
States of the matter 

macroscopic properties 

Chemistry – processes at the microscopic level 
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State of the matter determined by the measure of ordering 
and interactions between (micro)particles [molecules] 

condensed states 



Phase – a space where the intensive properties are the same 

gas: phase boundaries (just 
those imposed by the walls of 
a confining vessel )  gases 
always fully miscible  
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phase boundaries 

condensed states 

coloids, glasses, plastics: 
physical properties are 

not uniquely defined 

physical properties are 
(usually) well defined 

molar volume Ne 

gas:    22400 cm3/mol 

liquid:  16.8 cm3/mol 

solid:           13.9 cm3/mol 
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Energetic aspects of the changes  in macroscopic systems 
Thermodynamics 

thermodynamic 
system  surroundings walls 

- open : transfer both of matter and of energy allowed 

- closed : transfer of energy (heat, work) allowed, but not of matter 

- isolated : transfer of matter and energy prevented 

- adiabatic : closed, heat transfer not allowed 
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Quantities characterizing the thermodynamic system 

Measurable properties:       intensive and extensive quantities 

pressure (p), volume (V)        composition, mass density, .... 
 temperature (T)  

state variables: if their values are known,  
                           the system is in a defined  state  

Thermodynamic equilibrium:  properties of the system are 
time independent (and no energy or matter exchange with 
surroundings) 

Stationary state:  properties are time independent, 
but there is a constant energy and/or matter current between 
the system and the surrounding. 



gases – basic observable physical properties 
volume (V) 
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pressure (p)    temperature (T)    

Ideal gas – intermolecular interactions are neglected 

Equation of State 
molar 

fraction 
universal 

gas constant 

T=const.  pV=const. 
Boyle-Mariott law 
isothermal process 

p=const  V/T=const 
Gay-Lussac law 
isobaric  process 

V=const  p/T=const 
Charles law 

izochoric process R=8.3144621(75) JK −1 mol−1 
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Energy (loosely) – an ability to perform a work 

kinetic  
(Σimivi

2/2) 
potential energy – due to the position of 
an object in a force field 
(coulombic, gravitational, ...).  

+ 
Thermodynamic system: internal energy (U);  

change: ΔU=Ufinal-Uinitial 

work (w) heat (q) 

mechanical, 
electric, 

... 

Energy transfer forms 

 due to the different 
temperature 

between the system 
and surrounding 

ΔU=q+w 

first law 
of thermodynamics  

convention:  done on the system  w > 0;   done by w < 0 
absorbed q > 0;   evolvedq < 0                       (J.mol-1, kJ.mol-1 )   
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„thermal” and „chemical“ energy 

molecules in a chaotic movement 
 kinetic energy 

(microskopically) different 

total kin. energy: 
„thermal“ 

distribution temperature 

Energy of chemical bonds 

Maxwell-Boltzmann 
distribution 
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temperature – property related to energy flow direction 

thermal equilibrium diathermic boundary 
heat transfer allowed 

A 
T1 

B 
T2>T1 

A 
T3>T1 

B 
T3<T2 

Heat flow 

Zeroth law of 
thermodynamics 

A B 

C 

equilibrium 

If  A is in thermal equilibrium 
with B and B is in thermal 
equilibrium with C, then C is 
in thermal equilibrium with A 
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What is special with thermal energy? 

mechanical electric 

thermal 

Second law of thermodynamics (Kelvin):  
It is impossible to construct a machine operating in cycles that will convert 
heat into work without producing any other changes (Max Planck). 

other (not thermal)  

Full convertibility partial convertibility 
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What is the enthalpy about? 

N2(g) +3H2(g)   2NH3(g)  

at constant pressure: ΔU=q-pΔV    

Chemical changes  often Change of volume 

Work done 

heat absorbed: q =ΔU+pΔV= ΔH    
Enthalpy 

change Enthalpy:   H=U+pV 

H, U, state functions – depend only on the 
current equilibrium state, not on the path by 
which the system arrived at its present state  

ΔH(AB) 
= – ΔH(BA) 
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Termochemistry: the thermal changes in reactions 

exothermic ΔH < 0 

Standard enthalpy changes:   Δ H0 [given T,   
                pure (1 mol), pressure  1 bar (105 Pa)] 

chemical (physical) processes (p=const.) 

