Ch. 5 Electrons in Atoms

5.1 Models of Atoms

· Development of Atomic Models

· Rutherford’s model did not explain the chemical behavior of atoms

· The behavior of electrons explains atomic behavior

The Bohr Model (Neils Bohr)

· Bohr observed the energy of an atom changes as it absorbs or emits light

· He proposed electrons are found only in specific orbits around the nucleus

· Electron have fixed energies called energy levels
· Electrons can only move from level to level, not in between levels 

· A quantum of energy is the amount of energy needed to move electrons between levels
· The energy levels are not evenly spaced; the higher levels are closer together than the  lower levels
The Quantum Mechanical Model

Erwin Schrodinger (1887-1961) proposed the modern description of electrons.

Like Bohr’s model, electron energies are restricted to certain values
Schrodinger’s model determines the allowed energies an electron can have and how likely it is to find an electrons in various locations around the nucleus 

· The location of electrons is shown as a cloud that is more dense where the probability of finding an electron is greater and less dense where the probability is lower

Atomic Orbitals

· An atomic orbital is a region in space in which there is a high probability of finding an electron

· Energy levels are labeled by the principal quantum numbers n = 1,2,3,4,5,6,7

· For each energy level, there may be several orbitals of different shapes and energies called sublevels or suborbitals.

· Each energy sublevel corresponds to an orbital of a different shape describing where the electrons are likely to be found. 

· Sublevels of the same type in the same orbital level are equal to each other in energy.

Types of Orbitals

· s-orbitals – spherical in shape; found in all energy levels

· p-orbitals – dumbbell-shaped, with three possible orientations in space along the x-, y-, and z-axes.

· d-orbitals – 5 shapes, oriented xy, xz, yz, x2-y2, and z2
· The number and kinds of orbitals present

· depends on the energy level.

· n = 1 has only a 1s orbital

· n = 2 has 2s and 2p orbitals, with the p orbitals having higher energy than the s;

· the three p suborbitals are equal in energy to each other.

· n = 3 has 3 sublevels: 3s, 3p, and 3d

· n = 4 has 4s, 4p, 4d, and 4f
Principal Quantum Number

· The principal quantum number always equals the number of sublevels within that principal energy level.

· The maximum number of electrons that can occupy a principal energy level is 2n2, where n is the principal quantum number. 
5.2 Electron Arrangement in Atoms

· In nature, change proceeds to the lowest possible energy; the electrons and the nucleus of an atom will form the most stable arrangement possible.

· Electron configuration – the ways electrons are arranged around the nucleus.

· Three rules determine the electron configuration:

· Aufbau Principle –   

    Electrons occupy the lowest energy orbitals first.

· The energies of the sublevels of the principal energy levels are equal.

· S-sublevel has the lowest energy.

· Energy levels within principal energy levels can overlap.

· Pauli Exclusion Principle:

· Each orbital can hold a maximum of two electrons.

· Each of these electron has an opposite spin. 

· Hund’s Rule:

· One electron with the same spin occupies each suborbital until all have one electron.

· A second electron with an opposite spin can then occupy each suborbital.
Exceptions to Electron Configurations

· Some electron configurations differ from the Aufbau Principle because half-filled sublevels are not as stable as filled levels

· Electrons may jump from one orbital to another to fill the orbital.

· This is seen in some transitional metals.
5.3 Physics and the Quantum Mechanical Model

· The Quantum Mechanical Model came from the study of light.

· Isaac Newton assumed light consisted of particles.

· By 1900, it was known light consists of waves.

· Amplitude – height from the 0 to the crest.

· Wavelength (λ) – distance between crests.

· Frequency (ν) – number of wave cycles that pass through a given point per unit of time.

· SI unit of cycles/second is a hertz (Hz).

                 Hz = s-1 

· The product of the frequency (ν) and the wavelength (λ) always equals a constant “c”.              

                                c = λν    

                                               c = 2.998 x 108 m/s
· Wavelength and frequency are inversely proportional to each other – as wavelength increases, frequency decreases: as frequency increases, wavelength decreases
· Light is electromagnetic radiation (as are radio waves, microwaves, infrared and ultraviolet light, x-rays and gamma (γ) rays.

· All electromagnetic (EM) waves travel in a vacuum at a speed of 2.998 x 108 m/s = c

· Sunlight is composed of light of a continuous range of wavelengths and frequencies.

· Prisms separate light frequencies into a spectrum of colors.
Atomic Spectra

· Electrons move to a higher energy level when atoms absorb energy.

· Electrons return to a lower energy level by emitting this energy in the form of light.

· Atoms of each element emit light of a specific frequencies (ν) particular to each element.

· These frequencies separate into discrete lines giving an atomic emission spectrum for each element.
· Each line on an emission spectrum corresponds to one exact frequency emitted by that atom.

· The emission spectrum of each element is unique to that element.

An Explanation of Atomic Spectra

· The Bohr model explained why H electrons could have only specific energies.

· The lowest energy is the ground state (n=1).

· Absorbing energy raises the electron from the ground state to an excited state (n=2, 
                                                                                                                              3,4…).

· A quantum of energy in the form of light is released when the electron drops back down to a lower energy level. 

· Light emission occurs in a single step called “electronic transition”.
· Light emitted by an electron moving from a higher to a lower energy level has a frequency (ν) directly proportional to the energy change of the electron.
         E = h x ν  where E is energy, ν is the frequency and h = 6.626 x 10-34 J·s.
· Spectral lines are closer as n increases because the energy levels are closer to each other.

· Bohr’s model only explained H.

· The Quantum Mechanical Model that describes the motion of material objects as waves is more accurate.

Quantum Mechanics

· In 1905 Albert Einstein proposed light could be described as quanta of energy that behave like particles.

· These light quanta are called “photons”.

· In 1924 Louis de Broglie proposed matter behaves like waves (“matter waves”).  He developed a mathematical equation for the wavelength  (λ) of moving particles.

· In 1927 Clinton Davisson and Lester Germer proved de Broglie’s idea, showing electrons reflected from metals in a wave-like pattern.

· The mass of an object must be very small to be able to see its wavelength.

· Classical mechanics describes the motion of objects larger than atoms; quantum mechanics describes the motion of atoms and subatomic particles as waves.

The Heisenberg Uncertainty Principle 

· Werner Heisenberg stated that it is impossible to know both the velocity and position of an object at the same time.

· This applies to very small objects (electrons) but not to large visible objects.
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