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Abstract

Atomic layer deposition (ALD) is a technique for producing conformal layers of

nanometre-scale thickness, used commercially in non-planar electronics and increas-

ingly in other high-tech industries. ALD depends on self-limiting surface chemistry

but the mechanistic reasons for this are not understood in detail. Here we demon-

strate, by first-principle calculations of growth of HfO2 from Hf(N(CH3)2)4/H2O and

HfCl4/H2O and growth of Al2O3 from Al(CH3)3/H2O, that, for all these precursors,

co-adsorption plays an important role in ALD. By this we mean that previously-inert

adsorbed fragments can become reactive once sufficient numbers of molecules adsorb in

their neighbourhood during either precursor pulse. Through the calculated activation

energies, this ’cooperative’ mechanism is shown to have a profound influence on proton

transfer and ligand desorption, which are crucial steps in the ALD cycle. Depletion of

reactive species and increasing coordination cause these reactions to self-limit during

one precursor pulse, but to be re-activated via the cooperative effect in the next pulse.

This explains the self-limiting nature of ALD.

∗To whom correspondence should be addressed
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Introduction

The operation of nanoscale devices can depend on the chemical identity or morphology of

a single layer of atoms in a 2D material or at an interface.1–3 Preparing material interfaces

with such atomic-scale control is a substantial challenge. One step towards this goal would

be understanding the reactivity of surfaces towards particular reagents, and how to turn

reactivity on and off at the level of single atomic layers.

ALD shows great promise in achieving monolayer-by-monolayer materials growth4 and

is already used commercially to fabricate layers of high-permittivity dielectric just a few

nanometres thick in nanoelectronic transistors and memory devices.5 As a type of chemical

vapour deposition (CVD), material is deposited on a surface from gaseous precursor chem-

icals, typically one for each element of a binary compound. However, unlike other forms of

CVD, ALD achieves atomic-level control because the reactions of each precursor gas self-

terminate once the surface is saturated with one monolayer of precursor fragments. The

surface is then inert. Growth resumes when the second precursor re-activates the surface

and eliminates remaining ligands until saturation is again obtained. The sequential exposure

to two precursor gases, separated by purges, completes one ALD cycle.

Despite remarkable achievements in characterising these sub-nanometre thin layers during

exposure6,7 and in situ to the reactor,8 there is still little understanding of the crucial

processes of saturation and re-activation. This is hampering progress in the field. For

instance, it is not clear how to overcome the long incubation delay during ALD on certain

substrates that seem to resist activation.9 Likewise, extending the ALD concept to the

extreme case of 2D materials will require detailed understanding of how surface reactions

self-terminate.

Given the difficulty in experimentally characterising transient reaction intermediates in

sub-monolayer coverage, it is not surprising that density functional theory (DFT) simula-

tions are increasingly being employed to investigate reaction scenarios.10 Many DFT studies

have considered the reactive adsorption of precursor molecules and desorption of protonated
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ligands, which are the major mechanistic steps during the ALD of metal oxides. Initially

for reasons of computational expediency, the typical model has consisted of a single precur-

sor molecule adsorbing onto a surface saturated with complementary fragments of the other

precursor. Clearly, such a model of a single adsorbate is not designed to investigate a full

layer of adsorbates saturating the surface at the end of the precursor pulse. Nevertheless,

differences in reactivity have been observed as the adsorbate reacts and protonated ligands

desorb. The thermodynamic driving force towards saturation can be computed11 and the

saturating species can be identified. For instance, during the Al(CH3)3 pulse of Al2O3 ALD,

it is energetically favourable for protons from surface-OH to combine with CH3 ligands and

eliminate CH4, continuing until the relatively stable intermediate remains with just one

CH3 ligand per Al atom at the surface.12,13 Regardless of the availability of OH groups, the

