CHAPTER 3.5: QUANTUM NUMBERS

RECAP:  
· Bohr’s model of the atom explains the emission spectrum of hydrogen

· The emission spectra of other atoms posed a problem

· A mercury atom, for example, has many more electrons than a hydrogen atom.  The same is true for other many-electron atoms

· Observations like these forced Bohr and other scientists to reconsider the nature of energy levels.  The large spaces between the individual colours suggested that there are energy differences between individual energy levels, as stated in Bohr’s model.  The smaller spaces between coloured lines, however, suggested that there were smaller energy differences within energy levels.  
· In other words, scientists hypothesized that there are sublevels within each energy level.  Each of these sublevels has its own slightly different energy.
· It was fairly straightforward to modify Bohr’s model to include the idea of energy sublevels for the hydrogen spectrum and for atoms or ions with only one electron.
· There was a more fundamental problem:  the model still could not explain the spectra produced by many-electron atoms.  Therefore, a simple modification of Bohr’s atomic model was not enough.  The many-electron problem called for a new model to explain spectra of all types of atoms.  
· However, this was not possible until another important property of matter was discovered.
THE DISCOVERY OT MATTER WAVES

· In 1924, a young physics student named Louis de Broglie stated a hypothesis that followed from his idea: “What if matter has wave-like properties”?

· He developed an equation that enabled him to calculate the wave-length associated with any object-large, small, or microscopic.  His research received experimental support among many researchers during that time.

· Researchers observed that streams of moving electrons produced diffraction patterns similar to those that are produced by waves of electromagnetic radiation.  Since diffraction involves the transmission of waves through a material, the observation seemed to support the idea that electrons had wave-like properties.

THE QUANTUM MECHANICAL MODEL OF THE ATOM

· In 1926, an Austrian physicist, Erwin Schrodinger, used mathematics and statistics to combine de Broglie’s idea of matter waves and Einstein’s idea of quantized energy particles (photons).

· Schrodinger’s mathematical equations and their interpretations, together with the Heisenberg’s uncertainty principle resulted in the birth of the field of quantum mechanics.  

· Schrodinger used concepts from quantum mechanics to propose a new atomic model: the quantum mechanical model of the atom.  This model describes atoms as having allowed quantities of energy because of the wave-like properties of their electrons.

· Heisenberg’s Uncertainty Principle:

       - it is impossible to know both the position and         momentum of an object beyond a certain measure of precision.

·  We know that electrons do exist.  And they must exist somewhere.  To describe that “somewhere”, scientists have used a branch of mathematics called statistics. 
· We can talk about electrons in terms of probabilities.
· Henceforth, the Schrodinger Equation, “Wave Equation” , was developed:  using the wave equation, one is able to define the probability of finding an atom’s electrons at a particular point within the atom.  
· Each wave function gives the information about an electrons energy and location within the atom.  Chemists call these wave functions orbitals.

· The wave functions that are solutions to the Schrodinger equation have no direct, physical meaning.  They are mathematical ideas.  However, the square of a wave function does have a physical meaning.  It is a quantity that describes the probability that an electron is at a particular point within the atom at a particular time.   The square of each wave function (orbital) can be used to plot three-dimensional probability distribution graphs for that orbital.  These plots help chemists visualize the space in which electrons are most likely to be found around atoms.  These plots are also referred to as electron probability density graphs.
· Each orbital has its own associated energy, and each represents information about where, inside the atom, the electrons would spend most of their time.  Scientists cannot determine the actual paths of the moving electrons.  However, orbitals indicate where there is a high probability of finding electrons.
Fig 1: The probability of finding an electron at any point in space when the electron is at the lowest energy-level (n=1) of a hydrogen atom.  Where the density of the dots is greater, there is a higher probability of finding the electron.  This graph is “fuzzy-looking” because the probability of the electron anywhere in the n=1 energy level of a hydrogen atom is never zero.  Farther from the nucleus, the probability becomes very small, but it will never reach zero.  

Fig 2:  Because the shape of the n=1 orbital for hydrogen represents the level of probability of finding an electron, and since the probability never reaches zero, you have to select a “cut-off” level probability.  This is usually expressed as a percentage.  Therefore, the contour line defines an area that represents 95 % of the probability graph.  