Enthalpies physical changes: vaporisation     Δvap H0 

                                                                            fusion                Δfus H0 

                                                   sublimation      Δsub H0 

endothermic ΔH > 0 

Enthalpies of  chemical changes    (vide infra) 
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spontaneous changes 

- natural processes  that proceed only in a single direction 

coins – all „heads“  in 
one direction T=200 K 

T=300 K 

T=250 K 

T=250 K 

Reverse spontaneous change not possible 

direction of the 
spontaneous 
process is not 
governed  by 
the energetic 

change  

Entropy 
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macrostates ways probability microstates 

0 heads 1 1/16 PPPP 

1 head 4 4/16 = 1/4 HPPP  PHPP 
PPHP PPPH 

2 heads 6 6/16 = 3/8 
HHPP HPHP 
HPPH PHHP 
PPHH PHPH 

3 heads 4 4/16 = 1/4 HHHP HPHH 
HHPH PHHH 

4 heads 1 1/16 HHHH 

Macro- and microstates: 4 coins 
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From coins to molecules: Entropy – measure of possibilities  

microstates and energy levels separation due to the motion type 

E≈n2/L total 

energy 
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Entropy – the measure of possibilities  

more possibilities  
favoured 
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Spontaneous process: gas expansion 

49.999: 
50.001 
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Spontaneous process: thermal current 

T1 
>T2 



Chemical change: how far, how fast? 

Chemical change occurs when the atoms that make up one or more 
substances rearrange themselves in such a way that new substances are 
formed. These substances are the components of the chemical reaction 

system; those components which decrease in quantity are called 
reactants, while those that increase are products. 

reactants → products 
balanced net chemical equation 

What is the mechanism of the reaction? 

A reaction that is thermodynamically possible but for which no reasonably 
rapid mechanism is available is said to be kinetically limited. Conversely, 
one that occurs rapidly but only to a small extent is thermodynamically 

limited. 
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Chemical kinetics: reaction rate 

a1A1 + a2A2 + ... akAk  =   b1B1 + b2B2 + ... blBl  

Rate: (normed) change of the molar fraction of any compound:     

dxAj 

dt 

1 

aj 

dxBm 

dt 

1 

bm 

dxBn 

dt 

1 

bn 
=  = = – 

unit: mol .L-1s-1 

dxAi 

dt 

1 

ai 
vr = – 

constant volume (V=const.) 

dcAj 

dt 

1 

aj 

dcBm 

dt 

1 

bm 

dcBn 

dt 

1 

bn 
=  = = – 

dcAi 

dt 

1 

ai 
vr = – 

dcBi 

dt 
vBi =  bivr =  

Rate of  product Bi formation 
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Chemical kinetics: dependencies 

On the concentration  (Guldberg-Waage 1867 – law of active mass 
action):    v = k.[A1]a1 .[A2]a2 … [Ak]ak      (not absolutely valid) 

a1A1 + a2A2 + ... akAk  =  b1B1 + b2B2 + ... blBl  

On temperature (T) 
 (S. Arrhenius 1889)  A. equation 

k = A . e 
-Ea/RT 

constant               active colisions 

transition complex 

Er 

Ep 

reactants 
products 

Reaction coordinate 

Ea=Eak-Er 

Eak 

activation energy           
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Chemical kinetics: what is a transition state) ? 

Difficult experimental investigation, often not even possible 

Er 

Ep Reaction coordinate 

B 
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Chemical kinetics: catalysis 

k = A . e -Ea/RT 

Transition state orig 

Er 

Ep 

reactants 

products 

Reaction coordinate 

Ea 

Eak 
1/T 

Ea1 

Ea2 

Ea2 >Ea1 

k 

Ea 

T=const. 

speedup 

decreasing Ea 

+ a catalyst 

Ea(cat) 
Transition state with a catalyst 

+ catalyst 
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Chemical kinetics: catalysis 
t. state orig 

Er 

Ep 

reactants 

products 

Reaction coordinate 

Ea 

Eak 

t. s. 1 
t. s. 2 

t. s. 3 

+ catalyst +  catalyst 

homogeneous heterogeneous 

contact 

W,Pt, Pd, ... 
surfaces 

acido-basic (H3O+) 
enzymatic 

vo viacerých stupňoch 
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transition state (complex) Ea 

A+B ... 

C+D ... 