Al−CH3 fragment resists further ligand loss because of the high surface energy of a bare Al

atom. Likewise during the HfX4 pulse of HfO2 ALD, adsorbed Hf-X is computed to resist

loss of the final ligand (X=N(CH3)2).
14 Terminal OH groups (coordinated by one bond to

the surface) are computed to be the saturating species at the end of the H2O pulse.14

Pakkanen et al.15 used the Hartree-Fock method to model growth of zinc sulfide from

ZnCl2 and H2S. The interaction between different numbers of ZnCl2 adsorbates on the ZnS

surface was considered and it was shown that a bridge or chain structure is energetically

more favorable than a single adsorbate at the surface. The chain model should be favored

at lower temperature, while higher temperature means increased entropy and favors single

chemisorption. The chain model gives rise to activation of HCl desorption since the newly

formed ZnS group combines with the surface and increases the coordination number (c.n.)

of neighbouring groups.

These data thus show that the ligand-covered surface becomes inert regardless of whether

the co-reagent from the previous pulse (e.g. OH) is fully depleted. However it is not yet clear

what reaction processes cause these inert surfaces to become re-activated when exposed to

that co-reagent in the next pulse. Explaining the kinetics of saturation and re-activation is
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the goal of the present work.

In this paper, we add more complexity to the models by including the consequence of

adsorbate-adsorbate interaction on the H-transfer pathway (Fig. 1). Already the earliest

models showed that the energetics of by-product desorption in ALD of ZnS is strongly af-

fected by the existence of neighbouring adsorbates, although quantitative conclusions were

not possible at that time because of limited computer power.15 Here, we show that including

a reasonable selection of larger number of adsorbates modifies the rate of ligand desorp-

tion, as a consequence of a change in the rate of proton transfer. This is demonstrated for

ALD processes of oxides from alkylamide, alkyl, and halide precursors that perform well in

practice. We speculate that the findings are valid for other ALD processes, other chemical

vapour deposition processes and other surface reactions such as those during heterogeneous

catalysis.

Indeed, adsorbate-adsorbate interaction was observed before in heterogeneous catalysis.

To examine the influence of co-adsorbates for ammonia synthesis, Honkala et al.16 used

DFT to determine activation energies while changing the adsorbates in neighbouring sites

on the surface. The resulting activation energies change from 0.49 eV to 1.25 eV according

to their local environment. Recently Miller et al.17 used DFT to describe the influence of co-

adsorbates on the activation energy for O2 dissociation on Pt(111) and found that activation

energies change from 0.24 to 0.76 eV depending on the coverage of O2 at the surface.

However, ALD reactions involve densification. Densification is defined as the increase in

density due to improved metal-oxide packing, associated with an increase in c.n. of metal

and oxygen from their molecular values toward bulk solid values.14,18 Hence, to describe the

change of activation energies in different local environments, the interaction between remain-

ing fragments in the metal pulse is considered in our models before and after densification.
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Results and Discussion

Each metal precursor molecule (or fragment thereof) is surrounded by other adsorbates/fragments

on the surface and we show here that these neighbours have a substantial effect on the ener-

getics along reaction paths of a particular precursor during ALD, and hence on the kinetics,

even though the atoms of the neighbours do not participate directly (either stoichiometri-

cally or catalytically) in these reactions. We term this the "cooperative effect". This is

consistent with our earlier work, where we saw a strong dependence on c.n. in the adsorp-

tion and dissociation of H2O molecules in a cluster of remaining precursor fragments.14 It is

shown that protonation and desorption of remaining ligands is facilitated in the H2O pulse

through co-adsorption of oxygen precursors such as H2O in a cluster of remaining precursor

fragments.