Fig 3: This two-dimensional shape is given three dimensions.  This means that at any time, there is a 95 % chance of finding the electron within the volume defined by the spherical contour.

CONCEPT CHECK:

Distinguish between an electron orbit, as depicted in Bohr’s atomic model, and an electron orbit, as depicted in the quantum mechanical model of the atom.

QUANTUM NUMBERS AND ORBITALS

· The most stable energy state for hydrogen is in the lowest possible energy level also known as the ground state of the atom.

· The quantum number, n, for a hydrogen atom in its ground state is 1.  when n=1 in the hydrogen atom, its electron is associated with an orbital that has a characteristic energy and shape.  In an excited state, the electron is associated with a different orbital with its own characteristic energy and shape.  This makes sense, because the electron has absorbed energy in its excited state, so its total energy increases and its motion changes.  

THE PRINCIPAL QUANTUM NUMBER, n

· describes orbital energy level and size

· a positive whole number that specifies the energy level of an atomic orbital and its relative size

· “n” may have values of 1, 2, 3, 4… etc. 

· a higher value indicates a higher energy level and the size of the energy level is larger, with a higher probability of finding an electron farther from the nucleus

·  the greatest number of electrons that is possible in any energy level is 2n2  
   THE SECOND QUANTUM NUMBER, l

· describes orbital shape

· additional electron energy sublevels, or subshells, that formed part of a main energy level

· a positive integer that ranges in value from 0 to n-1

· the number of values for l equals the volume of the principal quantum number

· sometimes referred to as angular momentum quantum number, the azimuthal quantum number, the secondary quantum number, or the orbital-shape quantum number

· regardless of its name, the second quantum number refers to the energy sublevels within each principal energy level

· the value of n places precise limits on the value l.

Eg. If n=1,        l= 0

          n=2,        l ( may be either 0 or 1

          n=3,        l ( may be either 0, 1 or 2

Did you notice that the value of n also indicates the possible sublevels at this energy level? 

       Eg. If n= 2, then there are only 2 possible sublevels (two types of orbital shapes) at this energy level.

Important: each value for l is given a letter:  s, p, d, f.
           ( The letter l= 0 orbital has the letter s.

           ( The letter l= 1 orbital has the letter p.

           ( The letter l= 2 orbital has the letter d.

           ( The letter l= 3 orbital has the letter f. 

Eg. The sublevel with n= 3 and l= 0 is called the 3s sublevel.  

      The sublevel with n= 2 and l= 1 is called the 2p sublevel.

Do questions: Page 182 #2, 3, 5

THE MAGNETIC QUANTUM NUMBER, ml

· describes orbital orientation

· the idea that if orbits are oriented in space in different planes, the energies of the orbits are different when the atom is near a strong magnet

· an integer with values ranging from –l to + l

Eg.   If l= 0, ml can be only 0.  In other words, for a given value of n, there is only one orbital, of s type (l= 0).

       If l= 1, ml may have one of three values: -1, 0, +1.  In other words, for a given value of n, there are three orbitals of p type (l= 1).  Each of these p orbitals has the same shape and energy, but a different orientation around the nucleus. 

NOTE: For any given value of l, there are 2l + 1 values for ml. 

Observe Table 2: page 183

Chart: The Relationship Among the First Three Quantum Numbers

CONCEPT                             QUANTUM NUMBERS

Principal Quantum number, n  (  1           2          3

-describes size and energy of an orbital

-allowed values: 1, 2, 3…

Orbital Shape Quantum number (0       0      1    0   1   2

-describes shape of an orbital

-allowed values: 0 to n-1

Magnetic Quantum number, ml   (0      0   -1 0 +1 0 –1 0 +1  

-describes orientation of orbital

-allowed values: -l…0…+l

THE SPIN QUANTUM NUMBER, ms

· a property of the electron that results from its particle-like nature
· relates to the spin of the electron 
· experimental evidence suggests that electrons spin about their axes as they move throughout the volume of their atoms as described by Wolfgang Pauli
· an electron can spin in one or two directions
· values are:   + ½    or  - ½  (clockwise or counterclockwise)
· an opposite pair of electron spins is a stable arrangement and produces no magnetism of the substance  
PAULI EXCLUSION PRINCIPLE:

     Only 2 electrons of opposite spin could occupy an orbital.

Read page 184

Do: questions page 184 # 3, 5, 6, 7, 8

