
ThermochemistryPRIVATE 

Objectives: Thermochemistry, chemical energy, 1.law of thermodynamics, enthalpy, 

and constant pressure calorimetry

First we have to define system and surroundings:

A system is the part of the world (e.g. a chemical reaction), we want to study. All the 

rest of the world which is not our system, we call surroundings.

Our system contains energy (capacity to do work), the internal energy.

e.g. our system under study could be 50.0 g H2O at 50 oC and 1 atm.

Forms of energy:

potential energy EP, thermal energy, kinetic energy, radiant energy, chemical energy

We can have different types of systems, depending what borders it has to the 

surroundings:
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Chemical energy
every chemical reaction involves energy.

An exothermic reaction is for example

CH4 + 2 O2 ( CO2 + 2 H2O + energy    1 Product: energy, exothermic

N2 + O2 + energy ( 2 NO      1 Reactant: energy, endothermic

The two examples can be shown in an energy diagram:
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In the figure it must be ΔE, not only E (problem of the graphic system)

The sign of energy changes in a reaction, ΔE, is defined from the point of view of the 

system. 

If the system gives off, i.e. loses energy, then ΔE = Ef - Ei < 0 in an exothermic 

reaction:

If the system takes up, i.e. gains energy, then ΔE = Ef - Ei > 0 in an endothermic 

reaction:
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In the 2 last pictures it must be ΔE and NOT E alone
Here: reaction = system, surrounding = all the rest of the world

1. law of thermodynamics: any change of inner energy is the sum of work w (any 

kind of work) and heat q:
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Change in inner energy = heat exchange + work done

Inner energy is a state function

A state function has always the same value for the same state, no matter how the 

system reached the state.

If you are on the top of a mountain, you have potential energy in the earth's 

gravitational field which depends only on your weight and on the height of the 

mountain top.

No matter if you get up there the easy way, around the mountain only slowly climbing 

or the difficult way of directly climbing on the mountain top you have the same 

potential energy, because potential energy is a state function, depending only on your 

weight and on the height where you are.

Since E is a state function, its change is just ΔE = Efinal - Einitial and the same, no matter 

which way the system goes from the initial to the final state.

What is ΔE if 5.0 kJ of work is done on (by) the system and 6.0 kJ is absorbed 

(released) by the system?

1. If work is done on the system, w = +5.0 kJ, because work is done on the system 

and thus the system gains energy.

If heat is absorbed by the system, the system gains energy from this heat and thus q 

= +6.0 kJ.

Both is always measured from the point of view of the system:

ΔE = q + w = (5.0 + 6.0) kJ = 11.0 kJ 

2. If work is done by the system, w = -5.0 kJ, because work is done by the system 

and thus the system loses energy.

If heat is released by the system, the system loses energy from this heat and thus q 

= -6.0 kJ.

Both is always measured from the point of view of the system:

ΔE = q + w = (-5.0 - 6.0) kJ = -11.0 kJ

If our system is a gas, work can be done on it by compression or it can do work by 

expansion:
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The volume change can be measured by the change Δx, where x is measured from the 

bottom of the container (x=0) to the piston surface.

Work is the force against which a change Δx is performed: w = -FΔx

The minus sign is because x and F are directed oppositely.

In compression work is done on the gas, it gains energy and thus w > 0

Δx =xfinal - xinitial < 0, because the piston is lower after compression.

thus w > 0 in compression if w = -FΔx, because Δx < 0.