Reaction kinetics of Al(CH
3
)
3
/H

2
O

As seen before,12,13 adsorption of AlX3 (for simplicity X=CH3) occurs at under-coordinated

surface oxygen atoms (Lewis basic sites) possibly bearing H (see SI Fig. 1). In order to

examine the desorption of the first ligand from adsorbed AlX3, we calculated activation

energies for proton transfer from different oxygen atoms at the surface to the carbon of the

ligand (Table 1 reaction 1). The lowest activation energy is Ea = 0.28 eV from the anchor OH

group to the carbon of the ligand. The anchor OH group is threefold coordinated (excluding

H) because of bonding to the Al of adsorbed AlX3. By contrast, the other neighbouring O

are one- or two-coordinated and do not release a proton as easily to the precursor, so that

the calculated activation energies are much higher (e.g. 0.74 eV). Proton transfer to the

methyl group causes the dissociation of methane from the metal precursor. In other words,

proton transfer to C breaks the Al−C bond. This Al simultaneously forms new bonds to

another oxygen at the surface. In the standard model, adsorbate-adsorbate interaction is

not considered.12,13 This dependence of Ea on coordination of O gives a first indication of
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the effect of local environment on proton transfer.

Table 1: Reaction routes for proton transfer, ligand dissociation, and ligand ex-

change with oxygen

label reaction Ea (eV) ∆E (eV)
1 AlX

3
(s) + OH(s)(c · n·−−3 ) −−→ AlX

2
(s) + O(s)(c · n·−−3 ) + HX(g) 0.28 -0.78

2 2 AlX
2
(s) + OH(s)(c · n·−−2 ) −−→ AlX

2
(s) + AlX(s) + O(s)(c · n·−−2 ) + HX(g) 0.34 -1.78

3 AlX
2
(s) + AlX(s) + OH(s)(c · n·−−3 ) −−→ AlX(s) + AlX(s) + O(s)(c · n·−−3 ) + HX(g) 0.26 -0.58

4 AlX(s)(c · n·−−4 ) + OH(s)(c · n·−−3 ) −−→ Al(s)(c · n·−−3 ) + O(s)(c · n·−−3 ) + HX(g) 1.47∗ +1.47
5 3 AlX(s) + H

2
O(s) −−→ 2 AlX(s) + Al(s) + OH(s) + HX(g) 0.52 -1.54

6 3 AlX(s) + 2 H
2
O(s) −−→ 2 AlX(s) + Al(s) + H

2
O(s) + OH(s) + HX(g) 0.00 -1.12

7 2 HfX
2
(s) + OH(s)(c · n·−−3 ) −−→ HfX

2
(s) + Hf(HX)X + O(s)(c · n·−−3 ) 0.64 -0.86

8 2 Hf(HX)(HX)(s) −−→ Hf(HX)(HX)(s) + Hf(HX) + HX(g) 0.18∗ +0.18
9 HfHX(s)(c · n·−−5 ) −−→ Hf(s)(c · n·−−4 ) + HX(g) 1.74∗ +1.74
10 4 HfX(s) + H

2
O(s) −−→ 3 HfX(HfHX)(s) + OH(s) 0.00 -2.24

11 HfHX(s)(c · n·−−7 ) −−→ Hf(s)(c · n·−−6 ) + HX(g) 0.56 -0.14
12 4 HfCl

4
(s) + 4 H

2
O(s) + H

2
O(g) −−→ 3 HfCl

4
(s) + 4 H

2
O(s) + HfCl

3
(s) + OH(s) + HCl(g) 0.00 -1.14

13 3 HfCl
2
(s) + OH(s)(c · n·−−3 ) −−→ 2 HfCl

2
(s) + Hf(HCl)Cl(s) + O(s)(c · n·−−3 ) 0.00

14 2 HfCl
2
(s) + Hf(HCl)Cl(s) −−→ 2 HfCl

2
(s) + HfCl(s) + HCl(g) 0.13 -1.23

∆E is energy difference and Ea is activation energy. X=CH
3

and N(CH
3
)
2

for Al and Hf respectively.
∗ In these cases, Ea has been set equal to ∆E for dissociation, as no minimum was detected on the

dissociation channel and as NEB calculations of Ea were subject to DFT errors at large distances.

