
Chemistry I
Quantum Theory Lecture Notes
I. Electromagnetic radiation

A. Introduction

   - form of energy. Characteristic property is that it moves through a vacuum at the speed of:


 c =  3.00 x 108 meters/second

  Exhibits wave properties:

 1. wavelength ()  - distance from crest to crest
[ is the Greek letter lambda]

 2. frequency ()  - number of wavelengths that pass through a point in a given time; usually per second



[is the Greek letter nu
 3. amplitude - intensity of the wave

 4. c = (wavelength)(frequency)     c = 
Types of electromagnetic radiation (EM)


Make sure units are known:  1 Angstrom = 10-10 m  =  10-8 cm;
1 nanometer = 10-9 m

B. Packaging of energy -  QUANTUM THEORY
  Max Planck - atomic physicist - work done around the time of the discovery of the neutron

   -work done with radiant energy emitted by matter

    the energy change (E) associated with radiant energy is found to be a quantity that is directly

    proportional to the amount  - called “quantum”

   He calculated this proportionality constant to be:    6.626 x 10-34 J. sec  =   h  =  Planck's constant

    measure of the energy radiated =>  E  =  h ,  2 h,  3 h,  etc.

   Remember that we can relate  to wavelength, so this equation can also be written E  =  hc /  

C.  Photoelectric effect
        Work done by Einstein.  Any type of electromagnetic radiation hitting the surface of a metal may excite the electrons causing them to be emitted.

   - need a minimum energy for these electrons to be emitted.

   - these packets of light are called photons.
 Ephoton  =  h
   - note: intensity of light does not matter - only energy level.

   
- if more than the minimum amount of energy is added, the electron becomes highly excited


   ie.  once it has been emitted, it has a high velocity
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Radiant energy emissions:  may produce energy in a single wavelength or many different ones.

MONOCHROMATIC VS. CONTINUOUS SPECTRUM
Monochromatic - single wavelength

Continuous Spectrum - combination of multiple wavelengths

White light - may be broken into its individual wavelengths    -   ROYGBIV
Line spectra -  shows only a few select wavelengths

Elements (and compounds) give off a characteristic line spectra

 -  means of identifying the substance

**Define:  Emission vs. Absorption spectra

Physicists studied the line spectra from the sun - found lines that hadn't been found on earth 

  - called - helium after the sun "helios"
- disc. from sun - 1868
- disc. on earth - 1896

..................................................

D.  Elementary atomic model showing electron configuration
1. Niels Bohr - 1914

      - mainly studied line spectra of hydrogen

      - arranged electrons in orbits (similar to planetary paths)

      - note difference to orbitals (more generalized path)

      - based his work on Rutherford's discovery of a compact nucleus and Einstein's photon theory.

 a. electrons move in circular paths of defined energy

 b. electrons absorb and emit energy only in certain allowable packets

....................

   Energy moves in waves, but it can act as particles (photons).

Louie de Broglie – “matter waves”

Postulated that since light shows a “dual nature” – has wave properties as well as particulate properties, 

then matter should also be able to move - not only as particles - but also as waves!

        - this property is not observable unless the mass is small enough (like electrons)

  
- may relate wave properties and matter properties:

   wavelength  =  h / mv           mv = momentum   = (mass)(velocity)

Note:  v is velocity ....   keep it different from  (“nu” which represents frequency)

Bohr - calculated these allowable energy shells   (called Principal Quantum Number )

   - this first quantum number is assigned an integer from 1 to infinity

   - assigned the letter (n)

Energy of the electron is based on the distance from the nucleus (atomic radius)

GROUND STATE  (n = 1)  most stable configuration 

                    


 = lowest energy state

Excited states = all other states other than ground state
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Lyman (from ground state);   Balmer (from 1st excited level);    Paschen (from 2nd excited level) 
[also Pfund and Brackett]  (Balmer actually did the first work – explain why)

______________________________________________________________    n = 5


__________________________________________________________________________     n = 4
______________________________________________________________    n = 3





Balmer
______________________________________________________________    n = 2  (first excited state)


                 Lyman
__________________________________________________________________________    n = 1  (ground state)
Note:  electrons will stay in orbit unless energy is either removed or added. 

 Can only jump (or drop) from one "allowed" energy level to another.

   When “n” = infinity the electron is completely removed from the atom because it has so much energy.

   Amount of energy required to ionize an electron is called ionization energy. (I.E.)
**Limitation of Bohr's theory - only works for one electron (hydrogenic) structures


 -note:  this does not mean only hydrogen!
.....................................

Moving to atoms with 2 or more electrons didn't fit the data from Bohr's work.

 Energy of the electron is based on the distance from the nucleus (atomic radius)       En  =  RH (1/n2)

   *** This form is true only for a 1-electron atom.
        (Actually the measure of the energy of a shell is based on the equation:  


En  =   RH(Z2 / n2)     [Remember that the "Z" number is the atomic number.]

    
R = Rydberg constant =  2.18 x 10-18 J

For the first shell ( n = 1)     E = 2.18 x 10-18 J


For the second shell ( n = 2)     E = 5.45 x 10-19 J   (smaller value)


When an electron moves from one shell to another, the energy absorbed or released can be calculated.