Er 

Ep 

reactants 
products 

chemical reaction 

ΔEar ΔEap 

A+B  C+D 

reaction coordinate 

C+D  A+B 

ΔEpr 

v→ = k→.cA.cB 

rate constant 

Guldberg-Waage 1867 – 
law of active mass action: 

rate (speed) of the reaction 
is proportional  to the 

product of concentra-tions 
of the components v← = k←.cC.cD 

Chemical equilibrium 

k→.cA.cB = k←.cC.cD 

v→=v← A+B        C+D 

Kc=        =               
k → 
k ← cA.cB 

cC.cD 

Equilibrium 
constant 
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Chemical equilibrium 

Generally: 

p=(n/V)RT=c. RT 

in real systems 
activities 

alternatives 
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Chemical equilibrium 
Homogeneous – all components               

            – the same phase  

gas – condensed phase 

Heterogeneous – components  
                     - in different phases 

activity – a constant,  
                 include into K 

C(s)+CO2(g)        2CO(g) 

Kc  = cCO 
(cCO)2 

2 

2KNO3 (l)        2KNO2 (l) + O2 (g) 

Kc  = cO 2 Kp  = pO 2 

Kp  = pCO 
(pCO)2 

2 

Activity of the excessive solvent 
can be included in K (e.g. H2O) 

melt, molten system: 
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Chemical kinetics: order, molecularity 
a1A1 + a2A2 + ... akAk  →  b1B1 + b2B2 + ... blBl  

Molecularity: number of particles involved in an elementary step 
 – from reaction mechanism [uni- (mono-), bi-, tri- ]  
                    consecutive reactions in several steps 

Reaction order:  [n=∑ i  ai ]       empirically from kinetic measurements 
(n=1 – 1st; n=2 – 2nd; n=3 3rd order; … 
Zeroth order  (rate of B formation does not depend on conc. of A) 
more complex – non-integer order 

2NO+O2  =  2NO2 measurement: vNO2 = k.[NO]2[O2]   (3rd order ) 

2NO  =  N2O2 N2O2  + O2 =  2NO2 

1st step: fast 
bimolecular                     

2nd  step: slow  
bimolecular  [N2O2] = K[NO]2
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Chemical reaction: absorb/release of heat 

A+B  C+D           Δ→ H0        298 standard reaction heat 

C+D  A+B         Δ ← H0        298 

=

         Δ→ H0        298 

–

A.L. Lavoisier, P.S. Laplace, 1780:  1st termochemical law 

The energy change accompanying any transformation is equal 
and opposite to energy change accompanying the reverse 

process 
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Chemical reaction: absorb/release of heat 

A+B  F F  C+D 

          Δ1 H0        298           Δ2 H0        298 

+ =

        Δ→ H0        298 

2nd law of termochemistry (G. H. Hess, 1840) 

The energy change accompanying any transformation is 
the same whether the process occurs in one step or many. 

C(s)+O2(g)  CO2(g) 

Δ H0       =-393.7 kJ/mol  298 

C(s)+1/2O2(g)  CO(g) CO(g)+1/2O2(g)  CO2(g) 

Δ H0       =-110.1 kJ/mol  298 Δ H0       =-283.6 kJ/mol  298 

A+BC+D 
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Chemical equilibrium:  control 
The Equilibrium Law: (H. F. Le Chatelier & K. F. Braun, 1884-9) 

If a chemical system at equilibrium experiences a change in concentration, 
temperature, volume, or partial pressure, then the equilibrium shifts to 

counteract the imposed change and a new equilibrium is established. 

N2(g) + 3H2 (g)             2NH3 (g) Kc  = [N2] [H2]3 

[NH3]2 

Kp  = (pN2) (pH2)3 
(pNH3)2 

increasing pNH3  

increasing pH2 and/or pN2 

4 moles  2 moles  

Increasing pressure 
A+B       C+D 
ΔH > 0   increasing T  

ΔH < 0   increasing T  
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Why the equilibrium constant depends on T ?  

H2 = 2H.                             ΔH>0 

H2:2H   1:0                   2:1                  1:1                  9:11 
ΔG = ΔH - TΔS Change of Gibbs energy (free enthalpy) 

Spontaneous if  ΔG is decreasing!  ΔG = 0  equilibrium 
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Exotermic reaction, ΔS > 0 

Exotermic reaction, ΔS < 0 

C(s) + O2(g) → CO2(g) 

ΔH° = –393 kJ 
ΔS° = +2.9 J K–1 

3 H2(g)+ N2(g) → 2 NH3(g) 

ΔH° = –46.2 kJ 
ΔS° = –389 J K–1 
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Endotermic reaction, ΔS > 0 

Endotermic reaction, ΔS < 0 

N2O4(g) → 2 NO2(g) 

ΔH° = 55.3 kJ 
ΔS° = +176 J K–1 

½ N2(g) + O2(g) → NO2(g) 

ΔH° = 33.2 kJ 
ΔS° = –249 J K–1 