Next, a single AlX2 was considered at the surface. We attempted to transfer the proton

of a low coordinated OH group to the carbon, but no such minimum could be found and

the transferred proton returned spontaneously to the oxygen. Hence, the second desorption

of HX does not occur in this situation. By contrast, desorption of HX from AlX2 was

observed in calculations by Elliott and Greer,12 but that model used higher OH coverage

and thus higher-coordinated OH. In order to check the effect of cooperation between the

remaining fragments on the second HX desorption, we considered two clusters. First, we

assume that 2AlX2 are adsorbed in close proximity and find that the activation energy

for proton transfer from three-coordinated oxygen to carbon is 0.34 eV (Table 1 reaction

2). Second, the fragments AlX2 and AlX are considered beside each other (Fig. 1a). The

activation energy for proton transfer from the densified OH to C of AlX2 is 0.26 eV due to

coordination of this OH to AlX in its neighbourhood (Table 1 reaction 3). The densified

OH group is three-coordinated again (excluding H). Desorption of the last X from AlX is

an endothermic reaction in which Ea = 1.47 eV is required as activation energy (Table 1

reaction 4), regardless of the coordination of OH.

We see therefore that adsorption of AlX3 makes the surface OH more acidic at the
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0.26

0.74 0.64

0.88

a b

Figure 1: The presence of a remaining fragment (pink atoms) in the neighbourhood of the
ligand creates a highly facilitative environment for proton transfer from the surface oxygen
to the ligand. The second fragment (pink atoms) does not participate directly in proton
transfer but does increase the c.n. of the central surface oxygen. Hence, the proton of the
OH group becomes more acidic and the activation energy for proton transfer (given in eV)
decreases significantly. (a) Growth of Al2O3 from Al(CH3)3/H2O, (b) Growth of HfO2 from
Hf(N(CH3)2)4/H2O (red = O, blue = N, white = H, large gray = Al or Hf, and small gray
= C).

adsorption site only, which is an example of the cooperative effect. Hence, proton transfers to

the ligands, with consequent ligand desorption, are facilitated indirectly through additional

incoming metal precursors. After first desorption of HX, space is freed up for the smaller

remaining fragments AlX2 and AlX to coordinate to multiple surface O and OH and the rate

of transfer of H from these sites to the ligands increases significantly (Fig. 1a). Therefore,

the rate of ligand desorption also increases significantly for the second HX. Desorption of

the last HX from AlX is computed to be relatively difficult, regardless of the acidity of OH,

which makes it a less probable reaction at low temperature. Hence, it is most likely that the

reactions terminate at an AlX covered surface. In this circumstance, the surface is depleted

of low coordinated oxygen and fully saturated by the low coordinated metal precursors.

Therefore, the surface becomes unreactive to further incoming metal precursors.

We now investigate the H2O pulse. As mentioned above, the most probable surface species

at low temperature at the end of the AlX3 pulse would be AlX. However, we find that a

single AlX cannot dissociate the incoming H2O molecule during the water pulse (similar to
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the alkylamide14). This is also reported for the different starting surface by Delabie et al.19

This seems to be because there are not enough Lewis acid and base sites to dissociate the

incoming H2O molecule. Instead, a surface cluster of 3AlX in close proximity is considered.

To examine the influence of cooperation between the incoming H2O molecules and remaining

precursor in the cluster, one and two H2O molecules are added to the cluster and then the

activation energy for proton transfer from the incoming H2O molecule to the carbon of the

remaining ligands is calculated (see SI Fig. 2).

For the first incoming H2O molecule in the H2O pulse, Ea = 0.52 eV is required for its

dissociation as it adsorbs (Table 1 reaction 5). Transfer of the proton to the methyl group of

Al−CH3 causes dissociation immediately as methane. The arrival of a second H2O molecule

makes the proton transfer barrierless (Table 1 reaction 6). These H2O adsorption and CH4

desorption processes are found to be exothermic. Similar but less striking results are seen

for H2O dissociation onto a cluster of 2AlX.