Pressure is defined as P = F/A, A being the area of the piston and thus F = PA

Further the change in volume is ΔV = AΔx; Δx = ΔV/A and thus

w = -FΔx = - (PA)(ΔV/A) = -PΔV; ΔV = Vfinal - Vinitial
Final equation for pressure-volume work on a gas: w = -PΔV

Example:

What is the work associated with the expansion of a gas from 48.0 L to 72.0 L at a 

constant external pressure of 7.00 atm (1 L atm = 101.3 J)?

w = -PΔV = - 7.00 atm x (72.0 - 48.0) L = -168 L atm = -17.0 kJ

heat
q = m s ΔT        s: specific heat, for H2O, s = 4.18 J/(g oC)

C = m s: heat capacity

Example: 1 mol of H2O is heated from 22.0 oC to 92.0 oC. What was the heat 

involved?   1 mol = (16.00 + 2.02) g = 18.0 g

q = m s ΔT = 18.0 g x 4.18 J/(g oC) x (92.0 - 22.0) oC = 5.27 kJ

q > o, thus the energy for heating must be given to the system as heat.


Enthalpy and Calorimetry
ΔE = qP - PΔV  (qP heat at constant pressure, -PΔV work by volume change at 

constant pressure)

qP, the heat at constant pressure, is equal to the change in enthalpy, ΔH:

qP = ΔH = ΔE + PΔV, the enthalpy itself, H = E + PV is thus also a state function, 

because E, P, and V are state functions and state variables.

For chemical reactions: ΔH = Hproducts - Hreactants

Constant Pressure Calorimetry
50.0 mL of 1.0 M HCl are mixed with 50.0 mL of 1.0 M NaOH at 25 oC. The tem​pe-​

rat​ure of the mixed solution rises to 31.9 oC. What is qrxn, the molar heat of reaction 

at constant pressure?

The reaction: H+ + OH- ( H2O, and when H+ reacts with OH- the heat of reaction is 

given to the water. Thus the heat absorbed by the water, qwater, is the negative of the 

heat of reaction, which is lost by the system (the reaction).

Limiting reactant calculation not needed, because we have 0.05 mol H+ and 0.05 mol 

OH-, so all ions can be neutralized. The reaction is performed in a heat isolated 

styrofoam cup (see next page)

qrxn = -qwater = -m x s x ΔT = -100 g x 4.18 J/(g oC) x (31.9 - 25.0) oC

We have 100 mL solution and assume that the density of the solution is the same as 

that of water, d = 1.00 g/mL. Also for the specific heat, s, we assume that the 

solution has the same as pure water. Thus

qrxn = -2.88 kJ

nH+ = nOH- = nH2O = 1.0 M x 0.05 L = 0.05 mol

Thus 0.05 mol H+ corresponds to -2.88 kJ and thus
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Objectives: Constant volume calorimetry, Hess' law, standard enthalpies of formation

1.922 g CH3OH are combusted with excess oxygen in a bomb calorimeter (constant 

volume calorimeter).

See transperancy from book for this.

Heat and work, q and w, are no statefunctions, because e.g. the heat depends on how 

we go to our final state, by constant pressure or by constant volume. 

The mass of water in the calorimeter was mH2O = 2000 g and the calorimeter's heat 

capacity (without the water), C = 2.02 kJ/oC. Due to the combustion, the temperature 

of the whole apparatus rose from 19.84 oC to 24.04 oC. 

Calculate the molar heat of combustion of methanol CH3OH.

Combustion reaction: CH3OH yields 1 CO2 (from the 1 carbon) and 2 H2O (from 4 H 

and O) when combusted with excess O2. 1 oxygen coming from CH3OH, 3 from O2:

CH3OH + 3/2 O2 ( CO2 + 2 H2O     ΔE

The heat involved we just write after the reaction equation.

It is positive, when the reaction is endothermic (system = reaction gains energy) and 

negative, when the reaction is exothermic (system = reaction loses energy)

ΔE in kJ is the heat per 1 mol CH3OH reacting with 3/2 mol O2, producing 1 mol CO2 

and 2 mol H2O (as the reaction is written).

heat, qP, measured under constant P is equal to ΔH = qP
Here we measure the heat, qV, under constant V, which is equal to ΔE = qV
The heat of reaction, qrxn, is the negative of the heat which is given off by the system 

(reaction) and absorbed by the apparatus to heat it:

qrxn = - [ mH2O s ΔT + C ΔT ] 

= -[ 2000 g x 4.18 J/(g oC) + 2020 J/oC ] (24.04 - 19.84) o C

= -43600 J = -43.6 kJ (3 significant figures in ΔT)

this heat is due to the reaction of 1.922 g CH3OH (MM = 32.04 g/mol)

qrxn = -22.7 kJ/(g CH3OH)
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Thus the change in inner energy is ΔE = -727 kJ for the reaction of 1 mol CH3OH with 

3/2 mol O2, producing 1 mol CO2 and 2 mol H2O.

