 Chapter 6 Thermochemistry
6.1 The Nature of Energy

6.1.1 Energy: The capacity to do work (w) or to produce heat (q) (Units: J, cal.) 
6.1.2 Work: Work (w) is energy in transition. Energy transfer by any mechanism that involves mechanical motion of or across the system boundary is called work. 

The quantity of work (W) done on an object by acting a force F, is given by the following equation:



dW = F d L ,










where F is the component of force (N) acting along the line of the displacement d L (m).

Work has a unit of N.m or J (1 N.m = 1 J).

There are various types of work, including expansion/contraction work etc. This type of work accompanies a change in volume and is often encountered in thermodynamics. For example, the compression or expansion of a fluid in a cylinder results from the movement of a piston. The force acts on the piston is related to the pressure of the fluid (F=PA); the displacement dL is related to the change in volume (dL = d (Vt/A))



dW = - F dL = - PA d (Vt/A) = -P dVt



    

When integrated,

W = -(V2V1 PdVt 







The minus signs in these equations are made necessary by accounting for the directions of force and displacement. When the applied force and its displacement are in the same direction (contraction), the work is positive (doing work to the system). Otherwise, the work is negative (doing work to the surroundings)





6.1.3. Work and Energy are closely related. As stated before, work is a form of energy in transition, and does not stored in the object. Energy can be stored in an object. Work and Energy have the same unit, J, in the SI system and lbf.ft in the English system.
Energy can be classed as two categories: the one that can be stored in the object, such as kinetic, potential and internal energy, and the one that can not be stored and is transferred through its boundary, such as work and heat. Energy transferred by the temperature difference between the system and surroundings is heat.

a.) Kinetic Energy is the Energy due to the motion of the object and depends on the mass of the object m and its velocity v.   KE =(1/2)mv2, units: J.

b.) Potential Energy is related to the gravity force (mg, where m is the mass and g is the acceleration of gravity) and the altitude (height: h) of the object and is the energy due to position and composition. PE = mgh, units: J
c.) Internal Energy: refers to energy of molecules internal to the substance: molecular motion, rotation and vibration, is the sum of the kinetic and potential energies of all molecules in the system. But it doe not include the potential and kinetic energies that are the results of macroscopic position and movement. Change in internal energy ∆E (J).
6.1.4. Heat: Heat (q) involves the transfer of energy between two objects due to a temperature difference. Heat is transferred from a hot object to a cold object. Heat can be transferred through conduction, convection and radiation.

The driving force for energy transfer as heat is the temperature difference. When energy in the form of heat is added to an object, it is stored not as heat but as internal energy (kinetic and potential energy of atoms and molecules making up the object).

6.1.5. Chemical Energy is the energy involved in chemical reactions.
Exothermic reaction: a reaction results in the evolution of heat (or release of heat) = heat out of the system.

Endothermic reaction: a reaction that adsorbs energy from the surroundings=heat flows to the system

6.1.6 First Law of Thermodynamics= Law of Conservation of Energy
Although energy assumes many forms, the total energy is constant, and when energy disappears in one form it appears simultaneously in other forms.
The first law applies to both the system and surroundings, but not the system alone. That is:



∆ (energy of the system) + ∆ (energy of surroundings) =0

For a closed system, there is no matter exchanged between the system and surroundings



∆ (energy of surroundings) = ±q  ±  w

The choice of the sign is related to the direction of transport. If work (w) is done on the system and heat (q) is added to the system, the sign should be negative for surroundings (otherwise, the sign should be positive), that is:



∆ (energy of surroundings) = -q  - w

For a closed system, the change in system energy is: 


∆ (energy of the system) = ∆(KE) + ∆(PE) + ∆E=∆E, as ∆(KE) = ∆(PE)=0
Consequently, we have the following equation:



∆E = q + w
Where ∆E is the change in the system’s internal energy, q and w represents heat and work, respectively.

Example 6.1-6.2 (p250-251) Internal energy and PV work
Example 6.3 (p252)  Internal energy, work and heat

6.2 Enthalpy and Calorimetry
Enthalpy    H = E + PV

Enthalpy is a state function, depending on the initial and final state only but not the path. 