We conclude that creation of such a cluster of fragments (e.g. 3 AlX) is a required step

for dissociative adsorption of H2O with consequent methane desorption at low temperature.

The existence of remaining precursor fragments seems to make the surface oxygen near the

cluster more Brønsted acidic than similar oxygen near a single AlX. In this situation, at

the start of the H2O pulse, the surface is depleted of protons and so the incoming H2O is

the source of protons for basic surface oxygen. Hence, the incoming H2O molecule can be

easily adsorbed and dissociated (Ea = 0.52 eV) in the cluster. With arrival of one more

H2O molecules the proton transfer barrier decreases even further (Ea = 0.0), indicating

that cooperation also takes place between H2O molecules in the H2O pulse. This agrees

with the experimental observation that ALD of Al2O3 from AlX3/H2O is possible at low

temperatures.7 At saturation, the surface is left with aluminum and oxygen atoms with c.n.

similar to that in the bulk, which are therefore unreactive to incoming H2O molecules. The

surface is also terminated with low-coordinated OH groups at the end of the H2O pulse,

which are inert to the incoming H2O molecules. The reactivity of OH group is to make
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chemical bond with the metal of incoming precursor in the next pulse.

Reaction kinetics of Hf(N(CH
3
)
2
)
4
/H

2
O

ALD reactions for the case of alkylamide are different from the case of alkyl. As shown

before,14 desorption of HX (here X=N(CH3)2) from HfX4 does not occur through single

proton transfer since protonated amines can remain bound to the Hf centre. Once multiple

proton transfer from the surface oxygen to the nitrogen of alkylamines occurs, desorption of

HX commences. Due to steric repulsion between alkylamide groups, no cooperation between

the precursor fragments is observed in the initial adsorbed state before densification.20

In order to examine the cooperation between the remaining (densified) precursors, we

considered two neighbouring HfX2 fragments (see Fig. 1b and SI Fig. 3) and compared

activation energies for proton transfer and HX desorption with those for a single HfX2. The

activation energy for proton transfer from the OH group bridging two HfX2 fragments is

0.64 eV (Table 1 reaction 7). The previously reported value14 for a single HfX2 was Ea =

0.88 eV. Using the computed Ea in the Arrhenius equation at 500 K, we see that the rate

of proton transfer from the surface oxygen atoms to the nitrogen of the ligands is 3 orders

of magnitude greater due to the presence of the other precursor fragment (Fig. 1b).14 This

also has the effect of increasing the probability of protonation of the remaining ligands. The

protonation of alkylamides is an exothermic reaction.14 Due to protonation of all ligands

and repulsion between the remaining fragments, the activation energy for dissociation of HX

from 2 Hf(HX)(HX) is decreased from 0.30 eV (previous reported value)14 to 0.18 eV (Table

1 reaction 8). This reflects a weakening of Hf−N bonding when the ligands are protonated

(the average Hf−N distance changes from 2.0 to 2.4 Å).

To summarize the behaviour of the alkylamide precursor during the metal pulse: the

more the remaining precursor fragments densify to surface oxygen, the faster proton transfer

to the remaining precursors occurs. This is because forming more bonds between precursor

fragments and surface OH makes the OH proton more acidic.14 Therefore, the surface oxygen
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atoms near a cluster of fragments release protons that diffuse to the remaining ligands (Fig.

1b). In addition to increasing the rate of proton transfer through densification, repulsion

between the remaining ligands facilitates the desorption of protonated ligands. Therefore,

as in the Al(CH3)3 case, both proton transfer and ligand desorption are facilitated through

densification of oxygen to metal.

As seen before,14,20 surface-bound HfX is the most energetically and statistically probable

species after the Hf pulse, regardless of the availability of protons. The last desorption of HX

from a single HfX is endothermic with an activation energy of 1.74 eV (Table 1 reaction 9).