What is the heat at constant pressure, qP = ΔH, for the reaction

2 B(s) + 3 H2(g) ( B2H6(g)   ΔH = ?

given the heats at constant pressure for the following reactions:

(1) 2 B(s) + 3/2 O2(g) ( B2O3(s)    ΔH1 = -1273 kJ

(2) B2H6(g) + 3 O2(g) ( B2O3(s) + 3 H2O(g)    ΔH2 = -2035 kJ

(3) H2(g) + 1/2 O2(g) ( H2O(l)    ΔH3 = -286 kJ

(4) H2O(l) ( H2O(g)    ΔH4 = 44 kJ

Step 1: add and subtract, also multiplied by factors, the equations (1) to (4) such that 

you obtain the equation under consideration.

Subtracting an equation means to reverse it.

The heat of a reversed reaction is the negative of the original one, and if you multiply 

an equation by a number, the heat must be multiplied by the same number in step 2:

Step 2: combine the heats ΔH1 to ΔH4 in the same way as you had to combine the 

equations (1) to (4) to obtain ΔH.

This is actually Hess's law.

Step 1:
In the final equation we need 2 boron and 3 hydrogen on the left and diborane on the 

right.

(1) yields 2 B(s) on the left as needed, and if we subtract (2) (add the reversed

equation (2)) we get diborane, being left in (2) and thus right in [-(2)], on the right:  

(1) - (2):

2 B(s) + 3/2 O2(g) + B2O3(s) + 3 H2O(g) ( B2O3(s) + B2H6(g) + 3 O2(g)

From (1) - (2) we can now cancel the boron oxide, B2O3, from both sides and subtract 

3/2 O2(g) to get the final form of (1) - (2):

2 B(s) + 3 H2O(g) ( B2H6(g) + 3/2 O2(g)

water and oxygen should not be in the final equation. We can now add 3 x (3) which 

gives 3 H2O(l) on the right and 3/2 O2 on the left. Also it gives 3 H2(g) on the left 

what we need: (1) - (2) + 3 x (3):

2 B(s) + 3 H2(g) + 3/2 O2(g) + 3 H2O(g) ( B2H6(g) + 3/2 O2(g) + 3 H2O(l)

Now we can cancel the 3/2 O2(g):

2 B(s) + 3 H2(g) + 3 H2O(g) ( B2H6(g) + 3 H2O(l)

But now we have 3 gaseous water on the left and 3 liquid water on the right.

When we add 3 x (4), we get

2 B(s) + 3 H2(g) + 3 H2O(g) + 3 H2O(l) ( B2H6(g) + 3 H2O(l) + 3 H2O(g)

Now we have the 3 water in both phases on both sides and can cancel all water:

2 B(s) + 3 H2(g) ( B2H6(g)

This is the final equation we need to find its heat.

Step 2: 

We had to combine (1) - (2) + 3 x (3) + 3 x (4) to get the final reaction equation 

we wanted. 

Thus the 4 heats from the 4 equations we must combine in the same way to get the 

heat, ΔH, of our final reaction:

ΔH = ΔH1 - ΔH2 + 3 ΔH3 + 3 ΔH4 = (-1273 + 2035 - 3 x 286 + 3 x 44) kJ

   = 36 kJ (per 2 mol B(s) and 3 mol H2(g) reacting and per 1 mol diborane produced) 

Other problem: When we have the heat at constant pressure, qP = ΔH, given for a 

reaction, how can we obtain the heat at constant volume, qV = ΔE?