The change in enthalpy is equal to the sum of the change in internal energy and the change in PV.




∆H = ∆E + ∆ (PV)
For constant  pressure process




∆E = qp -p∆V

Thus, 



∆H = qp -p∆V + p∆V = qp
For a chemical reaction, the change in enthalpy is given by the equation,




∆H = Hproducts – Hreactants

Example 6.4 (p254) Enthalpy
Calorimeter: The device used experimentally to determine the heat associated with a chemical reaction.

Calorimetry: the science of measuring heat and is based on observation of the temperature change when a body absorbs or discharges energy as heat.

Heat Capacity = Heat absorbed/increase in temperature (J/oC.g,  J/k.g or J/k.mol)

Constant-pressure calorimetry: used to determine the changes in enthalpy (heats of reactions) for reactions occurring in solution. ∆H= qP
Example, 50 mL 1.0M HCl at 25oC + 50 mL 1.0 M NaOH at 25oC in a constant calorimeter. The end temperature of the mixed solution is 31.9oC. Find theenthalpy change of this reaction ∆H (KJ/mol).




H+(aq)  + OH-(aq) = H2O (l)

Energy released by the reaction = Energy absorbed by the solution

                                                    = specific heat capacity x mass of solution x increase in

                                                       temperature

                                                    = s x m x ∆T

                                                    = 4.18 J/ oC.g x 100 g x (31.9-25)oC = 2.9 x 103 J

Mole of H+ or OH- involved in reaction = (50/1000)x 1.0= 5.0 x10-2 mole

Enthalpy of the reaction = -2.9 x 103 J/5.0 x10-2 mole= 58 kJ/MOL (since heat is evolved, a negative sign is put here)
Example 6.5 (p257-258) Constant-Pressure Calorimetry

Constant-volume calorimetry: w= -p∆V=0. Therefore, ∆E= q + w =qv
Example 6.6 (259-262) Constant-volume calorimetry

6.3 Hess’s Law
Since enthalpy is a state function, the change in enthalpy (∆H) from some initial state to some final state is independent of the pathway.

That means that in going from a particular set of reactants to a particular set of products, the change in enthalpy (∆H) is the same whether the reaction takes place in one step or a series of step------ Hess’s Law.

Example: One step reaction: N2 (g)   + 2 O2 (g) ---( 2 NO2 (g )     ∆H= 68 kJ

Two steps reaction:
Eq.1 
N2 (g)   +  O2 (g) ---( 2 NO (g )        ∆H1 = 180kJ

   



Eq.2
2 NO (g ) + O2 (g) --( 2 NO2 (g )      ∆H2 = -112 kJ   
_____________________________________________________________________ 

Net reaction= Eq. 1 + Eq.2 
N2 (g)   + 2 O2 (g) ---( 2 NO2 (g ) 







∆H= ∆H1 + 
∆H2 = 68 kJ     
Characteristics of  ∆H:
1.) If a reaction is reversed, the sign of ∆H is also reversed.

2.) The magnitude of ∆H is directly proportional to the quantities of reactants and products in the reactions. If the co-efficients in a balanced equation are multiplied by an integer, the value of ∆H is multiplied by the same integer.

Examples 6.7-6.8 (p262-264) Hess’s law I and II
6.4 Standard Enthalpies of Formation

Standard enthalpy of formation (∆Hfo) of a compound is defined as the change in enthalpy that accompanies the formation of one mole of a compound from its elements with all substances in their standard states:
Standard states: 
For gas: 1 atm




For solid or liquid: Pure substance in solid or liquid




For solution: 1 M concentration.




For element: 1 atm and 25oC.



∆Hreactiono = ∑nP ∆Hfo(products) - ∑nr ∆Hfo(reactants)

where np and nr are the coefficients of the products and reactants, respectively.

Examples 6.9-6.11 (p268-271) Reaction enthalpy change (∆Hreactiono) from ∆Hfo
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