At the end of the metal pulse therefore, the surface becomes saturated with ligands and inert

to further adsorption of metal precursor, similar to the Al2O3 case above, but is chemically

activated to the H2O molecule, which is discussed next.

To examine the cooperation between the remaining ligands to dissociate an incoming

H2O molecule in the H2O pulse, we considered 4HfX as a typical example of the remaining

ligands from the metal pulse (Fig. 2 and SI Fig. 4). The first H2O molecule arriving into

the cluster is easily dissociated by proton transfer to the neighbouring basic atoms (nitrogen

here) and this dissociation is barrierless (Table 1 reaction 10). The surface oxygen atoms

involved in the 4HfX cluster are stronger Brønsted basic active sites than those near a single

HfX and the nitrogen atoms of ligands in the cluster are stronger Brønsted basic active sites

than those of a single HfX. Hence, the incoming H2O molecule is readily adsorbed and

dissociated (i.e. dissociative adsorption of H2O) (Fig. 2).

Through the introduction of more H2O molecules into the cluster, Hf of the remaining

precursor fragment obtains a higher c.n from the oxygen of the incoming H2O molecules.

This results in the exothermic desorption of HX with a lower activation energy (0.56 eV)

(Table 1 reaction 11). Adsorption of H2O thus reactivates the surface towards elimination

of ligands. Hence, the remaining alkylamines are replaced with OH groups and the surface

is left with a bulk-like coordination of hafnium (c.n. = 6-8) and oxygen (c.n. = 3-4) atoms,

along with low coordinated OH, at the end of the H2O pulse.20 We conclude that the surface

10
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Figure 2: Dissociative adsorption of the incoming H2O molecule in the cluster of 4 HfX (pink
atoms). In this situation, the H2O molecule is coordinatively saturated. Hence, the adsorbed
H2O molecule is readily dissociated by Brønsted basic sites (Ea = 0.0 eV).

has become re-activated to the incoming metal precursor of the next pulse in the ALD cycle.

Reaction kinetics of HfCl
4
/H

2
O

One of the most commercially important ALD processes is the deposition of HfO2 from

HfCl4 and H2O. So far, the overall computed ALD reactions from halide precursors have

been reported in the literature to be endothermic.21 In other words, no intrinsic driving force

for the steps of the growth reaction has been discovered yet. As reported before, adsorption of

the hafnium chloride precursor is energetically favorable and a dative chemical bond between

the hafnium of the adsorbing HfCl4 precursor and a surface oxygen atom is created. It was

shown that the adsorption energy depends on water coverage. As water coverage increases,

the metal precursor interacts with multiple surface adsorption sites.

Our calculations for a dense, smooth layer of surface oxygen show that after adsorption

of HfCl4 the surface protons do not diffuse to the chloride of adsorbed precursor, because

there are large barriers (Ea ≥ 1.0 eV). Therefore, we suppose that the intact HfCl4 molecule

can be the energetically favorable surface species at the end of the metal precursor pulse.

Once the surface is covered by a monolayer of halide precursors, creation of chemical bonds
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between the surface oxygen and the metal of the precursor is stopped.

However, we observe in simulation that the presence of other HfCl4 allows further adsorp-

tion of HfCl4 through the creation of Hf−Cl−Hf bridges, so that chains of HfCl4 are made

at the surface. This agrees with the Zn−Cl−Zn chains computed by Pakkanen et al. at the

Hartree-Fock level.15 This suggests that multiple mono-layers of adsorbate are formed that

are physically and chemically bonded to each other and to the surface (see SI Fig. 5). In

this situation, we expect that the number of layers depends on the ALD temperature: since

adsorbates are physisorbed at the top layers, increasing temperature should cause them to

desorb. Hence, a lower growth rate can be expected at high temperature,22 while at low

temperature growth may not be self-limiting.

We therefore investigate whether ligand elimination can take place in the H2O pulse.

