl2+ ion.
This state must be short-lived as evidenced by its high formation energy in Table 1 (e.g. entry 2). The system is stabilized
by simultaneous or successive proton transfer to the solvent
and eventually to the nearby NH3 to reach the most favorable
situations displayed in Table 1. To model these steps, we had
to include explicit solvent molecules in the computational
model as temporary proton acceptors or proton shuttles. Such
approaches have been successful in several earlier studies.55–57
We have constructed models with three water molecules in
analogy with models of ref. 55. The calculated free energy profiles are shown in Fig. 7.
The formation of the halogen bond between the monomers
is slightly exergonic. The energy drop compared to the first
entry of Table 1 is most likely due to the water bridge, or
simply the more favorable arrangement of the solvent compared to the reactant state. From this dimer the reaction may
proceed via a transition state at +7.1 kcal mol−1, where the
chlorine accepting nitrogen atom gets deprotonated. Then the
dimer breaks and the proton is transferred to the ammonia to
give the final products. Fig. 7 also shows the reaction between
two HMCAs in accordance with entry 5 in Table 1. The TS here
is diﬀerent because the already protonated water cluster
cannot take a proton away from the dimer like in the MCA +
HMCA reaction. Instead, the HMCA in the dimer gets protonated and simultaneously transfers the Cl+ yielding a dissociated ammonium ion. Then the spontaneous deprotonation
of the transient HDCA ( protonated dichloramine) occurs as
the thermodynamics in Table 1 suggests. The corresponding
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Fig. 7 Energy proﬁle of the disproportionation of MCA. Orange and
blue markers show the MCA + HMCA and HMCA + HMCA pathways,
respectively. The numbers in italics represent the relative Gibbs free
energy values in kcal mol−1. For the molecular models, the following
coloring scheme is used: blue: N, red: O, green: Cl, white: H. For further
details of the proﬁles see the ESI.†

activation barrier of +13.2 kcal mol−1 however, is considerably
higher than the +7.1 kcal mol−1 value calculated for the other
pathway. Clearly the cluster models employed here can provide
valuable insights into the reactivity of MCA, but they suﬀer
from a couple of problems: their limited size and arbitrariness
in the number and arrangements of the solvent molecules.
These drawbacks can be eliminated by extending the model
significantly and sampling the solvation configurations
properly.
We therefore carried the simulations a step further and performed calculations on extended models where the solvent
water is included fully explicitly. To sample the astronomically
large configurational space we performed ab initio molecular
dynamics calculations. In this way we can recover solvent–

Dalton Transactions

solute interactions missing from the cluster-models and also
take into account more accurately the configurational entropy
contributions. We started from a separated MCA − HMCA pair
and calculated the free energy profile of their dimer formation
reaction (Fig. 8a). The reaction coordinate was the distance
between the N atom of the MCA molecule and the Cl atom of
the HMCA ion. The free energy profile has been obtained by
thermodynamic integration as described in the ESI.†
This process is endergonic by 6.9 ± 1.0 kcal mol−1, with a
relatively low activation barrier lying close to the dimer state,
at 9.0 ± 1.0 kcal mol−1. In the minimum at 2.31 Å we see the
dimer cation. We have extensively sampled this peculiar intermediate by four independent NVE simulations which combined represent a 32 ps trajectory. The distribution of the
three N–Cl distances obtained in this way are shown in Fig. 9.
The sharpest peak around 1.77 Å belongs to the covalent N–Cl
bond of the original MCA molecule. The other two peaks are
associated with the linking chlorine atom: the one at 1.92 Å
corresponds to the N–Cl bond of the original HMCA ion,
whereas the wider one corresponds to the weak N–Cl bond
holding the dimer together. This halogen-bond has a less pronounced equilibrium distance around 2.26 Å.
During the simulations we incidentally observed dimer dissociation via proton transfer to nearby water molecules which
resulted in Cl transfer to the MCA moiety of the dimer and the
formation of protonated DCA and NH3. Pursuing this line, we
then sampled the system along the reaction coordinate
describing the proton transfer from the MCA moiety to the
solvent (distance between atom N and the dissociating H). The
free energy profile (Fig. 8b) shows that this process requires an
additional 8.0 kcal mol−1 free energy investment. This implies
that the deprotonation is the rate determining step with
14.9 kcal mol−1 relative to the isolated reactants.58 This magnitude of activation free energy barrier is in full accord with the
experimentally observed reaction times. In fact, using the transition state theory (TST),27 we obtain a theoretical rate constant
of 72.4 s−1 which is in excellent agreement with the calculated
335.3 s−1 taking into account the fact that 1 kcal mol−1 diﬀer-