Since H = E + PV and ΔH = ΔE + PΔV at P = const., we have ΔE = ΔH - PΔV

To get ΔE, we need to know P (must be given) and ΔV: ΔV = Vproducts - Vreactants
The volume changes because of liquid or solid reactants or products we neglect, and 

we assume that for gaseous reactants and products the ideal gas equation holds: 

V = nRT/P, and thus

ΔV = Δngases RT/P = [ ngases(products) - ngases(reactants) ] RT/P

ΔE = ΔH - PΔV = ΔH - P Δngases RT/P = ΔH - Δngases RT

If we have for example: 

4 Fe(s) + 3 O2(g) ( 2 Fe2O3 (s)    ΔH = -1652 kJ (at 25 oC)

The solid reactant and the solid product we neglect. Thus in one reaction step we have 

3 mol of gaseous reactant (oxygen) and 0 mol of gaseous product, so:

Δngases = [ ngases(products) - ngases(reactants) ] = (0 - 3) mol = -3 mol

and finally

ΔE = ΔH - Δngases RT

= -1652 kJ - (-3 mol) x 8.314 J/(K mol) x 298 K = -1645 kJ per 4 mol Fe and 3 mol 

O2 and 2 mol Fe2O3
note: ΔE = ΔH, only if there are no gases involved or if Δngases = 0, which means that 

we have the same number of gaseous reactants as gaseous products.

If in the above example not 4 mol of Fe is combusted, but an amount of p mol Fe, 

what is the heat involved?

Our heat given is -1652 kJ/(4 mol Fe) = -413 kJ/(mol Fe)

Thus when p mol are combusted, the heat is -413 x p kJ

and if q g Fe are combusted?

We divide the -413 kJ/(mol Fe) by the atomic weight, molar mass, of Fe:
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and thus the heat when q g iron are combusted is -7.39 x q kJ.

If it is about g or mol Fe2O3, then the factor 2 mol from the equation is involved:

-1652 kJ/(2 mol Fe2O3) = -826 kJ/(mol Fe2O3)

and in the second case, when g Fe2O3 produced are given, then -826 kJ/(mol Fe2O3) 

must be divided by the molar mass of Fe2O3. Likewise if amounts of O2 are given.

Standard enthalpy of formation: ΔfHo 

The o stands for standard state, which means here (not STP!!) P = 1 atm, T = 25 oC, 

and if in solution then all molarities must be 1 M in the standard state.

ΔfHo of a compound is the heat at constant pressure that is released or absorbed, when 

exactly 1 mol of the compound is formed from the elements in the compound in their 

most stable form in the standard state (for carbon that must be grafite and not 

diamond):

1/2 O2(g) +  H2(g) ( H2O(l)   qop = ΔfHo[H2O(l)]

different value for

1/2 O2(g) +  H2(g) ( H2O(g)   qop = ΔfHo[H2O(g)]

From the definition follows: ΔfHo of an element in its most stable form in the 

standard state is equal to 0.

Examples: ΔfHo[O2(g)] = ΔfHo[N2(g)] = ΔfHo[H2(g)] = 0

ΔfHo[He(g)] = ΔfHo[C(grafite)] = 0

In a reaction we can calculate the heat of reaction, ΔHorxn, in the standard state from 

the standard heats of formation of all reactants and products:
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5
where R denotes the reactants, P the products, and n the stoichiometric coefficients 

in the reaction equation, written as mol

Example: calculate the standard heat of reaction for

4 NH3(g) + 7 O2(g) ( 4 NO2(g) + 6 H2O(l)  

given ΔfHo[NH3(g)] = -46.1 kJ/mol, ΔfHo[NO2(g)] = +33.2 kJ/mol, 

and ΔfHo[H2O(l)] = -258.8 kJ/mol. O2(g) is an element in its most stable form so its 

heat of formation is equal to 0.