In order to examine the effect of cooperation between the incoming H2O molecules on des-

orption of remaining ligands from HfCl4 clusters, we considered 4 HfCl4 beside each other

and considered adsorption and optimization of H2O molecules one by one. Initially, a chain

of HfCl4 at the surface linked by bridging chloride is observed with Hf c.n. ranging from

4 to 6. At the beginning, no evidence of H2O dissociation or HCl desorption is observed

since Ea is still high. However, with the arrival of more H2O molecules into the cluster the

activation energy drops, until with sufficient H2O (e.g. here 5H2O molecules), spontaneous

proton transfer to the chloride is observed (Fig. 3). Adsorption of a H2O molecule becomes

exothermic for the fifth adsorption (-1.14 eV, Table 1 reaction 12). Thus, with the start of

the H2O pulse, dissociation of HCl commences. The transferred protons in HCl come directly

from the incoming H2O molecules and not from surface OH. After the first HCl desorption,

the remaining halide precursor HfCl3 is not densified into the surface.

As mentioned above, several layers of adsorbate are expected during the metal pulse at

low temperature . In low temperature ALD therefore, the by-product HCl may be buried

in the growing layers and this may cause chlorine contamination and/or etching in the

films.22 The physisorbed layers of HfCl4 are probably thinner at high temperature than at low
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0.0

1.0

Figure 3: Due to adsorption of multiple H2O molecules (pink atoms) into the cluster of
remaining HfClx fragments, the activation energy for proton transfer (given in eV) decreases
significantly. (red = O, green = Cl, white = H, large gray = Hf).

temperature. Hence, the by-product HCl can be more easily desorbed at high temperature

and less contamination is observed.22

In order to check this cooperative effect, a cluster of 3HfCl2 is considered (see SI Fig. 6).

Bridging oxygen either from the oxygen precursor or from the surface allows the Hf of the

metal precursor to obtain higher c.n.. In this cluster, because the densified oxygen is fully

coordinated (c.n. = 3) to Hf, it readily donates its proton. Hence proton transfer to the

chloride is barrierless (Table 1 reaction 13). The activation energy for a third HCl desorption

is also very low, at 0.13 eV (Table 1 reaction 14).

Dissociation of HCl from the remaining chloride fragments (e.g. HfCl2) is only possible

once the hafnium becomes fully coordinated (5 or 6 coordinated). At the same time, the

surface oxygen or the incoming oxygen precursor should also be fully coordinated in order to

release protons for transfer to the remaining chloride. These two conditions are not frequently

fulfilled during the HfCl4 pulse, and so adsorbates like HfCl4 and HfCl3 predominate as the

saturated surface at the end of the HfCl4 pulse. Including the cooperative effect between

adsorbates, the calculated activation energies are lower than in the simple model and the

reactions during the H2O pulse are now found to be exothermic. The surface OH are seen to
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become more acidic and the remaining ligands (Cl) more basic due to the cooperative effect.

In such circumstances, the rate of proton transfer from coordinatively saturated OH groups

to chloride increases. Hence, the remaining chlorides are replaced with OH groups and the

surface is left with bulk-like hafnium and oxygen atoms, as well as OH-termination at the

end of the H2O pulse. The low coordinated OH groups re-activate the surface towards the

metal precursor of the next pulse.

Conclusion

We now draw some general conclusions. During the metal pulse (right hand side of Fig. 4),

Lewis acidic precursor MXn adsorbs onto a basic terminal OH group. Formation of the new

M−O bond makes O less basic, but makes H at the anchor site more acidic. Neighbouring

MX fragments and fresh MX fragments reduce the activation energy for H-transfer (the co-

operative effect). Hence, the rate of proton transfer from the surface oxygen to the remaining

ligands increases significantly and causes desorption of the ligands. Loss of ligands allows

precursor fragments to densify into the surface, further increasing the mutual coordination

of metal and oxygen. Adsorption and elimination reactions continue until all O has become

fully coordinated to M, retains no more H and is inert with respect to further adsorption

of metal precursor. This explains the self-limiting chemistry of ALD. In the bulk, M and

O c.n. are exactly balanced (when adjusted for stoichiometry), but at the surface there is

now an excess of M, which remains relatively under-coordinated (Lewis acidic) and therefore

retains ligands (lower side of Fig. 4). The ligand-covered surface is thus a consequence of

the saturation of O coordination.