Fig. 8 Free energy proﬁles of the MCA + HMCA reaction. (a) Shows the dimer formation, while (b) corresponds to the dissociation to DCA and
ammonia by deprotonation. The blue arrows indicate the direction of the reactions. The yellow marker shows the product state on panel (a) which is
in turn the initial state for panel (b). On panel (b) the water molecule accepting the proton is also shown. The shaded areas indicate the 95% conﬁdence of the mean using the standard error. This area is barely visible on panel (b) due to the ﬁner distance sampling.

16718 | Dalton Trans., 2019, 48, 16713–16721

This journal is © The Royal Society of Chemistry 2019

View Article Online

Dalton Transactions

Paper

Open Access Article. Published on 28 October 2019. Downloaded on 1/8/2023 11:58:08 AM.
This article is licensed under a Creative Commons Attribution 3.0 Unported Licence.

from one of the ions. This indicates that in fact the original
MCA + HMCA reaction takes place at distances smaller than
3 Å. However, at variance with the earlier reaction, here a ca.
20 kcal mol−1 free energy investment is necessary to bring the
reactants in suﬃcient proximity to overcome the coulombic
repulsion between the two cations. The high barrier indicates
that the rate of the reaction between two HMCA ions is negligible as compared to that of the MCA + HMCA reaction.

Conclusions
Fig. 9 Distance distributions of the three N–Cl bond types in the dimer
ensemble. The envelope curves are the approximate probability density
functions obtained via kernel density estimation.

ences in the barrier is equivalent to a 5.4-fold change in
the rate. In terms of activation free energy barriers, we
compare the theoretical 14.9 kcal mol−1 with the barrier of
14.1 kcal mol−1 compiled from the experimental rate constant.
The latter comparison also shows that experiment and theory
are in nice accord. The product of this step is an intermediate
DCA⋯NH3 complex with a protonated water molecule nearby.
Further unbiased simulations of a few hundreds of fs then
yield the final DCA + NH4+ state via proton transfers between
solvent water molecules. This could be also seen in the committor analysis when suﬃciently long trajectories also produced the ammonium ion. This behavior is in line with the
expected barrier for proton hopping in water which is in the
range of the accessible thermal fluctuations with the present
methodology.59–61
Next, we turned to the reaction between two HMCAs, and
employed the same methodology. The energy profile of the
N–Cl distance sampling (Fig. 10) however shows that this
process must overcome a considerably larger barrier compared
to the MCA + HMCA case. The system also reaches the
Cl-bonded intermediate (minimum around 2.5 Å), but when
the reactants come into close vicinity a proton transfer occurs

In summary, we have explored the disproportion of monochloramine that takes place below pH = 5. It has been shown
that the conversion of MCA into DCA occurs in a second order
process which includes both the protonated and unprotonated forms. The pH dependence of the pseudo-second-order
rate constant is conveniently interpreted by considering the
acid–base equilibrium of MCA. Theoretical calculations
showed that the only kinetically accessible pathway is the MCA
+ HMCA reaction. The proposed mechanism consists of two
steps; the first is the formation of the ClH2N⋯Cl–NH3+
halogen bonded dimer which is followed by a deprotonation
induced chlorine shift to produce DCA and an ammonium
ion. We found the second step as rate determining with an
activation barrier of 14.9 ± 1.0 kcal mol−1 which is fully in
accord with the reaction times observed experimentally.62 The
mechanistic picture derived from computations is consistent
with the pre-equilibrium kinetic approach, from which the
kapp fitting curves can be derived. Agreement between kinetic
model and experiment can be further improved if both the
deprotonation constant of MCA and the rate constant were
varied. The calculations also revealed the structure of the key
transient complex along the route toward DCA. This loose
dimer is kept together by a weak halogen-bond. We speculate
that appropriate substitution on the MCA counterparts could
lead to an experimentally detectable stabilization of this
complex which lends itself to further kinetics studies. From a
more general methodology perspective it has also been
demonstrated that the present combination of experiment
with computational modelling has been proved to be synergistic and may boost further similar studies where computational
insights can complete and explain the experimental models.
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