RH ( 1/ n2initial  -  1/ n2final ) 
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Werner Heisenberg - "Heisenberg Uncertainty Principle"
· both the velocity and the position of an electron in an atom cannot be determined simultaneously 

      with absolute certainty.
Development of the 
Schrodinger Wave Equation     - enabled us to mathematically estimate the probability of finding an

 



        electron at a set location knowing its speed.

 222m






------         ------       ------        ------- (E – V)     = 0

  




x2
      y2
               z2           h2
- production of orbitals (areas of greatest electron density)

- note difference to orbits (originated by Bohr)
E.  Energy designation of electrons:
 Use 4 quantum numbers:
1.  Main, or Principal, quantum number (n)     values from 1  ------> infinity
    
describes the average distance of the electron from the nucleus

2. orbital, or azimuthal, quantum number (l)   


 values from 0 to n - 1  if n = 3, then l can equal 0, 1, or 2

   describes the actual electron path (shape)

    usually assigned letters     s , p , d , f , etc... (discuss the possibility of “g”)
                  corresponds to:    0   1   2   3

     the first four letters come from physics terms:    sharp,  principal,  diffuse, fundamental

3.  magnetic, or orientational, quantum number (m  or ml)
    - orientation of orbital in space    values from - l  ..... 0  ....... + l  

4.  Spin quantum number  ( s or  ms )     values are either  + 1/2  or   - 1/2

     Each orbital can hold only a maximum of two electrons.

     The spin quantum number indicates whether the electron was the first or second electron in the orbital.

Shapes of the four subshells  (s, p, d, f)  

 [Show shapes on the board]

- s - spherical   l = 0 because no axis is involved with orientation





(sphere is defined by a point in space)


- p - figure 8 shape - double lobed  defined by a single axis   l = 1  px, py, pz

- d - double figure-eight pattern  - defined by two axes
dxy      dxz        dyz      dz2     dx2 - y2
 For this class we will use the following number system: 

      ie. starting from +l....0.....-l  and  + 1/2, - 1/2
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Electron configuration:   start with hydrogen   H  -   1s'

 Diagonal Rule


 - based on the 


8s  

  Aufbau Principle





7s    7p









6s    6p    6d








5s    5p    5d    5f







4s    4p    4d    4f







3s    3p    3d








2s    2p







1s
Z#
Element
Electron Configuration
Orbital notation

 Quantum Numbers












n     l
     m
   s


1
H

1s1



(     )



1     0        0
  +1/2








 1s


2
He

1s2



(     )



1     0        0       -1/2








  1s



          



            (   )

3
Li

1s2 2s1



(     ) 
 2s


2     0      0    +1/2








   1s      

4
Be

1s2 2s2



(     )    (     )


2     0      0   -1/2





             

  

         (    ) (    ) (    )




       



            (     )

5
B

1s2 2s2 2p1

            (     )
2s             2p


2     1     -1     +1/2    



 
 



  1s       
Hund's Rule:   Electrons tend to stay unpaired as long as possible

Pauli Exclusion Principle:   No two electrons in the same atom can have the same set of four quantum numbers.  Note: if three are the same, then the fourth must be different.

Aufbau Principal:  Electrons occupy the lowest energy level possible (as close to the nucleus as possible)
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Continue with the next several elements


         


                  (     ) (     ) (     )




      (      )
6
C
1s2 2s2 2p2                      (    )
 2     1      0
   +1/2    



                                         1s       2s           2p


7
N
1s2 2s2 2p3
(     )    (      )    (     ) (     ) (     )
 2     1     +1
   +1/2



8
O
1s2 2s2 2p4
(     )    (      )   (      ) (      ) (     )
 2     1     -1
   -1/2

9
F
1s2 2s2 2p5
(     )    (      )   (      )(       ) (      )
 2     1      0
   -1/2
10
Ne
1s2 2s2 2p6
(     )    (      )   (      )(       )(      )
 2     1     +1
   -1/2
                                                                                1s        2s                2p

  Use the inert gas core configuration once we get to Na.
      - note that [Ar] is not acceptable for the configuration of Argon!!
  Make note of exceptions to sequence   -  Cr  and Cu

      - be sure to discuss the stability of filled and half-filled configurations.

BE SURE TO NOTE THAT THE SET OF FOUR QUANTUM NUMBERS IS FOR THE LAST ELECTRON TO ENTER THE ATOM - NOT THE ELECTRON THAT HAS JUMPED UP FROM THE LOWER ENERGY SUBSHELL!!

  Make note that other transition metals and inner transition metals show unusual variations.

       - This is due to the angular momentum of the electronic orbitals.

       - There are actually more than just the four quantum numbers - these other quantum numbers account for the extra variations.

***Be able to give the inert gas core configuration, the set of four quantum numbers for any electron, and the orbital diagram for each element.

***Note the location of the electron subshells on the periodic table.  Be able to quickly identify an element based on its electron configuration or quantum numbers. 