This surface is exposed to H2O during the O pulse (left hand side of Fig. 4), where H2O

functions as a Lewis base. Co-adsorptions of H2O in a cluster of the remaining precursor

fragments increases the c.n. of the metal atoms and facilitates dissociation of H2O. Therefore,

further protonation and desorption of the ligands can occur.

14
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In other words, the net effect is transfer of basicity from O of adsorbing H2O to X of

desorbing HX, and quenching of the acidity of surface M as its c.n. increases. Eventually,

when coordination of M approaches bulk values, no further chemisorption of H2O can take

place and the surface is saturated (self-limiting ALD). At this point, excess O is present as

low-coordinated terminal OH, and is therefore Lewis basic, ready for the next cycle (upper

side of Fig. 4).

The presence of minor ligands (e.g. AlX) (upper side of Fig. 4) should be observed, once

the creation of a cluster of precursor fragments is not fulfilled. Uneliminated ligands such

as these may be a source of impurities in the film. In addition, we predict that isolated

adsorbate fragments (e.g. single AlX not in a cluster) should be inert towards elimination

during the H2O pulse (upper side of Fig. 4) and thus should be detected experimentally.

The cooperative effect is the crucial feature that facilitates ligand desorption and accounts

for the reaction kinetics in the ALD process.

In summary, our first-principle calculations of activation energies in different local en-

vironments on metal oxide surfaces show the central role played by coordination number.

By computing complex surface models including co-adsorption precursors, we find that the

reaction pathways have lower activation energy than previously reported. In some cases,

these are the first reaction pathways computed to be viable at process temperatures. Under-

coordinated oxygen is reactive towards adsorption of Lewis acidic metal precursors (e.g.

Al(CH3)3, Hf(N(CH3)2)4), which in turn through the cooperative effect make hydroxyl groups

more Brønsted acidic. A complementary set of reactions is observed when a ligand-covered

surface is exposed to H2O, with co-adsorption activating both H2O towards dissociation and

ligands towards protonation and desorption. These findings give clear pointers for how to

control the acidity/basicity of oxide surfaces, e.g. for heterogeneous catalysis. They also

show how saturation of coordination number can explain the self-limiting nature of ALD,

from which the unique advantages of this technique are derived.
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Methods

To model the growth reactions of metal oxides from Al(CH3)3 (TMA), Hf(N(CH3)2)4 (TDMAHf),

HfCl4 and H2O, self-consistent DFT23 was used as implemented in the Vienna ab initio sim-

ulation package (VASP).24 The technical parameters used for the Al2O3
12 and HfO2

14 ALD

systems can be found in the respective references. We calculated activation energies (Ea)

between two minima on the potential energy hypersurface using the nudged elastic band

approach25,26 implemented in VASP. In this paper, all simulations of reactions in the metal

pulse are carried out on a smooth surface of fully saturated surface oxygen. We speculate

that reaction energetics and kinetics are also valid for a rough surface, if the coordination of

the atoms is known.

The statistical distribution of fragments of TDMAHf precursors at the surface at the start

of the O pulse is obtained from the stochastic parallel particle kinetic simulator (SPPARKS)

code,27,28 in which we have implemented ALD surface reactions as a new feature using kinetic

Monte-Carlo (KMC).20 As we have not implemented the Al(CH3)3 and HfCl4 chemistries

into the KMC yet, we assume that they exhibit roughly the same statistical distribution as

TDMAHf in terms of number of remaining fragments at the end of the metal pulse.
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