ΔHo = 4 mol ΔfHo[NO2(g)] + 6 mol ΔfHo[H2O(l)] - 4 mol ΔfHo[NH3(g)]

= [ 4 x 33.2 - 6 x 285.8 - 4 x (-46.1) ] kJ = -1397.6 kJ (per 4 mol NH3,  7 mol O2, 

4 mol NO2, and 6 mol H2O)

Compare the energies released in the combustion of 1.00 g CH3OH and 1.00 g C8H18
given the standard heats of formations for CO2(g), -393.5 kJ/mol, H2O(l), -285.8 

kJ/mol, CH3OH(l), -238.7 kJ/mol, and C8H18(l), -269 kJ/mol.

Combustion:

2 CH3OH(l) + 3 O2(g) ( 2 CO2(g) + 4H2O(l) (2 O already in 2 CH3OH)

2 C8H18(l) + 25 O2(g) ( 16 CO2(g) + 18 H2O(l)

To get ΔHo per g, we have to divide the value per 2 mol reactant we obtain from 

standard heats of formation by double the molar mass of methanol, 2 x 32 g = 64 g, 

in the first case and by double the molar mass of octane, 2 x 114.2 g = 228.4 g in the

second case. The heat of formation for O2(g) is equal to 0.

Methanol:

ΔHo = {2molΔfHo[CO2(g)]+ 4 mol ΔfHo[H2O(l)] - 2 mol ΔfHo[CH3OH(l)]}/[2 MM(CH3OH)]

= [ 2 x (-393.5) + 4 x (-285.8) - 2 x (-238.7) ] kJ/(64 g)

= -22.7 kJ/g

Octane:

ΔHo = {16 mol ΔfHo[CO2(g)] + 18 mol ΔfHo[H2O(l)] - 2 mol ΔfHo[C8H18(l)]}/[2 MM(C8H8)]

= [ 16 x (-393.5) + 18 x (-285.8) - 2 x (-269) ] kJ/(228.4 g)

= -47.7 kJ/g

Objectives: Hess's law, examples, repetitions

In the same way as last lecture, the reaction

(1) N2 + 2 O2 ( 2 NO2   ΔH1 = 68 kJ

can also be performed as a two-step process:

(2) N2 + O2 ( 2 NO   ΔH2 = 180 kJ

(3) 2 NO + O2 ( 2NO2   ΔH3 = -112 kJ

When we add (2) + (3) then 2 NO cancels out and we get back reaction (1)

Hess's law follows from the fact that unlike the heat in general or work are no state 

functions and depend on the way a state is reached, the heat at constant pressure, the 

enthalpy, is a state function and does not depend on the way.

Thus for the enthalpy it does not matter if we reach at the same 2 NO2 molecules in 

the one-step or in the two-step way and thus

ΔH1 = ΔH2 + ΔH3 = (180 - 112) kJ = 68 kJ

Because for the equations, we get (1) just by (2) + (3), the same must be done for the 

enthalpies.

Hess's law

The change in enthalpy does not depend on the pathway, i.e. it is the same whether 

the reaction takes place in one or in several steps.

Basic rule for use: All that you must do with the reaction equations to get the final 

one, do the same with the enthalpies.
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In the last picture it must be ΔH with an index at it, NOT H-s alone 

And at the lowest level it must be N2 + 2 O2
Calculate ΔHo = ΔfHo[CH4(g)] of the reaction

(0) C(grafite) + 2 H2(g) ( CH4(g)

Calculation would be good, because for this reaction qP is difficult to measure.

But for combustion reactions qP is easy to obtain experimentally:

(1) C(grafite) + O2(g) ( CO2(g)   ΔHo1 = -392.5 kJ

(2) 2 H2(g) + O2(g) ( 2 H2O(l)   ΔHo2 = 2 x ΔfHo[H2O(l)] = -571.6 kJ

(3) CH4(g) + 2 O2(g) ( CO2(g) + 2 H2O(l)   ΔHo3 = -889.4 kJ

To get (0), we need C(grafite) and 2 H2(g) on the left. The two on the left we get 

from (1) + (2) and -(3) gives us CH4(g) on the right.

(1) + (2) - (3):

C(grafite) + 2 H2(g) + 2 O2(g) + CO2(g) + 2 H2O(l)

( CO2(g) + 2 H2O(l) + CH4(g) + 2 O2(g)  

2 O2(g) + CO2(g) + 2 H2O(l) are now both on the left and on the right and we can 

cancel them, giving

(0) C(grafite) + 2 H2(g) ( CH4(g)

Thus we see that (1) + (2) - (3) = (0)

To get ΔHo, we must do with the enthalpies the same what we needed to do with the 

equations:

ΔHo = ΔHo1 + ΔHo2 - ΔHo3
= (-392.5 - 571.6 - (-889.4)) kJ = -74.7 kJ

Sections 6.5 and 6.6, "Sources of Energy", old and new are reading assignments!

Standard state in thermodynamics is 25 oC, 1 atm, and all solutions 1 M

STP: 0 oC, 1 atm (for gases)

If you have a reaction a A + b B ( c C + d D, the reaction heat in the standard 

state, ΔHo, can be calculated from standard heats of formation of reactants and 

products:

ΔHo = c mol ΔfHo(C) + d mol ΔfHo(D) - a mol ΔfHo(A) - b mol ΔfHo(B)

standard heat of formation: ΔfHo(X) is the heat involved, when 1 mol of compound X 

is formed from its elements in their most stable state at standard conditions.

ΔfHo(element in its most stable state at standard conditions) = 0

2 C(grafite) + 2 O2(g) ( 2 CO2(g) 

heat of reaction is not the heat of formation of CO2, because not 1 mol

(it is double the standard heat of formation of CO2)

C(C60) + O2(g) ( CO2(g)

heat of reaction is not the heat of formation of CO2, because C60 is not the most 

stable form of C.

C(diamond) + O2(g) ( CO2(g)

heat of reaction is not the heat of formation of CO2, because diamond is not the most

stable form of C.

C(grafite) + O2(g) ( CO2(g)

heat of reaction is the heat of formation of CO2, because grafite is the most stable

form of C.

Heat of formation of NH3 is the heat of reaction of

1/2 N2(g) + 3/2 H2(g) ( NH3(g)

not of
N2(g) + 3 H2(g) ( 2 NH3(g)

Source of H2:

CH4(g) + H2O(g) ( 3 H2(g) + CO(g)   ΔH = ?

heats of formation: CH4(g): -75 kJ/mol, H2O(g): -242 kJ/mol, 

CO(g): -111 kJ/mol, H2(g): 0

ΔH = [-111 -(-242) - (-75)] kJ = 206 kJ

Thus the reaction is very endothermic and H2 production difficult.

However, the heat of combustion of H2(g) is about 3 times the heat of combustion of 

gasoline per g

Given 80.0 L of gasoline, density d = 0.740 g/mL; how much H2(l) and V[H2(g)] at 

1 atm and 25 oC would give the same energy as the gasoline when combusted?

mass of gasoline:
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H2: 3 times as much energy per g than gasoline, thus the mass of H2 that yields the 

same energy is mH2 = 59200/3 g = 19700 g H2 gives the same energy as 59200 g 

gasoline.

Density of H2(l): d[H2(l)] = 0.071 g/mL

volume of H2(l) that gives the same energy as 80.0 L gasoline:

V[H2(l)] = 19700 g/0.0710 g/mL = 2.77 x 105 mL = 277 L

volume of gaseous H2(g):
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nH2 = 19700 g (1 mol/2.02 g) = 9.75 x 103 mol
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3
Thus 238000 L of gaseous H2(g) would give the same energy as 80 L gasoline.

This amount could be stored in form of interstitial hydrides, where some metals can 

absorb huge amounts of H2 as interstitial hydride (H2 in vacant spaces in the lattice of 

the metal atoms): H2(g) + M(s) ( MH2(s)

Given:

(1) P4(s) + 6 Cl2(g) ( 4 PCl3(g)   ΔH1 = -1225.6 kJ

(2) P4(s) + 5 O2(g) ( P4O10(s)    ΔH2 = -2967.3 kJ

(3) PCl3(g) + Cl2(g) ( PCl5(g)    ΔH3 = -82.2 kJ

(4) PCl3(g) + 1/2 O2(g) ( Cl3PO(g)   ΔH4 = -285.7 kJ

Calculate ΔH for the reaction

(0) P4O10(s) + 6 PCl5 ( 10 Cl3PO(g)

We need P4O10(s) and 6 PCl5 on the left and 10 Cl3PO(g) on the right, thus a good trial 

point would be -(2) - 6 x (3) + 10 x (4):

P4O10(s) + 6 PCl5(g) + 10 PCl3(g) + 5 O2(g)

( P4(s) + 5 O2(g) + 6 PCl3(g) + 6 Cl2(g) + 10 Cl3PO(g)

The 5 O2(g) and 6 of the PCl3(g) can be cancelled now:

P4O10(s) + 6 PCl5(g) + 4 PCl3(g) ( P4(s) + 6 Cl2(g) + 10 Cl3PO(g)

Now we can form (1) - (2) - 6 x (3) + 10 x (4) to cancel the P4(s) and the 4 PCl3(g):

P4(s) + 6 Cl2(g) + P4O10(s) + 6 PCl5(g) + 4 PCl3(g) 

( P4(s) + 6 Cl2(g) + 10 Cl3PO(g) + 4 PCl3(g)

Now we have P4(s) + 6 Cl2(g) + 4 PCl3(g) on both sides and can cancel all of 

them:

P4O10(s) + 6 PCl5(g) ( 10 Cl3PO(g)

This is exactly reaction (0) we wanted to treat, and thus the enthalpy of reaction is

ΔH = ΔH1 - ΔH2 - 6 x ΔH3 + 10 x ΔH4
= [-1225.6 - (-2967.3) - 6 x (-84.2) + 10 x (-285.7)] kJ

= -510.1 kJ

Given

(1) H2(g) + 1/2 O2(g) ( H2O(l)    ΔH1 = -285.8 kJ

(2) N2O5(g) + H2O(l) ( 2 HNO3(l)    ΔH2 = -76.6 kJ

(3) 1/2 N2(g) + 3/2 O2(g) + 1/2 H2(g) ( HNO3(l)     ΔH3 = -174.1 kJ

Calculate ΔH for the reaction

(0) 2 N2(g) + 5 O2(g) ( 2 N2O5(g)

We need N2O5(g) on the right and we have to cancel H2O(l), thus - 2 x (1) - 2 x (2) is 

a good starting point:

2 H2O(l) + 4 HNO3(l) ( 2 H2(g) + O2(g) + 2 N2O5(g) + 2 H2O(l)

Now we can cancel the 2 water on both sides:

4 HNO3(l) ( 2 H2(g) + O2(g) + 2 N2O5(g)

To get rid of the 4 HNO3(l) we add 4 x (3) to this:

4 HNO3(l) + 2 N2(g) + 6 O2(g) + 2 H2(g) 

( 4 HNO3(l) + 2 H2(g) + O2(g) + 2 N2O5(g)

Now we can cancel 4 HNO3(l) + 2 H2(g) and 1 O2(g):

2 N2(g) + 5 O2(g) ( 2 N2O5(g)

Thus (0) = -2 x (1) - 2 x (2) + 4 x (3)

and with the enthalpies we have to do the same:

ΔH = -2 x ΔH1 - 2 x ΔH2 + 4 x ΔH3
= [-2 x (-285.8) - 2 x (-76.6) + 4 x (-174.1)] kJ

= 28.4 kJ 

_1203771565

_1203771567

_1203771568

_1203771569

_1203771566

_1203771562

_1203771563

_1203771561

